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Abstract 

MADANI SANI, FAZLOLLAH, Ph.D., December 2021, Chemical Engineering 

The Effect of Salt Concentration on Aqueous Strong Acid, Carbon Dioxide, and 

Hydrogen Sulfide Corrosion of Carbon Steel 

Director of Dissertation: Srdjan Nesic 

Aqueous brines are often produced during hydrocarbon recovery from geological 

reservoirs as an unwanted by-product. Degree of salinity is always an issue in produced 

water. In the USA, salt concentration in waters produced from conventional oil and gas 

wells falls in the range of 1 g/l (~ 0.1 wt.%) to 400 g/l (~ 28 wt.%). Besides salts, CO2 

and H2S are ubiquitous in the production stream. Dissolution of these gases in produced 

waters results in evolution of corrosive species, such as CO2(aq), H2S(aq), H2CO3(aq), H(aq)
+ , 

HCO3(aq)
−  ion, and HS(aq)

−  that cause severe corrosion problems for carbon steel; primary 

material used in the construction of oil and gas pipelines. Combination of aqueous salts 

with dissolved CO2(aq) and H2S(aq) and their related species, has always been a great 

concern for pipeline operators in terms of corrosion problems. A large body of research 

exists on CO2 and H2S corrosion of oil and gas facilities, mostly at low salt 

concentrations; up to 3 wt.%. However, only a limited number of studies has investigated 

CO2 corrosion at high salt concentrations and to the best of this author’s knowledge, this 

number is zero for H2S corrosion. 

In the present study, the effect of salt (NaCl) concentration on aqueous uniform 

strong acid, CO2, and H2S corrosion of carbon steel is investigated. The key parameters 

in the corrosion process that are influenced by salt concentration are identified: transport 
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phenomena (solution density, solution viscosity and diffusion coefficients of dissolved 

species), solution chemistry, and electrochemistry of the underlying reactions. Models 

have been reproduced and developed to account for the effect of salinity (up to ~ 5 m 

NaCl) on transport phenomena and solution chemistry. The Smolyakov and the square 

root (Kohlrausch law) equations were chosen for correcting the diffusion coefficients for 

the effect of temperature, and salt concentration, respectively, using new coefficients 

obtained in this study. The mixed solvent electrolyte (MSE) model, which is the only 

comprehensive solution chemistry model available in the literature for the H2O-NaCl-

CO2-H2S systems is reproduced. The MSE model is used to calculate the equilibrium 

activity and activity coefficients of dissolved species important in aqueous strong acids, 

CO2, and H2S corrosion of carbon steel. 

pH measurements at 1 bar total pressure and temperatures below 80oC showed 

that the autogenous pH of aqueous CO2- and H2S-saturated solutions decreased with 

increasing NaCl concentration. The reason for the decrease in the solution pH was 

attributed to the increase in the activity coefficient of the H+ ion.  

The effect of salt concentration on electrochemistry and rate of strong acid, CO2, 

and H2S corrosion was studied by performing eight sets of experiments in aqueous N2-, 

CO2-, and H2S-satuared solutions at temperatures below 80oC, 1 bar total pressure, 

solution pH values between 3 to 5, and different NaCl concentrations, ranging from 0.1 

wt.% (0.017 m) to 20 wt.% (4.27 m). 

The weight loss and linear polarization resistance corrosion rate measurements 

showed that the corrosion rate for all three types of corrosion generally decreased with 
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increasing NaCl concentration. The analysis of potentiodynamic polarization sweeps 

indicated that increasing NaCl concentration decreased the rate of the cathodic H+ ion 

reduction reaction continually, while the rate of the cathodic water reduction reaction was 

mostly increased. The rate of anodic dissolution of iron in the active region increased at 

lower NaCl concentrations and then switched trend and decreased at higher NaCl 

concentrations. In strong acid corrosion, salt concentration seemed to have no effect on 

the mechanism of active dissolution of iron. However, it apparently altered the 

mechanism of the H+ ion reduction reaction. In CO2 corrosion, both mechanisms of 

active dissolution of iron and H+ ion reduction remained unchanged with respect to NaCl 

concentration. Similar Tafel slopes (indication of the mechanism of an electrochemical 

reaction) were found for strong acid and CO2 corrosion. In H2S corrosion, the Tafel 

slopes for cathodic H+ ion reduction and anodic iron dissolution were different from 

those found in strong acid and CO2 corrosion. However, the H2S corrosion Tafel slopes 

for both H+ ion reduction and anodic iron dissolution were not affected by salt 

concentration. 

The experimental results are used to quantify the effect of salt concentration on 

kinetic parameters needed for the development of an electrochemical model. The 

electrochemical model is completed by implementing new limiting current density 

equations proposed in this study. Ultimately, the models for transport phenomena and 

solution chemistry (the MSE model) are coupled with the electrochemical model to build 

the final corrosion rate prediction model. 
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In development of the new limiting current density equations for CO2 and H2S 

corrosion, the H+ ion reduction reaction is considered as the only cathodic reaction. 

Comparisons with the experimental limiting current density values demonstrated that the 

new equations are applicable to ideal, near ideal and non-ideal solutions with an 

acceptable accuracy. 

The final corrosion rate prediction model is valid for the H2O-NaCl-CO2-H2S 

system, temperatures above the water freezing point and below its boiling point, 

pressures up to a few bars, solution pH values from 1.0 up to 6.5, and NaCl 

concentrations between 0 wt.% to 20 wt.% (~4.3 m). The model is also applicable to CO2 

and H2S partial pressures between 0 bar to 1 bar. It is expected that the model works for 

higher pressures up to the critical pressure of CO2(g) (~ 73 bar). The corrosion rate 

prediction model could predict the experimental corrosion rates measured in this study 

with an average absolute accuracy of 13.5%. 
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 Introduction 

Water is ubiquitous in fluids produced during hydrocarbon extraction from both 

conventional and unconventional oil and gas wells. The technical term used in the oil and 

gas industry for this water is “produced water”. According to some sources, for every 

barrel of crude oil extracted from conventional oil reservoirs, about 7 to 10 barrels of 

water are produced on average [1–3]. This amount is usually lower for gas reservoirs. 

Produced water can be injected into wells for enhanced oil recovery. The amount of 

produced water in primary production increases over time when reservoirs age and this 

amount can be even higher if secondary or tertiary recovery methods are used. Dissolved 

salts are always present in produced water. It is reported that, in the USA, salt 

concentration (salinity), can vary from 1 g/l (~ 0.1 wt.%) to 400 g/l (~ 28 wt.%) in water 

produced from conventional oil and gas wells, with about half of the wells producing 

water containing more than 10 wt.% salt. For the unconventional wells, the salinity is 

generally less than 50 g/l (~ 5 wt.%), with 86% of the wells producing water containing 

less than 0.5 wt.% salt [4]. 

Other than salts, corrosive gases such as CO2 and H2S can be abundant in the 

production stream. Dissolution of CO2 and H2S gases in produced water generates 

corrosive species such as H2CO3(aq)
1, H2S(aq) and H+

(aq), which can lead to severe 

corrosion of carbon steel equipment including oil and gas pipelines. A large body of 

research exists on CO2 and H2S corrosion of oil and gas facilities, mostly at low salt 

concentrations; up to 3 wt.%. However, only a limited number of studies has investigated 

 
1 The subscript (aq) denotes aqueous species. 
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CO2 corrosion at high salt concentrations and to the best of author knowledge, no study 

exists for H2S corrosion; most probably due to the toxicity of H2S gas. In the case of 

strong acid corrosion2, there are numerous studies on the effect of chloride ion 

concentration on the electrochemistry of the anodic dissolution of iron. However, as 

described in Section 5.1, most of these studies were done at low pH values (< 2) and their 

primary emphasis was studying the mechanism of anodic dissolution of iron in the 

presence of chloride. Therefore, no study found in the literature that investigated the 

effect of salt concentration on the rate of corrosion in strong acid solutions. Furthermore, 

a critical review of the existing studies on the effect of salt concentration on CO2 

corrosion is presented. 

Fang et al. [5,6] (2006) studied the effect of salt concentration on uniform CO2 

corrosion of C1018 carbon steel using a rotating cylinder electrode (RCE) at 5oC, 1 bar 

total pressure, in CO2-saturated aqueous solutions, pH 4 (adjusted) in a range of NaCl 

concentrations, from 3 wt.% to 25 wt.%. Their LPR3 results showed a factor of two 

reduction in the corrosion rate when NaCl concentration was increased from 3 wt.% to 10 

wt.%, and similarly another factor of two when NaCl was increased further from 10 wt.% 

to 20 wt.%. No further decrease in the corrosion rate was reported with the addition of 

NaCl from 20 wt.% to 25 wt.%. According to Fang et al. [5,6] there was no flow 

sensitivity of the corrosion rate at any NaCl concentration, which suggests that the 

corrosion process was not under mass transfer control. 

 
2 The definition is given in Section 5.1.  
3 Linear polarization resistance technique used to measure the corrosion rate 
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Han et al. [7] (2011) measured the corrosion rate of J55 mild steel by LPR in 

CO2-saturated aqueous solutions at 25oC, 1 bar total pressure, pH adjusted to 4, and NaCl 

concentrations ranging from 0.5 wt.% to 20 wt.%. They used hanging rectangular 

electrodes in their experiments and produced flow by a magnetic stirrer, which is not the 

best choice when compared to the rotating disc electrode (RDE) and the RCE systems. 

The water chemistry in their 3-4 days long experiments was not controlled and the final 

pH increased from initial pH 4 to pH 5.5 at the end of their experimentation, which is a 

significant change. Han et al. [7] reported that the corrosion rate decreased as NaCl 

concentration was increased from 0.5 wt.% to 20 wt.%, which agrees with Fang et al. 

[5,6]. Han et al. [7] mentioned that below 20 wt.% NaCl, increasing the rotational speed 

of the magnetic stirrer led to higher corrosion rates, and therefore, unlike Fang et al. 

[5,6], they concluded that the corrosion process was mass transfer controlled. At 20 wt.% 

NaCl, Han et al.[7] postulated that the corrosion process became flow independent due to 

the formation of magnetite on the steel surface, which acted as a diffusion barrier. 

However, their XRD analysis did not clearly indicate the presence of magnetite. 

Considering the low temperature and the relatively low pH in their experiments, it is 

unlikely that the conditions were favorable for the formation of magnetite.  

Elyian et al. [8] (2012) examined the effect of salt concentration on corrosion of 

API X100 carbon steel in CO2-saturated solutions containing 5-80 g/l (~ 0.5-7.5 wt.%) 

NaCl at 20oC, 1 bar total pressure, and autogenous pH. They used hanging specimens and 

stirred the solution during the experiments with a magnetic stirrer. They reported a range 

of initial solution pH from pH 4.2 to pH 4.8, which is moderately higher than that 
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reported in other studies [6,9,10]. As pH was not adjusted in their experiments, given 

their experimental conditions, it is not clear how pH values more than pH 4 were 

measured. Regardless, they reported that the corrosion rate obtained from the 

potentiodynamic polarization (PD) experiments reached a maximum at NaCl 

concentration of 15 g/l (~ 1.5 wt.%), then decreased with the addition of NaCl to 40 g/l (~ 

4 wt.%) and became insensitive to NaCl concentration in more concentrated solutions. 

Eliyan et al. [8] suggested that the observed trend in the corrosion rate was due to 

acceleration of the anodic reaction at low NaCl concentrations and deceleration of the 

cathodic reactions at higher NaCl concentrations. These conclusions are not fully 

supported by their reported data. It is unclear from the provided PD sweeps that 

potentials were corrected for the solution resistance, which is particularly problematic in 

low conductivity solutions (at low salt concentrations). This could be the reason that the 

sweep conducted without NaCl seemed to be shifted towards lower currents and lacks 

any of the electrochemical characteristic features seen in the PD sweeps at higher NaCl 

concentrations. 

Liu et al. [11] carried out weight loss (WL) corrosion rate measurements on N80 

carbon steel exposed for 72 h to aqueous solutions at 100oC, CO2 partial pressure of 20 

bar, and an NaCl concentration range of 0 to 247.18 g/l (~ 20 wt.%). Their results showed 

a maximum in the corrosion rate at 41.20 g/l (~ 4 wt.%) NaCl concentration. As the NaCl 

content was increased further to 123.59 g/l (~ 11 wt.%), the corrosion rate decreased 

sharply and beyond that NaCl concentration, the change in the corrosion rate was small. 

Liu et al. [11] stated that at low NaCl concentrations, increasing NaCl content promoted 
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CO2 corrosion by acting as catalyst for the iron dissolution reaction and by impairing the 

protective iron carbonate corrosion product layer accelerated the anodic reaction. Beyond 

the peak, they explained that CO2 corrosion was retarded with increasing NaCl content 

due to a reduction in CO2 solubility and concentration of corrosive species such as H+ 

ion, H2CO3(aq) and 𝐻𝐶𝑂3
− ion. Liu et al. [11] reported an increase in pH with increasing 

NaCl concentration, which is the opposite of what is observed in this study. Moreover, 

their PD sweeps showed retardation of the anodic reaction (at NaCl concentrations above 

~ 4 wt.%) and a general acceleration of the cathodic reactions with increasing NaCl 

concentration. The latter observation contradicts the findings reported in the studies 

described above, as well as the results of the present study. 

Zeng et al. [12,13] (2016, 2019) investigated the effect of salt concentration on 

the corrosion rate of carbon steels in CO2 saturated aqueous solutions at a temperature 

range of 25-80oC and an NaCl concentration range of 0.001-10 wt.%. They used two 

types of specimens: C1018 rectangular specimens for LPR corrosion measurements and 

surface analysis, and C1010 microwire specimens for PD experiments. With increasing 

NaCl concentration, their LPR results showed a continuous decrease in the corrosion rate 

for temperatures below 60oC and an opposite trend for temperatures above 60oC. The 

latter is attributed to the effect of NaCl on the protectiveness of FeCO3 formed on the 

metal surface at high temperatures, which was apparently compromised in the presence 

of NaCl. However, caution is required when interpreting their LPR results, as they carried 

out long term experiments (100 h) in a small vessel (200 ml) with relatively large 

rectangular specimens in quiescent conditions. This resulted in a two-unit increase in 
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solution pH (as they reported) at the end of their 100 h long experiments conducted at 

25oC. The increase in solution pH is expected to be even larger at higher temperatures. 

This lack of water chemistry control during their experiments must have had a profound 

influence on what they measured and complicates the interpretation of the results, making 

it more difficult to accept the conclusions. Their PD sweeps showed a continuous 

increase in the rate of the anodic reaction with increasing NaCl concentration, while a 

decrease is seen for the cathodic reaction at low temperatures and no response at higher 

temperatures. Their PD results are in conflict with what Fang et al. [5,6] and Liu et al. 

[11] reported and with what will be demonstrated herein. 

Zhang et al. [14] (2018) investigated the effect of salt concentration on uniform 

CO2 corrosion of pipeline grade mild steel at 25oC in a rather narrow range of NaCl 

concentrations from 0.01 M (~0.1 wt.%) to 0.6 M (~3 wt.%). Their WL measurements 

showed a rapid increase in the corrosion rate with increasing NaCl from 0 to 0.2 M (~1 

wt.%), which then stabilized and did not increase further with the addition of NaCl from 

1 wt.% to 3 wt.%. For each experiment that lasted for 50 h, six specimens (4 for WL and 

2 for surface analysis) were exposed in a small solution volume of 500 ml. The relatively 

long experiments with a small solution volume to surface area ratios, must have led to a 

loss of control of water chemistry, including a significant increase in pH and ferrous ion 

concentration. In addition, their measured initial pH values are 0.5 pH units higher 

compared to pH values expected under their experimental conditions [6,9,10], and the 

lack of compensation for the solution resistance in their potentiodynamic sweeps raises 

questions about the validity of the experimental results. 
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In summary, while several studies addressed the effect of salt concentration on 

uniform corrosion of steel in CO2 aqueous solutions, there is still a lack of clarity, with 

contradicting results being presented, mostly due to questionable experimental methods 

and procedures used. Most of the studies mentioned above did not include adequate 

control of water chemistry, which would have led to significant changes in the solution 

composition over the course of rather long experiments, with detrimental effects on the 

quality of obtained results. In most of the studies the effect of solution conductivity on 

electrochemical measurements was not compensated for, making the results at low salt 

concentrations questionable. In some studies, conducted at higher temperatures, the 

complicating effects of salt concentration on formation of protective iron carbonate layers 

were not properly separated from the effects salt has on anodic and cathodic reactions 

underlying the CO2 corrosion process. Finally, the mechanisms behind CO2 corrosion 

were often misstated, for example by arguing that the cathodic limiting current density is 

diffusion controlled when in reality it is a combination of diffusion and the slow 

homogenous chemical CO2 hydration reaction. 

Therefore, there is a need to address the effect of salt concentration on the CO2 

corrosion process in a more systematic and mechanistically correct way and extend that 

to strong acid and H2S corrosion. Studying the effect of salt concentration in strong acid 

solutions provides a baseline for a better understanding of salt effects on CO2 and H2S 

corrosion, as the main electrochemical reactions underlying the three types of corrosion 

are the same. Also, it is important to consider the shortcomings listed above when 

planning and executing experimentations.  
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The present study covers a wide range of salt concentrations and a variety of 

methods used to mechanistically investigate the effect of salt concentration on uniform 

strong acid, CO2, and H2S corrosion of carbon steel. The effect of NaCl concentration on 

corrosion behavior of an X65 carbon steel was studied by performing WL and/or 

electrochemical measurements (LPR and PD sweeps) in N2-, CO2-, and H2S-saturated 

aqueous solutions at different NaCl concentrations, ranging from 0 wt.% to 20 wt.%.  

The experimental results are used to quantify the effect of salt concentration on 

kinetic parameters needed for the development of an electrochemical model. In addition 

to that, models are reproduced or developed for the two key parameters that are 

influenced by changing salt concentration: transport phenomena and solution chemistry. 

Ultimately, the electrochemical model is coupled with the models for transport 

phenomena and solution chemistry to build a corrosion rate prediction model valid for 

different operational conditions and wide range of NaCl concentrations. 
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 How Does Salt Concentration Influence CO2/H2S Corrosion Processes? 

The Required Information 

Salt concentration influences the aqueous CO2/H2S corrosion processes by 

altering the transport properties in the solution, the solution chemistry, and the 

mechanisms and the rate of reactions involved in the corrosion process. Each factor can 

be further evolved as shown in Figure 2-1. To improve our understanding of the effect of 

salt concentration on the CO2/H2S corrosion process as well as development of an 

accurate corrosion rate prediction model it is necessary to study the effect of salt 

concentration on each these factors in some detail. In the following text, the effect of salt 

concentration on each of these factors will be comprehensively reviewed and the 

available models in the literature for each case will be discussed and compared with 

experimental data. 
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Figure 2-1 

The factors that are influenced by salt concentration in the CO2/H2S corrosion process 

 

 

Consider a metal (e.g., carbon steel) is corroding in a solution. The corrosion 

process involves anodic metal dissolution (oxidation) reaction at anodic areas and 

reduction reaction at cathodic areas [15]. This explanation is based on the mixed-

potential theory presented formally for the first time by Wagner and Traud [16]. 

According to the mixed-potential theory the anodic and cathodic areas are internally 

short-circuited. In another words, the total potential difference (iR drop) across an anodic 

site adjacent to a cathodic site on the metal surface is virtually zero. This postulate 

requires that the distance between adjacent anodic and cathodic sites on the metal surface 

be negligible (of the order of few Angstroms), the solution be sufficiently conductive, 

and the metal surface be homogenous (e.g., no high-resistance corrosion product layers 

on the surface) [15]. The amount of metal dissolution (also called metal weight loss or 
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metal corrosion) can be expressed in terms of a corrosion current by using the Faraday’s 

law given below: 

 ∆𝑊 =
𝑀

𝑛𝐹
∙ 𝑡 ∙ 𝐼𝐶𝑜𝑟𝑟 

(2-1) 

where, ∆𝑊 is the amount of weight loss due to corrosion in kg, 𝑀 is the metal atomic 

weight in kg/mol, 𝑛 is the number of electrons exchanged within the dissolution reaction, 

𝐹 is Faraday’s constant (= 96485.33 C/mol), 𝑡 is the length of time in sec that the metal 

surface is exposed to the solution, and 𝐼𝑐𝑜𝑟𝑟 is the corrosion current in A [17]. If both 

sides of Equation (2-1) are divided by 𝑡, then the left-hand side will be equal to the rate of 

corrosion (𝐶𝑅) in kg/s; hence, 𝐶𝑅 and 𝐼𝐶𝑜𝑟𝑟 are directly related. 

 𝐶𝑅 =
𝑀

𝑛𝐹
𝐼𝐶𝑜𝑟𝑟 (2-2) 

According to the mixed-potential theory, there cannot be an accumulation of 

electric charge during an electrochemical reaction. This means that during the corrosion 

of electrically isolated metal sample, the total current (an indication of the rate) of anodic 

metal dissolution (oxidation), 𝐼𝑎 and the total current (an indication of the rate) of 

reduction, 𝐼𝑐 must be equal in magnitude, but opposite in sign [18]: 

 𝐼𝑎 = −𝐼𝑐 (2-3) 

Since the metal dissolution current, 𝐼𝑎 is equal to 𝐼𝑐𝑜𝑟𝑟, therefore: 

 𝐼𝑐𝑜𝑟𝑟 = 𝐼𝑎 = −𝐼𝑐 (2-4) 

The currents introduced in Equation (2-4) are equal to the product of the 

corresponding current density times the corresponding surface area: 

 𝐼𝑐𝑜𝑟𝑟 = 𝐼𝑎 = 𝑖𝑎𝐴𝑎 (2-5) 
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 𝐼𝑐𝑜𝑟𝑟 = 𝐼𝑐 = 𝑖𝑐𝐴𝑐 (2-6) 

where 𝑖𝑎 is the total dissolution current density or total anodic current density in A/m2, 

𝐴𝑎 is the total surface area of the anodic sites in m2,  𝑖𝑐 is the total reduction current 

density in A/m2, and 𝐴𝑐 is the total surface area of the cathodic sites in m2. According to 

the mixed-potential theory, the metal surface is assumed to be uniform, and the anodic 

and cathodic sites are tiny and uniformly scattered all over the metal surface. Moreover, 

the anodic and cathodic sites are shifting around the metal surface with time [15]. 

Therefore, it is correct to assume that 𝐴𝑎 is equal to 𝐴𝑐 and both are equal to the total 

corroding metal surface area (𝐴): 

 𝐴 = 𝐴𝑎 = 𝐴𝑐 (2-7) 

Finally, the corrosion current can be expressed in terms of corrosion current 

density (𝑖𝑐𝑜𝑟𝑟) in A/m2 as follows: 

 𝐼𝑐𝑜𝑟𝑟 = 𝑖𝑐𝑜𝑟𝑟𝐴 (2-8) 

Using 𝑖𝑐𝑜𝑟𝑟 instead of 𝐼𝑐𝑜𝑟𝑟 in corrosion rate calculations makes them easier as the 

surface area will be kept out of the equations. 

The aqueous CO2 or H2S corrosion processes (which can be classified as 

corrosion in weak acids) can be considered to consist of the following simultaneous 

steps: (1) electrochemical metal dissolution, (2) electron flow in metal, (3) transport of 

products away from the surface (4) electrochemical reduction, (5) transport of reactants 

in the solution to the surface, (6) chemical reaction in the bulk solution. The consecutive 

reaction reaches a steady state, when the overall current is equal to the current associated 
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with the slowest step which is called the rate determining step (rds) [15,19]. The aqueous 

strong acid corrosion process does not have step 6. 

The rds in aqueous CO2 or H2S corrosion processes can be any of the above six 

steps listed above. When corrosion occurs spontaneously (zero overpotential) in the 

absence of a passive layer (for example carbon steel does not have a passive layer on its 

surface), the dissolution step (step 1) cannot be the controlling step. Since the electric 

conductivity of the metal is sufficiently high, the electron flow in the metal (step 2) is 

usually not the rds. When there is no compact corrosion product layer on the surface that 

hinders the transport of metal ions produced from the dissolution step in the solution, 

transport of products (metal ions) away from the surface (step 3) cannot be a rds. Thus, 

three rds possibilities remain: electrochemical reduction control (step 4) transport of 

reactants in the solution to the surface (step 5) or chemical reaction in the bulk solution 

(step 6). It is important to identify the type of control over the corrosion current or in 

other words the rds step in the corrosion process. This allows ignoring the non-rds steps 

and focus on parameters that influences the rds step for a better understanding of the 

corrosion process [15]. In the case of aqueous CO2 and H2S corrosion, which is the focus 

of this study, the rds is often identified to be a combination of step 5- reactant transport in 

the solution (i.e., mass transfer) and step 6- chemical reaction controls. However, in some 

situations, the electrochemical reduction step (step 4) is the rds. In some other situations, 

it is possible that none of the three steps is much slower than the other(s) and the 

corrosion process is labeled to be under “mixed control”. Examples of each case will be 

presented in Chapters 9, 10, and 11, where experimental results are reported.  
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The rate of aqueous CO2 and H2S corrosion processes is often controlled by a 

combination of the rate of mass transfer of reactants (corrosive species) from the bulk 

solution to the surface and the rate of chemical reactions. For strong acid corrosion, it 

will be just mass transfer of reactants. The scenario where the corrosion process is 

controlled by the mass transfer rate is described in the following. For the mixed mass 

transfer and chemical reaction scenario, the reader is referred to Appendix V and W. The 

charge-transfer control scenario is comprehensively explained in Chapter 5. 

The rate of mass transfer of a species from the bulk solution to the surface is 

usually stated as flux density, 𝑁 in mol/m2/s. 𝑁 is a vector quantity that indicates the 

direction in which the species is moving and the number of moles of that species passing 

per sec across a plane of 1 m2 normal to the species flow direction. For a solution 

consisting of a nonionized solvent, ionized electrolytes4, and uncharged minor 

components, the flux density of each dissolved species such as 𝑖 is given by: 

 𝑁𝑖 = −𝑢𝑖𝑐𝑖∇𝜇𝑖+𝑐𝑖𝑣 (2-9) 

where, 𝑢𝑖 is the mobility of species 𝑖 in m2 mol/J/s and represents the average velocity of 

species 𝑖 in the solution when a force of 1 N/mol is applied to it, 𝑐𝑖 is the concentration of 

species 𝑖 in mol/m3, 𝜇𝑖 is the electrochemical potential of species 𝑖 in J/mol, and 𝑣 is the 

average velocity of the bulk fluid in m/s. The first term on the right-hand side of Equation 

(2-9) is associated with the gradient of the electrochemical potential, which is used as the 

driving force for the mass transfer of species to the surface. The second term on the right-

 
4 Electrolyte is used in electrochemistry to refer not only to the ionically conducting medium through which 

electricity is passed, but also the substances that when dissolved (or melted), give rise to a conducting 

medium [20]. 
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hand side of Equation (2-9) is related to convection due to the bulk motion of the 

solution. The electrochemical potential, 𝜇𝑖 can be expressed in terms of “chemical” and 

“electrostatic potential” parts: 

 𝜇𝑖 = 𝜇𝑖
0 + 𝑅𝑇𝑙𝑛(𝛾𝑖

𝑐𝑐𝑖) + 𝐹𝑧𝑖Φ (2-10) 

where, 𝜇𝑖
0 is the standard chemical potential of species 𝑖 in j/mol, 𝑅 is the gas constant 

equal to 8.3145 J/mol/K, 𝑇 is the solution temperature in K, 𝛾𝑖
𝑐 is the molar activity 

coefficient of species 𝑖, 𝑧𝑖 is the charge number of species 𝑖, and Φ is the electric 

potential in V [20]. Considering the Nernst-Einstein relationship which is applicable only 

at infinite dilution (𝐷𝑖 = 𝑅𝑇𝑢𝑖), combining Equations (2-9) and (2-10) gives: 

 𝑁𝑖 = −𝐷𝑖∇𝑐𝑖 − 𝐷𝑖𝑐𝑖∇𝑙𝑛𝛾𝑖
𝑐 −

𝐹𝑧𝑖𝐷𝑖
𝑅𝑇

𝑐𝑖∇Φ + 𝑐𝑖𝑣 (2-11) 

where, the del operator (∇) is taken in x, y, and z directions. 

Each term in Equation (2-11) represents a mechanism of mass transfer. The first 

two terms are related to molecular “diffusion” due to a concentration gradient (chemical 

driving force). The third term is associated with the “migration” of a charged species in 

an electric field (electrostatic potential driving force). The last term is “convection” due 

to bulk motion of the solution [21]. In many practical applications, the term related to 

migration in Equation (2-11) can be neglected. Migration becomes important in ionic 

systems in which there is no supporting electrolyte5. For transport of neutral species in 

 
5 According to an IUPAC definition, a supporting electrolyte, is an electrolyte containing chemical 

species that are not electroactive (within the range of potentials used) and has an ionic strength and 

conductivity much larger than those due to the addition of electroactive species to the electrolyte [22]. 

Supporting electrolyte is also sometimes referred to as inert electrolyte or inactive electrolyte. The main 

role of a supporting electrolyte is to reduce the ohmic drop (iR voltage) in the cell to a minimum and to 

effectively eliminate the contribution of the electroactive species (analyte) to the migration current [23]. 



51 

 

  

any environments or for transport of charged species in environments that contain 

considerable amounts of supporting electrolyte (e.g. NaCl) migration can be neglected 

[19]. Therefore, Equation (2-11) can be simplified to: 

 𝑁𝑖 = −𝐷𝑖∇𝑐𝑖 − 𝐷𝑖𝑐𝑖∇𝑙𝑛𝛾𝑖
𝑐 + 𝑐𝑖𝑣 (2-12) 

 The flux density is usually converted to the current density as it is much easier to 

measure or monitor in a process such as aqueous CO2/H2S corrosion. The total current 

density (𝑖) in an electrolytic solution due to mass transfer of all electroactive species 

involved in the corrosion process from the bulk to the surface can be expressed by the 

equation below [21]: 

 𝑖 = 𝐹∑𝑧𝑖𝑁𝑖
𝑖

 (2-13) 

where, 𝐹 is the Faraday’s constant and 𝑧𝑖 is the charge number of species 𝑖. 

If the rate of mass transfer of electroactive species 𝑖 (step 5) is slower that the rate 

of reduction reaction of species 𝑖 at the surface (step 4), the concentration of species 𝑖 at 

the surface, 𝑐𝑠,𝑖 is different from that in the bulk, 𝑐𝑏,𝑖 and a gradient of concentration is 

established. This concentration gradient occurs in the very thin region next to the surface. 

This region is called Nernst diffusion layer or mass transfer boundary layer. The mass 

transfer rate presented by Equation (2-12) can be simply explained by the concept of the 

Nernst diffusion layer. According to this concept, the solution near the corroding surface 

can be divided into two regions. In the inner region (Nernst diffusion layer), the effect of 

flow or convection is negligible, and diffusion is the only mechanism of transport. In the 

outer region, due to convective mixing, concentrations are considered to be uniform and 

equal to those in the bulk solution. The thickness of Nernst diffusion boundary layer (𝛿𝑚) 
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for species 𝑖 is defined where the concentration of species 𝑖, 𝑐𝑖 is 0.99 of its concentration 

in the bulk, 𝑐𝑏,𝑖. 𝛿𝑚,𝑖 depends on diffusion coefficient of species 𝑖 (𝐷𝑖), in addition to the 

solution properties (density, and viscosity) and fluid dynamics (velocity and flow 

regime). For example, for a higher diffusion coefficient and a higher fluid velocity 𝛿𝑚 

will be smaller. Various 𝛿𝑚 equations for different experimental apparatus (rotating disk, 

rotating cylinder, pipe, and duct channel) are listed in Appendix X. 

 From Equation (2-12), it is obvious that the net flux of species 𝑖 which is an 

indication of the rate of mass transfer of species 𝑖 to the surface, depends on diffusion 

coefficient of species 𝑖 (𝐷𝑖), concentration of species 𝑖 in the bulk (𝑐𝑏,𝑖), and average 

velocity of fluid (𝑣). The velocity of fluid can be theoretically computed by Navier-

Stokes and continuity equations. For Newtonian fluids which include most of the 

electrolytic solutions, like the one used in this study, the fluid velocity depends on density 

and viscosity of solution [21]. For the chemical reaction step (step 6), the rate depends on 

the concentration of dissolved corresponding reactants and products in the bulk. 

The rate of reduction electrochemical reaction at metal surface (step 4) depends 

on the concentration of electroactive species at the metal surface and the mechanism of 

electron transfer throughout the overall electrochemical reaction. The former as explained 

by the concept of the Nernst diffusion layer is directly related to the bulk concentration of 

those electroactive species. For the dissolution step (step 1), assuming that there is no 

saturation of dissolution products (metal ion) at the surface, the rate depends on the 

surface concentration of catalytic species involved in the dissolution reaction (e.g., OH-) 
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as well as the mechanism of the electron transfer during the course of the overall 

dissolution rection.  

Therefore, to understand better the effect of salt concentration on the corrosion 

process, the changes in solution chemistry (e.g., bulk concentrations), density and 

viscosity of solution, diffusion coefficient of dissolved species, and electrochemistry of 

surface reactions involved in the corrosion need to be addressed. The effect of salt 

concentration on each the abovementioned parameters will be discussed in detail in the 

next chapters. 



   

 The Effect of Salt Concentration on Transport Properties of Solution 

In this section, the effect of salt concentration on solution density, solution 

viscosity, and diffusion coefficient of dissolved species in the solution will be reviewed.   

3.1 The Effect of Salt Concentration on Solution Density 

When a salt such as NaCl is added to a solution, the salt crystal dissolves in water 

and ions become surrounded by water molecules (Figure 3-1). The ions interact strongly 

with water molecules; this is known as aquation. The solution volume increases by small 

factor when salt is added to water. However, the mass of solution increases by a larger 

factor comparing to the volume because salt is much denser that water. Therefore, the 

density of solution increases with increasing salt concentration. 

 

Figure 3-1 

The schematics of dissolved NaCl in water (Adapted from Prof. P. Shapley webpage at 

University of Illinois, 2011, http://butane.chem.uiuc.edu/pshapley/genchem1/l21/1.html) 
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Figure 3-2 shows the changes in the aqueous NaCl solution with NaCl 

concentration at 30oC and 1 bar. The calculated solution density by two reproduced 

models is compared with the experimental data obtained from Perry’s Handbook [24] . 

Both models could capture the experimental data almost perfectly. The Rogers and Pitzer 

[25] model is a semi-empirical with a validity range of 0-300oC, 1-1000 bar and 0-5 

molal (0-22.6 wt.%) NaCl. The Batzle and Wang [26] model is an empirical model with a 

validity range of 0-350oC, 0.1-981 bar and 0-5.4 molal (0-24 wt.%) NaCl.  The Batzle 

and Wang [26] model will be used in development of the corrosion rate prediction model 

for this study because it cover a wide range of operational conditions in addition to being 

simple to reproduce. The equations related to the Batzle and Wang [26] are given below: 

 

𝜌𝑤 = 1 + 1 × 10−6(−80𝑇𝑐 − 3.3𝑇𝑐
2 + 0.00175𝑇𝑐

3 + 489𝑃 − 2𝑇𝑐𝑃

+ 0.016𝑇𝑐
2𝑃 − 1.3 × 10−5𝑇𝑐

3𝑃 − 0.333𝑃2

− 0.002𝑇𝑐𝑃
2) 

(3-1) 

 𝜌𝑠𝑜𝑙 = 𝜌𝑤 + 𝑆 (0.668 + 0.44𝑆

+ 10−6(300𝑃 − 2400𝑃𝑆

+ 𝑇𝑐(80 + 3𝑇𝑐 − 3300𝑆 − 13𝑃 + 47𝑃𝑆))) 

(3-2) 

where 𝜌𝑤 and 𝜌𝑠𝑜𝑙 are pure water and solution (brine) densities in g/cm3, respectively, 𝑇𝑐 

is the solution temperature in oC, 𝑃 is the total pressure in MPa, and 𝑆 is salt weight 

fraction as follows: 

 𝑆 =
𝑚𝑎𝑠𝑠 𝑜𝑓 𝑠𝑎𝑙𝑡

𝑚𝑎𝑠𝑠 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 + 𝑚𝑎𝑠𝑠 𝑜𝑓 𝑠𝑎𝑙𝑡
 (3-3) 
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Figure 3-2 

Variation in aqueous NaCl solution density vs. NaCl concentration at 30oC and 1 bar. 

The dots are experimental data and solid lines are calculated values. 

 

 

Dissolution of gases (CO2 and H2S) in the solution can also change the solution 

density. However, the change in the solution density becomes significant at very high 

partial pressures of gas, e.g., above 100 bar. These high pressures are usually encountered 

in sequestration and geochemical processes. In the oil and gas industry where the 

maximum operational pressure is usually around 70 bar, the solubility of gas in the 

solution has a negligible effect on the solution density [27–29]. It is shown that in H2O-

NaCl-CO2 system, the effect of CO2 solubility on the density of the solution was less than 

that of temperature and pressure [29]. Figure 3-3 shows clearly that CO2 solubility has a 
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minor effect on the density of seawater solution. For example, at 65 bar of pure CO2 gas 

and solution temperature of 1oC, the solubility of CO2 is around 1.67 mol/kgH2O [30]. 

This is equal to a CO2 mass fraction of ~0.06, which according to Figure 3-3 results in 

the density to be 1.016 of that for seawater without CO2. Considering that the solubility 

of gas decreases with increasing salt concentration (see Section 4.1), the effect of 

dissolved gas on solubility becomes even less at higher salt concentration. Therefore, the 

effect of dissolved gas on the density of solution will be ignored in this study. 

 

Figure 3-3 

The ratio of CO2-bearing seawater solution density to seawater solution density at 

different concentration of dissolved CO2 at pressures above 50 bar and temperatures 

between 1oC to 7oC. CO2 mass fraction is equal to the mass of dissolved CO2 divided by 

the mass of solution. The graph is reproduced from Duan et al. [28] 
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3.2 The effect of Salt Concentration on Solution Viscosity 

The solution viscosity is a key factor in fluid flow wherever electrolyte solutions 

must be stirred, pumped, or moved through pipelines and other equipment. Variations in 

viscosity can have a significant effect on the flow pattern and consequently on the mass 

transfer of species in the solution [31]. Consequently, the effect of salt concentration on 

solution viscosity which in turn has a significant role in mass transfer processes involved 

in CO2/H2S corrosion, needs to be addressed carefully.  

Poiseuille [32] was the pioneer in research on the effect of salt on water viscosity. 

Ever since, much research has studied this subject. Detailed historical reviews are 

reported elsewhere [33,34]. Generally, when salts such as NaCl are added to a solution, 

the solution viscosity increases. However, there are a few salts such as KCl that are 

exceptions and cause the solution viscosity to decrease at higher concentrations. The 

relationship between solution viscosity and salinity can be described by the contribution 

of three factors: Brownian motion, Debye-Huckel electrostatic ionic interaction [35], and 

structural temperature effect. Brownian motion relates to the random movement of 

momentum by fluid particles in a solution from one location to another. The Debye-

Huckel contribution associates with resistance to shear due to the electrostatic forces 

between dissolved ions. The contribution of Brownian motion and the Debye-Huckel 

interaction to the viscosity of any ionic solution is always positive.  However, the 

structural temperature effect depending on the type of dissolved salts, can alter the 

viscosity of brines either positively or negatively [36]. The structural temperature effect 

is related to changes in the structure of water molecules with the addition of ions. This 



59 

 

  

phenomenon becomes important in dilute solutions of alkali halide salts. For example, 

solutions of potassium fluoride (KF) in water are more viscous than pure water, while 

solutions of potassium iodide (KI) in water are less viscous than pure water. The F- ion 

strengthens the structure of water, an analogy to the effect created by lowering the 

temperature, whereas the I- ion weakens the structure, as if the temperature was raised. 

The temperature analogy was the reason for choosing the term structural temperature for 

this effect. Therefore, ions such as F- are called ‘structure making’ ions or osmotropes, 

and ions such as I- are called ‘structure breaking’ ions or chaotropes [36,37]. More on 

how the variation in concentration of different ions influences the solution viscosity can 

be found a paper published by Kwak et al. [38]. For the case of NaCl which is the focus 

of this study, the solution viscosity increases with increasing NaCl concentration. 

The viscosities of electrolyte solutions are usually expressed by the Jones-Dole 

equation [34] as follows: 

 
𝜂𝑠
𝜂𝑤

= 1 + 𝐴𝑐
1
2 + 𝐵𝑐 (3-4) 

where 𝜂𝑤 and 𝜂𝑠 are the viscosities of pure water and salt solution, respectively, 𝑐 is the 

molar concentration of solute (salt), and 𝐴 and 𝐵 are constants specific to the solute. 𝐴 is 

an electrostatic term that can be neglected at moderate concentrations, and 𝐵 is a measure 

of ion-water interactions and can be treated as the structural temperature effect [38]. 

Coefficient 𝐴 is a function of solvent properties and limiting conductivities of dissolved 

ions and can be calculated by an expression proposed by Falkenhagen and Dole [39,40].  

Equation (3-4) is valid for dilute solutions (not more than 0.2 M to 0.3 M) [34,41]. For 
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applications in higher solute concentrations, extended Jones-Dole equations have been 

reported by Kaminsky and others [41,42].  

 For the H2O-NaCl system, several models have been described for solution 

viscosity of solution in over large ranges of temperature, pressure and NaCl 

concentrations [26,43,44,31,45]. From these, the Kestin and Khalifa [43], the Batzle and 

Wang [26], the Mao and Duan [31], and the Islam and Carlson [45] models have been 

reproduced and compared with each other as well as with experimental data, to find the 

most suitable model for this study. Figure 3-4 shows the comparison at two different 

conditions. All four models confirm the increase in solution viscosity with increasing 

NaCl concentration. The Islam and Carlson [45] model for the viscosity of aqueous NaCl 

solutions is the same as the Mao and Duan [31] model, except that a simpler equation is 

used for calculating the density of water, instead of the IAPWS 1997 [46] equation used 

in the Mao and Duan model [31]. Thus, these two models predict almost the same values 

for the viscosity as shown by the examples in Figure 3-4. The Islam and Carlson [45] and 

the Mao and Duan [31] models are identified as the suitable models because they are 

more recent and cover a wider range of conditions. The validity range of these models is 

1oC < T < 350oC, 1 bar < P < 1000 bar, and 0 m < NaCl < 6 m [31,45]. 
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Figure 3-4 

Comparison of four viscosity models [26,31,43,45] for the H2O-NaCl system at (A) 30oC and 1 bar total pressure, and (B) 50oC and 20 

bar total pressure. Solid lines are calculated viscosities. Solid squares are experimental data obtained from [47,48]. 

(A) 

 
 

(B) 
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In corrosion prediction studies done so far, to the best of the author’s knowledge, 

when gases such as CO2 or H2S are dissolved in aqueous NaCl solutions, the solution 

viscosity is often assumed to be as unchanged and the same as that for a pure aqueous 

NaCl solution [19,49–51]. This might be true at low partial pressures of gas (below 10 

bar) when solubility of gas in the solution is small. However, at high partial pressures, 

neglecting the presence of dissolved gas in the solution will introduce an error in the 

viscosity predictions. Figure 3-5 shows two examples for the effect of dissolved CO2 on 

the viscosity of aqueous NaCl solution. When CO2 is not present, the viscosity at both 

total pressures of 10 bar and 50 bar are almost the same, showing that the dependency of 

viscosity of on pressure is insignificant. However, dissolution of CO2 in the solution 

increases its viscosity and this rise in the viscosity becomes larger at higher CO2 partial 

pressures (10 bar vs. 50 bar in Figure 3-5). In the presence of CO2, the increase in 

solution viscosity becomes less at higher NaCl concentrations due to salting out of CO2, 

which is explained in Section 7.1. The increase in the solution viscosity with dissolution 

of H2S gas will be the same as that for CO2. However, since the partial pressures of H2S 

encountered in oil and gas production are usually much lower than 1 bar, the amount of 

dissolved H2S in the solution is small, and thereby, the effect of dissolved H2S on the 

brine viscosity is ignored in this study.  
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Figure 3-5 

The effect of dissolved CO2 on the viscosity of aqueous NaCl solution at different NaCl 

concentrations. The solution viscosity is calculated with Mao and Duan [31] and Islam 

and Carlson models [45].  

 

 A combination of Mao and Duan [31] and Islam and Carlson [45] models is used 

in this study to capture the effects of both NaCl concentration and dissolved CO2 on the 

viscosity of brine. The equations related to this model will be listed in the following text.  

The first step to calculate the viscosity of CO2 bearing aqueous NaCl solutions is 

to calculate the water viscosity [31]: 

 𝜇𝑤 = exp(∑𝑎𝑖𝑇
𝑖−3 +

5

𝑖=1

∑𝑎𝑖𝜌𝑤𝑇
𝑖−8

10

𝑖=6

) (3-5) 
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where 𝜇𝑤 is dynamic viscosity of pure water in Pa∙s, 𝑎𝑖 are coefficients listed in Table 

3-1, 𝑇 is solution temperature in K, and 𝜌𝑤 is density of pure water in g/cm3. 𝜌𝑤 is given 

by the following equation [45]:  

 𝜌𝑤 = 𝑏0 +∑𝑐𝑖10
𝑑𝑖𝑇 +∑𝑒𝑖𝑃

𝑖

2

𝑖=1

3

𝑖=1

 (3-6) 

where the coefficients 𝑏0, 𝑐𝑖, 𝑑𝑖, and 𝑒𝑖 are reported in Table 3-1, 𝑃 is the total pressure 

in MPa. Then, the viscosity of the aqueous NaCl solution will be calculated by using the 

equation below: 

 𝜇𝑠𝑜𝑙 = 𝜇𝑤 exp(𝐹𝑚 + 𝐺𝑚2 +𝐻𝑚3) (3-7) 

where 𝜇𝑠𝑜𝑙 is the viscosity of brine (H2O-NaCl) in Pa∙s, 𝑚 is the concentration of NaCl in 

molality (mol/kgH2O), and 𝐹, 𝐺, and 𝐻 are polynomial functions of absolute temperature 

(𝑇 in K) given below: 

 𝐹 = 𝑓0 + 𝑓1𝑇+𝑓2𝑇
2 (3-8) 

 𝐺 = 𝑔0 + 𝑔1𝑇+𝑔2𝑇
2 (3-9) 

 𝐻 = ℎ0 + ℎ1𝑇 (3-10) 

The coefficients used in Equations (3-8)-(3-10) are shown in Table 3-1. 

Finally, the viscosity of the CO2 bearing aqueous NaCl solution can be calculated 

as follows: 

  𝜇𝑠𝑜𝑙 = 𝜇𝑏(1 + 4.65𝑥𝐶𝑂2
1.0134) (3-11) 

where, 𝜇𝑠𝑜𝑙 is viscosity of solution for H2O-NaCl-CO2 system in Pa∙s and 𝑥𝐶𝑂2 is the 

mass fraction of dissolved CO2 in the solution which is equal to: 
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 𝑥𝐶𝑂2 =
𝑚𝐶𝑂2 ×𝑀𝐶𝑂2

1000 +𝑚𝐶𝑂2 ×𝑀𝐶𝑂2 +𝑚𝑁𝑎𝐶𝑙 ×𝑀𝑁𝑎𝐶𝑙
 (3-12) 

 



   

Table 3-1 

Coefficients used in Equations (3-5) and (3-6) for calculating the solution viscosity in H2O-NaCl-CO2 system. These coefficients are 

taken from [30,44]. 

𝑖 𝑎𝑖 𝑏𝑖 𝑐𝑖 𝑑𝑖 𝑒𝑖 𝑓𝑖 𝑔𝑖 ℎ𝑖 

0  1.34136579e-1 - - - -0.21319213 0.69161945e-1 -0.2598855e-2 

1 0.28853170e7 - -4.07743800e0 -5.56126409e-3 4.45861703e-4 0.13651589e-2 -0.27292263e-3 0.77989227e-5 

2 -0.11072577e5 - 1.63192756e1 -1.07149234e-2 -4.51029739e-7 -0.12191756e-5 0.20852448e-6 - 

3 -0.90834095e1 - 1.37091355e0 -5.46294495e-4 - - - - 

4 0.30925651e-1 - - - - - - - 

5 -0.27407100e-4 - - - - - - - 

6 -0.19283851e7 - - - - - - - 

7 0.56216046e4 - - - - - - - 

8 0.13827250e2 - - - - - - - 

9 -0.47609523e-1 - - - - - - - 

10 0.35545041e-4 - - - - - - - 



   

where 𝑚𝐶𝑂2 and  𝑚𝑁𝑎𝐶𝑙 are the molality concentrations of dissolved CO2 and NaCl, and 

𝑀𝐶𝑂2 and 𝑀𝑁𝑎𝐶𝑙 are the molecular weights of CO2 and NaCl, respectively. In this study, 

𝑚𝐶𝑂2 is calculated by the Mao et al. [30] model, which is discussed in detail in Section 

7.1.4. 

3.3 The Effect of Salt Concentration on Diffusion Coefficient of Dissolved Species 

As explained earlier and shown by Equation (2-12), diffusion coefficients of 

electroactive species are needed to determine the rate of mass transfer governing the 

corrosion process. The concentration dependence of diffusion coefficient and therefore its 

effect on the mass transfer rate can be understood better by expanding the first term of 

Equation (2-9), assuming that mass transfer occurs only due to the gradients of chemical 

potential and convection is negligible: 

Since corrosion occurs uniformly across the metal surface, the gradient (∇) of 

chemical potential for two directions (assume y and z) parallel to the metal surface will 

be zero. Thus, Equation (3-13) can be written in one dimensional domain in x direction, 

normal to the metal surface. 

Using thermodynamic transformations gives [20]: 

 𝑁𝑖 = −𝑢𝑖𝑐𝑖∇𝜇𝑖 (3-13) 

 𝑁𝑖 = −𝑢𝑖𝑐𝑖
𝑑𝜇𝑖
𝑑𝑥

 (3-14) 
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Finally, recalling the Fick’s first law of diffusion (𝑁𝑖 = −𝐷𝑖
𝑑𝑐𝑖

𝑑𝑥
): 

Equation (3-16) implies that at a constant temperature, the diffusion coefficient of species 

𝑖 varies with the variation of the mobility of species 𝑖 (𝑢𝑖) along with the variation of the 

activity coefficient of species 𝑖 (𝛾𝑖
𝑐). Since the activity coefficient of species 𝑖 is a 

function of concentrations of all the species in the solution (explained in Section 8.3.1 

and Appendix L), the diffusion coefficient of species 𝑖 depends on the concentrations as 

well. However, for a uniform concentration distribution of species throughout the 

solution, such as the case for concentrated aqueous salt solutions, the concentration 

dependent term , 𝑑𝑙𝑛𝛾𝑖
𝑐/ 𝑑𝑙𝑛𝑐𝑖 << 1, and the diffusion coefficient is equal to 𝐷𝑖 = 𝑢𝑖𝑅𝑇 

[20,52]. This means that for solutions with uniform chemical composition, the diffusion 

coefficient of dissolved species is only dependent on the mobility of those species in the 

 

𝑁𝑖 = −𝑢𝑖𝑐𝑖
𝑑

𝑑𝑥
(𝜇𝑖

𝑜 + 𝑅𝑇𝑙𝑛(𝛾𝑖
𝑐𝑐𝑖)) 

= −𝑢𝑖𝑐𝑖
𝑅𝑇

𝛾𝑖
𝑐𝑐𝑖

𝑑

𝑑𝑥
(𝛾𝑖

𝑐𝑐𝑖) 

= −𝑢𝑖𝑅𝑇
𝑑𝑐𝑖
𝑑𝑥

−
𝑢𝑖𝑅𝑇𝑐𝑖
𝛾𝑖
𝑐

𝑑𝛾𝑖
𝑐

𝑑𝑥
 

= −𝑢𝑖𝑅𝑇
𝑑𝑐𝑖
𝑑𝑥

−
𝑢𝑖𝑅𝑇𝑐𝑖
𝛾𝑖
𝑐

𝑑𝛾𝑖
𝑐

𝑑𝑐𝑖

𝑑𝑐𝑖
𝑑𝑥

 

= −𝑢𝑖𝑅𝑇
𝑑𝑐𝑖
𝑑𝑥

(1 +
𝑐𝑖
𝛾𝑖
𝑐

𝑑𝛾𝑖
𝑐

𝑑𝑐𝑖
) 

= −𝑢𝑖𝑅𝑇
𝑑𝑐𝑖
𝑑𝑥

(1 +
𝑑𝑙𝑛𝛾𝑖

𝑐

𝑑𝑙𝑛𝑐𝑖
) 

(3-15) 

 𝐷𝑖 = 𝑢𝑖𝑅𝑇 (1 +
𝑑𝑙𝑛𝛾𝑖

𝑐

𝑑𝑙𝑛𝑐𝑖
) (3-16) 
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solution and the effect of salt concentration on diffusion coefficient is equivalent to the 

effect of salt concentration on the mobility. However, this is often not clearly 

distinguished in the literature from the case where the chemical composition of solution 

is not uniform (for example, when two solutions with different chemical compositions are 

separated by a permeable membrane and diffusion occurs on both sides) and the activity 

term (𝑑𝑙𝑛𝛾𝑖
𝑐/ 𝑑𝑙𝑛𝑐𝑖) is considerable. Most studies on the effect of salt concentration on 

diffusion coefficient have been focused on such a case. This lack of clarity is related to 

the different definitions for diffusion coefficient. 

 The term “diffusion coefficient” which is frequently just denoted by 𝐷, has been 

very commonly misunderstood in the scientific literature due to different types of 

diffusion processes that exist. In general, there are two distinctive diffusion processes: (1) 

self-diffusion, 𝐷∗ (also called tracer diffusion, single ion diffusion, ionic diffusion), and 

(2) mutual diffusion, 𝐷 (or interdiffusion, concentration diffusion, salt diffusion). Self-

diffusion is related to the random motion of individual particles in a solution with equal 

opportunities of taking up any point in the total space occupied by the liquid [53–55]. 

Mutual diffusion is when a concentration gradient or in a more precise way, a gradient of 

chemical potential exists in the solution that results in a bulk movement of particles (e.g., 

ions) [53,55,56]. The activity term (𝑑𝑙𝑛𝛾𝑖
𝑐/ 𝑑𝑙𝑛𝑐𝑖) becomes significant when mutual 

diffusion occurs [55]. However, for the self-diffusion coefficient, which is the type of 

diffusion process investigated in most electrochemical studies as well as this work, only 

changes in the mobility of species with salt concentration matter. Self-diffusion 
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coefficient is henceforth shortened to diffusion coefficient in this document for 

simplicity.   

The concentration dependence of diffusion coefficient in electrolyte solutions is a 

very complex subject, especially at higher temperatures and in multicomponent systems 

where there is much less experimental data [57]. This dependency has been extensively 

studied for dilute solutions. The first study was done around the year 1900 by Friedrich 

Kohlrausch who empirically showed that at very low concentrations (< 10-3 M [58]) the 

molar conductivity of strong electrolytes alters linearly with the square root of the molar 

concentration: 

 𝜆𝑖 = 𝜆𝑖
0 − 𝐾√𝑐 (3-17) 

where 𝜆 is the ionic equivalent conductance of species 𝑖 (such as Na+, Cl-, or H+) in 

S.cm2/equiv, 𝜆𝑖
0 is the ionic equivalent conductance in S.cm2/equiv at infinite dilution or 

the “limiting ionic equivalent conductance”, 𝐾 is an empirical constant, 𝑐 is the molar 

concentration of solute (for example NaCl). This equation is known as Kohlrausch’s law 

[59]. Ionic equivalent conductance is related to the ionic mobility by:  

 λ𝑖 = |𝑧𝑖|𝐹
2𝑢𝑖 (3-18) 

where, 𝑢𝑖 is the mobility of species 𝑖 in cm2∙mol/J/s and other parameters have their usual 

definition. Using the Nernst-Einstein relation (𝐷𝑖 = 𝑅𝑇𝑢𝑖), the diffusion coefficient can 

be obtained from ionic equivalent conductance as follows: 

 D𝑖 =
𝑅𝑇𝜆𝑖
|𝑧𝑖|𝐹2

 (3-19) 

where D𝑖 is the diffusion coefficient of species 𝑖 in cm2/s. For salts, sometimes their 

diffusion coefficient (e.g., NaCl) is reported instead of that for its constituent ions (Na+ 
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and Cl-). In this case, the diffusion coefficient of salt can be calculated as a function of 

the equivalent conductance of constituent ions, using the Nernst-Hartley equation 

[21,60].    

Decades later, Noble Prize winner in chemistry, Lars Onsager [61,62] 

theoretically derived Kohlrausch’s law by using Debye-Huckel [35] distribution 

functions. Onsager expression which is known as “Onsager limiting law” was adapted to 

the self-diffusion case by Gosting and Herned [63] in 1951. Their proposed equation for 

1:1 electrolytes (such as NaCl, KCl, AgI, etc.) at 25oC is: 

 𝐷𝑖 = 𝐷𝑖
0 [1 − 0.7816 (1 − √𝑑(𝜔𝑗))√𝑐] (3-20) 

where 𝐷𝑖 and 𝐷𝑖
0 are the diffusion coefficient of species 𝑖 at concentration 𝑐 and infinite 

dilution in cm2/s, 𝑑(𝜔𝑗) is a function of mobility and valance of species 𝑖, and 𝑐 is the 

molar concentration of salt [63,64]. Mills and Godbole [64] showed that Equation (3-20) 

is valid up to ~0.005 M of supporting electrolytes. Bernard et al. [65] later extended the 

Onsager limiting law to more concentrated solutions (up to ~ 1 M) by using the mean 

spherical approximation (MSA) theory originated by Enskog and Chapman [66]. 

 In dilute solutions, the change in diffusion coefficient with salt concentration is 

associated with two long-range (coulombic) ionic interactions known as relaxation and 

electrophoretic effects [67]. Debye-Huckel identified these two effects for the first time 

[35,68]. The relaxation effect represents the return to equilibrium (local electroneutrality) 

after a distortion in the ionic atmosphere (fixed background of solution) due to the 

movement of diffusing species [67–70]. The electrophoretic effect is related to the 

decrease in the velocity of the diffusing species because of the counterflow of solvent in 
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the ionic atmosphere [63,67–69]. In the case of self-diffusion which is the focus of this 

study since there is only one diffusing species (trace component) in a system essentially 

in equilibrium (i.e., uniform concentrations throughout the whole solution) there are no 

gradients in activity coefficients or solvent flux, which means there is no net motion of 

ionic species, and thereby, the electrophoretic effect is negligible [69]. As salt 

concentration increases, the contribution of interparticle short-range interactions becomes 

significant in diffusion coefficient behavior. Short-range interactions depend on the 

crystallographic diameter of diffusing species as well as its solvation structure. Wang and 

Anderko [71] modeled the contribution of short-range interactions in diffusion coefficient 

by using a hard-sphere model. However, the self-diffusion coefficients in electrolyte 

solution is mainly influenced by long-range interactions [72]. 

 Experimental results have shown that generally the diffusion coefficient decreases 

with increasing salt concentration [57,58]. The degree of decrease depends on the nature 

of salt and the diffusing species itself. For example, the magnitude of decrease for 

diffusion coefficient of Cl- ion in three salt solutions varies in the following order: KCl < 

NaCl < LiCl [58]. There are some exceptions as well, depending on the nature of salt and 

its constituent ions. For example, the diffusion coefficient of Cl- ion in aqueous CsCl 

solution first decreases and then increases with increasing CsCl concentration [58]. 

 Diffusion coefficient measurement is a tedious, time-consuming, and expensive 

task. It becomes even more complicated with a higher number of species dissolved in the 

solution [57,73]. It is therefore desirable to find a reliable method for estimating the 

diffusion coefficient over wide range of conditions. The estimation procedure has two 
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steps: (1) correct the diffusion coefficient for the effect of temperature, (2) correct the 

diffusion coefficient for the effect of salt concentration. Each step will be explained 

below. 

3.3.1 Correcting Diffusion Coefficient for the Effect of Temperature 

 The diffusion coefficients of species at 25oC and infinite dilution (𝐷𝑜) in water 

are usually found in the literature. Table 3-2 lists these diffusion coefficients for species 

involved in CO2/H2S corrosion process. 

 

 



74 

 

  

Table 3-2 

The diffusion coefficients of some species involved in weak acid corrosion at 25oC, 1 bar total pressure and infinite dilution in water. 

Species name Species formula 𝐷289.15
𝑜 × 109(m2/s) Ref. 

Hydrogen ion H+ 9.312 [21] 

Sodium ion Na+ 1.334 [21] 

Ferrous ion Fe2+ 0.720 [21] 

Hydroxyl ion OH- 5.260 [21] 

Chloride ion Cl- 2.032 [21] 

Carbon monoxide CO2 1.920 [74,75] 

Carbonic acid H2CO3 1.465a This study 

Bicarbonate ion HCO3
- 1.105 [21] 

Carbonate ion CO3
2- 0.804 [76] 

Hydrogen sulfide H2S 1.910 [77,78] 

Bisulfide ion HS- 1.731 [79] 

Sulfide S2- 0.842b This study, [80] 

Acetic acid CH3COOH 1.201 [81] 

Acetate ion CH3COO- 1.089 [82] 

Formic acid HCOOH 1.460 [83] 

Formate ion HCOO- 1.454 [79] 

Oxygen O2 2.229 [84–86] 

Methane CH4 1.907 [87,88] 

a This value was calculated by using the modified Wilke and Change [89] equation proposed by Bidstrup and Geankoplis [90]. Carbonic 

acid was assumed to be a carboxylic acid with a Le Bas [91] molar volume of 49 cm3/mol. The Le Bas molar volume was obtained by 

adding 7.4 cm3/mol which is the Le Bas molar volume of oxygen in the -OH structure to the Le Bas molar volume of formic acid, 41.6 

cm3/mol [90]. The calculated diffusion coefficient for carbonic acid agrees well with the reported value by Krieg et al. [92].  
b This is a calculated value. The measured diffusion coefficient was at 18oC, which was converted to that at 25oC by using the Stokes-

Einstein equation.



75 

 

  

 

The first step in estimation of the diffusion coefficient is the correction for the effect of 

temperature. There are several models in the literature that take into account the 

temperature effect on diffusion coefficient [88,89,93,94]. The simplest relation for the 

temperature dependence of diffusion coefficient is given by Stokes-Einstein equation 

[95]: 

 𝐷𝑖 =
𝑘𝐵𝑇

6𝜋𝜇𝑠𝑜𝑙𝑅𝑖
 (3-21) 

where, 𝐷𝑖 is the diffusion coefficient of species 𝑖 in the solution in m2/s, 𝜇𝑠𝑜𝑙 is the 

viscosity of solution in Pa.s, 𝑘𝐵 is Boltzmann constant (1.380649e-23 J/K), and 𝑅𝑖 is the 

radius of hydrated species in m, and 𝑇 is in K. Equation (3-21) can be expressed as below 

to correct the diffusion coefficient at infinite dilution for the effect of temperature: 

 
𝐷𝑇,𝑖
𝑜

𝐷298.15,𝑖
𝑜 =

𝑇

298.15
×
𝜇298.15,𝑤
𝜇𝑇,𝑤

 (3-22) 

where, 𝐷𝑇,𝑖
𝑜  is the diffusion coefficient of species 𝑖 at temperature 𝑇 and infinite dilution 

in water and 𝜇𝑇,𝑤 is the dynamic viscosity of pure water at temperature 𝑇. Expression 

(3-22) has been used in most of the rate prediction models available in the literature for 

weak acid corrosion [49,50,96,97] in order to account for the effect of temperature on 

diffusion coefficient of dissolved species. However, this equation does not produce 

accurate results, as shown in Figure 3-6. Instead, an equation proposed by Smolyakov 

[98] which relates the limiting conductance to temperature is used in this work:  

 𝑙𝑛𝜆𝑇,𝑖
0 =

𝐴 +
𝐵
𝑇

𝜇𝑇,𝑤
 (3-23) 
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𝜆𝑇,𝑖
0  is the conductance of species 𝑖 at temperature 𝑇 and infinite dilution in water in 

S.cm2/mol, 𝜇𝑇,𝑤 is the dynamic viscosity of pure water in Pa.s at temperature 𝑇, and 𝐴 

(dimensionless) and 𝐵 (in K) are adjustable constants which differ for each species. If 

both sides of Equation (3-23) are multiplied by 𝑅𝑇 𝐹2⁄  (see Equation (3-19)) and then the 

resulting equation is divided by itself at 𝑇 = 298.15 K, the following equation will be 

obtained that can be used to correct the diffusion coefficient for the effect of temperature: 

   
𝐷𝑇,𝑖
𝑜

𝐷298.15,𝑖
𝑜 =

𝑇

298.15
×
𝜇298.15,𝑤
𝜇𝑇,𝑤

exp (
𝐵

𝑇
−

𝐵

298.15
) (3-24) 

Equation (3-24) has an extra exponential term compared to Equation (3-22). The 

exponential term dampens (positive 𝐵 constant) or accelerates (negative 𝐵 constant) the 

temperature dependence of the diffusion coefficient. If 𝐵 is zero, Equations (3-24) and 

(3-22) will be the same. The 𝐵 values for some species are listed in Table 3-3. The 𝐵 

values for more species can be found in [70,98]. For carboxylic acids (e.g., acetic acid) 

and their dissociated ions (e.g., acetate), it has been reported that the diffusion coefficient 

has a linear relationship with temperature [89,90,93]. This means that 𝐵 should be equal 

to zero for these species as reported in Table 3-3. 

Figure 3-6 shows that the diffusion coefficients obtained by the Smolyakov equation 

match very well with the experimental data found in the literature.  

 



   

Figure 3-6 

Comparison of two models with experimental data for the diffusion coefficient of (A) H+ ion, (B) CO2(aq), (C) H2S(aq), (D) Na+ ion, and (E) OH- ion at infinite dilution in water. Data are taken from [75,78,77,98–103]. 

(A) (B) (C) 

 
 

  

(D) (E)  
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Table 3-3 

Values of 𝐵 used in Equation (3-24) for calculating the temperature dependence of diffusion coefficient for some important species for 

corrosion studies in the oil and gas industry. For species not listed in this table, B can be considered zero. 

Species name Species formula 𝐵a Ref. Experimental data source 

Hydrogen ion H+ 837.790 [98] N/A 

Sodium ion Na+ 75.492 [98] N/A 

Hydroxide ion OH- 468.130 [98] N/A 

Chloride ion Cl- 216.030 [98] N/A 

Carbon dioxide CO2 -180.000 This study [75,78,101,102] 

Carbonic acid H2CO3 0 This study N/A 

Bicarbonate ion HCO3
- 0 This study N/A 

Carbonate ion CO3
2- 0 This study N/A 

Hydrogen sulfide H2S 379.550 This study [77,78] 

Bisulfide HS- 0 This study N/A 

Sulfide S2- 0 This study N/A 

Acetic acid CHCOOH 0 This study N/A 

Acetate ion CHCOO- 0 This study N/A 

Formic acid HCOOH 0 This study N/A 

Formate ion HCOO- 0 This study N/A 

Oxygen O2 -378.720 This study [74,75,84–86,104,105] 

Methane CH4 387.620 This study [87,88,106] 

a It has the unit of temperature, Kelvin.
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3.3.2 Correcting Diffusion Coefficient for the Effect of Salt Concentration 

Several equations and models have been proposed for correcting the diffusion 

coefficients in concentrated aqueous salt solutions. Similar to Equation (3-22) for the 

effect of temperature, the simplest method offered to account for the effect of salt 

concentration on diffusion coefficient is using the Stokes-Einstein relation [21]:  

   
𝐷𝑇,𝑖

𝐷298.15,𝑖
𝑜 =

𝑇

298.15
×
𝜇298.15,𝑤
𝜇𝑇,𝑠𝑜𝑙

 (3-25) 

𝐷𝑇,𝑖 is the diffusion coefficient of species 𝑖 in a solution with a finite salt concentration, 

and 𝜇𝑇,𝑠𝑜𝑙 is the dynamic viscosity of the solution at temperature 𝑇. Due to its simplicity, 

Equation (3-25) has been used repeatedly in corrosion modeling studies [107–109]. 

However, as will be shown below, Equation (3-25) estimates the variation in diffusion 

coefficient with salt concentration quite erroneously. Based on Equation (3-25), when salt 

concentration is varied in a solution, the only parameter that influences the diffusion 

coefficient is the solution viscosity. 

 Another approach frequently used in the literature [110–114] are correlations with 

a square root dependency of the diffusion coefficient with salt concentration, similar to 

the Kohlrausch law Equation (3-17). The simplest form of this correlations for univalent 

salt (e.g., NaCl, KCl, etc.) solutions is as follows: 

   
𝐷𝑇,𝑖
𝐷𝑇,𝑖
𝑜 = 1 − 𝑘√𝑐 (3-26) 

where, 𝐷𝑇,𝑖 is the diffusion coefficient of species 𝑖 at temperature 𝑇 in the concentrated 

aqueous salt solution, 𝐷𝑇,𝑖
𝑜  is the diffusion coefficient of species 𝑖 at temperature 𝑇 and 

infinite dilution in water (obtained from Equation (3-24)), 𝑐 is concentration of salt in the 
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solution (concentration of supporting electrolyte) usually in molarity (M), and 𝑘 is a 

constant that depends on the nature of dissolved salt and the diffusing species. Equation 

(3-26) is known as the square root equation. The unit for 𝑘 is the reciprocal of square 

root of the concentration unit. Sometimes, for salts with ions higher than univalent or 

when there is more than one salt dissolved in the solution, concentration is replaced by 

ionic strength (𝐼):  

   
𝐷𝑇,𝑖
𝐷𝑇,𝑖
𝑜 = 1 − 𝑘√𝐼 (3-27) 

𝐼 can be calculated by using the following equation: 

   𝐼 =
1

2
∑𝑐𝑗𝑧𝑗

2

𝑗

 (3-28) 

where, 𝑐𝑗 is the concentration of species j in the solution and 𝑧𝑗 is the charge number of 

species j. The summation is applied to all charged species in the solution. It should be 

noted that Equation (3-28) is not applicable for dissolved neutral species in the solution 

such as CH4, particularly when their concentrations are high and can influence the 

diffusion process of trace electroactive species.  

 Stackelberg and Pilgram [110] reported a 𝑘 value of 0.21 for diffusion coefficient 

of H+ ion in KCl aqueous solution. Ciskowska et al. [114] assumed a 𝑘 value of 0.256 for 

diffusion coefficient of H+ ion in LiClO4 salt. Equation (3-26) has been found with some 

modifications as well [115]. For example, Equation (3-20) mentioned earlier or a 

dependence to the cube root of salt concentration by Stastny and Strafelda [111] for 

aqueous KCl solutions, 𝐷𝑇,𝑖
𝑜 (1 − 𝑘(𝑐𝐾𝐶𝑙 𝑐𝐻+⁄ )

1

3). Stokes et al. [112] emphasized that 

modification of Equation (3-26) would definitely enhance its accuracy and suggested 
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using 
1

1+𝜅𝑎
 or 

1

[(1+𝜅𝑎)(1+
𝜅𝑎

√2
)]

 instead of constant 𝑘. 𝜅 is Debye length in 1/m and a is 

Debye-Huckel ion-size parameter in m. However, they did not implement these 

substitutions in their work.  

At higher salt concentration it is believed that the change in viscosity of the 

solution becomes an important factor in the estimation of the diffusion coefficient. Given 

that diffusion and viscous flow processes are analogous, variation in some fundamental 

properties of solution such as net intermolecular friction forces at higher salt 

concentrations affects both processes [52,69,113]. Therefore, this idea of multiplying the 

right-hand side of Equation (3-26) by a viscosity term of 𝜇𝑇
𝑜 𝜇𝑇⁄  has been introduced to 

improve the accuracy of diffusion coefficient estimation for the effect of salt 

concentration [73,112–114]. This improvement practically means combining Equations 

(3-25) and (3-26). However, it has been reported that the addition of the viscosity term to 

Equation (3-26) tends to overcorrect the diffusion coefficient [69,112]. Pinto and Graham 

[69] claimed that the viscosity term with an exponent of 0.7 instead of 1 usually gives 

more accurate results. Accordingly, the modified Equation (3-26) will be as follows: 

   
𝐷𝑇,𝑖

𝐷𝑇,𝑖
𝑜 = (1 − 𝑘√𝑐)(

𝜇𝑇
𝑜

𝜇𝑇
)
0.7

 (3-29) 

The implementation of Equation (3-29) does not explicitly exist in the literature. This 

brings the need to investigate whether addition of the viscosity term really improves the 

diffusion coefficient estimation or Equation (3-26) works just fine by itself. An 

investigation is done by back-calculating the 𝑘 values from the experimental diffusion 

coefficient data, using both Equations (3-26) and (3-29). For each species, a single 𝑘 
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value should result in accurate estimations of the species diffusion coefficient for the 

whole concentration range. Thus, the equation that induces 𝑘 values with less deviation is 

assumed to be more suitable for concentration dependency correction of diffusion 

coefficient. The “coefficient of deviation”6 is used as an indication of the degree of 

deviation in 𝑘. Figure 3-7 (A) shows the comparison of two equations. The deviation of 𝑘 

for Equation (3-26) is generally smaller than that for Equation (3-29), implying that there 

is no need for the addition of the viscosity term and Equation (3-26) is sufficient for 

concentration dependency of diffusion coefficient. A similar comparison shown in Figure 

3-7 (B) between the molality (m) and the molarity (M) concentration units. The 

coefficient of deviation obtained by for the molality unit is slightly smaller than that for 

the molarity unit for all three ions. However, the difference is not significant, and 

therefore, either of the concentration units can be used in Equation (3-26) for correcting 

the diffusion coefficient of a species with respect to salt concentration, providing that a 𝑘 

value with a matching unit exist for that species. Typically, molality is favored over 

molarity because, first, it does not depend on the volume (density) of solution, which 

makes it easier to work with, and second, it is the most used concentration unit in the 

solution chemistry models available in the literature. Therefore, Equation (3-26) with the 

molality concentration unit is the suggested form of the square root equation for 

correcting the diffusion coefficient for the effect of salt concentration. For example, A 𝑘 

value of 0.271 (mol/l)-0.5 or 0.263 (mol/kgH2O)-0.5 is obtained for H+ diffusion coefficient 

 
6 The coefficient of variation (CV) is defined as the ratio of the standard deviation to the mean. It is often 

expressed as a percentage. 
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in NaCl solution, which is close to the values reported earlier. The 𝑘 value for some other 

species important in CO2/H2S corrosion in aqueous NaCl solutions are listed in Table 3-4. 

 

Figure 3-7 

Comparison of the accuracy of square root Equations (3-26) and (3-29), without and 

with the viscosity term, respectively, for the concentration dependency of diffusion 

coefficients: (A) with molarity unit (M), (B) with molality concentration unit (m). 

Experimental diffusion coefficient data for H+ ion (19 measurements), Na+ ion (5 

measurements), and I- ion (12 measurements) at 25oC and atmospheric pressure are 

taken from [57,69,112,113].  

(A) (B) 
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Table 3-4 

The k value used in the square root Equation (3-26) for correcting the diffusion coefficient of aqueous species for the effect of NaCl 

concentration. 

Species name Species formula 𝑘 

(mol/lit)-0.5 

𝑘 

(mol/kgH2O)-0.5 

Ref. Experimental data source 

Hydrogen ion H+ 0.271 0.263 This study [57,69,113] 

Sodium ion Na+ 0.150 0.152 This study [57,81] 

Iodide ion I- 0.154 0.157 This study [112] 

Carbon dioxide CO2 0.151 0.144 This study* [75,116] 

Carbonic acid* H2CO3 0.151 0.144 This study N/A 

Hydrogen sulfide H2S 0.131 0.129 This study [117] 

*Assume to be the same as CO2.
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Another model for the concentration dependency of diffusion coefficient is proposed by 

Appelo [118]. The Appelo model seems to be originated from Stokes et al. [112]’s 

suggestion and it is an extension of a simpler model presented by Snyder et al. [119]. 

Similar to Equation (3-26), the concentration dependency equation has the square root of 

ionic strength (concentration for 1:1 salt); however, it is placed inside and exponential 

function to dampen the changes in diffusion coefficient with varying salt concentration. 

There are some concerns with the Appelo model. First, the units for Debye length (𝜅 in 

m-1), ion-size parameter (𝑎 in m), and Debye-Huckel parameter are reported incorrectly, 

𝐴 (=
3𝐴𝜙

ln(10)
 in (kg/mol)0.5). Next, the unit for ionic strength is not mentioned clearly 

whether it is molality or molarity. Third, the range of validity of the Appelo model for 

salt concentration is not specified; howbeit, from the Appelo paper [118] graphs it seems 

to be 2 molal, which is moderately low. Forth, the species covered by Appelo model are 

limited, which makes it impractical for the case of CO2 and H2S corrosion. Finally, the 

Appelo model does not work for neutral species such as H2CO3 and H2S, which 

contribute to the mass transfer processes involved in CO2 and H2S corrosion. Despite 

these issues, the Appelo model is reproduced and is compared with other models for its 

accuracy as shown in Figure 3-8.  

A more complex model for the estimation of diffusion coefficient in concentrated 

solutions is proposed by Pinto and Graham [69]. This model uses an analogy between 

Stefan-Maxwell flux equation and Fick’s law of diffusion and therefore connects the 

diffusion coefficient to the Stefan-Maxwell phenomenological coefficients. The Pinto and 

Graham model [69] only considers the relaxation effect and assumes that electrophoretic 
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effect is negligible, which is a good assumption, as explained earlier. Another assumption 

in the original Pinto and Graham model [69] is that all ions are considered completely 

unhydrated. Later, they included the hydration number in the diffusion coefficient 

calculations [73]. This makes the model truly complicated. Additionally, the equations 

and parameters required to reproduce the model are not clearly described in their latest 

publication [73]. Thus, it is concluded that the updated Pinto and Graham model [73] is 

impossible to replicate. Another issue with the Pinto and Graham model is that it is not 

applicable to neutral species such as H2CO3 and H2S which are important in CO2 and H2S 

corrosion. They only provided a phenomenological coefficient for H+ ion. Despite this, 

the original model is reproduced and compared with other models presented in Figure 

3-8. Instead of 0.43 and 3.16 reported in the original Pinto and Graham model for the 

ternary constant of H+ and Na+ ions, respectively, 0.62 and 17 were found to be 

appropriate in the reproduced model.  

The most comprehensive model and supposedly the most accurate model 

available in the literature for accounting for the effect of salt concentration on diffusion 

coefficient was proposed by Wang and Anderko [71]. They included the effects of both 

long-range electrostatic forces (relaxation effect) and short-range forces (due to 

interparticle interactions) in their model. They claimed that without considering the short-

range interactions, the model for univalent ions is only valid up to ~1 M of salt 

concentration. However, with the short-range interactions included the validity range 

expands to ~ 30 M [70]. Another advantage of the Wang and Anderko model is covering 

the effect of salt concentration on diffusion coefficients of both ionic and neutral species 
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[71]. However, this model is much more complicated than the previous models. 

Additionally, not all the equations and parameters required to replicate the model are 

clearly provided in the corresponding publications [70,71]. Therefore, the Wang and 

Anderko model is difficult to reproduce. For comparison, the accuracy of the Wang and 

Anderko model with other models, the diffusion coefficient is obtained from OLI 

software in which the Wang and Anderko model is incorporated. Figure 3-8 (A) shows 

the comparison between the models discussed above for H+ ion in an aqueous NaCl 

solution. The experimental data obtained by Roberts and Northey [120] are not 

comparable with other data, and thereby, are ignored in this study. The Stokes-Einstein 

Equation has the least accuracy among the models. The accuracy of estimations for the 

Appelo [118] and the Wang and Anderko [71] (OLI software in Figure 3-8) models are 

similar, a fairly good accuracy at low NaCl concentrations, but the predictions deviate 

from experimental data at moderate and high NaCl concentrations. Equation (3-26) 

(square root Eq. in Figure 3-8) and the Pinto and Graham [69] models shows almost the 

same accuracy for the estimation of  H+ ion diffusion coefficient, a very good agreement 

with the experimental data. For the diffusion coefficient of Na+ ion shown in Figure 3-8 

(B), the Appelo model [118] predictions are totally off. The Stokes-Einstein Eq. 

exaggerates the effect of salt concentration of Na+ ion diffusion coefficient and this 

exaggeration increases with increasing NaCl concentration. The Wang and Anderko [71] 

model (OLI software) behaves similarly to the Stokes-Einstein Eq., except that the degree 

of exaggeration decreases at higher NaCl concentrations. Equation (3-26) slightly 

underpredicts Na+ ion diffusion coefficient for NaCl concentrations below 15 wt.% and 
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overpredicts for higher NaCl concentrations. Finally, the Pinto and Graham model shows 

prefect predictions for the entire range of NaCl concentrations.  

Taking into consideration the simplicity of the square root equation (Equation 

(3-26)) and its applicability for neutral species, it will be used in this study for correcting 

the diffusion coefficient for the effect of salt concentration. 
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Figure 3-8 

Comparison of models for the concentration dependency of diffusion coefficient with experimental data measured in aqueous NaCl 

solution at 25oC and atmospheric pressure: (A) H+ ion, (B) Na+ ion. The points are experimental data and the solid lines are model 

predictions. The “square root Eq.” represents Equation (3-29) and the “OLI software” represents the Wang and Anderko model [71]. 

Experimental data are taken from [54,57,69,113]. 

(A) 

 
(B) 
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The effect of pressure on diffusion coefficient of dissolved species is negligible 

[121]. This is probably because the volume of aqueous solutions is almost independent of 

pressure7. 

 
7 For pressures above the saturation pressure of the solution. 
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 The Effect of Salt Concentration on Solution Chemistry 

A solution is defined as a condensed homogenous mixture (liquid or solid) containing 

two or more substances. The main substance of the solution is called solvent and the other 

constituent substances dissolved in the solvent are solutes. Solutions are classified into ideal 

solutions and non-ideal solutions [122]. An ideal solution is a solution in which the forces 

(interactions) among the molecules are the same for all the molecules, independent of 

species. However, no real solution is truly ideal, although many real solutions are nearly ideal 

when they contain only molecules that are structurally similar, such as H2O and D2O mixture 

[123]. Therefore, an ideal solution is a hypothetical solution. When a salt (soluble electrolyte) 

is dissolved in water (solvent), it dissociates into ions and forms an electrolyte solution8. It is 

assumed that salts are strong electrolyte and will dissociate completely in water [125]. The 

presence of charged ions in the electrolyte solution causes interactions between these ions as 

well as with water molecules. These interactions can be categorized as follows [124]: 

• Solute-solute interaction 

o Long-range coulombic interactions: act over long distances between 

ions. They are electrostatic interactions and follow Coulomb law. 

o Ion-induced dipole interactions: weak attractions that result when the 

approach of an ion induces a dipole in a nonpolar molecule. 

o Short-range interactions: act over short distances. 

▪ Short-range attractions: they can be coulombic or non-

coulombic. 

 
8 Electrolyte solutions are solutions with electrical conductivity [124]. 
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▪ Short-range repulsions: They become significant when two 

particles approach very close to each other. 

o Hard spheres: when the ions come into contact and the short-range 

repulsive interactions become infinite. 

• Solute-solvent interactions: they are attractive when the ion and the end of the 

dipole or induced dipole have opposite charge. They are repulsive when the ion 

is in close distance to the end of dipole which has the same charge as the ion. 

o Ion-dipole interactions 

o Ion-induced dipole interactions 

A theoretical description of interactions between ions and dipoles with each other and 

with solvent molecules is given by Bockris and Reddy [20]. As a result of these interactions 

there is shift of electrolyte solution from an ideal condition to a non-ideal condition, changes 

in chemical potential of all species, and therefore, changes in phase and speciation equilibria. 

Experimental evidence for departure from ideality in electrolyte solutions is listed by Wright 

[124]. 

For the hypothetical ideal condition (noninteracting particles), the chemical potential 

of an arbitrary dissolved species 𝑖 (𝜇𝑖) can be expressed in the form: 

   𝜇𝑖(𝑖𝑑𝑒𝑎𝑙) = 𝜇𝑖
𝑜 + 𝑅𝑇𝑙𝑛𝑥𝑖 (4-1) 

For the real condition (non-ideal condition with interacting particles), the chemical potential 

is given by: 

   𝜇𝑖(𝑟𝑒𝑎𝑙) = 𝜇𝑖
𝑜 + 𝑅𝑇𝑙𝑛𝑥𝑖 + 𝑅𝑇𝑙𝑛𝛾𝑖

𝑥 (4-2) 

where 𝜇𝑖
𝑜 is the chemical potential of species 𝑖 at standard condition, 𝑥𝑖 is the mole 

fraction of species 𝑖 in the solution, and 𝛾𝑖
𝑥 is the activity coefficient of species 𝑖 in mole 
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fraction basis. The difference between Equations (4-1) and (4-2), i.e., 𝑅𝑇𝑙𝑛𝛾𝑖
𝑥 arises from 

interactions between dissolved species in the solution or non-ideality. Therefore, the non-

ideality in an electrolyte solution can be analyzed by considering the physical significance of 

the activity coefficient term in Equation (4-2) [20,124].  

For the case of aqueous CO2 and H2S corrosion of carbon steels, changes in phase 

equilibria are associated to gas solubility (CO2(g)
9 and H2S(g)) [30,126,127] and water 

evaporation [128] equilibria and changes in speciation equilibria correspond to H2CO3(aq), 

H2S(aq), and H2O(l) dissociation equilibria. Hence, when the effect of salt concentration on 

CO2 and H2S corrosion is being studied, changes in gas solubility and speciation equilibria 

have to be taken into consideration. 

4.1 The Effect of Salt Concentration on Solubility of Gas 

When a soluble electrolyte (e.g., NaCl) is dissolved in a solvent (e.g., water) the 

solubility of the non-electrolyte (e.g., CO2 and H2S) molecularly distributed in the solvent 

decreases. This phenomenon is called “salting-out effect” [129]. If the solubility of non-

electrolyte increases the term “salting-in” is used [130]. Salting-out and salting-in are 

generally used to denote, respectively, an increase and a decrease in dissolved gas 

concentration due to a change in the activity coefficient of the nonelectrolyte with 

increasing concentration of electrolyte [131]. The magnitude of salting-out or salting-in 

or in other words−the magnitude of the salt effect on the activity coefficient of a 

nonelectrolyte in aqueous solutions depends strongly on properties of both the 

nonelectrolyte and the salt [131]. Although several qualitative and quantitative theories 

 
9 The subscript (g) denotes gaseous phase.  
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have been proposed so far to explain the salting out effect, the exact mechanism is still 

unknown [129,131,132]. The salting-out effect is mainly due to changes in different 

interactions between electrolyte, non-electrolyte, and solvent. Put in a simple way, the 

salting-out effect can be explained through a combination of electrostatic repulsion and 

enhancement of the hydrophobic effect [130].  

 Measurement of solubility of a gas in a solution is a challenging and time-

consuming task. This has been motivating scientists to develop solubility models for 

various gases such as O2, N2, CO2, CH4, H2S, NH3, etc., valid for a variety of conditions 

and applications. CO2 and H2S solubility models are mainly developed for applications in 

geologic sequestration processes, enhanced oil recovery and enhanced geothermal 

systems [127,133,134]. These models cover a wide range of temperature, pressure, and 

salt concentration, which make them coincidentally suitable for studying the effect of salt 

concentration on CO2/H2S corrosion process. In Chapter 7, a few CO2 and H2S solubility 

models in aqueous NaCl solutions and the effect of NaCl concentration on CO2 and H2S 

solubility will be discussed and compared. 

4.2 The Effect of Salt Concentration on Speciation Equilibria 

As mentioned above, adding salt to the solution changes the interaction between 

dissolved species, and thereby, varies the chemical potentials of these species. For an 

arbitrary reaction shown below: 

   𝑎𝐴 + 𝑏𝐵 ⇌ 𝑐𝐶 + 𝑑𝐷 (4-3) 

the Gibbs free energy change of reaction (∆𝑟𝐺) can be expressed in terms of chemical 

potentials of reactants and products: 
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   ∆𝑟𝐺 = 𝑐𝜇𝐶 + 𝑑𝜇𝐷 − 𝑎𝜇𝐴 − 𝑏𝜇𝐵 (4-4) 

Expanding the chemical potentials using Equation (4-2), gives the following: 

   

∆𝑟𝐺 = 𝑐𝜇𝐶
𝑜 + 𝑅𝑇𝑙𝑛(𝑥𝐶𝛾𝐶

𝑥)𝑐 + 𝑑𝜇𝐷
𝑜 + 𝑅𝑇𝑙𝑛(𝑥𝐷𝛾𝐷

𝑥)𝑑 − 𝑎𝜇𝐴
𝑜

− 𝑅𝑇𝑙𝑛(𝑥𝐴𝛾𝐴
𝑥)𝑎 − 𝑏𝜇𝐵

𝑜 − 𝑅𝑇𝑙𝑛(𝑥𝐵𝛾𝐵
𝑥)𝑏 

(4-5) 

At equilibrium, ∆𝑟𝐺 = 0. Upon rearrangement, the above equation becomes: 

   𝑐𝜇𝐶
𝑜 + 𝑑𝜇𝐷

0 − 𝑎𝜇𝐴
𝑜 − 𝑏𝜇𝐵

𝑜 = −𝑅𝑇𝑙𝑛
(𝑥𝐶𝛾𝐶

𝑥)𝑐(𝑥𝐷𝛾𝐷
𝑥)𝑑

(𝑥𝐴𝛾𝐴
𝑥)𝑎(𝑥𝐵𝛾𝐵

𝑥)𝑏
 (4-6) 

Recalling equation ∆𝑟𝐺
𝑜 = −𝑅𝑇𝑙𝑛𝐾, the left-hand side of (4-6) corresponds to the 

standard Gibbs free energy change of reaction (∆𝑟𝐺
𝑜) and the term inside the natural 

logarithm on the right-hand side of Equation (4-6) is equal to the reaction equilibrium 

constant (𝐾). Thus, the following expression can be extracted: 

   𝐾(𝑇, 𝑃) = (
𝑥𝐶
𝑐𝑥𝐷

𝑑

𝑥𝐴
𝑎𝑥𝐵

𝑏)(
𝛾𝐶
𝑥𝑐𝛾𝐷

𝑥𝑑

𝛾𝐴
𝑥𝑎𝛾𝐵

𝑥𝑏
) (4-7) 

𝐾 is only a function of temperature and pressure. In ideal solutions, the activity 

coefficient quotient is equal to one and 𝐾 will be equal to the mole fraction quotient. At a 

constant temperature and pressure, for 𝐾 to remain constant when activity coefficients 

deviate from unity (ideal condition) due to addition of salt to the solution, the 

concentrations must change as well. Therefore, addition of salt concentration to the 

solution changes equilibrium concentrations, i.e., disrupts the equilibrium, due to 

variations in the activity coefficients of participating species. This holds for speciation 

reactions occur in aqueous CO2/H2S corrosion processes such as H2CO3(aq), H2S(aq), and 

H2O(l) dissociation reactions. Therefore, in order to understand the effect of salt 

concentration on speciation equilibria variations in the activity coefficients of species 
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participating in the (electro)chemical reactions, and consequently changes in the 

equilibrium concentrations of these species need to be investigated. 

The first significant theory for calculating activity coefficient was proposed by 

Debye-Huckel [35] in 1920s. The Debye-Huckel theory discusses equilibrium properties 

of electrolyte solutions and allows the calculation of an activity coefficient for individual 

ions, or equivalently, the mean activity coefficient of salts. Fundamental concepts of the 

Debye-Huckel theory also form the basis of modern theories describing the non-

equilibrium properties of electrolyte solutions such as diffusion and conductance. The 

Debye-Huckel theory is thus considered central to all theoretical approaches to 

electrolyte solutions [124]. According to the Debye-Huckel theory, the non-ideality in a 

solution is due to electrostatic interactions between the ions. Only electrostatic 

interactions obeying the Coulomb inverse square law are considered in the Debye-Huckel 

theory [124]. A thorough explanation of the derivation procedure is given by Bockris and 

Reddy [20] and a complete list of assumptions made in the Debye-Huckel theory is 

provided by Wright [124]. The Debye-Huckel equation for calculating activity coefficient 

is given below: 

   𝑙𝑜𝑔𝛾𝑖
𝑥 = −𝐴𝛾

𝑥𝑧𝑖
2√𝐼𝑥 (4-8) 

where, 𝐴𝛾
𝑥 is a constant called Debye-Huckel limiting slope (dimensionless), 𝑧𝑖 is charge 

of species 𝑖, and 𝐼𝑥 is ionic concentration in mole fraction-based ionic strength 

(dimensionless) [135]. Equation (4-8) can be expressed based on molality [136,137] or 

molarity [20] units. The Debye-Huckel theory is limited to very low concentrations, up to 

~ 0.01 M for 1:1 electrolytes in aqueous solutions, and because of this, Equation (4-8) is 
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named “Debye-Huckel limiting law” [20]. To increase the range of applicability of the 

Debye-Huckel equation extensions to this equation have been proposed that are listed in 

Table 4-1. These formulas are expressed as a function of the ionic strength rather than 

any individual ionic concentrations. The interactions between species (ions and neutrals) 

are not considered in these formulas and the only thermodynamic property of species 

included is charge of species. In 1948, Robinson and Stokes [138] suggested that the 

concept of ion-solvent interaction or ionic hydration could explain the limitation of the 

Debye-Huckel equation at high electrolyte concentrations. They proposed the following 

equation to modify the Debye-Huckel equation: 

   𝑙𝑜𝑔𝛾𝑖
𝑚′

= 𝑙𝑜𝑔𝛾𝑖
𝑚 −

ℎ𝑖
𝜈𝑖
𝑙𝑛𝑎𝑤 − ln(1 − 0.018(ℎ𝑖 − 𝜈𝑖)𝑚) (4-9) 

where,  𝛾𝑖
𝑚 is the activity coefficient obtained from the Debye-Huckel equation in Table 

4-1, ℎ𝑖 is hydration number of ion 𝑖, 𝜈𝑖 is the stoichiometric number of ion in the salt, 𝑎𝑤 

is the activity of water, and m is the molality concentration of the solution. Equation (4-9) 

is valid for temperatures up to 50oC and ionic strengths of 4 m [138]. 

In 1973, Pitzer [139] proposed a semiempirical model that accounts for the binary 

and ternary short range interactions in calculating the activity coefficients of ionic species 

in aqueous electrolytes. At very low ionic strengths (i.e., salt concentrations), the Pitzer 

model will approach to a modified form of the Debye-Huckel equation [140,141]. Later 

in 1984, Harvie et al. [142] added the activity coefficient terms and equation for neutral 

species. In 1986, Felmy and Weare [143] added the triple ion interaction terms to the 

Harvie et al. [142] equations. Since then, there have been several extensions to the Pitzer 

interaction model [144,145]; however, the original form of Pitzer equations and the 
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important contributing terms have remained unchanged. Instead, efforts have been put 

into improving the Pitzer interaction parameters to enhance the accuracy of estimations as 

well as to cover more species [146–150]. Other models have been proposed for the 

calculation of activity coefficient such as the specific ion interaction theory (SIT) [151–

153], the ion association model [140,154,155], the three-characteristic-parameter 

correlation (TCPC) model [156,157], the UNIQUAC (universal quasichemical) model 

[158,159], the mixed-solvent electrolyte (MSE) model [135]. Among these activity 

coefficient models, the Pitzer interaction model is the most popular model. On the other 

hand, the MSE model is the most comprehensive model as it can cover conditions with 

more than one solvent in addition to accounting for the nonideality in the vapor phase. 

Therefore, in this study, a modified Pitzer interaction model and an updated version of 

the MSE model will be employed separately into two different speciation equilibrium 

models to investigate the effect of salt concentration on speciation equilibrium in CO2 

and H2S corrosion processes. 
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Table 4-1 

The Debye-Huckel equation and its extensions for calculating the activity coefficient. 

Equation name Equation Applicability range Ref. 

Debye-Huckel limiting law 𝑙𝑜𝑔𝛾𝑖
𝑚 = −𝐴𝛾,10

𝑚 𝑧𝑖
2√𝐼𝑚 < 0.01 M, only ions [20] 

Debye-Huckel 
𝑙𝑜𝑔𝛾𝑖

𝑚 = −𝐴𝛾,10
𝑚 𝑧𝑖

2 √𝐼𝑚

1 + 𝐵𝛾
𝑚å√𝐼𝑚

 
< 0.01 M, only ions [20,138] 

Extended Debye-Huckel 
𝑙𝑜𝑔𝛾𝑖

𝑚 = 𝐴𝛾,10
𝑚 𝑧𝑖

2 √𝐼𝑚

1 + 𝐵𝛾
𝑚å√𝐼𝑚

+ 𝑏𝛾
𝑚𝐼𝑚 

0.006-6.0 m, 25oC-100oC, only ions [138,160] 

Davies 
𝑙𝑜𝑔𝛾𝑖

𝑚 = −𝐴𝛾,10
𝑚 𝑧𝑖

2 √𝐼𝑚

1 + √𝐼𝑚
+ 0.3𝐼𝑚 

0.5 M, temperature close to 25oC, only ions [161] 

Modified Davies 
𝑙𝑜𝑔𝛾𝑖

𝑚 = −𝐴𝛾,10
𝑚 𝑧𝑖

2 √𝐼𝑀

1 + √𝐼𝑀
+ 0.2𝐼𝑚 

0.5 M, temperatures close to 25oC, only ions [162] 

B-dot 
𝑙𝑜𝑔𝛾𝑖

𝑚 = −𝐴𝛾,10
𝑚 𝑧𝑖

2 √𝐼𝑚

1 + 𝐵𝛾
𝑚å√𝐼𝑚

+ �̇�𝐼𝑚 
0-3 m, up to 300oC, ions and neutral species [163] 

Bromley 
𝑙𝑜𝑔𝛾𝑖

𝑚 = −𝐴𝛾,10
𝑚 𝑧𝑖

2 √𝐼𝑚

1 + 𝐵𝛾
𝑚å√𝐼𝑚

+
𝑧𝑖
2(0.06 + 0.6𝑏𝛾

𝑚)𝐼𝑚

(1 +
1.5
𝑧𝑖
2 𝐼𝑚)

2 + 𝑏𝛾
𝑚𝐼𝑚 

Up to 6 m, up to 100oC, only ions [164] 

Pitzer-Debye-Huckel 

𝑙𝑜𝑔𝛾𝑖
𝑥 = −𝐴𝑥 (

2𝑧𝑖
2

𝜌
ln (1 + 𝜌𝐼𝑥

1
2) +

𝐼𝑥

1
2(𝑧𝑖

2 − 2𝐼𝑥)

1 + 𝜌𝐼𝑥

1
2

) 

Pure water to fused salt, up to 120oC, only ions [141] 

𝛾𝑖
𝑚 is molality-based activity coefficient, 𝐴𝛾

𝑚 is molality based Debye-Huckel limiting slope in (kgH2O)0.5/mol0.5, 𝐴𝛾,10
𝑚 =

𝐴𝛾
𝑚

𝑙𝑛10
, 𝑧𝑖 is the charge of species 𝑖, 𝐼𝑚 is the molality based ionic strength of solution, å is ion 

size parameter in cm, 𝐵𝛾
𝑚 is a constant related to the radius of ionic cloud in kg /mol0.5/cm [20,165]. If 𝐵𝛾

𝑚å is considered to be equal to 1, then the Extended Debye-Huckel equation is reduced to Guggenheim equation 

[166]. �̇� is called the “deviation function” in kgH2O/mol and describes the deviation of activity coefficient from Debye-Huckel equation [163]. 𝐼𝑥 is the mole-fraction based ionic strength of solution and 𝜌 is called the 

closest approach parameter [141]. 

𝐴𝛾
𝑚 and 𝐵𝛾

𝑚 has a value of 1.17 and 0.3281 at 25oC in water, respectively. The equation for 𝐵𝛾
𝑚 is given in Helgeson and Kirkham [165]. If 𝐵𝛾

𝑚å in the “Extended Debye-Huckel” equation is set equal to 1, the 

Guntelberg equation is obtained [167]. If 1.5 is used, the Scatchard equation will be obtained [168]. To calculate the mean activity coefficient of salts |𝑧+𝑧−| needs to be used in above equations instead of 𝑧𝑖
2 (𝑧+ and 

𝑧− are the charge of cation an anion of the salt, respectively).
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Two groups of models exist for calculating equilibrium concentrations in 

concentrated solutions. In the first group, the equilibrium constants are a function of salt 

concentration (to be more accurate−ionic strength) in addition to temperature and 

pressure. For the arbitrary Reaction (4-3), this type of models relates the equilibrium 

constant to the equilibrium concentrations as follows: 

    𝐾∗(𝑇, 𝑃, 𝐼𝑥) = (
𝑥𝐶
𝑐𝑥𝐷

𝑑

𝑥𝐴
𝑎𝑥𝐵

𝑏) (4-10) 

𝐾∗ is called “stoichiometric equilibrium constant” [169]. The Equation (4-10) can be 

expressed in molality- and molarity-based forms as well. The equilibrium concentrations 

can be calculated by solving a system of equations for all participating reactions in 

addition to an equation for charge neutrality (if electrochemical reactions are involved). 

The equilibrium activity coefficients are calculated subsequently, if needed, by using the 

equilibrium concentrations. 

The second group of models uses equations identical to Equation (4-7). This 

equation is repeated here for the reader’s convenience:  

    𝐾(𝑇, 𝑃) =
𝑎𝐶
𝑥𝑐𝑎𝐷

𝑥𝑑

𝑎𝐴
𝑥𝑎𝑎𝐵

𝑥𝑏
=
(𝑥𝐶

𝑐𝛾𝐶
𝑥𝑐)(𝑥𝐷

𝑑𝛾𝐷
𝑥𝑑)

(𝑥𝐴
𝑎𝛾𝐴

𝑥𝑎)(𝑥𝐵
𝑏𝛾𝐵

𝑥𝑏)
= (

𝑥𝐶
𝑐𝑥𝐷

𝑑

𝑥𝐴
𝑎𝑥𝐵

𝑏)(
𝛾𝐶
𝑥𝑐𝛾𝐷

𝑥𝑑

𝛾𝐴
𝑥𝑎𝛾𝐵

𝑥𝑏
) (4-11) 

where, 𝑎𝑖
𝑥 is the activity10 of species 𝑖 in mole fraction basis, which is equal to 𝑥𝑖𝛾𝑖

𝑥. The 

molality form of Equation (4-7) is also frequently used in the literature. 𝐾 is called 

 
10 Activity is literally an “effective concentration” defined for the first time by Lewis to be able to treat 

nonideal solutions with the same chemical potential equation as that for ideal solutions, i.e., 𝜇𝑖 − 𝜇𝑖
𝑜 =

𝑅𝑇𝑙𝑛𝑥𝑖  for ideal solution and 𝜇𝑖 − 𝜇𝑖
𝑜 = 𝑅𝑇𝑙𝑛𝑎𝑖 for non-ideal solutions. More about the origin of activity 

and it definition can be found elsewhere [20,58].  
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“thermodynamic equilibrium constant [169].” Comparing Equations (4-10) and (4-11) 

shows that 𝐾∗ and 𝐾 are connected via the following relation: 

    𝐾 = 𝐾∗ (
𝛾𝐶
𝑥𝑐𝛾𝐷

𝑥𝑑

𝛾𝐴
𝑥𝑎𝛾𝐵

𝑥𝑏
) (4-12) 

Equation (4-12) indicates that since 𝐾∗ is a function of salt concentration and 𝐾 is not, 

therefore, the activity coefficients, which are functions of salt concentration counteract 

changes in 𝐾∗ due to variations in salt concentration and keep 𝐾 constant. 

In the second group of equilibrium speciation models, the equilibrium 

concentrations and the equilibrium activity coefficients need to be calculated 

simultaneously in a loop. The calculations are more intricate for the second group of 

models as it involves a system of non-linear equations that need to be solved in an 

iterative procedure. However, the second group of models are generally more accurate 

than the first group and cover a wider range of operating conditions. Examples of models 

from both groups and the relevant calculations will be discussed in Chapter 8. 
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 The Effect of Salt Concentration on Electrochemistry of a Corrosion 

Process 

Aqueous metallic corrosion is an electrochemical process occurring at the 

interface between the metal and its electrolytic environment [15]. The kinetics of 

governing electrochemical reactions in a corrosion process determine the overall 

corrosion rate. 

For an electrochemical electrode reaction in the general form of: 

     𝐶𝑅 = 3.1536 × 1010
𝑊

𝐷𝐴𝑡
 (5-1) 

a series of steps exists that leads to the conversion of the dissolved oxidized species (𝑂) 

to the reduced species (𝑅). In general, the rate of an electrochemical electrode reaction 

(usually expressed as a current density) is governed by the rates of one or more of the 

following processes [170]11: 

1. Mass transfer (e.g., of H+ ions from the bulk solution to the metal surface);  

2. Charge (electron) transfer at the electrode surface, such as H+ ion reduction 

reaction or active dissolution of iron; 

3. Chemical reactions preceding or following the electron transfer. These might be 

homogeneous processes (e.g., protonation or dimerization) or heterogeneous ones 

(e.g., catalytic decomposition) on the electrode surface. For example, the 

 
11 These steps are valid when there is no surface layer (e.g., corrosion products) on the electrode surface. If 

layers exist on the electrode surface, then diffusion of electroactive species through the layer to the 

electrode surface and/or diffusion of species produced by the oxidation reaction at the surface through the 

layer toward the electrolyte might become the controlling step. 
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preceding homogenous reaction of CO2(aq) hydration and production of H2CO3(aq) 

in the case of CO2 corrosion; 

4. Other surface reactions, such as adsorption, desorption, or crystallization 

(electrodeposition). 

Figure 5-1 shows the schematic of a typical electrode reaction that goes through 

all the steps mentioned above. In an unsteady state, the rate of these steps differs from 

each other. However, when a steady-state current is obtained, the rates of all reaction 

steps in a sequence will be the same. The magnitude of this steady-state current is 

determined by the slowest one or more steps called the rate determining step(s) (rds). 

When the corrosion process is controlled by the mass transfer of electroactive species to 

the electrode surface, the corrosion process is called mass transfer controlled. This 

scenario has been explained in Chapter 2 already. When a chemical reaction is the rds 

step, the corrosion process is said to be chemical reaction controlled. If the corrosion 

process is limited by the rate of charge transfer at the electrode surface the corrosion 

process is considered as charge transfer controlled. In the case of metallic corrosion in 

aqoues NaCl solutions, adosrtion of Cl- ions on the surface influences the cathodic and 

anodic charge transfer reactions [171–174]. However, the adsortion process itself is 

usually not a controling step. Thus, a slow adsoption step is not reviewed in this study. If 

more than one rds step affect the rate of the corrosion process, it is called mixed control.  

The controlling steps discussed above are valid for the case of aqueous uniform 

corrosion as it is the focus of this study. In the case of aqueous localized corrosion, other 

controlling steps might be involved.  
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Figure 5-1 

The pathway of typical heterogenous electrochemical electrode reaction. The schematic 

is reproduced from Bard and Faulkner [170].  

 

 

Which step is controlling the rate of an electrochemical depends on the solution 

chemistry, temperature, pressure, flow conditions, surface potential, etc. The rds does not 

always remain the same. A change in one or more of the above parameters can change 

the rds. For a mass transfer controlled electrochemical reaction, its rate depends on 

solution density and viscosity, and diffusion coefficient and activity (concentration) of 

electroactive species. The effect of salt concentration on all these parameters has been 

described above. Quantification the effect of salt concentration on the overall rate of mass 

transfer, which is usually expressed as a limiting current density (𝑖𝐿𝑖𝑚) is discussed in 
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Section 12.2 and Appendix U. It is also possible that the rate of the reaction is controlled 

by a combination of a (relatively) slow chemical reaction step and a slow mass transfer 

step. This scenario, which is very common in weak acid corrosion, including CO2 and 

H2S corrosion, is explained comprehensibly in Section 12.2 and Appendices V and W. 

The charge transfer rate as the slowest step and the effect of salt concentration on this 

step will be presented below. The three common rate controlling scenarios in aqueous 

uniform strong acid, CO2, and H2S corrosion are depicted in Figure 5-2 by Evans 

diagrams. The charge transfer control scenario (Figure 5-2 A) usually occurs at 

temperatures below ~ 20oC and solution pH values below ~ 4. In this case, salt effects on 

electrochemistry and solution chemistry become important in the corrosion process. On 

the other hand, the mass transfer control scenario (Figure 5-2 B) is dominant at 

temperatures above ~ 60oC and solution pH values above ~ 5.5. Under these conditions, 

the effects of salt concentration on solution density, solution viscosity, diffusion 

coefficient of aqueous species, and solution chemistry become important in the corrosion 

process. The mixed control scenario (Figure 5-2 C) happens in conditions in between the 

ranges mentioned for the charge transfer control and the mass transfer control. In the 

mixed control conditions, salt effects on all parameters listed in Figure 2-1 can influence 

the corrosion process. 

 



106 

 

  

Figure 5-2 

The Evans diagrams for the three common scenarios in aqueous corrosion of carbon steel: (A) charge transfer control, (B) mass transfer 

control or combination of mass transfer and a preceding chemical reaction control, (C) mixed control. 𝑖𝐿𝑖𝑚 and 𝑖𝐶𝑜𝑟𝑟 represents the 

limiting current and the corrosion current densities, respectively. 

(A) 

 
(B) 

 
(C) 

 

𝑖𝐿𝑖𝑚 

𝑖𝐿𝑖𝑚 = 𝑖𝐶𝑜𝑟𝑟 

𝑖𝐿𝑖𝑚 𝑖𝐶𝑜𝑟𝑟 

𝑖𝐶𝑜𝑟𝑟 
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The theory of charge-transfer controlled reactions is well-understood and has been 

reviewed thoroughly by several authors including Vetter [175], Bard and Faulkner [170],  

Bockris and Khan [176] and Gileadi [177]. The key equations for calculating the rate of 

charge transfer are summarized as follows.  

For an electrochemical electrode reaction in the general form of: 

    𝑅 

𝜐𝑎
→

𝜐𝑐
← 𝑂𝑥 + 𝑛𝑒− (5-2) 

the current density associated with it, according to Faraday’s law, is proportional to the 

difference between the rates of the anodic direction (𝜐𝑎) and the cathodic direction (𝜐𝑐): 

    𝑖 = 𝑛𝐹(𝜐𝑎 − 𝜐𝑐) (5-3) 

where, 𝑖 the net rate of reaction in terms of current density in A/m2, 𝑛 is the 

stoichiometric number of electrons involved in the electrode reaction, 𝐹 is the Faraday’s 

constant (= 96485.33 C/mol), and 𝜐 is the heterogenous reaction rate in mol/m2/s. The 

rates of the anodic (𝑅 → 𝑂 + 𝑛𝑒−) and cathodic (𝑂 + 𝑛𝑒− → 𝑅) reactions at the 

electrode/electrolyte interface is related to the electrode potential and surface 

concentrations of reacting species as follows: 

    𝑖𝑎 = 𝑛𝐹𝜐𝑎 = 𝑛𝐹𝑘𝑎𝑎𝑅,𝑠
𝑛𝑅 exp (

𝛼𝑎𝐹𝐸

𝑅𝑇
) (5-4) 

     𝑖𝑐 = −𝑛𝐹𝜐𝑐 = −𝑛𝐹𝑘𝑐𝑎𝑂,𝑠
𝑛𝑂 exp (−

𝛼𝑐𝐹𝐸

𝑅𝑇
) (5-5) 

where, 𝑖𝑎 and 𝑖𝑐 are the net anodic and cathodic reaction rates in terms of current 

densities in A/m2, 𝑘𝑎 and 𝑘𝑐 are the anodic and cathodic heterogenous rate constants at 
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the reversible potential12 (𝐸𝑟𝑒𝑣) in mol/m2/s, 𝛼𝑎 and 𝛼𝑐 are electrochemical transfer 

coefficients, 𝑎𝑅,𝑠 and 𝑎𝑂,𝑠 are the activities of the reduced and oxidized species at the 

surface13, respectively, 𝑛𝑅 and 𝑛𝑂 are the reaction orders with respect to the reduced and 

oxidized species, correspondingly, 𝐸 is the potential at electrode/electrolyte interface 

with respect to a reference electrode in V, 𝑅 is the gas constant (= 8.3145 J/mol/K), and 𝑇 

is the electrolyte temperature in K. For electrolytes near ideal conditions, activities are 

usually replaced by concentrations for making the calculations simpler. The negative sign 

for 𝑖𝑐 is due to the consumption of electrons by the reduction reaction at the electrode 

surface. The net charge transfer rate for Reaction (5-2) is equal to: 

    

𝑖 = 𝑖𝑎 + 𝑖𝑐 

= 𝑛𝐹𝑘𝑎𝑎𝑅,𝑠
𝑛𝑅 exp (

𝛼𝑎𝐹𝐸

𝑅𝑇
) − 𝑛𝐹𝑘𝑐𝑎𝑂,𝑠

𝑛𝑂 exp (−
𝛼𝑐𝐹𝐸

𝑅𝑇
) 

(5-6) 

At the equilibrium potential or reversible potential, 𝐸𝑟𝑒𝑣, the net charge transfer 

reaction rate (current density) is equal to zero. In the absence of a net current, the 

activities of species at the surface are equal to their bulk activities (i.e., 𝑎𝑅,𝑠 = 𝑎𝑅,𝑏 and 

𝑎𝑂,𝑠 = 𝑎𝑂,𝑏). Moreover, the current density of the anodic direction is equal to that of 

cathodic direction. The current density at equilibrium is called the exchange current 

density (𝑖0) and is equal to: 

    𝑖0 =  𝑛𝐹𝑘𝑎𝑎𝑅,𝑏
𝑛𝑅 exp (

𝛼𝑎𝐹𝐸𝑟𝑒𝑣
𝑅𝑇

) = 𝑛𝐹𝑘𝑐𝑎𝑂,𝑏
𝑛𝑂 exp (−

𝛼𝑐𝐹𝐸𝑟𝑒𝑣
𝑅𝑇

) (5-7) 

 
12 Potential at equilibrium 
13 Activities in Equation (5-4) and (5-5) need to be divided by reference activities to make the activity terms 

dimensionless: (𝑎𝑠 𝑎𝑟𝑒𝑓,𝑠⁄ )𝑛. However, for a simpler presentation, the reference activities are commonly 

ignored from the equations. Usually, the molarity unit is used in charge transfer rate equations. 
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where, 𝑎𝑅,𝑏 and 𝑎𝑅,𝑏 are the activities of reduced and oxidized species in the bulk 

electrolyte, respectively, 𝐸𝑟𝑒𝑣 is in V. Combining Equations (5-6) and (5-7), 𝑖 can be 

expressed in terms of 𝑖0: 

    

𝑖 = 𝑖0 (
𝑎𝑅,𝑠
𝑎𝑅,𝑏

)

𝑛𝑅

exp(
𝛼𝑎𝐹(𝐸 − 𝐸𝑟𝑒𝑣)

𝑅𝑇
)

− 𝑖0 (
𝑎𝑂,𝑠
𝑎𝑂,𝑏

)

𝑛𝑂

exp(−
𝛼𝑐𝐹(𝐸 − 𝐸𝑟𝑒𝑣)

𝑅𝑇
) 

(5-8) 

 𝐸 − 𝐸𝑟𝑒𝑣 is called the activation overpotential14 or the charge-transfer overpotential and 

commonly presented by 𝜂. 

The two ratios of 𝑎𝑅,𝑠/𝑎𝑅,𝑏 and 𝑎𝑂,𝑠/𝑎𝑂,𝑏 depend on the rates of transport of 

reactants toward to and products away from the electrode/electrolyte interface. If the 

mass transfer processes are slow compared to the charge transfer steps, the surface 

activities become different from those in the bulk. On the contrary, if the charge transfer 

steps are sluggish relative to the mass transfer processes, the reaction is under charge 

transfer control and the two ratios are equal to one for all electrode potentials. In such a 

case, Equation (5-8) converts to a simpler form, which is usually referred to as the 

Butler–Volmer equation for charge-transfer control reactions: 

    𝑖 = 𝑖𝑜 [exp (
𝛼𝑎𝐹(𝐸 − 𝐸𝑟𝑒𝑣)

𝑅𝑇
) − exp (−

𝛼𝑐𝐹(𝐸 − 𝐸𝑟𝑒𝑣)

𝑅𝑇
)] (5-9) 

Equations (5-8) and (5-9) include both the cathodic and anodic partial reactions 

for a particular redox couple15. However, in modeling aqueous metallic corrosion, 

 
14 Overvoltage  
15 For a particular redox couple 𝛼𝑎 + 𝛼𝑐 = 1. 
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usually, it is only the cathodic or the anodic partial current that is important. In other 

words, the cathodic partial process can be neglected for a metal ion/metal redox reaction 

because the deposition of metal ions (i.e., the reverse of metal dissolution) is not of 

practical significance at the corrosion potential. Likewise, in aqueous metallic corrosion, 

the anodic partial process can be usually neglected for oxidizing agents (H+ ion in strong 

acid, CO2, and H2S aqueous corrosion) because only their reduction partial reaction is of 

significance magnitude at the corrosion potential. Therefore, using Equation (5-9), for the 

case of carbon steel corrosion in aqueous solutions, the anodic (𝑖𝑎,𝑐𝑡) and cathodic (𝑖𝑐,𝑐𝑡) 

charge-transfer control current densities are equal to: 

    𝑖𝐹𝑒,𝑐𝑡 = 𝑖0,𝐹𝑒exp(
𝛼𝐹𝑒𝐹(𝐸 − 𝐸𝑟𝑒𝑣,𝐹𝑒)

𝑅𝑇
) (5-10) 

     𝑖𝐻+,𝑐𝑡 = −𝑖0,𝐻+ exp(−
𝛼𝐻+𝐹(𝐸 − 𝐸𝑟𝑒𝑣,𝐻+)

𝑅𝑇
) (5-11) 

𝑖𝑎,𝑐𝑡 and 𝑖𝑐,𝑐𝑡 can be expressed in terms of reaction rate constants as well [177]: 

     𝑖𝐹𝑒,𝑐𝑡 = 𝑛𝐹𝑒𝐹𝑘𝑜,𝐹𝑒𝑎𝐹𝑒,𝑏
𝑛𝐹𝑒 exp (

𝛼𝐹𝑒𝐹(𝐸 − 𝐸𝑟𝑒𝑣,𝐹𝑒)

𝑅𝑇
) (5-12) 

     𝑖𝐻+,𝑐𝑡 = −𝑛𝐻+𝐹𝑘𝑜,𝐻+𝑎
𝐻+,𝑏

𝑛
𝐻+ exp (−

𝛼𝐻+𝐹(𝐸 − 𝐸𝑟𝑒𝑣,𝐻+)

𝑅𝑇
) (5-13) 

where, 

    𝑘𝐹𝑒 = 𝑘𝑜,𝐹𝑒 exp (−
𝛼𝐹𝑒𝐹𝐸𝑟𝑒𝑣,𝐹𝑒

𝑅𝑇
) (5-14) 

    𝑘𝐻+ = 𝑘𝑜,𝐻+ exp (
𝛼𝐻+𝐹𝐸𝑟𝑒𝑣,𝐻+

𝑅𝑇
) (5-15) 

 and, 
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    𝑘𝑜,𝐹𝑒 = 𝑘𝐹𝑒
∗ exp (

−∆𝐸𝑎,𝐹𝑒
𝑅𝑇

) (5-16) 

    𝑘𝑜,𝐻+ = 𝑘𝐻+
∗ exp (

−∆𝐸𝑎,𝐻+

𝑅𝑇
) (5-17) 

where, 𝑘𝑜,𝐹𝑒 and 𝑘𝑜,𝐻+ are the heterogenous rate constants at 𝐸 = 0 vs. a reference 

electrode for the active dissolution of Fe and H+ reduction reactions, respectively, in 

mol/m2/s, 𝑘𝐹𝑒
∗  and 𝑘𝐻+

∗  are two constants in mol/m2/s, and ∆𝐸𝑎,𝐹𝑒 and ∆𝐸𝑎,𝐻+ are the 

activation energies for the active dissolution of Fe and H+ ion reduction reactions, 

respectively, in J/mol [177]. Plugging Equations (5-14) and (5-15) into Equations (5-12) 

and (5-13), respectively, results in the following equations: 

    𝑖𝐹𝑒,𝑐𝑡 = 𝑛𝐹𝑒𝐹𝑘𝐹𝑒𝑎𝐹𝑒,𝑏
𝑛𝐹𝑒 exp (

𝛼𝐹𝑒𝐹𝐸

𝑅𝑇
) (5-18) 

     𝑖𝐻+,𝑐𝑡 = −𝑛𝐻+𝐹𝑘𝐻+𝑎
𝐻+,𝑏

𝑛
𝐻+ exp (−

𝛼𝐻+𝐹𝐸

𝑅𝑇
) (5-19) 

 Therefore, it can be seen that 𝑖𝐹𝑒,𝑐𝑡 and 𝑖𝐻+,𝑐𝑡 does not depend on 𝐸𝑟𝑒𝑣 and any arbitrary 

potential can be used for calculating the charge transfer current densities. 

Comparing Equations (5-10) and (5-11) with Equations (5-12) and (5-13) gives 

correlations for 𝑖0,𝐹𝑒 and 𝑖0,𝐻+: 

    𝑖0,𝐹𝑒 = 𝑛𝐹𝑒𝐹𝑘𝑜,𝐹𝑒𝑎𝐹𝑒,𝑏
𝑛𝐹𝑒  (5-20) 

     𝑖0,𝐻+ = 𝑛𝐻+𝐹𝑘𝑜,𝐻+𝑎
𝐻+,𝑏

𝑛
𝐻+  (5-21) 

Knowing the exchange current density, called the reference current density (𝑖𝑜
𝑟𝑒𝑓

) 

at a reference temperature (𝑇𝑟𝑒𝑓) and a reference activity (𝑎𝑟𝑒𝑓), 𝑖𝑜 can be calculated at 

temperature 𝑇 and activity of 𝑎, using the equations below: 
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    𝑖0,𝐹𝑒 = 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓 (

𝑎𝐹𝑒,𝑏

𝑎𝐹𝑒,𝑏
𝑟𝑒𝑓

)

𝑛𝐹𝑒

exp(
−∆𝐸𝑎,𝐹𝑒

𝑅
(
1

𝑇
−

1

𝑇𝑟𝑒𝑓
)) (5-22) 

    𝑖0,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+

exp(
−∆𝐸𝑎,𝐻+

𝑅
(
1

𝑇
−

1

𝑇𝑟𝑒𝑓
)) (5-23) 

Equations (5-20) and (5-21) and Equations (5-24) and (5-25) are theoretical 

equations. In some conditions, 𝑖0,𝐹𝑒 and 𝑖0,𝐻+ might a function of activity of more than 

one species. For example, as will be shown below, 𝑖0,𝐹𝑒 depends more on activity of OH- 

and Cl- ions rather than activity of Fe. 

In equations (5-10) and (5-11) two parameters that can influence the rate of 

charge transfer reactions are the exchange current density (𝑖𝑜) and the electrochemical 

transfer coefficient (𝛼). The former is directly related to the rate of charge transfer 

reaction as it is a function of the reaction rate constant. The latter is related to the 

mechanism of charge transfer reaction, and thereby, indirectly influences the charge 

transfer rate. The Tafel slope (𝛽)16, equal to 2.3𝑅𝑇/𝛼𝐹 is commonly used instead of 𝛼 

when talking about the charge transfer mechanisms of processes. Both 𝑖𝑜 (i.e., reaction 

orders with respect influential species) and 𝛼 need to be determined empirically. 

However, sometimes 𝛼 can deduced from mechanistic studies [19].  

The electrochemical electrode reactions are often not as simple as Reaction (5-2). 

They can occur in various multistep reactions. Therefore, a simple electrochemical 

electrode reaction in the form of Reaction (5-2) might happen according to a different 

pathways depending on the electrode type and the electrolyte conditions [178]. These 

 
16 With a unit of V/decade or mV/decade 
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different pathways for an electrochemical electrode reaction define its mechanism, and 

therefore its rate. Moreover, due to the multistep nature of the electrochemical electrode 

reactions the charge transfer rate might be dependent on activities of intermediate species 

as well. H+ reduction and Fe oxidation pathways and their activity dependencies will be 

elucidated in detail in the forthcoming text. 

Salt concentration can affect both 𝑖𝑜 and 𝛼, which in turn can alter the rate of 

charge transfer processes. Halide ions (e.g., Cl-) can be adsorbed on the electrode surface 

and blocking the available area required for charge transfer reactions (either cathodic or 

anodic) to occur or modifying the charge transfer activation energy (∆𝐸𝑎) and in this way 

changes 𝑖𝑜 [171,179]. Additionally, halide ions at certain concentrations might participate 

directly in the multistep electrode reaction and change the mechanism (and consequently 

𝛼) of an electrode reaction [173,178]. In the following, a review of the literature on the 

effect of salt concentration on electrochemistry of strong acid corrosion, CO2 corrosion 

and H2S corrosion will be presented. 

5.1 The Effect of Salt Concentration on Electrochemistry of Strong Acid Corrosion 

In this section the effect of salt concentration on the electrochemistry of corrosion 

of carbon steel in aqueous strong acid solutions is described. Aqueous strong acid 

corrosion is defined as the exposure of carbon steel to aqueous electrolytes in which no 

weak acid17 such as carboxylic acids (e.g., acetic acid and formic acid), H2CO3(aq), 

H2S(aq), etc., are dissolved. In the case of carbon steel corrosion, the “strong acid” term 

 
17 A weak acid is an acid that partially dissociates into its constituent ions in an aqueous solution. On the 

other hand, a strong acid fully dissociates into its constituent ions when it dissolves in an aqueous solution. 

Even water is considered as a weak acid. However, the contribution of water in providing H+ ions for the 

cathodic reaction in corrosion of carbon steels is negligible. 
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does not imply very low pH values, and in fact, it covers pH values typically in mildly 

acidic to near neutral ranges (e.g., pH 3−pH 7). Aqueous strong acid corrosion can be 

considered as the simplest type of carbon steel corrosion, because only the H+ ion 

reduction reaction is involved in the cathodic reaction of the corrosion process without 

any preceding chemical reactions such as the buffering effect imposed by the presence of 

weak acids. 

5.1.1 Salt Concentration Effects on the Anodic Reaction(s) in Strong Acid Corrosion 

5.1.1.1 Active Dissolution of Iron in the Absence of Halides 

Generally, the anodic dissolution of carbon steels in aqueous solutions is shown 

be the following half-reaction: 

    𝐹𝑒(𝑠) → 𝐹𝑒(𝑎𝑞)
2+ + 2𝑒− (5-24) 

In the active dissolution region (potentials close to the corrosion potential18), Reaction 

(5-24) is always under charge-tranfer control. Reaction (5-24) might proceed through 

different pathways depending on the nature of the solution and the steel surface 

microstructure [178]. The active dissolution of iron in acidic media, free of oxygen, has 

been the subject of a very large number of scientific articles for the last 50 years. All the 

reaction mechanisms are based on the generally agreed-upon experimental evidence that 

the dissolution rate increases with the solution pH at potentials well below the passivity 

region. The non-obvious participation of hydroxyl ions (OH-) in this reaction can be 

related to the multistep nature of the reaction mechanism and the strong dissociative 

power of transition metals with respect to water [180,181]. 

 
18 Or, open circuit potential (OCP) 
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Two mechanisms are frequently mentioned for dissolution of iron in the active 

region in the acidic solutions: catalytic mechanism and consecutive mechanism19. 

According to the catalytic mechanism by Bonhoeffer and Heusler group [172,182], 

(𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 enters in a catalytic sequence of dissolution at the end of which (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 

is regenerated and 𝐹𝑒 dissolved as 𝐹𝑒𝑂𝐻+ : 

    𝐹𝑒 + 𝐻2𝑂 ⇄ (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 + 𝐻+ + 𝑒− (5-25) 

    𝐹𝑒 + (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 ⇄ [𝐹𝑒(𝐹𝑒𝑂𝐻)]𝑎𝑑𝑠 (5-26) 

    [𝐹𝑒(𝐹𝑒𝑂𝐻)]𝑎𝑑𝑠 + 𝑂𝐻−
𝑟𝑑𝑠
→ 𝐹𝑒𝑂𝐻+ + (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 + 2𝑒− (5-27) 

    (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 + 𝑒− ⇄ 𝐹𝑒 + 𝑂𝐻− (5-28) 

    𝐹𝑒𝑂𝐻+ + 𝐻+ ⇄ 𝐹𝑒(𝑎𝑞)
2+ + 𝐻2𝑂 (5-29) 

Reaction (5-26) is the formation of a catalytic active surface compound 

([𝐹𝑒(𝐹𝑒𝑂𝐻)]𝑎𝑑𝑠), which is dependent on the surface activity of metal [183]. The rate 

determining charge transfer controlled step (Reaction (5-27)) was assumed to take place 

at active surface sites. In this step, 𝐹𝑒(𝑎𝑞)
2+  ions pass the double layer and form 𝐹𝑒𝑂𝐻+ 

complexes with OH- ions. A steady-state anodic Tafel slope of 30 mV/decade and a 

steady-state electrochemical reaction order of 2 with respect to OH- ion have reported by 

Heusler and Bonhoeffer [184]. 

Bockris et al. [185,186] proposed the so-called consecutive mechanism as 

follows: 

    𝐹𝑒 + 𝐻2𝑂 ⇄ 𝐹𝑒 + (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 + 𝐻+ + 𝑒− (5-30) 

 
19 Also, called non-catalyzed mechanism  
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     (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠
𝑟𝑑𝑠
→ 𝐹𝑒𝑂𝐻+ + 𝑒− (5-31) 

     𝐹𝑒𝑂𝐻+ + 𝐻+ ⇄ 𝐹𝑒𝑠𝑜𝑙
2+ + 𝐻2𝑂 (5-32) 

They obtained a steady-state anodic Tafel slope of 40 mV and an electrochemical 

reaction order with respect to OH- of 1 [184]. This mechanism was modified later by 

Kelly [187]. In this mechanism, after the formation of (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 on the surface, it needs 

to pass the electrochemical double layer for 𝐹𝑒𝑠𝑜𝑙
2+ to be produced [183]. 

Lorenz et al. [173,174,183,188] showed that either mechanism can be followed, 

depending on the surface microstructure. They demonstrated that the iron dissolution 

mechanism is changed from the catalytic mechanism to the consecutive mechanism and 

vice versa by changing the substructure of the iron bulk material and consequently the 

dissolution density at the iron surface. A low density of grain boundaries and other 

imperfections favored the consecutive mechanism, while a high density of imperfections 

yielded the catalytic mechanism [178]. 

Hilbert and Miyoshi [183] believed that the catalytic mechanism is possible under 

certain conditions: (1) a high density of crystal imperfections, and therefore a high 

catalytic activity of the metal, and (2) dissolution within a limited range of the anodic 

polarization. The consecutive mechanism is energetically favored. Only at more positive 

anodic potentials and at highly active surfaces the catalytic mechanism will be 

predominant. Table 5-1 compares the kinetic data for iron dissolution based on the two 

mechanisms. The commonality between the two models is that the concentration of 

ferrous ions in the electrolyte does not influence the dissolution kinetics of iron. The 

electrochemical reaction order with respect to Fe2+ is zero [179]. 
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Table 5-1 

Experimental kinetic data for iron dissolution with steady-state and nonsteady-state 

methods at 25oC. Table is reproduced from [183]. 

Kinetic parameters Catalytic mechanism Consecutive mechanism 

 Steady-state Nonsteady-state Steady-state Nonsteady-state 

Tafel slope (𝛽𝑎,𝐹𝑒) 30 ± 2 mV 60 ± 7 mV 40 ± 2 mV 60 ± 7 mV 

𝑛𝑝𝐻 2 ± 0.3 1 ± 0.1 1 ± 0.1 0.5 ± 0.1 

𝑛𝐹𝑒2+  0 0 0 0 

Tafel slope is the anodic Tafel slope for the iron dissolution reaction. 𝑛𝑝𝐻 and 𝑛𝐹𝑒2+  are 

reaction orders for iron dissolution reaction with respect to pH and Fe2+ ion 

concentrations, respectively. 

 

Burstein and Davies [189] stated that the first step in dissolution of iron is 

adsorption of water molecules on the fresh metal surface: 

    𝐹𝑒 + 𝐻2𝑂 ⇄ 𝐹𝑒.𝐻2𝑂𝑎𝑑𝑠 (5-33) 

 Then, Reaction (5-33) is followed by one of the two mechanisms as follows: 

For pH < 7, 

    𝐹𝑒.𝐻2𝑂𝑎𝑑𝑠
𝑟𝑑𝑠
→ 𝐹𝑒𝑂𝐻𝑎𝑑𝑠 + 𝐻+ + 𝑒− (5-34) 

 For pH > 7 

    𝐹𝑒.𝐻2𝑂𝑎𝑑𝑠 ⇌ 𝐹𝑒. 𝑂𝐻𝑎𝑑𝑠
− + 𝐻+ (5-35) 

     𝐹𝑒. 𝑂𝐻𝑎𝑑𝑠
−

𝑟𝑑𝑠
→ 𝐹𝑒𝑂𝐻𝑎𝑑𝑠 + 𝑒− (5-36) 

 and finally, the same as the abovementioned mechanisms, the lasts reactions are: 

    𝐹𝑒𝑂𝐻𝑎𝑑𝑠 ⇌ 𝐹𝑒𝑂𝐻+ + 𝑒− (5-37) 
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     𝐹𝑒𝑂𝐻+ + 𝐻+ ⇄ 𝐹𝑒𝑠𝑜𝑙
2+ + 𝐻2𝑂 (5-38) 

According to Burstein and Davies [189], an adsorbed layer of intermediate 𝐹𝑒𝑂𝐻𝑎𝑑𝑠 

forms on the surface during the dissolution of iron. 

Smart and Bockris [190] reported that the current density for iron dissolution has 

been found to depend on the activity of water with a reaction order of 1.6. They stated 

that the effect of the activity of water on the current density becomes significant for 

concentrated salt solutions, for which the activity of water is usually significantly lower 

than 1. McCafferty and Hackerman [178] claimed that the activity of water is virtually 

constant for concentrated chloride solutions and therefore, does not have a significant 

effect on the current density. The results of this study are in agreement with Smart and 

Bockris [190] findings. 

5.1.1.2 Active dissolution of iron in the presence of halides 

Heusler et al. [172] believed that in the presence of the chloride ion, which is 

more surface active than 𝑆𝑂4
2− or 𝐶𝑙𝑂4

−, there is a competitive adsorption between 

chloride and hydroxyl ions. Chloride adsorption will tend to prevail at high chloride 

activity and low pH; and accordingly, the dissolution mechanism will be different from 

the catalytic and consecutive mechanisms [178]. 

Lorenz et al. [173,174] proposed one of the first mechanisms for the dissolution 

of iron in the active range in the presence of specifically adsorbed halide ions (𝑋−), 

which is named halide inhibited mechanism. The steps in this mechanism are as follows: 

    𝐹𝑒 + 𝐻2𝑂 ⇄ (𝐹𝑒𝑂𝐻−)𝑎𝑑𝑠 + 𝐻+ (5-39) 

     𝐹𝑒 + 𝑋− ⇄ 𝐹𝑒(𝑋−)𝑎𝑑𝑠 (5-40) 
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     (𝐹𝑒𝑂𝐻−)𝑎𝑑𝑠 + 𝐹𝑒(𝑋−)𝑎𝑑𝑠
𝑟𝑑𝑠
→ 𝐹𝑒𝑂𝐻+ + 𝑋− + 2𝑒− (5-41) 

     𝐹𝑒𝑂𝐻+ + 𝐻+ ⇄ 𝐹𝑒𝑎𝑞
2+ + 𝐻2𝑂 (5-42) 

This mechanism is called halide inhibited mechanism because theoretically (surface 

coverage of 1 by halide ions and Langmuir-type isotherm) the reaction order with respect 

to halide ions should be -1 and Lorenz et al. [173,191] experiments in solutions of pH 

0.3-1 and Cl- concentrations between 0.01-2 M showed -0.7 ± 0.1. 

Darwish et al. [192] mentioned that in the halide inhibited mechanism, the anodic 

dissolution reaction will proceed mainly at active sites of the surface (kink sites, lattice 

steps, ad-atoms, crystal dislocations, and so on). This is a similar assumption to that for 

the pathway of Fe dissolution reaction without the presence of halide ions. This means 

that halides inhibit the iron dissolution by blocking the active surface sites required for 

OH- adsorption and the reaction to proceed. 

Arvia and Podesta [193] proposed a mechanism involving two successive one-

electron transfer for dissolution of iron in the presence of halides: 

    𝐹𝑒 + 𝑋− ⇄ (𝐹𝑒𝑋−)𝑎𝑑𝑠 (5-43) 

     (𝐹𝑒𝑋−)𝑎𝑑𝑠 +𝐻2𝑂 ⇄ (𝐹𝑒𝑂𝐻−)𝑎𝑑𝑠 + 𝐻+ + 𝑋− (5-44) 

     (𝐹𝑒𝑂𝐻−)𝑎𝑑𝑠 ⇄ (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠 + 𝑒− (5-45) 

     (𝐹𝑒𝑂𝐻)𝑎𝑑𝑠
𝑟𝑑𝑠
→ 𝐹𝑒(𝑂𝐻)+ + 𝑒− (5-46) 

     𝐹𝑒(𝑂𝐻)+ ⇄ 𝐹𝑒𝑎𝑞
2+ + 𝑂𝐻− (5-47) 

     𝑂𝐻− + 𝐻+ ⇄ 𝐻2𝑂 (5-48) 

The rate expression suggested by Arvia and Podesta [193] yields a Tafel slope of 40 

mV/dec and an electrochemical reaction order of zero with respect to halide ion 



120 

 

  

concentration. However, the obtained Tafel slope contradicts their own experimental data 

of 54 mV/dec for pH 1.78 and chloride concentration of 2 M. Moreover, the 40 mV/dec 

Tafel slop is different from the experimental data of 60 mV/dec for solution pH values 

below pH 1.5-2 reported by other scientists [178]. Additionally, the zero-reaction order 

contrasts with the general observation that halide ions inhibit acid dissolution of iron, 

which corresponds to a negative reaction order [178]. 

Darwish et al. [192] argued that the dissolution mechanism of iron changes, if the 

concentrations of hydrogen ions and chloride ions are higher than certain levels. They 

proposed a new mechanism for dissolution of iron in highly concentrated halide and 

hydrogen solution ([H+] > 1 M): 

    𝐹𝑒 + 𝐶𝑙− ⇄ 𝐹𝑒(𝐶𝑙)𝑎𝑑𝑠 + 𝑒− (5-49) 

     𝐹𝑒(𝐶𝑙)𝑎𝑑𝑠 + 𝐻+
𝑟𝑑𝑠
→ 𝐹𝑒(𝐶𝑙𝐻+)𝑎𝑑𝑠 (5-50) 

     𝐹𝑒(𝐶𝑙𝐻+)𝑎𝑑𝑠 ⇄ 𝐹𝑒𝐶𝑙𝑎𝑞
+ + 𝐻+ + 𝑒− (5-51) 

The rds step is a chemical adsorption step. Darwish et al. [192] stated that in highly 

concentrated halide ion solutions, all the active sites on the surface are blocked by 

adsorbed halide ions. Therefore, the formation of 𝐹𝑒(𝑂𝐻−)𝑎𝑑𝑠 is no longer possible 

(related to the mechanism in the absence of halide ions) and because of that the 

dissolution reaction must change its pathway. In this case, the dissolution will proceed at 

the less active parts of the surface, where the formation of ion pairs corresponding to the 

above rds step is favored. Darwish et al. [192] proved that iron with a lower purity gives 

practically the same results as pure iron. 
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McCafferty and Hackerman [178] proposed that for highly concentrated chloride 

solutions (e.g. 6 N) at sufficiently low pH, iron dissolution is promoted by H+ ions rather 

than by OH- ions, as is the case for 1 N chloride solutions reported by Lorenz et al. [174]. 

At very high H+ activities, there is a synergistic effect between halide anions chemisorbed 

at the iron surface and hydrogen ions in solution. Hydrogen ions are electrostatically 

attracted toward the iron surface covered with Cl- anions and catalyze the dissolution 

reaction, as indicated by the positive reaction order of 1.84 with respect to H+ ion. 

McCafferty and Hackerman [178] suggested the following mechanism of active iron 

dissolution at high concentrations of halides and very high H+ activities: 

    𝐹𝑒 + 𝐻2𝑂 ⇌ 𝐹𝑒.𝐻2𝑂𝑎𝑑𝑠 (5-52) 

     𝐹𝑒. 𝐻2𝑂𝑎𝑑𝑠 + 𝑋− ⇌ 𝐹𝑒𝑋−
𝑎𝑑𝑠 + 𝐻2𝑂 (5-53) 

     𝐹𝑒𝑋−
𝑎𝑑𝑠 + 𝐻+ ⇌ 𝐹𝑒𝑋−. 𝐻+ (5-54) 

     𝐹𝑒𝑋−. 𝐻+ + 𝐻+
𝑟𝑑𝑠
→ 𝐹𝑒𝑋+ + 2𝐻+ + 2𝑒− (5-55) 

     𝐹𝑒𝑋+ ⇌ 𝐹𝑒𝑎𝑞
2+ + 𝑋− (5-56) 

The theoretical reaction order with respect to Cl- was calculated to be above zero. The 

data reported by McCafferty and Hackerman [178] in 6N chloride solutions with [H+] = 

3N at 25oC showed values between 0.62-0.91 for the reaction order with respect to Cl- 

ion concentration. However, in 1 N chloride solution with 0.2 N < [H+] < 3 N they 

reported -0.85, which is similar to the reported value by Lorenz et al. [174] mechanism. 
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The chance for simultaneous tunneling of two electrons between the metal and an 

ion is low enough to be prohibitive20. Therefore, from a theoretical point of view, the 

statistical probability of a mechanism with two consecutive one-electron transfer steps is 

normally, several orders of magnitude higher than that of a two-electron transfer step 

[192], suggesting that the mechanism proposed by McCafferty and Hackerman [178] in 

unlikely to occur. 

Chin and Nobe [194] claimed that chloride ion accelerates iron dissolution in 

deoxygenated acidic concentrated chloride media. They proposed the following 

mechanism which is named the chloride-accelerated mechanism: 

    𝐹𝑒 + 𝐶𝑙− + 𝐻2𝑂 ⇄ [𝐹𝑒𝐶𝑙𝑂𝐻]𝑎𝑑𝑠
− + 𝐻+ + 𝑒− (5-57) 

     [𝐹𝑒𝐶𝑙𝑂𝐻]𝑎𝑑𝑠
−

𝑟𝑑𝑠
→ 𝐹𝑒𝐶𝑙𝑂𝐻 +𝐻+ + 𝑒− (5-58) 

     𝐹𝑒𝐶𝑙𝑂𝐻 + 𝐻+ → 𝐹𝑒2+ + 𝐶𝑙− + 𝐻2𝑂 (5-59) 

The kinetic parameters predicted by this mechanism are dependent on the adsorption 

behavior of the intermediate, [𝐹𝑒𝐶𝑙𝑂𝐻]𝑎𝑑𝑠
− . By considering Temkin adsorption, the 

proposed mechanism predicts values of 60 mV, 0.5, and 0.5 for the anodic Tafel slope, 

the reaction order with respect to the Cl- concentration, and the reaction order with 

respect to OH- concentration, respectively. Kuo and Nobe [195] stated that iron 

dissolution in acidic concentrated chloride solutions proceed through coupled parallel 

reactions as represented by Cl--accelerated and OH--accelerated mechanisms. The OH--

accelerated mechanism (i.e., mechanisms explained for the absence of halides) is 

 
20 The two-electron transfer step has in fact been shown to be possible for Ti(I)-Ti(III) exchange in aqueous 

solutions. 
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dominant for highly acidic and very dilute chloride solutions. Similarly, Kolotyrkin et al. 

[182,196] found that both sulfate and chloride ions accelerated iron dissolution. 

Burstein and Davies [197] hypothesized chloride ion accelerates iron dissolution 

by directly reacting with the bare iron surface, in parallel with the Bockris-Kelly 

mechanism (Reactions (5-30)-(5-32)), as follows: 

    𝐹𝑒 + 𝐶𝑙−
𝑟𝑑𝑠
→ 𝐹𝑒𝐶𝑙𝑎𝑑𝑠 + 𝑒− (5-60) 

     𝐹𝑒𝐶𝑙𝑎𝑑𝑠 ⇄ 𝐹𝑒𝐶𝑙+ + 𝑒− (5-61) 

    𝐹𝑒𝐶𝑙+ ⇄ 𝐹𝑒𝑠𝑜𝑙
2+ + 𝐶𝑙− (5-62) 

Smart et al. [198] proposed the following mechanism for iron dissolution in high 

chloride concentration media: 

    
𝐹𝑒 + 𝐻2𝑂 ⇌ 𝐹𝑒𝑂𝐻 + 𝐻+ + 𝑒− 

(5-63) 

     𝐹𝑒𝑂𝐻 + 𝐶𝑙𝑎𝑑𝑠
−

𝑟𝑑𝑠
→ 𝐹𝑒𝐶𝑙 + 𝑂𝐻− (5-64) 

     𝐹𝑒𝐶𝑙 ⇌ 𝐹𝑒2+ + 𝐶𝑙− + 𝑒− (5-65) 

Their mechanism involves the adsorption of Cl-, which agrees with the experimental 

results. They suggested that the rate of dissolution is controlled by a chemical step in 

which the Cl- reacts with 𝐹𝑒𝑂𝐻 to form 𝐹𝑒𝐶𝑙 species on an interface saturated with 

adsorbed Cl-. Consequently, corrosion rates may be enhanced at the sites where Cl- is 

adsorbed. According to Smart et al. [198] mechanism, the order with respect to Cl- 

concentration should be +1. However, experiments showed a value of -0.7. The authors 

explained that by considering water activity this seemingly contradiction can be justified.  

In summary, there is no decisive opinion on the role of chloride ion on iron 

dissolution. Some studies state that it inhibits iron dissolution reaction and some believe 
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it accelerates the dissolution reaction of iron. One common belief in all the proposed 

mechanisms is that the iron dissolution reaction in the active region involves several 

chloro-iron complexes in the form of adsorbed reaction intermediates. Table 5-1 

summarizes the experimental kinetic data available in the literature regarding iron 

dissolution reaction in different electrolyte conditions.
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Table 5-2 

A summary of experimental kinetic data for the iron dissolution reaction in different solution conditions. 

# Conditions Tafel slope (mV/dec) 𝑛𝐻+  𝑛𝑂𝐻− 𝑛𝐶𝑙− Ref. 

1 1 N HCl, O2-free solution 58 N/A N/A N/A [191] 

2 0.5 N H2SO4 + xKCl, 0.3 < pH < 1, 25oC, x < 0.1 N 30 N/A N/A 0 [174] 

3 0.5 N H2SO4 + xKCl, 0.3 < pH < 1, 25oC, 0.1 N < x < 2 N 60 ± 5 N/A 1 ± 0.1 -0.7 ± 0.1 [174] 

4 0.2 M NaCl, 50oC, 2.12 < pH < 3.69 37-61 N/A N/A N/A [193] 

5 2 M NaCl, 25oC, 1.78 < pH < 2.73 32-54 N/A N/A N/A [193] 

6 1 N chloride solution, 0.2 N < [H+] < 3 N, 25oC 65-75 -0.66 to -0.7 N/A -0.85 [178] 

7 6 N chloride solution, 0.12 N < [H+] < 0.24 N, 25oC 60-85 -0.9 N/A 0.62-0.91 [178] 

8 6 N chloride solution, 0.24 N < [H+] < 1.2 N, 25oC 60-85 0 N/A 0.62-0.91 [178] 

9 6 N chloride solution, 2.4 N < [H+] < 6 N, 25oC 60-85 1.84 N/A 0.62-0.91 [178] 

10 xNaCl + yHCl (x + y = 1 N), 0 < pH < 1.8 70 N/A 0.6 0.5 [194] 

11 unbuffered weakly acid deaerated solution, T = 298.15, pH ≥ 5 60 ± 5 N/A N/A N/A [199] 

12 xNaCl + yHCl (x + y = 5 M), O2-free solution, 25oC, 𝑎𝐻+ < 1 M 60 N/A 0.6 N/A [192] 

13 xNaCl + yHCl (x + y = 5 M), O2-free solution, 25oC, 𝑎𝐻+ > 2 M 100 N/A -1 ± 0.1 N/A [192] 

14 4.9 M NaCl + 0.1 M HClO4, O2-free solution, 25oC 64 N/A N/A N/A [192] 

15 2 M HClO4 + xNaClO4 + yNaCl, x + y = 3, 0.5 M < y < 3 M, O2-free solution, 25oC N/A N/A N/A 0.6 ± 0.1 [192] 

16 xNaCl + yHCl, x + y = 4.5 M, 23oC, [H+] < 0.1 M, low polarization 75 N/A 0.6 N/A [195] 

17 xNaCl + yHCl, x + y = 4.5 M, 23oC, [H+] < 0.1 M, high polarization 40 N/A 1.1 N/A [195] 

18 0.01 M HClO4 + xNaCl + yNaClO4, x + y = 4.49 M, 23oC, pH = 1.1, 0.2 M < [Cl-] < 4 M, low polarization 75 N/A N/A 0.4 [195] 

𝑛𝐻+ , 𝑛𝑂𝐻−, and 𝑛𝐶𝑙− are the reaction orders for iron dissolution in the active region with respect to concentrations of 𝐻+, 𝑂𝐻−, and 𝐶𝑙−, respectively. 

N is concentration unit in normality and M is concentration unit in molarity. 
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5.1.2 Salt Concentration Effects on the Cathodic Reaction in Strong Acid Corrosion 

The main cathodic reaction in strong acid aqueous corrosion is H+ ion reduction 

(or hydrogen evolution reaction21). The  H2O reduction reaction can become influential in 

strong acid corrosion only at pH > 5 [200]. These two reactions are presented below: 

    2𝐻(𝑎𝑞)
+ + 2𝑒− ⇄ 𝐻2(𝑔) (5-66) 

     2𝐻2𝑂(𝑙) + 2𝑒− ⇄ 𝐻2(𝑔) + 2𝑂𝐻(𝑎𝑞)
−  (5-67) 

A commonly accepted mechanism for H+ ion reduction reaction in acidic solution 

is as follows [15,171]22: 

     𝐻(𝑎𝑞)
+ + 𝐻2𝑂(𝑙) ⇄ 𝐻3𝑂(𝑎𝑞)

+  (5-68) 

     𝐻3𝑂(𝑎𝑞)
+ + 𝑒−

𝑟𝑑𝑠
→ 𝐻𝑎𝑑𝑠 + 𝐻2𝑂(𝑙) (5-69) 

    𝐻𝑎𝑑𝑠 +𝐻𝑎𝑑𝑠 ⇄ 𝐻2(𝑔) (5-70) 

Reaction (5-68) is just the hydronium ion formation step. Reaction (5-69) is the 

electronation of hydrated protons and formation of neutral hydrogen atoms on the metal 

surface and is also called the adsorption step. Reaction (5-70) is the desorption step, 

which does not involve charge transfer and is called the chemical-desorption step. A 

simpler representation of the above mechanism can be obtained by summing Reactions 

(5-68) and (5-69): 

 
21 The abbreviation for hydrogen evolution reaction is HER. 
22 Since H+ ion reduction is an heterogenous reaction and occurs on the surface, the scientific way of 

showing the mechanism reactions is to include M as the metal surface in the reactions. For example, for 

Reaction (5-69), it will be:  

𝐻3𝑂(𝑎𝑞)
+ + 𝑀(𝑒−)

𝑟𝑑𝑠

→ 𝑀𝐻𝑎𝑑𝑠 + 𝐻2𝑂(𝑙) 
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     𝐻(𝑎𝑞)
+ + 𝑒−

𝑟𝑑𝑠
→ 𝐻𝑎𝑑𝑠 (5-71) 

     𝐻(𝑎𝑞)
+ + 𝐻𝑎𝑑𝑠 + 𝑒− ⇄ 𝐻2(𝑔) (5-72) 

Another desorption reaction has been also proposed, which results in the second 

mechanism for H+ ion reduction as follows: 

    𝐻(𝑎𝑞)
+ + 𝐻2𝑂(𝑙) ⇄ 𝐻3𝑂(𝑎𝑞)

+  (5-73) 

     𝐻3𝑂(𝑎𝑞)
+ + 𝑒−

𝑟𝑑𝑠
→ 𝐻𝑎𝑑𝑠 + 𝐻2𝑂(𝑙) (5-74) 

     𝐻𝑎𝑑𝑠 + 𝐻3𝑂(𝑎𝑞)
+ + 𝑒− ⇄ 𝐻2(𝑔) + 𝐻2𝑂(𝑙) (5-75) 

This desorption step, Reaction (5-75), is called the electrochemical-desorption step. The 

two chemical-desorption and the electrochemical-desorption reactions can occur 

simultaneously. In both mechanisms, the rds step is specified as the adsorption step. 

However, it is reported that the desorption step can be the rds step instead or even both 

the adsorption and the desorption steps be the rds step at the same time. This later is 

called a dual mechanism and happens in a certain range of potentials [15]. A 

comprehensive review of H+ ion reduction mechanism is given by Bockris sand Reddy 

[15]. If H+ ion reduction rate is controlled by the rate of charge transfer, the reaction rate 

is usually related to H+ ion activity (concentration). Different Tafel slopes and reaction 

orders with respect to H+ ion activity (concentration) have been reported for H+ ion 

reduction reaction in the literature. Table 5-3 summarized some of these values in 

solutions with different Cl- ion concentrations. 

The only piece of information that could be found about the effect of Cl- ion (salt 

concentration) on H+ ion reduction was a work done by Vracar and Drazic [171]. They 

reported that Cl- ions had an inhibition effect on H+ ion reduction reaction due to the 
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adsorption of Cl- ion on the surface and blocking the surface areas required for H+ ion 

adsorption and reduction reactions. Their experiments on the surface of an Armco iron 

electrode in 0.5 mol/lit H2SO4 solution showed that the corrosion current density 

decreased from ~ 2.5e-5 A/cm2 to ~1.5e-5 A/cm2 when Cl- ion concentration was 

increased from 0.05 M to 0.5 M [171]. 

No information could be found in the literature on the effect of salt concentration 

on the H2O reduction reaction. This effect is investigated in detail in Section 12.1. 

However, it is worth noting that the contribution of the H2O reduction reaction in the 

overall rate of carbon steel corrosion in aqueous solutions is usually negligible. 
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Table 5-3 

A summary of experimental kinetic data for the H+ reduction reaction in different solutions with different Cl- concentrations. 

# Conditions Tafel slope (mV/dec) 𝑛𝐻+  Ref. 

1 xNaCl + yHCl (x + y = 1 N), 0 < pH < 1.8 N/A -1 [194] 

2 1 N chloride solution, 0.2 N < [H+] < 3 N, 25oC 110-130 1 [178] 

3 6 N chloride solution, 0.14 N < [H+] < 6.84 N, 25oC 115-140 N/A [178] 

4 xNaCl + yHCl (x + y = 5 M), 10-2 M < y < 5 M 115 1.1 ± 0.07 [192] 

5 4.9 M NaCl+ 0.1 M HClO4 116 N/A [192] 

6 0.1-3 M ZnCl2 + 0-5 M CaCl2 + 0.01M FeCl2, pH < 2, 0.2 M < [Cl-] <16 M 90-150, average: 114 ± 11 N/A [198] 
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5.2 The Effect of Salt Concentration on Electrochemistry of CO2 Corrosion 

CO2 is not corrosive itself when it comes to metals. For example, in CO2(g) 

capture facilities, when metals are exposed to liquid CO2(l), if no water is involved, then 

corrosion will not occur. However, in the presence of water, CO2 reacts with water and 

produces carbonic acid (H2CO3(aq)), which then dissociates and aggravates corrosion. CO2 

aqueous corrosion occurs when a metal (e.g., carbon steel) is exposed to an aqueous 

solution saturated with CO2 gas. The overall CO2 corrosion reaction is given by Reaction 

(5-76) or Reaction (5-77). The appropriate form of reaction depends on whether iron 

carbonate saturation (S) is exceeded one or not. Since the scope of this study is only 

uniform bare steel corrosion, conditions with S above one will not be the focus here. 

However, the effect of salt concentration on FeCO3 solubility and protectiveness of this 

layer has been studies elsewhere [201]. 

    𝐹𝑒(𝑠) + 𝐶𝑂2(𝑔) + 𝐻2𝑂(𝑙)  →  𝐹𝑒2+(𝑎𝑞) + 𝐶𝑂3
2−

(𝑎𝑞)
+ 𝐻2(𝑔) (5-76) 

     𝐹𝑒(𝑠) + 𝐶𝑂2(𝑔) +𝐻2𝑂(𝑙)  → 𝐹𝑒𝐶𝑂3(𝑠) + 𝐻2(𝑔) (5-77) 

The above reactions consist of two simultaneous electrochemical reactions: anodic 

(oxidation) and cathodic (reduction). The effect of salt concentration on each will be 

discussed in the following text. 

5.2.1 Salt Concentration Effects on the Anodic Reaction(s) in CO2 Corrosion 

It is reported that the anodic dissolution on iron in CO2-saturated solutions is the 

same as that in the strong acid corrosion and is not altered by the presence of CO2(aq) 

species in the solution [202,203]. In a recent study by Almedia et al. [204] at the 

atmospheric pressure in the presence and absence of CO2, they demonstrated by 
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electrochemical impedance spectroscopy (EIS) experiments that CO2 does not act directly 

in the anodic dissolution of iron. However, they speculated that this conclusion will be 

different at high CO2 pressure (e.g., 30 bar) [204]. On the other hand, Nesic et al. [205] 

believed that the anodic dissolution of iron is influenced by the presence of CO2. They 

proposed a new set of reactions for the anodic dissolution of iron in CO2-satuarated 

aqueous solutions for a pH range of 2.5 to 6.5. They stated that an intermediate species of 

FeCO2ads forms on the metal surface, similar to FeOHads mentioned for strong acid 

corrosion mechanism, and catalyzes the anodic dissolution of iron [205]. However, 

Wiekowski et al. [206] showed with radiotracer analysis that no adsorption of labeled 

CO2 was detected on the metal surface in CO2-containing solutions, contradicting the 

Nesic et al. [205] proposed mechanism. Kahyarian et al. [207,208] in a series of 

experiments on X65 carbon steel in 0.1 M NaCl solutions at 10oC and 30oC, pH 4 and 5, 

and CO2 partial pressure pressures of 0 bar, 1 bar, and 5 bars reported that the slight 

increase in the corrosion rate when pCO2 was increased from 0 bar to 5 bars was due to 

the influence of CO2 on the anodic reaction in the active range. Kahyarian et al. 

[207,208] potentiodynamic sweeps also show accelerations in the anodic Fe dissolution 

reaction in the active region at both solution pH values of 4 and 5 and both temperatures. 

Based on the literature review, some studies stated that CO2 influences the anodic 

dissolution reaction of iron, while others claimed that the anodic dissolution of iron is not 

affected by the presence of CO2. Since, there is no information on the effect of salt 

concentration on the anodic dissolution of iron in CO2 corrosion, it is assumed here that 

the effect will be the same as that for strong acid corrosion discussed earlier. However, 
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this subject will be investigated more when strong acid corrosion and CO2 corrosion are 

compared in Section 10.1.4. 

5.2.2 Salt Concentration Effects on the Cathodic Reaction in CO2 Corrosion 

Three reactions have been considered in the literature [96] as the cathodic 

reactions for CO2 aqueous corrosion: 

    2𝐻(𝑎𝑞)
+ + 2𝑒− ⇄ 𝐻2(𝑔) (5-78) 

     2𝐻2𝐶𝑂3(𝑎𝑞) + 2𝑒− ⇄ 𝐻2(𝑔) + 2𝐻𝐶𝑂3(𝑎𝑞)
−  (5-79) 

     2𝐻2𝑂(𝑙) + 2𝑒− ⇄ 𝐻2(𝑔) + 2𝑂𝐻(𝑎𝑞)
−  (5-80) 

Reactions (5-78) and (5-80) are the same as those for strong acid corrosion. Reaction 

(5-79), called direct direction of carbonic acid, was proposed to justify the larger limiting 

current density, and therefore, the higher corrosion rates seen in CO2 corrosion compared 

to those in strong acid corrosion under similar conditions [209–212]. However, recent 

studies [208,213–215] have shown that the direct reduction of carbonic acid (Reaction 

(5-79)) does not happen and that the main contribution of carbonic acid to the overall 

CO2 corrosion process is by being a source of H+ ions, for H+ ion reduction reaction 

(Reaction (5-78)). This is called the buffering effect. Hence, similar to strong acid 

corrosion the main cathodic reaction in CO2-saturated solutions is H+ ion reduction 

reaction. This implies that the effect of salt concentration on the cathodic reaction in CO2 

corrosion should be analogous to that in strong acid corrosion, which is expected to be a 

retardation due to the adsorption of Cl- ions on the metal surface.  
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In the CO2 corrosion process, the water reduction (Reaction (5-80)) becomes 

practically important only at 𝑃𝐶𝑂2<< 1 bar and pH > 5 [200]. This indicates that water 

reduction is not prominent at 𝑃𝐶𝑂2 ≈ 1 bar, what is usually seen in real field conditions. 

5.3 The Effect of Salt Concentration on Electrochemistry of H2S Corrosion 

The overall reaction for aqueous H2S corrosion is given by Reactions (5-81) or 

(5-82). Theoretically, depending on the iron sulfide saturation level, for SFeS > 1, 

Reaction (5-81) is more probable, whereas for SFeS < 1, Reaction (5-82) is more likely to 

occur. However, the corrosion rate data have shown that the corrosion rate decreases as 

soon as the metal surface is exposed to H2S(aq) and the reason for that is believed to be the 

formation of an FeS layer in an order of milliseconds (usually mackinawite) on the metal 

surface [49,216–218]. This means that considering Reaction (5-82) as the overall reaction 

for aqueous H2S corrosion is more sensible. 

    𝐹𝑒(𝑠) +𝐻2𝑆(𝑎𝑞) ⇄ 𝐹𝑒(𝑎𝑞)
2+ + 𝐻2(𝑔) + 𝑆(𝑎𝑞)

2−  (5-81) 

    𝐹𝑒(𝑠) + 𝐻2𝑆(𝑎𝑞) ⇄ 𝐹𝑒𝑆(𝑠) + 𝐻2(𝑔) (5-82) 

Resembling CO2 corrosion, two simultaneous electrochemical reactions: anodic 

(oxidation) and cathodic (reduction) result in the above overall reactions. The effect of 

salt concentration on each will be reviewed in the following text. 

5.3.1 Salt Concentration Effects on the Anodic Reaction(s) in H2S Corrosion 

In analogy to CO2 corrosion, the anodic dissolution of iron in H2S corrosion can 

be assumed the same as that in strong acid corrosion with the overall anodic reaction to 

be Reaction (5-24). Strong evidence for this assumption is given in a work done by 

Morris et al. at 25oC, pH 4, 0.2 M NaCl solution, using an iron RDE setup in a range of 
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partial pressure of H2S from 10-4 atm to 1 atm. They showed in their potentiodynamic 

sweeps that increasing partial pressure of H2S did not change the iron exchange current 

density as well the Tafel slope. Another research by Zheng [49] at 30oC, pH values of 4 

an 5, with X65 carbon steel RCE specimens in a range of H2S partial pressure of 0% to 

10%23 showed almost no change in the anodic sweep with respect to partial pressure of 

H2S. These pieces of evidence support the assumption that the presence of H2S does not 

change the iron dissolution mechanism [219]. However, other pathways than those 

mentioned in Section 3.1.1 have been proposed for anodic dissolution of iron in H2S-

bearing solutions. These pathways can be categorized into two general groups: 

electrochemical and non-electrochemical reaction mechanisms. The electrochemical 

mechanisms involve electron transfer, while the non-electrochemical reaction 

mechanisms are ordinary chemical reactions. 

Ogundele and White [220] suggested an alternative pathway for the dissolution of 

iron in aqueous solutions containing H2S by the following reactions: 

    𝐹𝑒 + 𝐻𝑆− ⇄ (𝐹𝑒𝐻𝑆−)𝑎𝑑𝑠 (5-83) 

    (𝐹𝑒𝐻𝑆−)𝑎𝑑𝑠  
𝑟𝑑𝑠
→ 𝐹𝑒𝐻𝑆+ + 2𝑒− (5-84) 

     𝐹𝑒𝐻𝑆+ ⇄ 𝐹𝑒2+ + 𝐻𝑆− (5-85) 

The second step was considered as the rds. (𝐹𝑒𝐻𝑆−)𝑎𝑑𝑠 is an intermediate species which 

acts as a catalyst in the H2S iron dissolution mechanism. 

 
23 The percent is in the gas phase. Five partial pressures of 0%, 10-4%, 10-3%, 10-2%, 10% were tested. 
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Another electrochemical mechanism supported by several research [221–224] is 

as follows: 

    𝐹𝑒 + 𝐻2𝑆 + 𝐻2𝑂 ⇄ (𝐹𝑒𝐻𝑆−)𝑎𝑑𝑠 + 𝐻3𝑂
+ (5-86) 

     (𝐹𝑒𝐻𝑆−)𝑎𝑑𝑠  
𝑟𝑑𝑠
→  𝐹𝑒(𝑆𝐻)𝑎𝑑𝑠 + 𝑒− (5-87) 

     𝐹𝑒(𝑆𝐻)𝑎𝑑𝑠 ⇄ 𝐹𝑒𝑆𝐻+
𝑎𝑑𝑠 + 𝑒− (5-88) 

Reaction (5-86) is a chemisorption process and (𝐹𝑒𝐻𝑆−)𝑎𝑑𝑠 is considered as a catalyst 

adsopbed on the iron surface, which then transforms to 𝐹𝑒𝑆𝐻+
𝑎𝑑𝑠. Reactions (5-87) and 

(5-88) correspond to the anodic discharge process (desorption). The product, 𝐹𝑒𝑆𝐻+
𝑎𝑑𝑠, 

may be incorporated directly into a growing layer of mackinawite (Reaction (5-89)) or it 

may be hydrolyzed to yield ferrous iron (Reaction (5-90)). 

    𝐹𝑒𝑆𝐻+
𝑎𝑑𝑠 ⇄ 𝐹𝑒𝑆1−𝑥 + 𝑥𝐻𝑆− + (1 − 𝑥)𝐻+  (5-89) 

     𝐹𝑒𝑆𝐻+
𝑎𝑑𝑠 + 𝐻3𝑂

+ ⇄ 𝐹𝑒2+ + 𝐻2𝑆 + 𝐻2𝑂 (5-90) 

Based on both mechanisms, the anodic dissolution of iron accelerates in the presence of 

H2S(aq). 

The non-electrochemical reaction mechanism, also called direct reaction or solid-

state reaction, was proposed by Shoesmith et al. [225]. In this mechanism, H₂S can 

directly adsorb on the iron surface exposed to aqueous H2S solution to form an iron 

sulfide (mackinawite) layer on the surface, as shown in Reaction (5-82). However, Zheng 

[49] argued that the experimental evidence increasingly points to the electrochemical 

nature of H2S corrosion. 

To the best knowledge of author, there is no information in the open literature on 

the effect of salt concentration on the anodic dissolution of iron in H2S-containing 
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solutions. Based on the discussion presented above, the mechanism of iron dissolution is 

considerd to be similar to that presented for strong acid corrosion.  

5.3.2 Salt Concentration Effects on the Cathodic Reaction in H2S Corrosion 

Three reactions have been considered in the literature [226,219,225,227,49] as the 

cathodic reactions for H2S aqueous corrosion: 

    2𝐻(𝑎𝑞)
+ + 2𝑒− ⇄ 𝐻2(𝑔) (5-91) 

     2𝐻2𝑆(𝑎𝑞) + 2𝑒− ⇄ 𝐻2(𝑔) + 2𝐻𝑆(𝑎𝑞)
−  (5-92) 

     2𝐻2𝑂(𝑙) + 2𝑒− ⇄ 𝐻2(𝑔) + 2𝑂𝐻(𝑎𝑞)
−  (5-93) 

Reactions (5-91) has been already discussed in Section 5.1.2 and it is assumed that the 

mechanism of H+ ion reduction in H2S-containing solutions remains the same as that in 

strong acid solutions. Similar to CO2 corrosion, water reduction reaction (Reaction 

(5-93)) comes into effect in the overall cathodic reaction rate at 𝑝𝐻2𝑆 << 1 bar and pH > 

5. For Reaction (5-92), which is called the direct reduction of H2S, there is an ongoing 

debate about the occurrence of this reaction in aqueous H2S corrosion. Over the last five 

decades, the direct reduction of H2S has been considered as one of the cathodic reactions 

in aqueous H2S corrosion of iron (or carbon steel). Bolmer [226] was the first who 

introduced the idea of another cathodic reaction in aqueous H2S corrosion based on the 

observed increase in the cathodic current density in the presence of H2S(aq). Bolmer [226] 

potentiodynamic results shows that at higher partial pressures of H2S, both the charge-

transfer controlled, and the mass transfer controlled limiting current densities becomes 

larger24. Since then several research have been published all in the support of direct 

 
24 At a constant pressure.  
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reduction of H2S [225,227–229]. Morris et al. [219] reported a higher limiting current 

density by a factor of ~ 1.3 at pH 2.1 and 𝑝𝐻2𝑆 of 0.19 atm compared to that in H2S-free 

system. They attributed this to the direct reduction of H2S. They also observed an 

acceleration in the charge-transfer portion of their sweep with higher partial pressure of 

H2S [219]. However, they related that the fluctuations due to the electrode hydrogen 

preconditioning [219]. Kittel et al. [227] in a systematic study showed that both rates of 

charge-transfer and mass transfer (limiting current density) portions of the 

potentiodynamic sweeps on stainless steel electrodes at pH 6 increased with increasing 

partial pressure of H2S. They claimed that without the direct reduction of H2S the 

acceleration in the cathodic current density cannot be explained [227]. Recently, 

Kahyarian and Nesic [230] argued the direct reduction of H2S is not significant in 

aqueous H2S corrosion and H+ ion reduction reaction is the only dominant cathodic 

reaction. They stated that similar to the role H2CO3 in CO2 corrosion, H2S(aq) has a 

buffering effect and plays as an extra source of H+ ion for the H+ ion reduction reaction. 

Thus, the cathodic reaction rate in the presence of H2S is larger than that in strong acid 

corrosion under identical conditions. They reasoned that the second hump (wave), which 

is observed in potentiodynamic sweeps in the limiting current density region at low 

solution pH values (pH < 3) in aqueous H2S corrosion is when the H2S buffering effect 

kicks in, rather than to be the limiting current density for direct reduction of H2S(aq). 

However, they did not support their argument with any experimental measurements, nor 

justified the accelerations measured by Bolmer [226], Morris et al. [219], and Kittel et al. 
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[227] in the charge transfer portion of the potentiodynamic sweep due to the presence of 

H2S(aq).  

  In this study, the direct reduction of H2S is considered insignificant in aqueous 

H2S corrosion. Therefore, the H+ ion reduction reaction is the only dominant cathodic 

reaction in aqueous H2S corrosion. As far as this author knows, there is no information 

available in the literature on the effect of salt concentration on the cathodic reactions in 

H2S corrosion.
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 Motivation, Hypotheses, and Objectives 

6.1 Motivations 

The literature review presented above shows that the effect of salt concentration 

on uniform strong acid, CO2 and H2S corrosion is a very broad and complex subject that 

requires information from transport phenomena, thermodynamics of speciation equilibria 

and electrochemistry. Additionally, it shows that there is little information about the role 

of salt concentration on mechanisms and rates of uniform strong acid and CO2 corrosion, 

while there is no information about that for uniform H2S corrosion. The existing 

information is sometimes unreliable, often even contradictory, and insufficient for 

practical applications such as corrosion rate prediction. Finally, the existing corrosion 

rate prediction models are mostly applicable to very low salt concentrations, <3 wt.%, 

and those supposedly intended for high salt concentrations are either empirical models or 

they have only included the effect of salt concentration on density, viscosity, gas 

solubility, and solution chemistry in a very rudimentary form. 

6.2 Hypotheses 

 It is anticipated that salt concentration influences the aqueous uniform strong 

acid, CO2 and H2S corrosion processes by changing: 

• Solution density 

• Solution viscosity 

• Diffusion coefficients of dissolved species 

• Solubility of CO2 and H2S in the solution 
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• The equilibrium activity coefficients and concentrations of corrosive species such 

as H+ ion, H2CO3(aq), and H2S(aq). 

• The rates and mechanisms of the H+ ion reduction and the Fe dissolution 

reactions. 

6.3 Objectives 

The following research objectives are defined for this study: 

• Based on the hypotheses, gather all required information for studying the effect of 

salt concentration on uniform strong acid, CO2, and H2S corrosion. 

• Compile all segments of information, understand how each parameter influences 

the uniform strong acid, CO2, and H2S corrosion process, and finally try to 

connect them theoretically in a coherent manner. 

• Understand the role of salt concentration on the mechanisms of electrochemical 

reactions underlying strong acid, CO2 and H2S corrosion by performing corrosion 

rate and electrochemical experiments. 

• Reproduce or develop models valid for a wide range of salt concentrations for 

each parameter listed in the hypotheses. 

• Develop a comprehensive corrosion rate prediction model for concentrated salt 

solutions by assembling all the models produced in the previous objective. 

• Compare the final corrosion rate model predictions with the obtained 

experimental data.



141 

 

  

 Thermodynamic Models for CO2(g) and H2S(g) Solubility in Aqueous 

NaCl Solutions 

In this chapter, the focus is the thermodynamic models which have been adopted 

in this study for calculating CO2 and H2S solubility in aqueous NaCl solutions. With the 

help of these models the effect of salt concentration on CO2 and H2S solubility (salting 

out effect) can be quantified. 

7.1 The Effect of Salt Concentration on Solubility of CO2 Gas 

There are numerous models available in the open literature for calculating CO2 

solubility in aqueous NaCl solutions. The first group of models are simple models that 

correlate the CO2 Henry’s law constant to ionic strength [231–236] without considering 

the interactions between CO2(aq) molecules and salt ions. The second group of CO2 

solubility models are more advanced than the first group due to the consideration of the 

interactions between CO2 molecules with salt ions. Some of these models are listed in the 

open literature [30,134,237]. The difference among these advanced models is mostly 

related to their range of validity, in their underlying approach, or their ability to calculate 

H2O solubility in the CO2-rich phase. Two approaches are usually used for the vapor-

liquid equilibrium calculations in the second group models: gamma-phi (𝛾-𝜑) and phi-phi 

() [123,238]). The equilibrium condition in approach is 𝑥𝐶𝑂2
𝑔

𝜑𝐶𝑂2
𝑔

𝑃 = 𝑥𝐶𝑂2
𝑙 𝛾𝐶𝑂2

𝑙 𝑓𝐶𝑂2
𝑜  and 

in approach is 𝑥𝐶𝑂2
𝑙 𝜑𝐶𝑂2

𝑙 𝑃 = 𝑥𝐶𝑂2
𝑔

𝜑𝐶𝑂2
𝑔

𝑃. Each parameter is defined in the 

footnote25[123]. The 𝛾-𝜑 approach is the traditional method for solving low-pressure 

 
25 𝑥 is the mole fraction, 𝑔 and 𝑙 denote gas and liquid phases, 𝜑 is fugacity coefficient, 𝛾 is activity 

coefficient, 𝑓
𝐶𝑂2

𝑜  is the fugacity (unit of pressure) of pure CO2 in standard-state, 𝑃 is total pressure. At low 

pressures, the standard-state fugacity can be ignored. 
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vapor-liquid equilibria. In this approach, an equation of state (EOS) is used to describe 

the non-ideality of the gas-rich phase and the Henry’s law or an excess Gibbs free energy 

(𝐺𝐸) is used to determine the non-ideality of the H2O-rich phase [239]. The 𝛾-𝜑 approach 

is more flexible to integration with the speciation and chemical equilibrium calculations 

[240]. The 𝜑- 𝜑 approach is more general because it can handle the transition from 

subcritical to supercritical condition and it is applicable to high pressure, but it is 

computationally more complicated. The 𝜑- 𝜑 approach works well when an accurate 

P𝑣Tx EOS be available for all phases [123,240]. Therefore, for corrosion studies in 

aqueous solutions for which the working pressure does not go more than 100 bar, the 

solubility models based on the 𝛾-𝜑 approach should be sufficient. 

Three CO2 solubility models from the first group: the Oddo and Tomson model 

[232], the Battistelli model [235], and the Dubessy et al. model [236], and two CO2 

solubility models from the second group: the Mao et al. model [30] and the Springer et 

al. model [241] are reproduced in this work. The Springer et al. model [241] is a 

comprehensive solution chemistry model that allows the calculation of equilibrium 

concentrations and activity coefficients of all dissolved species, including CO2(aq) and 

H2S(aq). The first four models will be explained in this section and the Springer et al. 

[241] model will be explained in Section 8.3.1. 

7.1.1 The Oddo and Tomson CO2 Solubility Model 

The Oddo and Tomson model [232] is an empirical model originally developed 

for the calculation of CaCO3 saturation and scaling tendency in concentrated salt 

solutions. The required inputs for this model are temperature, total pressure, and NaCl 
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concentration. The validity range of the Oddo and Tomson model [232] is reported to be 

for temperatures between 25oC to 250oC, pressures between 1 to 1200 bar, ionic strengths 

between and 0 to 4 M. An equation for the CO2 Henry’s law constant is proposed in the 

Oddo and Tomson model [232] as a function of temperature and ionic strength as 

follows: 

      𝐻𝑐𝑝(𝑇𝑓, 𝐼𝑀) =
14.5

1.00258
× 10

−(2.27+5.65𝑒−3𝑇𝑓−8.06𝑒−6𝑇𝑓
2+0.075𝐼𝑀) (7-1) 

where, 𝐻𝑐𝑝 is the CO2 Henry’s law solubility constant26 in salt solution in M/bar, 𝑇𝑓 is 

the solution temperature in oF, and 𝐼𝑀 is the solution ionic strength in M. The constant in 

the form of a fraction in Equation (7-1) is for unit conversion from psi to bar as well as 

excluding free H2CO3(aq) from the total amount of dissolved CO2(aq). The CO2 solubility 

(𝑐𝐶𝑂2(𝑎𝑞)) can be obtained using 𝐻𝑐𝑝: 

 𝑝𝐶𝑂2 = 𝑦𝐶𝑂2 ∙ 𝑃 (7-2) 

      𝑓𝐶𝑂2 = 𝜑𝐶𝑂2
𝑃𝑢𝑟𝑒 ∙ 𝑝𝐶𝑂2 (7-3) 

      𝑐𝐶𝑂2(𝑎𝑞) = 𝐻𝑐𝑝 ∙ 𝑓𝐶𝑂2 (7-4) 

where, 𝑓𝐶𝑂2 is the CO2(g) fugacity in bar, 𝑝𝐶𝑂2 is the partial pressure of CO2(g) in bar,  

𝑦𝐶𝑂2(𝑔)  is the mole fraction of CO2(g) in the gas phase, 𝜑𝐶𝑂2
𝑃𝑢𝑟𝑒 is the fugacity coefficient27 

of pure CO2(g) in the gas phase, and 𝑃 is total pressure in bar. 𝑦𝐶𝑂2 can be calculated 

using equation below: 

 
26 The naming and unit conversion for the Henry’s law solubility (H) and volatility (K) constants are taken 

from Sander’s publication [242]. 
27 The fugacity coefficient of gas takes into account the non-ideality in the gas phase. The deviation of 

fugacity coefficient from unity is significant at high pressures. 
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   𝑦𝐶𝑂2 =
𝑃 − 𝑝𝐻2𝑂

𝑃
 (7-5) 

𝑝𝐻2𝑂 is water vapor (H2O(g)) pressure in bar and can be obtained from a model by 

Atkinson [128] mentioned in Appendix H. The Atkinson model [128] is advantageous 

over other water vapor calculation models because it considers the effect of NaCl 

concentration on 𝑝𝐻2𝑂. 𝜑𝐶𝑂2
𝑃𝑢𝑟𝑒 is calculated by using an equation of state proposed by 

Duan et al. [243]. The calculation procedure for 𝜑𝐶𝑂2
𝑃𝑢𝑟𝑒 is explained in Appendix J. The 

original Oddo and Tomson model [232] uses 𝑝𝐶𝑂2 instead of 𝑓𝐶𝑂2 in Equation (7-4). In 

this study, the fugacity coefficient is added to the model to improve the accuracy of the 

Oddo and Tomson model [232] at high pressures. 

7.1.2 The Battistelli et al. CO2 Solubility Model 

The Battistelli et al. model [235] is an empirical model for H2O-NaCl-CO2 

mixtures that considers the effect salt on CO2 solubility by modifying the CO2(g) Henry’s 

law constant in pure water with a coefficient called “salting-out” coefficient. The 

modified Henry’s law constant is calculated as: 

   𝐾𝐻
𝑝𝑥,𝑏(𝑇,𝑚𝑁𝑎𝐶𝑙) = 𝐾𝐻

𝑝𝑥,𝑤(𝑇) × 10𝑚𝑁𝑎𝐶𝑙𝑘𝑏(𝑇) (7-6) 

where, 𝐾𝐻
𝑝𝑥,𝑤

 and 𝐾𝐻
𝑝𝑥,𝑏

 are Henry’s law volatility constants for pure water and NaCl 

aqueous solutions, respectively, in Pa, 𝑘𝑏 is the salting-out coefficient in kgH2O/mol, 𝑇 is 

the solution temperature in K, 𝑚𝑁𝑎𝐶𝑙 is the molality concentration of NaCl in the 

solution. In the literature, the form of Equation (7-6) is the famous Setschenow equation 

[244,245]. 𝐾𝐻
𝑤 and 𝑘𝑏 are obtained by using the following equations: 
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   𝐾𝐻
𝑝𝑥,𝑤(𝑇) =∑𝐵(𝑖)𝑇𝑖−1

6

𝑖=1

 (7-7) 

   

𝑘𝑏(𝑇) =∑𝐶(𝑖)𝑇𝑖−1
5

𝑖=1

 

(7-8) 

where, 𝐵 and 𝐶 coefficients are listed in Table 7-1. To calculate CO2 solubility, 𝐾𝐻
𝑝𝑥,𝑏

 is 

divided by the partial pressure of CO2 in the gas phase (𝑝𝐶𝑂2)28: 

     𝑥𝐶𝑂2(𝑎𝑞) =
𝐾𝐻
𝑝𝑥,𝑏

𝑝𝐶𝑂2
 (7-9) 

𝑝𝐶𝑂2 can be calculated using equation (7-5). The mole fraction of CO2 in the liquid phase 

(𝑥𝐶𝑂2(𝑎𝑞)) can be converted to the molality concentration of CO2 in the liquid phase 

(𝑥𝐶𝑂2(𝑎𝑞)), using the following equation:  

     𝑚𝐶𝑂2(𝑎𝑞)
=

𝑥𝐶𝑂2(𝑎𝑞)

1 − 𝑥𝐶𝑂2(𝑎𝑞)
(𝑚𝑁𝑎𝐶𝑙 +

1000

𝑀𝑤
) (7-10) 

𝑀𝑤 is the molecular weight of water in g/mol. Battistelli et al. [235] claimed that their 

model is valid from 0oC to 300oC and NaCl concentrations up to 4.87 m. 

 

 
28 𝑝

𝐶𝑂2
 is usually reported in atm or bar. Therefore, 𝐾ℎ

𝑝𝑥,𝑏
 needs to be converted from Pa to 

the appropriate unit before calculating 𝑥𝐶𝑂2(𝑎𝑞). 
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Table 7-1 

Coefficients used in Equations (7-7) and (7-8) for calculating the CO2(g) Henry’s law 

volatility constant for pure water and the salting-out coefficient. 

 

  

7.1.3 The Dubessy et al. CO2 Solubility Model 

The Dubessy et al. solubility model [236] is an empirical vapor-liquid equilibrium 

model for aqueous NaCl solutions valid in the temperature range of 50oC to 270oC and 

NaCl concentrations up to 6 m. The dependency of CO2 solubility on NaCl concentration 

is modeled in the Dubessy et al. model [236] by correlating the CO2 Henry’s law constant 

in aqueous NaCl solution and in pure water with polynomial terms as functions of 

temperature and NaCl concentration. Their proposed equation is given below: 

      

𝑙𝑜𝑔𝐾𝐻
𝑝𝑥,𝑏(𝑇,𝑚𝑁𝑎𝐶𝑙)

= 𝑙𝑜𝑔𝐾𝐻
𝑝𝑥,𝑤(𝑇) + 𝛽1(𝑇)𝑚𝑁𝑎𝐶𝑙 + 𝛽2(𝑇)𝑚𝑁𝑎𝐶𝑙

2

+ 𝛽3(𝑇)𝑚𝑁𝑎𝐶𝑙
3  

(7-11) 

𝑖 𝐵 𝐶 

1 7.83666e7 1.19784e-1 

2 1.96025e6 -7.17823e-4 

3 8.20574e4 4.93854e-6 

4 -7.40674e2 -1.03826e-8 

5 2.18380 1.08233e-11 

6 -2.20999e-3 N/A 
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where 𝐾𝐻
𝑝𝑥,𝑤

 and 𝐾𝐻
𝑝𝑥,𝑏

 are in bar, 𝑇 is in K, and 𝛽𝑖 are fit coefficients expressed in the 

following form: 

       𝛽𝑖(𝑇) =∑𝑎𝑖𝑗 × 𝑇𝑗−1
5

𝑗=1

 (7-12) 

The 𝑎𝑖𝑗 coefficients are listed in Table 7-2. Dubessy et al. [236] used the equation 

proposed by Harvey [246] for calculating 𝐾𝐻
𝑝𝑥,𝑤

. This equation is presented below:  

       

𝑙𝑛𝐾𝐻
𝑝𝑥,𝑤 = 𝑙𝑛𝑝𝑤 −

9.4234

𝑇𝑟
+
4.0087(1 − 𝑇𝑟)

0.355

𝑇𝑟

+ 10.3199𝑇𝑟
−0.41 exp(1 − 𝑇𝑟) 

(7-13) 

where, 𝑝𝑤 is the water vapor pressure in bar and 𝑇𝑟 is the reduced temperature for water 

(𝑇𝑟 =
𝑇

𝑇𝑐
 and 𝑇𝑐 = 647.14 K) [246]. 𝑝𝑤 can be estimated using the Atkinson model [128] 

described in Appendix H. When 𝐾𝐻
𝑝𝑥,𝑏

 is calculated, the CO2 solubility in molality can be 

obtained following Equations (7-9) and (7-10). 

 

Table 7-2 

The 𝑎𝑖𝑗 coefficients used in Equation (7-12) for calculating the effect of NaCl 

concentration on Henry’s law volatility constant in H2O-NaCl-CO2 mixtures [236]. 

𝑗 𝑎1𝑗 𝑎2𝑗 𝑎3𝑗 

1 3.114712456 -2.05637458 0.253424331 

2 -2.7655585e-2 2.081980200e-2 -0.26047432e-2 

3 0.9176713976e-4 -0.765857702e-4 0.0972580216e-4 
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4 -12.78795941e-8 12.011325315e-8 -1.551654794e-8 

5 6.2704268351e-11 -6.790343083e-11 0.8948557284e-11 

 

7.1.4 The Mao et al. CO2 Solubility Model 

Now that three models from the first group for CO2 solubility in aqueous salt 

solutions have been explained, a model from the second group will be describe here. The 

Mao et al. model [30] is an updated version of the Li and Duan model [126], which is one 

of most eminent CO2 solubility model in the literature. The Mao et al. model [30] is an 

empirical 𝛾 − 𝜑 vapor-liquid equilibrium model, which relies on exhaustive set of 

experimental data from the literature. Zhao et al. [237] reported that the Mao et al. model 

[30] is in excellent agreement with the experimental CO2 solubility in aqueous NaCl 

solution with an average absolute deviation of 2.09% from experimental data. The Mao et 

al. model [30] is valid from 0oC to 500oC, from 1 bar to 1000 bar, and from 0 to 4.5 

mol/kgH2O (~ 21 wt.%) of NaCl. The equation and parameters required to reproduce the 

Mao et al. model [30] will be presented below.  

 The basis of the Mao et al. model [30] is the balance between the chemical 

potential of CO2 in the gas phase (𝜇𝐶𝑂2
𝑔

) and that in the liquid phase (𝜇𝐶𝑂2
𝑙 ). The chemical 

potential can be expressed in terms of fugacity for the gas phase and activity for the 

liquid phase as follows: 

   

𝜇𝐶𝑂2
𝑔

(𝑇, 𝑃, 𝑦𝐶𝑂2) = 𝜇𝐶𝑂2
𝑔(𝑜)(𝑇) + 𝑅𝑇𝑙𝑛𝑓𝐶𝑂2(𝑇, 𝑃, 𝑦𝐶𝑂2) 

= 𝜇𝐶𝑂2
𝑔(𝑜)(𝑇) + 𝑅𝑇𝑙𝑛𝑦𝐶𝑂2𝑃 + 𝑅𝑇𝑙𝑛𝜑𝐶𝑂2(𝑇, 𝑃, 𝑦𝐶𝑂2) 

(7-14) 
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= 𝜇𝐶𝑂2
𝑔(𝑜)(𝑇) + 𝑅𝑇𝑙𝑛𝑦𝐶𝑂2𝑃 + 𝑅𝑇𝑙𝑛𝜑𝐶𝑂2

𝑃𝑢𝑟𝑒(𝑇, 𝑃)

+ 𝑅𝑇𝑙𝑛𝛾𝐶𝑂2
𝑔
(𝑇, 𝑃, 𝑦𝐶𝑂2) 

   𝜇𝐶𝑂2
𝑙 (𝑇, 𝑃,𝑚𝑁𝑎𝐶𝑙) = 𝜇𝐶𝑂2

𝑙(𝑜)(𝑇, 𝑃) + 𝑅𝑇𝑙𝑛𝑎𝐶𝑂2(𝑇, 𝑃,𝑚𝑁𝑎𝐶𝑙) 

= 𝜇𝐶𝑂2
𝑙(𝑜)(𝑇, 𝑃) + 𝑅𝑇𝑙𝑛𝑚𝐶𝑂2

+ 𝑅𝑇𝑙𝑛𝛾𝐶𝑂2
𝑙 (𝑇, 𝑃,𝑚𝑁𝑎𝐶𝑙) 

(7-15) 

where, 𝜇𝐶𝑂2
𝑔(𝑜)

 is the standard chemical potential of CO2(g) in the gas phase in J/mol and 

defined as the hypothetical ideal gas chemical potential at total pressure of 1 bar [30], and 

𝜇𝐶𝑂2
𝑙(𝑜)

 is the standard chemical potential of CO2(aq) in the liquid phase in J/mol and defined 

as the chemical potential in a hypothetically ideal solution of unit molality. 𝑓𝐶𝑂2 is the 

fugacity of CO2(g) in the gas phase, 𝑦𝐶𝑂2 is the mole fraction of CO2(g) in the gas phase, 

𝜑𝐶𝑂2 is the fugacity coefficient of CO2(g) in the gas phase (mixture of CO2(g) and H2O(g)), 

𝜑𝐶𝑂2
𝑃𝑢𝑟𝑒 is the fugacity coefficient of pure CO2(g) (assuming only CO2(g) in the gas phase), 

and 𝛾𝐶𝑂2
𝑔

 is the activity coefficient of CO2(g) in the gas phase. In the liquid phase, 𝑎𝐶𝑂2 is 

the activity of CO2(aq) and 𝛾𝐶𝑂2
𝑙  is the activity coefficient of CO2(aq). 𝑇 is solution 

temperature in K, 𝑃 is total pressure above the solution in bar, and 𝑚𝑁𝑎𝐶𝑙 is the 

concentration of NaCl in the solution in mol/kgH2O. 

The vapor-liquid equilibrium is reached when 𝜇𝐶𝑂2
𝑔

= 𝜇𝐶𝑂2
𝑙 . Therefore, Equations 

(7-14) and (7-15) are set equal and after some simplifications the following equation is 

obtained: 
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𝑙𝑛
𝑦𝐶𝑂2𝑃

𝑚𝐶𝑂2

=
𝜇𝐶𝑂2
𝑙(𝑜)(𝑇, 𝑃) − 𝜇𝐶𝑂2

𝑔(𝑜)(𝑇)

𝑅𝑇
− 𝑙𝑛𝛾𝐶𝑂2

𝑔
(𝑇, 𝑃, 𝑦𝐶𝑂2)

− 𝑙𝑛𝜑𝐶𝑂2
𝑃𝑢𝑟𝑒(𝑇, 𝑃) + 𝑙𝑛𝛾𝐶𝑂2

𝑙 (𝑇, 𝑃,𝑚𝑁𝑎𝐶𝑙) 

(7-16) 

 𝜇𝐶𝑂2
𝑔(𝑜)

 is considered zero in the Mao et al. model for simplifying the parametrization of 

variables needed to calculate CO2 solubility. This assumption does not influence the 

results as the difference between 𝜇𝐶𝑂2
𝑙(𝑜)

 and 𝜇𝐶𝑂2
𝑔(𝑜)

 is important. 

 In the Mao et al. model [30], the interaction between CO2 and H2O molecules in the gas 

phase is accounted for in terms of 𝛾𝐶𝑂2
𝑔

. However, 𝛾𝐶𝑂2
𝑔

 is not calculated separately in this 

model, rather it is grouped with the chemical potential difference term in Equation (7-16), 

which is then obtained by fitting it to the experimental results. In contrast, this interaction 

between gas molecules in a gas mixture is often accounted for in the literature by 

employing different mixing rules such as the ideal mixing rule [243,247] or the quadratic 

mixing rule [248]. The quadratic mixing rule will be used in the Springer et al. [241] 

speciation model discussed in Section 8.3.1. 

𝛾𝐶𝑂2
𝑙  in Equation (7-16) can be calculated using a virial expansion of the excess 

Gibbs free energy [143]: 

   

𝑙𝑛𝛾𝐶𝑂2
𝑙 =∑2𝜆𝐶𝑂2−𝑐𝑚𝑐

𝑐

+∑2𝜆𝐶𝑂2−𝑎𝑚𝑎

𝑎

+∑∑𝜉𝐶𝑂2−𝑐−𝑎
𝑎

𝑚𝑐𝑚𝑎

𝑐

 

(7-17) 

where, 𝑚𝑐 and 𝑚𝑎 are the molality concentrations of cation 𝑐 and anion 𝑎, respectively; 

𝜆 and 𝜉 are the second-order and third-order virial coefficients, respectively, representing 
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the interactions between ions (Na+
(aq) and Cl-

(aq)) themselves, and with and neutral species 

(CO2(aq)). The summations are over all the species dissolved in the solution. In the Mao et 

al. model [30], the dissociation of CO2(aq) in water and dissociation of water are 

considered to be negligible, which are acceptable assumptions because the first and the 

second dissociation equilibrium constants for CO2(aq) and the dissociation equilibrium 

constant for H2O(l) are very small (of the order of 10-7 and 10-11 for CO2(aq) and 10-14 for 

water at 25oC and 1 bar). Therefore, the interactions between HCO3
-
(aq), CO3

2-
(aq), H

+
(aq), 

OH-
(aq) with CO2(aq) are ignored in the Mao et al. model [30]. Therefore, Equation (7-17) 

can be reduced to: 

   𝑙𝑛𝛾𝐶𝑂2
𝑙 = 2𝜆𝐶𝑂2−𝑁𝑎𝑚𝑁𝑎 + 2𝜆𝐶𝑂2−𝑐𝑙𝑚𝑐𝑙 + 𝜉𝐶𝑂2−𝑁𝑎−𝐶𝑙𝑚𝑁𝑎𝑚𝐶𝑙 (7-18) 

The activity coefficient of CO2(aq) can be calculated by using Equation (7-18). It 

should be noted that the interaction between CO2 molecules with each other (𝜆𝐶𝑂2−𝐶𝑂2) is 

neglected by Mao et al. [30] in Equation (7-18). However, this type of interaction is 

considered in the Li and Duan speciation model [136,249], which is explained in Section 

8.1.3. The molality-based activity coefficient of CO2(aq) (𝛾𝐶𝑂2
𝑚 ) at 25oC, 1 bar total 

pressure, and 4.28 m (20 wt.%) NaCl is 2.2703 when the interactions between CO2(aq) 

molecules are not considered in the calculations. However, at the same conditions, 𝛾𝐶𝑂2
𝑚  is 

2.32 when the interactions between CO2(aq) molecules are included in the calculations. 

For the H2O-NaCl-CO2 system, considering that NaCl is a 1:1 salt, 𝑚𝑁𝑎= 𝑚𝐶𝑙 = 

𝑚𝑁𝑎𝐶𝑙. Plugging Equation (7-18) into Equation (7-16) gives: 
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𝑙𝑛
𝑦𝐶𝑂2𝑃

𝑚𝐶𝑂2

=
𝜇𝐶𝑂2
𝑙(0)(𝑇, 𝑃)

𝑅𝑇
− 𝑙𝑛𝛾𝐶𝑂2

𝑔
(𝑇, 𝑃, 𝑦𝐶𝑂2) − 𝑙𝑛𝜑𝐶𝑂2

𝑃𝑢𝑟𝑒(𝑇, 𝑃)

+ 2𝜆𝐶𝑂2−𝑁𝑎𝑚𝑁𝑎 + 2𝜆𝐶𝑂2−𝑐𝑙𝑚𝑐𝑙

+ 𝜉𝐶𝑂2−𝑁𝑎−𝐶𝑙𝑚𝑁𝑎𝑚𝐶𝑙 

(7-19) 

To satisfy the electroneutrality law in the solution, Duan et al. [126,250] 

concluded that one of the variables (
𝜇𝐶𝑂2
𝑙(0)

𝑅𝑇
− 𝑙𝑛𝛾𝐶𝑂2

𝑔
𝜆𝐶𝑂2−𝑁𝑎, 𝜆𝐶𝑂2−𝑐𝑙, or 𝜉𝐶𝑂2−𝑁𝑎−𝐶𝑙) in 

Equation (7-19) must be set to zero. That variable is 𝜆𝐶𝑂2−𝐶𝑙 [126,250]. The remaining 

variables are obtained by fitting the experimental results with an equation proposed by 

Mao et al. [30] as below: 

   
𝑃𝑎𝑟(𝑇, 𝑃) = 𝑐1 + 𝑐2𝑇 +

𝑐3
𝑇
+ 𝑐4𝑇

2 +
𝑐5
𝑇2

+ 𝑐6𝑃 + 𝑐7𝑃𝑇 +
𝑐8𝑃

𝑇

+ 𝑐9𝑃𝑇
2 + 𝑐10𝑃

2𝑇 + 𝑐11𝑃
3 

(7-20) 

𝜇𝐶𝑂2
𝑙(0)

𝑅𝑇
− 𝑙𝑛𝛾𝐶𝑂2

𝑔
s parameterized by fitting Equation (7-20) with experimental solubility data 

of CO2 in pure water. 𝜆𝐶𝑂2−𝑁𝑎 and 𝜉𝐶𝑂2−𝑁𝑎−𝐶𝑙 are obtained simultaneously by matching 

the experimental CO2 solubility data in aqueous NaCl solutions. The 𝑐 coefficients in 

Equation (7-20) are listed in Table 7-3. It should be noted that all the variables on the 

right-hand side of Equation (7-20) are a function of 𝑇 and 𝑃, except 𝛾𝐶𝑂2
𝑔

, which is a 

function of 𝑦𝐶𝑂2 in addition to 𝑇 and 𝑃. This dependency of 𝛾𝐶𝑂2
𝑔

 on the composition of 

the gas mixture in the gas phase has been ignored in the Mao et al. model, which is an 

acceptable assumption at temperatures below 100oC [251]. 

After all, by introducing the calculated variables from Equation (7-20) and 𝜑𝐶𝑂2
𝑃𝑢𝑟𝑒 

into Equation (7-19), the CO2 solubility in molality units can be obtained.  
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Table 7-3 

Coefficients used in Equation (7-20) for calculating the parameters required for CO2 

solubility estimation in aqueous NaCl solutions. The coefficients are valid for a 

temperature range of 273.15 ≤ 𝑇 ≤ 503*. 

Coefficients 
𝜇𝐶𝑂2
𝑙(0)

𝑅𝑇
− 𝑙𝑛𝛾𝐶𝑂2

𝑔
 𝜆𝐶𝑂2−𝑁𝑎

†  𝜉𝐶𝑂2−𝑁𝑎−𝐶𝑙
† 

𝑐1 0.23018254e2 -0.31312239 0.34096802e-2 

𝑐2 -0.36540569e-1 0.55326470e-3 -0.27671084e-4 

𝑐3 -0.18366895e4 0.75844401e2 0 

𝑐4 0.20330876e-4 0 0 

𝑐5 -0.39072384e6 0 0 

𝑐6 -0.58269326e-1 -0.18950519e-3 0 

𝑐7 0.15061716e-3 0.71628762e-6 -0.83847525e-7 

𝑐8 0.78086969e1 0 0 

𝑐9 -0.13013307e-6 0 0 

𝑐10 0.11145375e-8 -0.14585720e-9 0.34225403e-10 

𝑐11 -0.13073985e-9 0 0 

* For temperatures greater than 503 K, readers can refer to the original publication [30]. 
† The units for 𝜆 and 𝜉 are kgH2O/mol and (kgH2O/mol)2, respectively. 
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7.1.5 Quantification of Salting Out of CO2 and Comparison of CO2 Solubility Models  

 Figure 7-1 compares CO2 solubility models at different temperatures and 

atmospheric, moderate, and high pressures. All the models are reproduced for this work 

except the Zhao et al. model [237]. The data for the Zhao et al. model [237] are taken 

from their publication and an online version of the model which is currently unavailable.  

The salting out effect is captured by all six models. The Mao et al. [30], the Zhao et al. 

[237], and the Springer et al. [241] models in which interspecies interactions are included 

behave almost the same for all three conditions over the entire range of NaCl 

concentrations. The Oddo and Tomson model [232] overpredicts considerably in all three 

cases, and thereby, it is not recommended. The Dubessy et al. model [236] shows 

acceptable predictions at low and moderate pressures. However, it overpredicts CO2 

solubility at high pressures. The Battistelli et al. model [235] slightly underpredicts CO2 

solubility at low and moderate pressures. The Battistelli et al. model [235] performs 

better than the Dubessy et al. model [236] at high pressures. In summary, the interspecies 

interaction-based models are more accurate that the ionic strength-based models. 

However, they are more complex to reproduce. In case simplicity is more important than 

the accuracy, the Dubessy et al. model [236] is suggested to be used for pressures below 

70 bar and the Battistelli et al. model [235] for pressures above 70 bar.  
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Figure 7-1 

Comparison of CO2 solubility models in aqueous NaCl solutions at (A) 25oC and 1 bar and (B) 50oC and 150 bar. Pressures are total 

pressure. The Dubessy et al. model [236] is not supposed to be used for temperatures below 50oC. The measurements are taken from 

[237,252] 

(A) 

 

(B) 
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7.2 The Effect of Salt Concentration on Solubility of H2S Gas 

The number of models available in the literature for H2S solubility in water and 

NaCl aqueous solutions is limited compared to that for CO2 solubility due to the 

hazardous nature of H2S gas and difficulties related to operating experiments with this 

gas, particularly at high pressures and temperatures. Similar to CO2, two group of models 

can be found in the literature for solubility of H2S gas in aqueous NaCl solutions. The 

first group relates the Henry’s law constant to the solution ionic strength without taking 

into account the interactions between H2S molecules and other dissolved species in the 

solution [236,245,155,253–255]. The second group of models considers interspecies 

interactions in the liquid phase [127,256–258] and in some cases even in the gas phase 

[241]. The Millero and Harshey [254] and the Dubessy et al. [236] models from the first 

group and the Duan et al. [127] and the Springer et al. [241] models from the second 

group will be explained in the following text. The Springer et al. model [241] is 

presented in Section 8.3.1. Similar to the CO2 solubility models, the effect of pressure on 

solubility of H2S(g)
 is not considered in the first group of models, which makes them 

applicable only for pressures lower than 5 bar [127]. However, in this study the fugacity 

coefficient is added to these models (Equation (7-26)) to make them appropriate for 

higher pressures. 

7.2.1 The Millero and Harshey H2S Solubility Model   

The Millero and Harshey model [254] is an empirical model in the form of 

Setschenow equation: 
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       𝑙𝑛
𝑚𝐻2𝑆

𝑤

𝑚𝐻2𝑆
𝑏 = 𝑘𝑏𝐼𝑚 (7-21) 

where, 𝑚𝐻2𝑆
𝑤  and 𝑚𝐻2𝑆

𝑏  are molality concentrations of H2S(aq) in pure water and salt 

solution, respectively, 𝑘𝑏 is the salting out coefficient in kgH2O/mol and 𝐼𝑚 is molality 

based ionic strength of solution. 𝑘𝑏 is given as a function of temperature (in oC) as 

follows: 

       𝑘𝑏(𝑇𝑐) = 8.743 × 10−4 − 2.5317 × 10−3𝑇𝑐 + 3.1982 × 10−5𝑇𝑐
2 (7-22) 

The H2S Henry’s law volatility constant equation proposed by Clark and Glew [259] is 

used to calculate 𝑥𝐻2𝑆
𝑤 : 

       𝐾𝐻
𝑝𝑚,𝑤 = 10103.70−

4455.94
𝑇

−37.1874×log(𝑇)+0.01426×𝑇
 (7-23) 

       
𝑚𝐻2𝑆

𝑤 =
𝐾𝐻
𝑝𝑚,𝑤

𝑓𝐻2𝑆
 

(7-24) 

where, 𝐾𝐻
𝑝𝑚,𝑤

 is the H2S Henry’s law volatility constant in atm∙kgH2O/mol and 𝑓𝐻2𝑆 is 

the fugacity of H2S(g) in atm, and 𝑇 is the solution temperature in K. Equation ((7-23) is 

valid from 25oC to 260oC. 𝑓𝐻2𝑆 can be calculated using equations below: 

 𝑝𝐻2𝑆 = 𝑦𝐻2𝑆 ∙ 𝑃 (7-25) 

      𝑓𝐻2𝑆 = 𝜑𝐻2𝑆
𝑃𝑢𝑟𝑒 ∙ 𝑝𝐻2𝑆 (7-26) 

where, 𝑃 and 𝑝𝐻2𝑆 are the total pressure and the partial pressure of H2S(g) and have the 

same unit as that of 𝑓𝐻2𝑆. 𝑦𝐻2𝑆 is the mole fraction of H2S(g) in the gas phase and can be 

calculated by: 

   𝑦𝐻2𝑆 =
𝑃 − 𝑝𝐻2𝑂

𝑃
 (7-27) 
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where, 𝑝𝐻2𝑂 is water vapor (H2O(g)) pressure in bar and can be obtained from a model by 

Atkinson [128] mentioned in Appendix H. The fugacity coefficient of pure H2S(g), 𝜑𝐻2𝑆
𝑃𝑢𝑟𝑒 

can be obtained by Duan et al. [256] EOS presented in Appendix J. The validity range for 

the Millero and Harshey model [254] is not explicitly reported. However, from their 

publications [253,254], it can be speculated that the model is valid for temperatures 

below 50oC and ionic strengths up to 1 m. 

7.2.2 The Dubessy et al. H2S Solubility Model 

The Dubessy et al. solubility model [236] is an empirical vapor-liquid equilibrium 

model for aqueous NaCl solutions valid in the temperature range of 50oC to 250oC and 

NaCl concentrations up to 6 m. The dependency of H2S solubility on NaCl concentration 

is modeled in the Dubessy et al. model [236] by correlating the H2S Henry’s law constant 

in aqueous NaCl solution (𝐾𝐻
𝑝𝑥,𝑏

) and that in pure water (𝐾𝐻
𝑝𝑥,𝑤

) with polynomial terms 

as functions of temperature and NaCl concentration. Their proposed equation is given 

below: 

      

𝑙𝑜𝑔𝐾𝐻
𝑝𝑥,𝑏(𝑇,𝑚𝑁𝑎𝐶𝑙)

= 𝑙𝑜𝑔𝐾𝐻
𝑝𝑥,𝑤(𝑇) + 𝛽1(𝑇)𝑚𝑁𝑎𝐶𝑙 + 𝛽2(𝑇)𝑚𝑁𝑎𝐶𝑙

2

+ 𝛽3(𝑇)𝑚𝑁𝑎𝐶𝑙
3  

(7-28) 

where 𝐾𝐻
𝑝𝑥,𝑤

 and 𝐾𝐻
𝑝𝑥,𝑏

 are in bar, 𝑇 is in K, and 𝛽𝑖 are fit coefficients expressed in the 

following form: 

       𝛽𝑖(𝑇) =∑𝑎𝑖𝑗 × 𝑇𝑗−1
5

𝑗=1

 (7-29) 



159 

 

  

The 𝑎𝑖𝑗 coefficients are listed in Table 7-4. Dubessy et al. [236] used the equation 

proposed by Harvey [246] for calculating 𝐾𝐻
𝑝𝑥,𝑤

. This equation is presented below:  

       

𝑙𝑛𝐾𝐻
𝑝𝑥,𝑤 = 𝑙𝑛𝑝𝐻2𝑂 −

−5.7131

𝑇𝑟
+
5.3727(1 − 𝑇𝑟)

0.355

𝑇𝑟

+ 5.4227𝑇𝑟
−0.41 exp(1 − 𝑇𝑟) 

(7-30) 

The concentration of dissolved H2S in aqueous NaCl solutions (𝑚𝐻2𝑆(𝑎𝑞)
) can be 

calculated by using the following equations: 

       𝑥𝐻2𝑆(𝑎𝑞) =
𝐾𝐻
𝑝𝑥,𝑏

𝑝𝐻2𝑆
 (7-31) 

 𝑚𝐻2𝑆(𝑎𝑞)
=

𝑥𝐻2𝑆(𝑎𝑞)

1 − 𝑥𝐻2𝑆(𝑎𝑞)
(𝑚𝑁𝑎𝐶𝑙 +

1000

𝑀𝑤
) (7-32) 

where, 𝑚𝐻2𝑆(𝑎𝑞)
 is in molality (mol/kgH2O), 𝑝𝐻2𝑆 is partial pressure of H2S in the gas 

phase in bar, 𝑥𝐻2𝑆(𝑎𝑞)  is the mole fraction of dissolved H2S in the aqueous NaCl solution, 

𝑚𝑁𝑎𝐶𝑙 is the molality concentration of NaCl in the solution in mol/kgH2O, and 𝑀𝑤 is the 

molecular weight of water in g/mol. 
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Table 7-4 

The 𝑎𝑖𝑗 coefficients used in Equation (7-29)  for calculating the effect of NaCl 

concentration on Henry’s law volatility constant in H2O-NaCl-H2S mixtures [236]. 

𝑗 𝑎1𝑗 𝑎2𝑗 𝑎3𝑗 

1 -12.4617636 5.327383011 -0.75715275 

2 12.69373100e-2 -5.82779828e-2 0.831927411e-2 

3 -4.791540697e-4 2.3650333285e-4 -0.338668040e-4 

4 7.9817223650e-7 -4.207913036e-8 0.6037602785e-8 

5 -4.931093145e-11 2.7628521914e-11 -0.397049836e-11 

 

7.2.3 The Duan et al. H2S Solubility Model 

The Duan et al. [127] H2S solubility model is an empirical vapor-liquid 

equilibrium model for calculating H2S solubility in pure water as well as aqueous NaCl 

solutions. The Duan et al. [127] model considers the interspecies interactions between 

H2S molecules and salt ions in the liquid phase and uses an accurate EOS for the vapor 

phase. The Duan et al. H2S solubility model [127] is almost the same as the Sun and 

Duan [126] and Mao et al. [30] CO2 solubility models mentioned earlier. Only the final 

equation required to calculate H2S solubility in aqueous NaCl solutions is presented here 

to avoid repetition: 

   
𝑙𝑛
𝑦𝐻2𝑆𝑃

𝑚𝐻2𝑆
=
𝜇𝐻2𝑆
𝑙(0)(𝑇, 𝑃)

𝑅𝑇
− 𝑙𝑛𝜑𝐻2𝑆

𝑃𝑢𝑟𝑒(𝑇, 𝑃) + 2𝜆𝐻2𝑆−𝑁𝑎𝑚𝑁𝑎

+ 2𝜆𝐻2𝑆−𝑐𝑙𝑚𝑐𝑙 + 𝜉𝐻2𝑆−𝑁𝑎−𝐶𝑙𝑚𝑁𝑎𝑚𝐶𝑙 

(7-33) 
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The activity coefficient of H2S in the gas phase, 𝛾𝐻2𝑆
𝑔

 is considered to be one in the Duan 

et al. H2S solubility model [127]. 𝜆𝐻2𝑆−𝑐𝑙 is set to zero similar to the Mao et al. model 

[30] for CO2 solubility. 𝜑𝐻2𝑆
𝑃𝑢𝑟𝑒 can be obtained from Duan et al. [256] et al. presented in 

Appendix J. 
𝜇𝐻2𝑆
𝑙(0)

𝑅𝑇
, 𝜆𝐻2𝑆−𝑁𝑎, and 𝜉𝐻2𝑆−𝑁𝑎−𝐶𝑙 are calculated using the following equation: 

   

𝑃𝑎𝑟(𝑇, 𝑃) = 𝑐1 + 𝑐2𝑇 +
𝑐3
𝑇
+ 𝑐4𝑇

2 +
𝑐5

680 − 𝑇
+ 𝑐6𝑃 +

𝑐7𝑃

680 − 𝑇

+
𝑐8𝑃

2

𝑇
 

(7-34) 

where 𝑇 is the solution temperature in K, and 𝑃 is total pressure in bar. The 𝑐𝑖 

coefficients are itemized in Table 7-5. The accuracy of the Duan et al. [127] H2S 

solubility model is claimed to be within the 7% of the experimental data. The Duan et al. 

[127] H2S solubility model is valid for 0o to 227oC solution temperature, 0 to 200 bar 

total pressure, and NaCl concentrations up to 6 M. 
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Table 7-5 

Coefficients used in Equation (7-20) for calculating parameters needed for estimation of 

H2S solubility in aqueous NaCl solutions [127]. 

Coefficients 
𝜇𝐻2𝑆
𝑙(0)

𝑅𝑇
 𝜆𝐻2S−𝑁𝑎

†  𝜉𝐻2𝑆−𝑁𝑎−𝐶𝑙
† 

𝑐1 42.564957 8.5004999e-2 -1.0832589e-2 

𝑐2 -8.6260377e-2 3.5330378e-5 0 

𝑐3 -6084.3775 -1.5882605 0 

𝑐4 6.8714437e-5 0 0 

𝑐5 -102.76849 0 0 

𝑐6 8.4482895e-4 1.1894926e-5 0 

𝑐7 -1.0590768 0 0 

𝑐8 3.5665902e-3 0 0 

† The units for 𝜆 and 𝜉 are kgH2O/mol and (kgH2O/mol)2, respectively. 

 

7.2.4 Quantification of Salting out of H2S and Comparison of H2S Solubility Models  

Figure 7-2 shows the H2S solubility values in aqueous NaCl solutions calculated with 

five models at various combinations of temperatures and pressures. According to all five 

models, increasing NaCl concentration results in a decrease in H2S solubility. The 

Millero and Harshey model [254] overpredicts H2S solubility for all three conditions. The 

other models predict similar values for all three examples indicating that all of them can 

be used for the estimation of dissolved H2S in aqueous NaCl solutions. The Duan et al. 

[127] and the Springer et al. [241] model are used in this study.
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Figure 7-2 

Comparison of H2S solubility models in aqueous NaCl solutions at (A) 25oC and 1 bar, (B) 80oC and 1 bar. Pressures are total pressure. 

H2S solubility values are calculated at 25oC for Dubessy et al. model and up to 25 wt.% NaCl for the Millero and Harshey model 

regardless of their validity range. Measurements are taken from [260]. 

 

(A) 

 

(B) 
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7.2.5 The Effect of Electrolyte Type and Ionic Strength on H2S Solubility 

 Figure 7-3 shows measured H2S solubility values [261] vs. ionic strength in 

aqueous solutions containing different HCl/NaCl ratios. Following the yellow triangles 

on the H2S concentration line shows that increasing NaCl concentration decreased H2S 

solubility. However, following the pink squares on the H2S concentration line shows that 

addition of HCl did not have any effect on H2S solubility. This indicates that HCl acid 

did not cause salting out of H2S gas. Another interesting conclusion which can be made 

from Figure 7-3 is that the interaction between H2S molecules and Cl- ions is negligible 

compared to that between H2S molecules and Na+ ions. This conclusion agrees 

surprisingly with the assumption observed in the Duan et al. [127] H2S solubility model 

for 𝜆𝐻2𝑆−𝐶𝑙 = 0. 
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Figure 7-3 

Variation in H2S solubility (solid line) with respect to ionic strength in aqueous solutions containing NaCl-HCl mixtures at 25oC and 

~1 atm H2S partial pressure. The bars show NaCl or HCl concentration in M. Data are processed from [261]. 
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Figure 7-4 shows H2S solubility measurements as a function of ionic strength in 

aqueous solutions with different electrolytes. For both salts (NaCl and NaClO4) H2S 

solubility decreased at higher ionic strengths. For HCl and HClO4 solutions with ionic 

strengths lower than 5 M, change in the ionic strength did not vary H2S solubility. 

However, for HI acid, the amount of dissolved H2S in the solution increased with 

increasing ionic strength. Therefore, it can be concluded that salting out or salting in 

depends on the nature of dissolved electrolytes.  

 

Figure 7-4 

Variation in H2S solubility vs. ionic strength in aqueous solutions with different 

electrolytes at 25oC and ~ 1 atm H2S partial pressure. Data are borrowed from [261–

264] 
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7.3 Comparison of Salting Out of CO2 and H2S in Aqueous NaCl Solutions 

Figure 7-5 compares CO2 solubility with H2S solubility in aqueous NaCl 

solutions. At a constant NaCl concentration, H2S(g) solubility in the solution is almost 

three times of CO2 solubility. This holds for the entire range of NaCl concentrations. This 

difference in solubility is important when comparing the rate of corrosion under CO2 and 

H2S gases and will be used when analyzing the experimental results. 

 

Figure 7-5 

Comparison of CO2 solubility with H2S solubility in aqueous NaCl solutions at 60oC and 

~10 bar CO2(g) or H2S(g) partial pressures. Solubility values are obtained with Mao et al. 

[30] and Duan et al. [127] models. 
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 Thermodynamic Models for Speciation Equilibria in H2O-NaCl-CO2-

H2S systems 

In this chapter three speciation equilibrium models for the H2O-NaCl-CO2 

system, one model for the H2O-NaCl-H2S system, and one model for the H2O-NaCl-CO2-

H2S system is presented. At the end of this chapter, the effect of salt concentration on 

solution chemistry is investigated with the help of these models. Finally, the speciation 

equilibrium models are compared with experimental measurements and with each other. 

8.1 The Effect of Salt Concentration on Speciation Equilibria in Solutions Saturated 

with CO2(g) 

Several models exist in the literature for calculating equilibrium concentrations in 

CO2-saturated aqueous NaCl solutions. Examples for models based on stoichiometric 

equilibrium constants are [232,255,169,265,266,201] and for models based on 

thermodynamic equilibrium constants are [127,240,241,249]. Out of these, four models 

have been reproduced in this study and will be explained in the following text: the Oddo 

and Tomson model [232], the Millero et al. model [266], the Li and Duan model [136], 

and the MSE model [241]. The MSE model which covers the H2O-NaCl-CO2 and the 

H2O-NaCl-H2S systems as well as their combination, the H2O-NaCl-CO2-H2S will be 

described in Section 8.3.  

Before explaining the speciation equilibrium models, it is necessary to review the 

speciation equilibria reactions occur in aqueous NaCl solutions saturated with CO2 gas. 

When CO2(g) dissolves in water, it will react with water molecules and the following 

reactions take place: 
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1) CO2(g) dissolution  

2) The hydration reaction 

3) The dissociation of carbonic acid 

4) The dissociation of carbonate ion 

where, 𝐾𝑠𝑜𝑙 is CO2 solubility equilibrium constant and can be obtained from one 

of the models presented in Section 7.1. In CO2 equilibrium speciation models, Reactions 

(8-2) and (8-3) are consistently lumped together as follows: 

    𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙)
𝐾1
↔𝐻𝐶𝑂3(𝑎𝑞)

− + 𝐻(𝑎𝑞)
+  (8-5) 

The reason is that the stoichiometric equilibrium constant (𝐾ℎ𝑦𝑑
∗ ) for Reaction (8-2) is 

negligible (~ 2.58× 10−3 at 25oC) [267]. This means that more than 99% of CO2(g) 

dissolved in water exists as CO2(aq) and less than 1% is in the form of true of free 

H2CO3(aq) [268]. Thus, H2CO3(aq) is ignored in speciation equilibrium calculations. It is 

worth mentioning that 𝐾1 = 𝐾ℎ𝑦𝑑 × 𝐾𝑐𝑎. In addition to above reactions, water molecules 

go through a dissociation reaction as follows: 

    𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙)
𝐾𝑠𝑜𝑙
↔ 𝐻2𝐶𝑂3(𝑎𝑞) (8-1) 

    𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙)
𝐾ℎ𝑦𝑑
↔  𝐻2𝐶𝑂3(𝑎𝑞) (8-2) 

    𝐻2𝐶𝑂3(𝑎𝑞)
𝐾𝑐𝑎
↔ 𝐻𝐶𝑂3(𝑎𝑞)

− + 𝐻(𝑎𝑞)
+  (8-3) 

    𝐻𝐶𝑂3(𝑎𝑞)
−

𝐾2
↔𝐶𝑂3(𝑎𝑞)

2− + 𝐻(𝑎𝑞)
+  (8-4) 

    𝐻2𝑂(𝑙)
𝐾𝑤
↔ 𝑂𝐻(𝑎𝑞)

− + 𝐻(𝑎𝑞)
+  (8-6) 
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Now that the possible reactions in the liquid phase in H2O-NaCl-CO2 mixtures are 

mentioned, the speciation equilibrium models will be discussed. 

8.1.1 An Ionic Strength-Based Speciation Equilibrium Model for H2O-NaCl-CO2 

Systems Based on Oddo and Tomson Equations 

The Oddo and Tomson model [232] was introduced previously in Section 7.1.1. 

The required inputs for the Oddo and Tomson model is temperature, total pressure, and 

NaCl concentration (ionic strength). In this part, only the equations related to the 

stoichiometric equilibrium constants, 𝐾1
∗ and 𝐾2

∗ for Reactions (8-5) and (8-4), 

respectively, will be added: 

where, 𝐾1
∗ and 𝐾2

∗ are in Molar, 𝑇𝑓 is solution temperature in oF, 𝑃 is total pressure in psi, 

and 𝐼𝑀 is the molarity based ionic strength. For the stoichiometric equilibrium constant 

(𝐾𝑤𝑎
∗ ) for water dissociation Reaction (8-6), the empirical equation developed by 

Marshall and Franck [269] can be used (Appendix G). The effect of salt concentration on 

dissociation reaction of water is ignored in the calculations as this effect is shown to be 

minor (< 5% at 25oC and 1 atm) in a range of NaCl concentrations from 0 to 5 M [270]. 

Therefore, the activity of water, 𝑎𝐻2𝑂 (dimensionless) can be assumed to be equal to 

unity, i.e., 𝐾𝑤
∗ = 𝐾𝑤. 

 The stochiometric equilibrium constants are given below in terms of molarity 

concentrations (𝑐𝑖): 

    𝐾1
∗ = 106.41−1.594×10

−3𝑇𝑓+3.52×10
−6𝑇𝑓

2−3.07×10−5𝑃−0.4772𝐼𝑀
0.5+0.118𝐼𝑀 (8-7) 

    𝐾2
∗ = 1010.61−4.97×10

−3𝑇𝑓+1.33×10
−5𝑇𝑓

2−2.624×10−5𝑃−1.166𝐼𝑀
0.5+0.3466𝐼𝑀 (8-8) 
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Since Equations (8-7) and (8-8) are in molarity unit, the concentration unit in the above 

equations needs to be in molarity. 

The main species produced due to dissociation Reactions (8-5), (8-4), and (8-6) in 

H2O-NaCl-CO2 systems are 𝐻(𝑎𝑞)
+ , 𝐻𝐶𝑂3(𝑎𝑞)

− , 𝐶𝑂3(𝑎𝑞)
2− , and 𝑂𝐻(𝑎𝑞)

− . To calculate the 

equilibrium concentrations of these four species, four equations are required. Three 

equations come from Equations (8-9), (8-10), and (8-11). The fourth equation is the 

charge neutrality equation29: 

   𝑐𝐻(𝑎𝑞)
+ = 𝑐𝐻𝐶𝑂3(𝑎𝑞)

− + 2𝑐𝐶𝑂3(𝑎𝑞)
2− + 𝑐𝑂𝐻(𝑎𝑞)

−  (8-12) 

For the same reason just mentioned above, molarity unit is used in Equation (8-12). 

Nevertheless, the charge neutrality equation holds valid with any concentration unit.  

 If concentrations of 𝐻𝐶𝑂3(𝑎𝑞)
− , 𝐶𝑂3(𝑎𝑞)

2− , and 𝑂𝐻(𝑎𝑞)
−  in Equation (8-12) are written 

in term of 𝐻(𝑎𝑞)
+  concentration, using Equations (8-9), (8-10), and (8-11), the following 

cubic equations will be obtained:  

   𝐴𝑐
𝐻(𝑎𝑞)
+

3 + 𝐵𝑐
𝐻(𝑎𝑞)
+

2 + 𝐶𝑐𝐻(𝑎𝑞)
+ + 𝐷 = 0 (8-13) 

 𝐴 = 1  

 
29  Charge neutrality or charge balance or electroneutrality is observed in all solutions except in a thin 

double layer near electrodes and other boundaries. The general charge neutrality is ∑ 𝑧𝑖𝑐𝑖 = 0𝑖  [21]. 

    
𝐾1
∗ =

𝑐𝐻(𝑎𝑞)
+ 𝑐𝐻𝐶𝑂3(𝑎𝑞)

−

𝑐𝐶𝑂2(𝑎𝑞)
 

(8-9) 

    
𝐾2
∗ =

𝑐𝐻(𝑎𝑞)
+ 𝑐𝐶𝑂3(𝑎𝑞)

2−

𝑐𝐻𝐶𝑂3(𝑎𝑞)
−

 
(8-10) 

 𝐾𝑤
∗ = 𝑐𝐻(𝑎𝑞)

+ 𝑐𝑂𝐻(𝑎𝑞)
−  (8-11) 
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 𝐵 = 0  

 𝐶 = −(𝐾𝑤
∗ +𝐾1

∗ ∙ 𝑐𝐶𝑂2(𝑎𝑞))  

 𝐷 = −2 ∙ 𝐾1
∗ ∙ 𝐾2

∗ ∙ 𝑐𝐶𝑂2(𝑎𝑞)   

where, 𝑐𝐶𝑂2(𝑎𝑞)  is the concentration of dissolved CO2 in the solution in molarity, which 

has been already shown how to calculate using Equation (7-1). The equilibrium 

concentrations of all four species can be obtained by solving Equation (8-13) [271]. The 

validity range for the Oddo and Tomson model [232] is from 25oC to 250oC, 1 to 1200 

bars, and 0 to 4 M.  

The autogenous pH of solution can be obtained by using the following equation: 

   𝑝𝐻 = −log (𝑚𝐻+𝛾𝐻+
𝑚 ) (8-14) 

where, 𝑚𝐻+ is molality concentration of 𝐻(𝑎𝑞)
+ , and 𝛾𝐻+

𝑚  is the molality-based activity 

coefficient of 𝐻(𝑎𝑞)
+ . The equilibrium concentration of 𝐻(𝑎𝑞)

+  obtained by the Oddo and 

Tomson [232] model is in molarity. Therefore, it needs to be converted to molality before 

being used in Equation (8-14): 

   𝑚𝐻+ =
105𝑐𝐻+

(100 − 𝑤𝑡)𝜌𝑏
 (8-15) 

where, 𝑤𝑡 is salt concentration in weight percent and 𝜌𝑏 is the solution density in kg/m3. 

For instant, for a 20 wt.% NaCl aqueous solution, 𝑤𝑡 = 20. 𝛾𝐻+
𝑚  can be obtained by the 

simplified Pitzer’s equation presented in Section 5.1.2. 

8.1.2 An Ionic Strength-Based Speciation Equilibrium Model for H2O-NaCl-CO2 

Systems Based on Millero et al. Equations 
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The Millero et al. model [266] is an empirical speciation equilibrium model that 

expresses the dissociation equilibrium constants for Reactions (8-5) and (8-4) as a 

function of temperature and NaCl concentration. The inputs needed for the Millero et al. 

model are temperature, total pressure, NaCl concentration. According to the Millero et al. 

model [266], the stoichiometric equilibrium constants, 𝐾1
∗ and 𝐾2

∗ are in the following 

form: 

    𝑝𝐾𝑖
∗ − 𝑝𝐾𝑖 = 𝐴𝑖 +

𝐵𝑖
𝑇
+ 𝐶𝑖𝑙𝑛𝑇 (8-16) 

where, 𝐾𝑖
∗ is in molality, 𝐾𝑖 is the equilibrium constant for Reactions (8-5) and (8-4) in 

pure water in molality, 𝑇 is temperature in K, and 𝐴𝑖, 𝐵𝑖, and 𝐶𝑖 are adjustable 

coefficients as a function of NaCl molality listed Table 8-1.  

Millero et al. [266] suggested using the following equations for the determination 

of 𝐾1 and 𝐾2: 

    
𝑝𝐾1 = −402.56788 +

11656.46

𝑇
+ 72.173𝑙𝑛𝑇 − 0.161325𝑇

+ 7.5526 × 10−5𝑇2 

(8-17) 

    
𝑝𝐾2 = −122.4994 +

5811.18

𝑇
+ 20.5263𝑙𝑛𝑇 − 0.0120897𝑇 

(8-18) 

The equilibrium concentrations of aqueous species can be obtained using a similar 

procedure to one explained above for the Oddo and Tomson model [232]. For computing 

the molality of dissolved CO2 in the solution (𝑚𝐶𝑂2(𝑎𝑞)
), any CO2 solubility model 

applicable to aqueous NaCl solutions can be used. In this study, the Mao et al. [30] CO2 

solubility model is used (Equation (7-19)). The Millero et al. [198] equations are claimed 

to be valid between 0oC to 250oC and NaCl concentration from 0 to 6 molality. 
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 Additionally, the Millero et al. model [198] includes equations for determining 

activity coefficients of 𝐶𝑂2(𝑎𝑞), 𝐻(𝑎𝑞)
+ , 𝐻𝐶𝑂3(𝑎𝑞)

− , and 𝐶𝑂3(𝑎𝑞)
2−  as well as activity of 

water, using the simplified Pitzer equations: 

    

𝑙𝑛𝛾𝐻+
𝑚 = 𝐹 + 2𝑚𝐶𝑙 (𝐵𝐻−𝐶𝑙 +𝑚𝐶𝑙𝐶𝐻−𝐶𝑙)

+ 𝑚𝑁𝑎𝑚𝐶𝑙 (𝐵𝑁𝑎−𝐶𝑙
′ + 𝐶𝑁𝑎−𝐶𝑙 )

+ 𝑚𝑁𝑎 (2𝜃𝑁𝑎−𝐻 +𝑚𝐶𝑙 𝜓𝐻−𝑁𝑎−𝐶𝑙) 

(8-19) 

    𝑙𝑛𝛾𝐻𝐶𝑂3−
𝑚 = 𝐹 + 2𝑚𝑁𝑎(𝐵𝑁𝑎−𝐻𝐶𝑂3 +𝑚𝐶𝑙𝐶𝑁𝑎−𝐻𝐶𝑂3)

+𝑚𝑁𝑎𝑚𝐶𝑙(𝐵𝑁𝑎−𝐶𝑙
′ + 𝐶𝑁𝑎−𝐶𝑙)

+ 𝑚𝐶𝑙(2𝜃𝐶𝑙−𝐻𝐶𝑂3 +𝑚𝑁𝑎𝜓𝐶𝑙−𝐻𝐶𝑂3−𝑁𝑎) 

(8-20) 

 𝑙𝑛𝛾𝐶𝑂32−
𝑚 = 4𝐹 + 2𝑚𝑁𝑎(𝐵𝑁𝑎−𝐶𝑂3 +𝑚𝐶𝑙𝐶𝑁𝑎−𝐶𝑂3)

+ 4𝑚𝑁𝑎𝑚𝐶𝑙𝐵𝑁𝑎−𝐶𝑙
′ + 2𝑚𝑁𝑎𝑚𝐶𝑙𝐶𝑁𝑎−𝐶𝑙

+𝑚𝐶𝑙(2𝜃𝐶𝑙−𝐶𝑂3 + 2𝜃𝐶𝑙−𝐶𝑂3
𝐸 𝑚𝑁𝑎𝜓𝐶𝑙−𝐶𝑂3−𝑁𝑎) 

(8-21) 

 𝑙𝑛𝛾𝐶𝑂2
𝑚 = 2𝑚𝑁𝑎(𝜆𝑁𝑎−𝐶𝑂2 + 𝜆𝐶𝑙−𝐶𝑂2) + 𝑚𝑁𝑎𝑚𝐶𝑙𝜉𝑁𝑎−𝐶𝑙−𝐶𝑂2 (8-22) 

 
𝑙𝑛𝑎𝐻2𝑂 =

−2𝑚𝑁𝑎𝐶𝑙

55.51∅
 (8-23) 

The reader is referred to the original publication [1] for the interactions parameters and 

coefficients used in the above equations. A more comprehensive version of these 

equations with details about each parameter and coefficient will be presented when the Li 

and Duan [1,2] model is explained. The autogenous pH solution can be obtained by using 

Equation (8-15).
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Table 8-1 

Coefficients used in Equation (8-16) for calculating the stoichiometric equilibrium 

constants for carbonic acid dissociation in aqueous NaCl solutions.  

𝑖 Coefficients 

1 𝐴1 = 31.3616𝑚0.5 + 0.86644𝑚 − 0.33611𝑚1.5 + 0.05888𝑚2 

1 𝐵1 = −1422.25317𝑚0.5 

1 𝐶1 = −4.84141𝑚0.5 

2 𝐴2 = 36.88545𝑚0.5 + 1.66599𝑚 − 0.68730𝑚1.5 + 0.12070𝑚2 

2 𝐵2 = −1669.55918𝑚0.5 

2 𝐶2 = −5.83555𝑚0.5 

𝑚 is the molality concentration of NaCl. 

 

8.1.3 Li and Duan Speciation Equilibrium Model for H2O-NaCl-CO2 Systems Based 

on Modified Pitzer Equations 

 The Li and Duan model [136,249] is a semi-empirical speciation equilibrium 

model for H2O-NaCl-CO2 systems that allows calculating the equilibrium concentrations 

and activity coefficients simultaneously for all involved species. The Li and Duan model 

[136,249] is from the second group of models discussed earlier. In the Li and Duan 

model [136,249], the equilibrium constants are only a function of temperature and 

pressure and the effect of salt concentration on speciation equilibria is considered by 

calculating the activity coefficients, using modified Pitzer equations [142,143]. The 
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required inputs for the Li and Duan model [136,249] are temperature, total pressure30, 

and NaCl concentration. Concentrations and activity coefficients are based on molality in 

the Li and Duan model [136,249]. 

A relatively complex algorithm is used in the original Li and Duan model to 

calculate the equilibrium concentrations and the equilibrium activity coefficients [136]. 

Moreover, this algorithm is for a closed system, which means that the mass of carbon in 

that system should be constant. In this study, a simpler algorithm is used31. Additionally, 

since in corrosion studies, open systems are usually being encountered, the algorithm 

used to reproduce the Li and Duan model is modified for an open system. Moreover, 

unlike the original publications all the steps to compute the equilibrium concentrations 

and activity coefficients are explained in detail in this study. There are few mistakes in 

the original publication32. These mistakes to some extend have been repeated elsewhere 

[277] as well as in the reproductions of the Li and Duan model such as [208,107]. These 

mistakes are explained in Appendices where the Pitzer equations and parameters are 

introduced. 

 The Li and Duan model [249] suggests using the following empirical equations 

for calculating the thermodynamic equilibrium constants, 𝐾1 and 𝐾2 for Reactions (8-5) 

and (8-4), respectively: 

 
30 In this study, it is assumed that only CO2(g) and H2O(g) are present in the gas phase. Therefore, the partial 

pressure of CO2 is equal to the water vapor pressure subtracted from the total pressure.     
31 There are several algorithms and software packages available for calculating speciation equilibrium and 

phase equilibrium [272–276]. 
32 Parameters in Table 3, equation 21 for the osmotic coefficient of water, 𝑐5 parameter for 𝛽(0) and 𝛽(1) for 

HCl(aq) in Table 6, 𝑐6 parameter for 𝐶𝜑 of NaCl(aq) in Table 7, and 𝑐2 parameter for 𝛽(0) of NaOH(aq) in 

Table 8, and the unit for saturation pressure of water which is MPa and not bar in Appendix B of Li and 

Duan [136]. 
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𝑙𝑛𝐾𝑖 = 𝑎1 + 𝑎2𝑇 + 𝑎3𝑇
−1 + 𝑎4𝑇

−2 + 𝑎5𝑙𝑛𝑇

+ (𝑎6𝑇
−1 + 𝑎7𝑇

−2 + 𝑎8𝑇
−1𝑙𝑛𝑇)(𝑃 − 𝑃𝑠)

+ (𝑎9𝑇
−1 + 𝑎10𝑇

−2 + 𝑎11𝑇
−1𝑙𝑛𝑇)(𝑃 − 𝑃𝑠)

2 

(8-24) 

where, 𝐾𝑖 are in molality, 𝑇 is the solution temperature in K, 𝑃 is total pressure in bar, 𝑃𝑠 

is considered to be 1 bar at temperature below 100oC or the saturation pressure of pure 

water at temperature above 100oC (Appendix H), and 𝑎𝑗 are fit parameters listed in Table 

8-2. Equation (G-1) in Appendix G is suggested for the equilibrium dissociation constant 

of water (𝐾𝑤) in Reaction (8-6).  

 The thermodynamic equilibrium constants corresponded to Reactions (8-5), (8-4), 

and (8-6), respectively, are equal to: 

    𝐾1 =
(𝑚𝐻(𝑎𝑞)

+ 𝛾
𝐻(𝑎𝑞)
+

𝑚 ) ∙ (𝑚𝐻𝐶𝑂3(𝑎𝑞)
− 𝛾𝐻𝐶𝑂3(𝑎𝑞)

−
𝑚 )

(𝑚𝐶𝑂2(𝑎𝑞)
𝛾𝐶𝑂2(𝑎𝑞)
𝑚 ) ∙ 𝑎𝐻2𝑂(𝑙)

 (8-25) 

    

𝐾2 =
(𝑚𝐻(𝑎𝑞)

+ 𝛾
𝐻(𝑎𝑞)
+

𝑚 ) ∙ (𝑚𝐶𝑂3(𝑎𝑞)
2− 𝛾

𝐶𝑂3(𝑎𝑞)
2−

𝑚 )

𝑚𝐻𝐶𝑂3(𝑎𝑞)
− 𝛾𝐻𝐶𝑂3(𝑎𝑞)

−
𝑚  

(8-26) 

    

𝐾𝑤 =
(𝑚𝐻(𝑎𝑞)

+ 𝛾
𝐻(𝑎𝑞)
+

𝑚 ) ∙ (𝑚𝑂𝐻(𝑎𝑞)
− 𝛾𝑂𝐻(𝑎𝑞)

−
𝑚 )

𝑎𝐻2𝑂(𝑙)
 

(8-27) 

Since the units for 𝐾1, 𝐾2, and 𝐾𝑤 are in molality, the above equations are expressed in 

molality.  
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Table 8-2 

The fit parameters used in Equation (8-24) for the calculation of dissociation equilibrium 

constants for Reactions (8-5) and (8-4) [249]. 

𝑖 𝐾1 𝐾2 

1 233.5159304 -151.1815202 

2 0 -0.088695577 

3 -11974.38348 -1362.259146 

4 0 0 

5 -36.50633536 27.79798156 

6 -45.08004597 -29.51448102 

7 2131.318848 1389.015354 

8 6.714256299 4.419625804 

9 0.008393915212 0.003219993525 

10 -0.4015441404 -0.1644471261 

11 -0.00124018735 -0.0004736672395 

 

In the Li and Duan model [136,249], the activity coefficients of dissolved species 

in addition to the osmotic coefficient33 and activity of water are calculated using modified 

Pitzer equations [143]. The general form of the Pitzer equations for activity coefficients is 

given below: 

 
33 Characterizes the deviation of a solvent from ideal behavior [140].   
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    𝑙𝑛𝛾𝑖 = 𝑙𝑛𝛾𝑖
𝐷𝐻 +∑𝐵𝑖𝑗(𝐼)𝑚𝑗

𝑗

+ ℎ𝑖𝑔ℎ𝑒𝑟 𝑡𝑒𝑟𝑚𝑠 (8-28) 

where, 𝛾𝑖 is the activity coefficient of species 𝑖, 𝑚 is the molality concentration, and 𝐵𝑖𝑗 

are virial coefficients related to interactions between anions and cations and are a 

function of ionic strength. 𝛾𝑖
𝐷𝐻 is essentially an extended Debye-Huckel activity 

coefficient and it is only a function of ionic strength. 𝛾𝑖
𝐷𝐻 is a more complex version of 

the extended Debye-Huckel equation shown in Table 4-1 [137,139,143]. Higher terms 

have been added to the equation to include more variety of interactions and make the 

activity coefficient calculations more accurate at high concentrations. A detailed 

description of all the equations and the relevant parameters and coefficients is given in 

Appendix L.   

The modified Pitzer equations for the activity coefficients and the osmotic 

coefficient are concentration dependent. On the other hand, the equilibrium equations, 

Equations (8-25) to (8-27), are functions of concentrations, activity coefficients, and 

osmotic coefficient. Therefore, all these equations need to be solved simultaneously in a 

loop to obtain the equilibrium concentrations, the equilibrium activity coefficients, and 

the equilibrium osmotic coefficient. The algorithm used in the present stduy for this 

purpose is illustrated in Figure 8-1. This algorithm is proposed for an open system, what 

is seen in most corrosion scenarios, including internal corrosion of oil and gas pipelines, 

which is the subject of the present study. In an open system, at a constant temperature and 

total pressure, the mole fraction of gaseous species in the gas phase is constant. This 

means that the partial pressure of gaseous species is constant as well. For the H2O-NaCl-
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CO2 mixture, the only gaseous species are water vapor and CO2(g). The steps to the 

algorithm are discussed below: 

1) Calculate the water vapor pressure. In the original Li and Duan model [136] a 

simplified version of the IAPWS-IF97 proposed by Wagner et al. [46] is 

recommended. However, in this study, a model by Atkinson [128] is used 

because it considers the effect of salt concentration on water vapor pressure. 

Both models are shown in Appendix H.  

2) Calculate the CO2 partial pressure using Equations (7-2) and (7-5).  

3) Compute the fugacity coefficient of pure CO2, using Duan et al. [243] 

fugacity model. The interactions between CO2(g) and water vapor molecules 

are not considered in the Li and Duan model [136]. 

4) Calculate CO2 solubility (𝑚𝐶𝑂2(𝑎𝑞)
). In the original Li and Duan model [136], 

a CO2 solubility model by Duan and Sun [126] is suggested. However, in this 

study, the Mao et al. [30] model in Section 7.1.4, which is an updated version 

of the Duan and Sun model [126] is employed. 

5) Calculate the thermodynamic equilibrium constants, using Equations (8-24) 

and (G-1) in Appendix G. 

6) Find initial concentrations for initiating the iteration loop. The best choice are 

the equilibrium concentrations at ideal conditions. The procedure is exactly 

the same as that used in the Oddo and Tomson [232] model in Section 8.1.1. 

Four equations are needed to calculate the equilibrium concentrations of 

𝐻(𝑎𝑞)
+ , 𝐻𝐶𝑂3(𝑎𝑞)

− , 𝐶𝑂3(𝑎𝑞)
2− , and 𝑂𝐻(𝑎𝑞)

− . Three of them are supplied by 
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equations for the thermodynamic equilibrium constants at ideal conditions 

(𝛾𝑖 = 1): 

    𝐾1 =
𝑚𝐻(𝑎𝑞)

+ 𝑚𝐻𝐶𝑂3(𝑎𝑞)
−

𝑚𝐶𝑂2(𝑎𝑞)

 (8-29) 

 𝐾2 =
𝑚𝐻(𝑎𝑞)

+ 𝑚𝐶𝑂3(𝑎𝑞)
2−

𝑚𝐻𝐶𝑂3(𝑎𝑞)
−

 (8-30) 

 𝐾𝑤 = 𝑚𝐻(𝑎𝑞)
+ 𝑚𝑂𝐻(𝑎𝑞)

−  (8-31) 

The fourth equation is the charge balance equation: 

   𝑚𝐻(𝑎𝑞)
+ = 𝑚𝐻𝐶𝑂3(𝑎𝑞)

− + 2𝑚𝐶𝑂3(𝑎𝑞)
2− +𝑚𝑂𝐻(𝑎𝑞)

−  (8-32) 

Finally, the following cubic equation can be solved to acquire the initial 

equilibrium molality concentrations: 

      𝐴𝑚
𝐻(𝑎𝑞)
+

3 + 𝐵𝑚
𝐻(𝑎𝑞)
+

2 + 𝐶𝑚𝐻(𝑎𝑞)
+ + 𝐷 = 0 (8-33) 

 𝐴 = 1  

 𝐵 = 0  

 𝐶 = −(𝐾𝑤 + 𝐾1𝑚𝐶𝑂2(𝑎𝑞)
)  

 𝐷 = −2𝐾1𝐾2𝑚𝐶𝑂2(𝑎𝑞)
  

7) Calculate the initial ionic strength of solution, using the following equation: 

    

𝐼𝑚 =
1

2
∑𝑚𝑖𝑧𝑖

2

6

𝑖=1

 

=
1

2
(𝑚𝑁𝑎+ +𝑚𝐶𝑙− +𝑚𝐻+ +𝑚𝑂𝐻− +𝑚𝐻𝐶𝑂3

− + 4𝑚𝐶𝑂3
2−) 

(8-34) 
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where, 𝐼𝑚 is the molality-based ionic strength, 𝑚𝑖 is the molality 

concentration of species 𝑖, and 𝑧𝑖 is the charge number of species 𝑖. 

8) Initiate a while loop with its “criterion” being the variation in the ionic 

strength which needs to be less than a desired value. In this study, the desired 

value set to be 10-12. 

9) Calculate the activity coefficients and the osmotic coefficient (activity of 

water), using the modified Pitzer Equations (L-1) to (L-5) in Appendix L. 

10) Calculate new concentrations by solving the following system of nonlinear 

equations for autogenous pH conditions: 

    

𝐾1 (𝑚𝐶𝑂2(𝑎𝑞)
𝛾𝐶𝑂2(𝑎𝑞)
𝑚 ) ∙ 𝑎𝐻2𝑂(𝑙)

− (𝑚𝐻(𝑎𝑞)
+ 𝛾

𝐻(𝑎𝑞)
+

𝑚 ) ∙ (𝑚𝐻𝐶𝑂3(𝑎𝑞)
− 𝛾𝐻𝐶𝑂3(𝑎𝑞)

−
𝑚 ) = 0 

(8-35) 

    𝐾2 (𝑚𝐻𝐶𝑂3(𝑎𝑞)
− 𝛾𝐻𝐶𝑂3(𝑎𝑞)

−
𝑚 ) − (𝑚𝐻(𝑎𝑞)

+ 𝛾
𝐻(𝑎𝑞)
+

𝑚 ) ∙ (𝑚𝐶𝑂3(𝑎𝑞)
2− 𝛾

𝐶𝑂3(𝑎𝑞)
2−

𝑚 ) = 0 
(8-36) 

    𝐾𝑤𝑎𝐻2𝑂(𝑙) − (𝑚𝐻(𝑎𝑞)
+ 𝛾

𝐻(𝑎𝑞)
+

𝑚 ) ∙ (𝑚𝑂𝐻(𝑎𝑞)
− 𝛾𝑂𝐻(𝑎𝑞)

−
𝑚 ) = 0 

(8-37) 

    𝑚𝐻(𝑎𝑞)
+ = 𝑚𝐻𝐶𝑂3(𝑎𝑞)

− + 2𝑚𝐶𝑂3(𝑎𝑞)
2− +𝑚𝑂𝐻(𝑎𝑞)

−  (8-38) 

The first three equations correspond to equilibrium Reactions (8-5), (8-4), and 

(8-6), respectively, and the fourth equation is the charge neutrality equation. 

The fsolve solver in MATLAB with Levenberg-Marquardt algorithm is used 

to solve the above system of equations for concentrations of 𝐻(𝑎𝑞)
+ , 𝐻𝐶𝑂3(𝑎𝑞)

− , 

𝐶𝑂3(𝑎𝑞)
2− , and 𝑂𝐻(𝑎𝑞)

− . The initial conditions for the fsolve solver can be those 
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obtained in Step 6. For constant pH conditions, one more equation 

representing the pH constrain needs to be added to the system of equations. 

11) Recalculate the ionic strength of solution using the concentrations obtained in 

Step 10. 

12) Subtract the ionic strength in Step 11 from the initial ionic strength computed 

in Step 7. Calculate the absolute value of their difference.  

13) If the absolute value of the difference is smaller than the desired value defined 

in Step 8, then the calculated concentrations, activity coefficients, and osmotic 

coefficient are the equilibrium values. Otherwise, return to Step 9 and 

calculate the activity coefficients and the osmotic coefficient with new 

concentrations obtained in Step 10 and iterate the steps until the condition 

defined in Step 8 is satisfied. 
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Figure 8-1 

The flow diagram of the algorithm used to calculate the speciation equilibrium with the Li and Duan model in the H2O-NaCl-CO2 

system. 
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8.2 The Effect of Salt Concentration on Speciation Equilibria in Solutions Saturated 

with H2S(g)  

Other than the mixed solvent electrolyte model, which is explained in Section 

8.3.1 no other complete speciation equilibrium model could be found in the literature that 

is specifically developed for salt solutions saturated with H2S(g). In the present study, for 

the first time, the H2S solubility and dissociation constants from different publications in 

the open literature are put together to develop a simple ionic-strength based speciation 

equilibrium model for the H2O-NaCl-H2S system.  

8.2.1 An Ionic Strength-Based Speciation Equilibrium Model for H2O-NaCl-H2S 

Systems 

It is beneficial to review the speciation equilibria reactions that occur in aqueous 

(NaCl) solutions saturated with H2S gas, before introducing the speciation equilibrium 

models. When H2S(g) dissolves in water, , the following reactions take place: 

1) Dissolution of H2S(g) 

2) dissociation of dissolved H2S(aq) 

3) Dissociation of bisulfide ion 

Moreover, the water dissociation reaction always occurs in aqueous systems: 

    𝐻2𝑆(𝑔)
𝐾𝑠𝑜𝑙
∗

↔ 𝐻2𝑆(𝑎𝑞) (8-39) 

    
𝐻2𝑆(𝑎𝑞)

𝐾1
∗

↔𝐻𝑆(𝑎𝑞)
− + 𝐻(𝑎𝑞)

+  
(8-40) 

    
𝐻𝑆(𝑎𝑞)

−
𝐾2
∗

↔𝑆(𝑎𝑞)
2− + 𝐻(𝑎𝑞)

+  
(8-41) 
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The speciation equilibrium model presented in this section is considered a simple 

ionic-based model, which consists of empirical equations extracted from different 

publications [236,278]. The model inputs are temperature, total pressure, and NaCl 

concentration.  

The Dubessy et al. model [236] explained in Section 4.2.2 is used for H2S 

solubility calculation. Assuming an open system, the water vapor pressure and H2S 

partial pressure need to be calculated first. Then, the fugacity coefficient of H2S is 

determined and from there, the concentration of dissolved H2S(aq) can be obtained.  

For 𝐾1
∗, an equation offered by Millero et al. [279] is adopted with a minor 

modification to fit better with the experimental pH data. The modified equation is given 

below: 

where, 𝐾1
∗ is in mol/kgH2O, 𝑇 is temperature in K, and 𝑤𝑡 is NaCl concentration in wt.% 

34. For example, for 3 wt.% NaCl solution, 𝑤𝑡 = 3. The validity range reported by 

Millero et al. [279] for their proposed equation is from 0oC to 300oC [281] and from 0.5 

wt.% to 4 wt.%. However, in this study, Equation (8-43) is used for a wider range of 

NaCl concentrations from 0 wt.% to 20 wt.% NaCl. 

The equation implemented in the model for 𝐾2
∗ is taken from Kharaka et al. [278]: 

 
34 In the original publication by Millero et al. [279], salinity, 𝑆(‰) with a unit of g/kg is used instead of 

𝑤𝑡. According to Millero and Leung [280], 𝑆 is defined as weight of salt in one kilogram of solution. This 

indicates that 𝑤𝑡 = 0.1𝑆. wt.% = 100 × salt mass/(salt mass + water mass) 

    
𝐻2𝑂(𝑙)

𝐾𝑤
∗

↔ 𝐻(𝑎𝑞)
+ + 𝑂𝐻(𝑎𝑞)

−  
(8-42) 

    
𝐾1
∗ = 1098.080−

5765.4
𝑇

−15.0455𝑙𝑛𝑇+0.4737𝑤𝑡0.5−0.114𝑤𝑡
 

(8-43) 
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where, 𝐾2
∗ is in mol/kgH2O and 𝜌𝑏 is the density of solution in kg/m3. The term contains 

𝜌𝑏 and 𝑤𝑡 is for conversion from molarity to molality concentration unit. 𝐾2
∗ values are 

very small (~10-19 mol/kgH2O at 25oC and pure water). Therefore, Reaction (8-41) has a 

minor effect on the equilibrium concentrations. 

 For 𝐾𝑤𝑎
∗ , the empirical equation developed by Marshall and Franck [269] can be 

used (Appendix G). The effect of salt concentration on dissociation reaction of water is 

ignored in the calculations as this effect is shown to be minor (< 5% at 25oC and 1 atm) 

in a range of NaCl concentrations from 0 to 5 M [270]. Therefore, the activity of water, 

𝑎𝐻2𝑂 (dimensionless) can be assumed to be equal to unity, i.e., 𝐾𝑤
∗ = 𝐾𝑤. 

The stochiometric equilibrium constants are given below in terms of molality 

concentrations (𝑚𝑖): 

The main species produced due to dissociation Reactions (8-5), (8-4), and (8-6) in 

H2O-NaCl-H2S systems are 𝐻(𝑎𝑞)
+ , 𝐻𝑆(𝑎𝑞)

− , 𝑆(𝑎𝑞)
2− , and 𝑂𝐻(𝑎𝑞)

− . To calculate the 

equilibrium concentrations of these four species, four equations are required. Three 

    
𝐾2
∗ =

(100 − 𝑤𝑡)𝜌𝑏
105

∙ 10−23.93+0.030446𝑇−2.4831×10
−5𝑇2 

(8-44) 

    
𝐾1
∗ =

𝑚𝐻(𝑎𝑞)
+ 𝑚𝐻𝑆(𝑎𝑞)

−

𝑚𝐻2𝑆(𝑎𝑞)

 
(8-45) 

    
𝐾2
∗ =

𝑚𝐻(𝑎𝑞)
+ 𝑚𝑆(𝑎𝑞)

2−

𝑚𝐻𝑆(𝑎𝑞)
−

 
(8-46) 

 𝐾𝑤
∗ = 𝑚𝐻(𝑎𝑞)

+ 𝑚𝑂𝐻(𝑎𝑞)
−  (8-47) 
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equations are: Equations (8-45), (8-46), and (8-47). The fourth equation is the charge 

neutrality equation35: 

   𝑚𝐻(𝑎𝑞)
+ = 𝑚𝐻𝑆(𝑎𝑞)

− + 2𝑚𝑆(𝑎𝑞)
2− +𝑚𝑂𝐻(𝑎𝑞)

−  (8-48) 

 If 𝐻𝑆(𝑎𝑞)
− , 𝑆(𝑎𝑞)

2− , and 𝑂𝐻(𝑎𝑞)
−  concentrations in Equation (8-48) are derived with 

respect to 𝐻(𝑎𝑞)
+  concentration, using Equations (8-45), (8-46), and (8-47), the following 

cubic equation can be established:  

   𝐴𝑚
𝐻(𝑎𝑞)
+

3 + 𝐵𝑚
𝐻(𝑎𝑞)
+

2 + 𝐶𝑚𝐻(𝑎𝑞)
+ + 𝐷 = 0 (8-49) 

 𝐴 = 1  

 𝐵 = 0  

 𝐶 = −(𝐾𝑤
∗ + 𝐾1

∗ ∙ 𝑚𝐻2𝑆(𝑎𝑞))  

 𝐷 = −2 ∙ 𝐾1
∗ ∙ 𝐾2

∗ ∙ 𝑚𝐻2𝑆(𝑎𝑞)  

where, 𝑚𝐻2𝑆(𝑎𝑞) is the concentration of dissolved H2S in the solution in molality, 

calculated from Dubessy et al. model [236] (Section 7.2.2). The equilibrium 

concentrations of all four species can be determined by solving Equation (8-49) [271]. 

The autogenous pH of solution can be obtained by using Equation (8-14). 𝛾𝐻+
𝑚  can 

be obtained by using the simplified Pitzer’s equations presented in Section 8.1.2. 

 

 
35

 The charge neutrality equation holds valid with any concentration unit. 
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8.3 The Effect of Salt Concentration on Speciation Equilibria in Solutions Saturated 

with CO2(g) and H2S(g) Mixture 

To the best of the author knowledge, the only available speciation equilibrium 

model in the open literature for the H2O-NaCl-CO2-H2S system is the mixed solvent 

electrolyte model proposed by Springer et al. [240]. This model works for both H2O-

NaCl-CO2 and H2O-NaCl-H2S systems as well. 

8.3.1 The Mixed-Solvent Electrolyte (MSE) Speciation Equilibrium Model for H2O-

NaCl-CO2-H2S Systems 

The mixed-solvent electrolyte (MSE) model is a comprehensive semi-empirical 

model that can predict the phase and chemical equilibria as well as thermal and 

volumetric properties of water, nonaqueous, or mixed solvents containing electrolytes 

and non-electrolytes with concentrations ranging from dilute solutions to highly 

concentrated solutions (such as saturation levels or fused salts) [135]. The MSE model 

thermodynamic framework was derived by Wang et al. [135]. Springer et al. adopted the 

MSE model for calculating phase and chemical equilibria in CO2 containing aqueous and 

NaCl aqueous solutions (sometime called sweet systems36). Later, Springer et al. [241] 

updated the coefficients used in the MSE model in addition to extending it to the H2O-

NaCl-CO2-H2S system (sometime called sour system37). The MSE model is the 

foundation of the thermodynamic model implemented in the Stream Analyzer platform of 

 
36 In the oil and gas industry, any aqueous system that does not have H2S(aq) such as H2O-NaCl-CO2 system 

is sometimes called sweet system. 
37 In the oil and gas industry, any aqueous system that has H2S(aq) such as H2O-NaCl-CO2-H2S system is 

sometimes called sour system. 
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the OLI Systems software. The MSE model38 reproduced in this study for the H2O-NaCl-

CO2-H2S system is based on the latest release of the OLI Systems software, V11. The 

interaction parameters used in this study are provided by the OLI Systems through 

private communications. However, for proprietary reasons, they could not be listed in this 

document and only parameters provided in the Springer et al. publication [241] are 

reported here. In spite of this, it is expected that by using parameters included in Springer 

et al. [241] satisfactory results still can be obtained. 

Since the MSE model works for both H2O-NaCl-CO2 and H2O-NaCl-H2S systems 

as well as their combination, i.e., the H2O-NaCl-CO2-H2S system, to avoid any repetition, 

the later system will be explained in this section. For any subsystem39, such as the H2O-

NaCl-CO2 and the H2O-NaCl-H2S systems, the equations and parameters related to 

unconcerned species need to be eliminated from the model. 

The MSE model for the H2O-NaCl-CO2-H2S system is stated to be valid for 0-

300oC, 0-3500 bar, and 0-6 molal of NaCl. The required inputs for the MSE model in an 

open system are temperature (𝑇), total pressure (𝑃), NaCl concentration40, CO2(g) mole 

fraction in the gas phase, and H2S(g) mole fraction in the gas phase. The mole fraction of 

water can be calculated by using a water vapor pressure model. In this study, the 

Atkinson [128] water chemistry model is employed (Appendix H). Additionally, the 

 
38 The MSE model in this study corresponds to the MSE-SRK thermodynamic model in the OLI Systems 

software, as Soave-Redlich-Kwong (SRK) equation of state is used for the thermodynamic calculations in 

the gas phase. 
39 For the H2O-NaCl-CO2-H2S system, the subsystems can be H2O, H2O-NaCl, H2O-CO2, H2O-H2S, H2O-

NaCl-CO2, H2O-NaCl-H2S, and H2O-CO2-H2S. 
40 In the MSE model the concentration unit for all species is mole fraction. However, conversion of input 

from other concentration units to mole fraction or conversion of outputs from mole fraction to other 

concentration units are feasible.  
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MSE model can be implemented in autogenous pH or in constant pH modes. Therefore, if 

the constant pH mode is chosen, then pH will be another required input. 

There is a major difference between the MSE model and common speciation 

equilibrium models found in the literature such as the Li and Duan [136,249] model 

discussed in Section 8.1.3. In the MSE model, hydrogen or proton ion, H+, is replaced 

with hydronium ion, H3O
+. According to the OLI Systems webpage41, the purpose of this 

replacement was to improve the predictions of properties (e.g., pH) for strong acid 

solutions such as HCl aqueous solutions. The influence of having H3O
+ ion instead of H+ 

ion in the model on the equilibrium concentrations and the equilibrium activity 

coefficients is negligible that can be ignored. However, the equilibrium reactions for 

CO2(aq), H2S(aq), and H2O(l) dissociation will be different as H3O
+ ion is composed of a 

water molecule and an H+ ion: 

    𝐻3𝑂(𝑎𝑞)
+ ↔ 𝐻(𝑎𝑞)

+ +𝐻2𝑂(𝑙) (8-50) 

In the reproduced MSE model, five dissociation reactions are considered for the 

H2O-NaCl-CO2-H2S open system in the liquid phase: two for CO2(aq) dissociation, two for 

H2S(aq) dissociation and one for H2O(l) dissociation. These reactions are given below: 

    𝐶𝑂2(𝑎𝑞) + 2𝐻2𝑂(𝑙) ↔ 𝐻3𝑂(𝑎𝑞)
+ + 𝐻𝐶𝑂3(𝑎𝑞)

−  (8-51) 

    𝐻𝐶𝑂3(𝑎𝑞)
− + 𝐻2𝑂(𝑙) ↔ 𝐻3𝑂(𝑎𝑞)

+ + 𝐶𝑂3(𝑎𝑞)
2−  (8-52) 

    𝐻2𝑆(𝑎𝑞) +𝐻2𝑂(𝑙) ↔ 𝐻3𝑂(𝑎𝑞)
+ + 𝐻𝑆(𝑎𝑞)

−  (8-53) 

    𝐻𝑆(𝑎𝑞)
− + 𝐻2𝑂(𝑙) ↔ 𝐻3𝑂(𝑎𝑞)

+ + 𝑆(𝑎𝑞)
2−  (8-54) 

 
41 https://wiki.olisystems.com/wiki/Development_of_the_Hydronium_Ion_for_MSE 



192 

 

  

    2𝐻2𝑂(𝑙) ↔ 𝐻3𝑂(𝑎𝑞)
+ + 𝑂𝐻(𝑎𝑞)

−  (8-55) 

Reactions (8-51), (8-52), and (8-55) for CO2 and H2O dissociation have an extra 

H2O(l) molecule on their reactant side compared to Reactions (8-5), (8-4), and (8-6), 

respectively. This is true for the H2S dissociation reactions, when Reactions (8-53) and 

(8-54) are compared with Reactions (8-40) and (8-41), correspondingly.  

Two reactions are considered for the vapor/liquid equilibria in the reproduced 

MSE model for the H2O-NaCl-CO2-H2S open system: 

    𝐶𝑂2(𝑔) ↔ 𝐶𝑂2(𝑎𝑞) (8-56) 

    𝐻2𝑆(𝑔) ↔ 𝐻2𝑆(𝑎𝑞) (8-57) 

Totally, there are three species in the gas phase (𝐻2𝑂(𝑔), 𝐶𝑂2(𝑔), and 𝐻2𝑆(𝑔)) and nine 

species in the liquid phase including water (𝐻3𝑂(𝑎𝑞)
+ , 𝑁𝑎(𝑎𝑞)

+ , 𝑂𝐻(𝑎𝑞)
− , 𝐶𝑙(𝑎𝑞)

− , 𝐻𝐶𝑂3(𝑎𝑞)
− , 

𝐶𝑂3(𝑎𝑞)
2− , 𝐻𝑆(𝑎𝑞)

− , 𝑆(𝑎𝑞)
2− , and 𝐻2𝑂(𝑙)). In this study, gas-rich phases and the formation of 

solids in the liquid phase are not considered. 

The approach used in the MSE model to solve the dissociation and the vapor 

/liquid equilibria is equality of chemical potential of both side of reactions. For the 

dissociation equilibria in the liquid phase the equality of chemical potential is expressed 

as follows: 

    ∑𝜈𝑖 𝜇𝑖
𝑙 = 0 (8-58) 
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where42, 𝜇𝑖
𝑙 is the chemical potential of species 𝑖 in the liquid phase in J/mol and 𝜈𝑖 is the 

stoichiometric coefficient of species 𝑖. For the liquid/vapor equilibria the chemical 

potential equality is given as below: 

    𝜇𝑖
𝑔
= 𝜇𝑖

𝑙 (8-59) 

where, 𝜇𝑖
𝑔

 is the chemical potential of species 𝑖 in the gas phase. In following text, the 

equations required to calculate both 𝜇𝑖
𝑙 and 𝜇𝑖

𝑔
 will be explained from top to bottom. 

 According to the MSE model [241], 𝜇𝑖
𝑙 can be calculated using: 

    𝜇𝑖
𝑙(𝑇, 𝑃, 𝑥𝑖) = 𝜇𝑖

𝑙(𝑜),𝑚(𝑇, 𝑃) + 𝑅𝑇𝑙𝑛
1000

𝑀𝑤
+ 𝑅𝑇𝑙𝑛𝑥𝑖𝛾𝑖

𝑥,∗(𝑇, 𝑃, 𝑥) (8-60) 

where, 𝜇𝑖
𝑙(𝑜),𝑚

 is the molality based standard-state chemical potential of species 𝑖 in 

J/mol, 𝑇 is temperature in K, 𝑃 is total pressure, 𝑅 is the gas constant in J/mol/K, 𝑀𝑤 is 

the molecular weight of water in g/mol, 𝑥𝑖 is the mole fraction of species 𝑖, and 𝛾𝑖
𝑥,∗

 is the 

unsymmetrical normalized mole fraction-based activity coefficient of species 𝑖 [241]43. 

The term 𝑙𝑛(1000/𝑀𝑤) is for converting the unsymmetrical mole fraction-based 

standard-state chemical potential of species 𝑖 (𝜇𝑖
𝑙(𝑜),∗

) to the molality based standard-state 

chemical potential of species 𝑖 (𝜇𝑖
𝑙(𝑜),𝑚

): 

    𝜇𝑖
𝑙(𝑜),∗ = 𝜇𝑖

𝑙(𝑜),𝑚 + 𝑅𝑇𝑙𝑛
1000

𝑀𝑤
 (8-61) 

The thermodynamic calculations related to this conversion is explained in detail in 

Appendix P. The reason for this conversion is that the chemical potential of electrolyte 

 
42 Equivalent to 

∑𝜈𝑖𝜇𝑖
𝑙

𝑅𝑒𝑎𝑐𝑡𝑎𝑛𝑡𝑠
=

∑𝜈𝑖𝜇𝑖
𝑙

𝑃𝑟𝑜𝑑𝑢𝑐𝑡𝑠
 

43 More about the definition of each parameter can be found in Appendices M, N, and O. 
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species are often reported in molality basis in the literature [125], such as tables of 

standard state properties [282]. For water, since the mole-fraction standard-state based 

chemical potential (𝜇𝑤
𝑜 ) is identical to that in molality basis (𝜇𝑤

𝑜,𝑚
), the above conversion 

is not required (Appendix N). 

𝜇𝑖
𝑙(𝑜),𝑚

 can be calculated as a function of temperature and pressure using 

Helgeson-Kirkham-Flowers (HKF) equation of state. A detailed description of HKF 

equations and 𝜇𝑖
𝑙(𝑜),𝑚

 calculation procedure is given in Appendix M. The standard-state 

chemical potential of water (𝜇𝑤
𝑜 ) can be calculated according to Appendix N. 

The chemical potential of species 𝑖 in the gas phase (𝜇𝑖
𝑔

) is defined by: 

    𝜇𝑖
𝑔
(𝑇, 𝑃, 𝑦𝑖) = 𝜇𝑖

𝑔(𝑜)
(𝑇) + 𝑅𝑇𝑙𝑛

𝑃𝑦𝑖𝜑𝑖(𝑇, 𝑃)

𝑃𝑜
 (8-62) 

where, 𝜇𝑖
𝑔(𝑜)

 is the chemical potential of pure component 𝑖 in the ideal gas state in J/mol, 

𝑦𝑖 is the mole fraction of species 𝑖 in the gas phase (dimensionless), 𝜑𝑖 is the fugacity 

coefficient of pure gas species 𝑖 (dimensionless), 𝑃 is total pressure, and 𝑃𝑜 = 1 bar is to 

make the term inside the natural logarithm dimensionless44. Calculation of 𝜇𝑖
𝑔(𝑜)

 is 

explained in Appendix Q.  

For a generic dissociation reaction in the form: 

    𝑎𝐴(𝑎𝑞) + 𝑏𝐵(𝑎𝑞)
𝐾𝑒𝑞
↔ 𝑐𝐶(𝑎𝑞) + 𝑑𝐷(𝑎𝑞) (8-63) 

The equality of chemical potentials for aqueous species mentioned in Equation (8-58) 

means: 

 
44 The choice of pressure unit is arbitrary. The fugacity coefficient (𝜑) does not depend on the pressure 

unit. 
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    𝑎𝜇𝐴
𝑙 + 𝑏𝜇𝐵

𝑙 − 𝑐𝜇𝐶
𝐿 − 𝑑𝜇𝐷

𝐿 = 0 (8-64) 

Expanding Equation (8-64) gives45: 

 

𝑎𝜇𝐴
𝑙(𝑜),𝑚 + 𝑎𝑅𝑇𝑙𝑛

1000

𝑀𝑤
+ 𝑎𝑅𝑇𝑙𝑛𝑥𝐴𝛾𝐴

𝑥,∗

+ 𝑏𝜇𝐵
𝑙(𝑜),𝑚 + 𝑏𝑅𝑇𝑙𝑛

1000

𝑀𝑤
+ 𝑏𝑅𝑇𝑙𝑛𝑥𝐵𝛾𝐵

𝑥,∗

− (𝑐𝜇𝐶
𝑙(𝑜),𝑚 + 𝑐𝑅𝑇𝑙𝑛

1000

𝑀𝑤
+ 𝑐𝑅𝑇𝑙𝑛𝑥𝐶𝛾𝐶

𝑥,∗)

− (𝑑𝜇𝐷
𝑙(𝑜),𝑚 + 𝑑𝑅𝑇𝑙𝑛

1000

𝑀𝑤
+ 𝑑𝑅𝑇𝑙𝑛𝑥𝐷𝛾𝐷

𝑥,∗) = 0 

(8-65) 

 

𝑐𝜇𝐶
𝑙(𝑜),𝑚 + 𝑑𝜇𝐷

𝑙(𝑜),𝑚−𝑎𝜇𝐴
𝑙(𝑜),𝑚 − 𝑏𝜇𝐵

𝑙(𝑜),𝑚

= −𝑅𝑇𝑙𝑛 (
(𝑥𝐶𝛾𝐶

𝑥,∗)𝑐 ∙ (𝑥𝐷𝛾𝐷
𝑥,∗)𝑑

(𝑥𝐴𝛾𝐴
𝑥,∗)

𝑎
∙ (𝑥𝐵𝛾𝐵

𝑥,∗)
𝑏 ∙ (

1000

𝑀𝑤
)

𝑐+𝑑−𝑎−𝑏

) 

(8-66) 

The left-hand side of Equation (8-66) is equal to the molar standard-state Gibbs free 

energy of dissociation reaction (∆𝑟�̅�
𝑜) in J/mol. The term inside the natural logarithm on 

the right-hand side of Equation  (8-66) is equal to the equilibrium constant of Reaction 

(8-63) in the molality basis (𝐾𝑒𝑞)46. This resembles the well-known relation in 

thermodynamic for a system at equilibrium: 

    ∆𝑟�̅�
𝑜 = −𝑅𝑇𝑙𝑛𝐾𝑒𝑝 (8-67) 

Therefore, 𝐾𝑒𝑝 can be determined according to the following equation: 

 
45 This is only valid when neither reactants nor products is water. If water is involved in the reaction, no 

conversion term (1000/𝑀𝑤) is required for water as 𝜇𝑤
𝑙(𝑜),∗ = 𝜇𝑤

𝑙(𝑜),𝑚
. In other words, the corresponding 

exponent of water for the conversion factor in the equation should be equal to zero (see Appendix Q). 
46 According to Appendix P, 𝑥𝑖𝛾𝑖

𝑥,∗ ∙
1000

𝑀𝑤
= (

𝑚𝑖𝑀𝑤𝑥𝑤

1000
) 𝛾𝑖

𝑥,∗ ∙
1000

𝑀𝑤
= 𝑚𝑖 ∙ (𝑥𝑤𝛾𝑖

𝑥,∗) = 𝑚𝑖𝛾𝑖
𝑚 
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    𝐾𝑒𝑝 = exp(
𝑎𝜇𝐴

𝑙(𝑜),𝑚 + 𝑏𝜇𝐵
𝑙(𝑜),𝑚 − 𝑐𝜇𝐶

𝑙(𝑜),𝑚 − 𝑑𝜇𝐷
𝑙(𝑜),𝑚

𝑅𝑇
) (8-68) 

Using 𝜇𝑖
𝑙(𝑜),𝑚

 values obtained with the HKF equation of state and following the 

above thermodynamic calculation, the equilibrium constants for the dissociation 

Reactions (8-51) to (8-55) can be obtained. These equations are given in Appendix R. 

Similar to the aqueous species, applying the chemical potential equality Equation 

(8-59) to a symbolic liquid/vapor equilibrium in the following form: 

    𝐴(𝑔)
𝐾𝑠𝑜𝑙
↔ 𝐴(𝑎𝑞) (8-69) 

results in: 

    𝜇𝐴
𝑔(𝑜)

+ 𝑅𝑇𝑙𝑛
𝑃𝑦𝐴𝜑𝐴
𝑃𝑜

= 𝜇𝐴
𝑙(𝑜),𝑚 + 𝑅𝑇𝑙𝑛

1000

𝑀𝑤
+ 𝑅𝑇𝑙𝑛𝑥𝐴𝛾𝐴

𝑥,∗
 (8-70) 

 𝜇𝐴
𝑔(𝑜)

− 𝜇𝐴
𝑙(𝑜),𝑚

= 𝑅𝑇𝑙𝑛
1000

𝑀𝑤
+ 𝑅𝑇𝑙𝑛

𝑥𝐴𝛾𝐴
𝑥,∗

𝑃𝑦𝐴𝜑𝐴
𝑃𝑜

 
(8-71) 

 𝜇𝐴
𝑙(𝑜),𝑚−𝜇𝐴

𝑔(𝑜)
= −𝑅𝑇𝑙𝑛

𝑚𝐴𝛾𝐴
𝑚

𝑓𝐴
 

(8-72) 

where, 𝑓𝐴 is the fugacity of species 𝐴 in the gas phase47 and 𝛾𝐴
𝑚 is the unsymmetrical 

molality-based activity coefficient of species A in infinitely dilute reference state. The 

left-hand side of Equation (8-72) is the molar standard-state Gibbs free energy of 

dissolution reaction (∆𝑟�̅�
𝑜) in J/mol. The natural logarithm expression on the left-hand 

side of Equation 5-58) is equivalent to the solubility equilibrium constant48 (𝐾𝑠𝑜𝑙). 

Therefore, considering Equation (8-67), 𝐾𝑠𝑜𝑙 can be obtained by: 

 
47 𝑓

𝑖
= 𝑃𝑦

𝑖
𝜑
𝑖
/𝑃𝑜 

48 Regularly called the Henry’s law constant. 
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    𝐾𝑠𝑜𝑙 = exp(
𝜇𝐴
𝑔(𝑜)

− 𝜇𝐴
𝑙(𝑜),𝑚

𝑅𝑇
) (8-73) 

Following the above procedure for the vapor/liquid equilibria in Reactions (8-56) 

and (8-57), using 𝜇𝑖
𝑙(𝑜),𝑚

 and 𝜇𝐴
𝑔(𝑜)

 values obtained with the HKF equation of state and 

the heat capacity integrations, respectively, the equilibrium constants for CO2 and H2S 

dissolution reactions can be determined. The equations for both equilibrium constants are 

provided in Appendix R. 

The next step in the MSE model is to calculate the aqueous species activity 

coefficients (𝛾𝑖
𝑥) in Equation (8-60) and gaseous species fugacity coefficients (𝜑𝑖) in 

Equation (8-62). The latter is computed by using the Soave-Redlich-Kwong (SRK) 

equation of state [248]. A detailed description of the calculation procedure for fugacity 

coefficients is presented in Appendix K. 

The activity coefficient of an aqueous species (𝛾) is related to its excess Gibbs 

free energy (𝐺𝐸). The excess Gibbs free energy of species 𝑖 is the difference between the 

Gibbs free energy of species 𝑖 in the real solution with that in a hypothetical ideal 

solution [283]. The relation between 𝛾 and 𝐺𝐸 will be derived next. Starting with the 

conventional expression for the chemical potential of the arbitrary aqueous species i and 

expanding it gives: 

    𝜇𝑖
𝑙(𝑇, 𝑃, 𝑥𝑖) = 𝜇𝑖

𝑙(𝑜)(𝑇, 𝑃) + 𝑅𝑇𝑙𝑛𝑥𝑖 + 𝑅𝑇𝑙𝑛𝛾𝑖
𝑥(𝑇, 𝑃, 𝑥) (8-74) 

where, 𝜇𝑖
𝑙(𝑜)

 is defined as the standard-state chemical potential of species 𝑖, 𝑥𝑖 is the mole 

fraction of species 𝑖, 𝛾𝑖
𝑥 is the (symmetrical) mole-fraction based activity coefficient in 

pure water reference state, and other parameters have their usual meaning. It should be 



198 

 

  

noted that Equation (8-74) is equivalent to Equation (8-60), which is used in the MSE 

model to calculate the chemical potential of aqueous species.49 

The sum of the first two terms on the right-hand side of Equation (8-74) is equal 

to the chemical potential of species 𝑖 in an ideal solution (𝜇𝑖
𝑙,𝑖𝑑

) [125]: 

    𝜇𝑖
𝑙,𝑖𝑑(𝑇, 𝑃, 𝑥𝑖) = 𝜇𝑖

𝑙(𝑜)(𝑇, 𝑃) + 𝑅𝑇𝑙𝑛𝑥𝑖 (8-75) 

and, the last term on the right-hand side of Equation 5-60) is the molar excess chemical 

potential of species 𝑖 (𝜇𝑖
𝐸) [284]: 

    𝜇𝑖
𝐸(𝑇, 𝑃, 𝑥) = 𝑅𝑇𝑙𝑛𝛾𝑖

𝑥(𝑇, 𝑃, 𝑥) (8-76) 

where, 𝜇𝑖
𝐸 is in J/mol. 𝜇𝑖

𝐸 is identical to the partial molar excess Gibbs free energy of 

species 𝑖 (�̅�𝑖
𝐸): 

    𝜇𝑖
𝐸 = �̅�𝑖

𝐸 = (
𝜕𝐺𝑖

𝐸

𝜕𝑛𝑖
)
𝑇,𝑃.𝑛𝑗≠𝑖

 (8-77) 

where, 𝐺𝑖
𝐸 is excess Gibbs free energy for any amount of species 𝑖 in J and 𝑛𝑖 is the 

number of moles of species 𝑖 in the solution. Therefore, 𝛾𝑖
𝑥 can be related to 𝐺𝑖

𝐸 as 

follows: 

    𝑙𝑛𝛾𝑖
𝑥 = (

𝜕𝐺𝑖
𝐸/𝑅𝑇 

𝜕𝑛𝑖
)
𝑇,𝑃.𝑛𝑗≠𝑖

 (8-78) 

In the MSE model, the excess Gibbs free energy is divided into three different 

contributions [135,240,241]:50 

 
49 More details in Appendix P. 
50 The approach used in the MSE model by Springer et al. [135,240,241] follows the UNIQUAC model 

originally proposed by Abrams and Prausnitz [158] and Maurer and Prausnitz and the extended UNIQUAC 

model advanced by Sander et al. [285–287] and Thomsen [288]. 
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𝐺𝑖
𝐸

𝑅𝑇
=
𝐺𝑖,𝐿𝑅
𝐸

𝑅𝑇
+
𝐺𝑖,𝐼𝐼
𝐸

𝑅𝑇
+
𝐺𝑖,𝑆𝑅
𝐸

𝑅𝑇
 (8-79) 

where, 𝐺𝑖,𝐿𝑅
𝐸  is the contribution of long-range electrostatic interactions, 𝐺𝑖,𝐼𝐼

𝐸  accounts for 

specific ionic interactions (ion-ion and ion/molecule) that are not included in the long-

range contribution, and 𝐺𝑖,𝑆𝑅
𝐸  represents the short-range intermolecular interactions 

(molecule/molecule, ion/ion, and ion/molecule) [135,240,241]. Similarly, applying 

Equation (8-78) to Equation (8-79) results in an equation for the activity coefficient with 

three contributions: 

    𝑙𝑛𝛾𝑖
𝑥 = 𝑙𝑛𝛾𝑖

𝑥,𝐿𝑅 + 𝑙𝑛𝛾𝑖
𝑥,𝐼𝐼 + 𝑙𝑛𝛾𝑖

𝑆𝑅 (8-80) 

 The long-range activity coefficient contribution (𝛾𝑖
𝑥,𝐿𝑅

) can be derived based on 

the extended Pitzer–Debye–Huckel excess Gibbs free energy equation [135,141,241].51 

The derivation procedure is shown in Appendix S. The final equation is given below 

[135]: 

    

𝑙𝑛𝛾𝑖
𝑥,𝐿𝑅 = −𝐴𝑥

{
 
 

 
 
2𝑧𝑖

2

𝜌
ln

(

 
 1 + 𝜌𝐼𝑥

1
2

∑ 𝑥𝑘 [1 + 𝜌(𝐼𝑥,𝑘
0 )

1
2]𝑘
)

 
 
+
𝐼𝑥

1
2(𝑧𝑖

2 − 2𝐼𝑥)

1 + 𝜌𝐼𝑥

1
2

}
 
 

 
 

−
4𝐴𝑥𝐼𝑥
𝜌

{
 
 

 
 

1 −
1 + 𝜌(𝐼𝑥,𝑖

𝑜 )
1
2

∑ 𝑥𝑘 [1 + 𝜌(𝐼𝑥,𝑘
𝑜 )

1
2]𝑘
}
 
 

 
 

 

(8-81) 

 
51 The equation proposed by Pizer is based on unsymmetrical infinite dilution reference state (𝛾𝑖

𝑥,∗
 = 1 when 

𝑥𝑖 → 0). However, the equation used in this study is in the symmetrical pure liquid reference state (𝛾𝑖
𝑥 = 1 

when 𝑥𝑖 → 1). The conversion to the unsymmetrical infinite dilution reference state is done when all three 

contributions to the activity coefficients are put together. 
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where, 𝐴𝑥 is the Debye-Huckel limiting slope parameter in mole fraction basis 

(dimensionless) provided in Appendix I, 𝑧𝑖 is the charge number of species 𝑖, 𝑥𝑖 is the 

mole fraction of species 𝑖, 𝜌 is an empirical parameter called the “closest approach” and 

is related to the hard-core collision diameter or distance of closest approach of ions in the 

solution [289]. A value of 14 is used for 𝜌 in this study [135]. 𝐼𝑥 is the ionic strength in 

mole fraction basis, and 𝐼𝑥,𝑖
𝑜  is the mole-fraction based ionic strength when the system 

composition reduces to pure component 𝑖, i.e., 𝑥𝑖 = 1. The summation is over all aqueous 

species (charged and neutral species) as well as solvent (water) [135,241]. 𝐼𝑥 and 𝐼𝑥,𝑖
𝑜  

equations are given below [135]: 

     𝐼𝑥 =
1

2
∑𝑥𝑖𝑧𝑖

2

𝑖

 (8-82) 

    
𝐼𝑥,𝑖
𝑜 =

1

2
𝑧𝑖
2 

(8-83) 

The specific ionic interaction activity coefficient contribution (𝛾𝑖
𝑥,𝐼𝐼

) term can be 

calculated from an expression given below [135]: 

    𝑙𝑛𝛾𝑖
𝑥,𝐼𝐼 =∑∑𝑥𝑖𝑥𝑗

𝑗

𝐵𝑖𝑗 −∑∑𝑥𝑖𝑥𝑗
𝑗

𝜕𝐵𝑖𝑗

𝜕𝑥𝑘
− 2∑𝑥𝑖𝐵𝑖𝑘

𝑖𝑖𝑖

 (8-84) 

where, 𝑥𝑖 is the mole fraction of species 𝑖, and 𝐵𝑖𝑗 is a function of 𝐼𝑥 as below [135,241]: 

    𝐵𝑖𝑗 = 𝑏𝑖𝑗 + 𝑐𝑖𝑗 ∙ 𝑒𝑥𝑝(−√𝐼𝑥 + 𝑎1) (8-85) 

where, 𝑎1 is a constant equal to 0.01, and 𝑏𝑖𝑗 and 𝑐𝑖𝑗 are binary interaction parameters 

obtained by the two equations below[241]: 
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𝑏𝑖𝑗 = 𝑏0,𝑖𝑗 + 𝑏1,𝑖𝑗𝑇 +
𝑏2,𝑖𝑗

𝑇
+ 𝑏3,𝑖𝑗𝑇

2 + 𝑏5,𝑖𝑗 exp(𝑏6,𝑖𝑗𝑇) + 𝑏7,𝑖𝑗𝑇𝑙𝑛𝑇

+
𝑏8,𝑖𝑗

exp(𝑏9,𝑖𝑗𝑇)
+ 𝑏𝑃0,𝑖𝑗𝑃 + 𝑏𝑃1,𝑖𝑗𝑃𝑇 +

𝑏𝑃2,𝑖𝑗𝑃

𝑇
 

(8-86) 

    𝑐𝑖𝑗 = 𝑐0,𝑖𝑗 + 𝑐1,𝑖𝑗𝑇 +
𝑐2,𝑖𝑗

𝑇
+ 𝑐3,𝑖𝑗𝑇

2 + 𝑐5,𝑖𝑗 exp(𝑐6,𝑖𝑗𝑇) + 𝑐7,𝑖𝑗𝑇𝑙𝑛𝑇

+
𝑐8,𝑖𝑗

exp(𝑐9,𝑖𝑗𝑇)
 

(8-87) 

where, 𝑇 is temperature in K, and 𝑃 is pressure in atm, and 𝑏#,𝑖𝑗 and 𝑐#,𝑖𝑗 coefficients are 

listed in Table 8-3 [241]. It is assumed that 𝑏#,𝑖𝑗 and 𝑐#,𝑖𝑗 matrices are symmetrical, 

which means 𝑏𝑖𝑗 = 𝑏𝑗𝑖 and 𝑐𝑖𝑗 = 𝑐𝑗𝑖, and therefore, 𝐵𝑖𝑗 = 𝐵𝑗𝑖 [241].  

The derivative of 𝐵𝑖𝑗 with respect to 𝑥𝑘 is given below: 

    
𝜕𝐵𝑖𝑗

𝜕𝑥𝑘
= −

𝑐𝑖𝑗 ∙ 𝑒𝑥𝑝(−√𝐼𝑥 + 𝑎1) ∙ (𝑧𝑘
2 − 2𝐼𝑥)

4√𝐼𝑥 + 𝑎1
 (8-88) 
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Table 8-3 

𝑏#,𝑖𝑗 binary interaction parameters for contribution of the specific ionic interactions to activity coefficient in the MSE model for H2O-NaCl-CO2-H2S system [241].  

Species 𝑖 Species 𝑗 𝑏0,𝑖𝑗 𝑏1,𝑖𝑗 𝑏2,𝑖𝑗 𝑏3,𝑖𝑗 𝑏5,𝑖𝑗 𝑏6,𝑖𝑗 𝑏7,𝑖𝑗 𝑏8,𝑖𝑗 𝑏9,𝑖𝑗 𝑏𝑃0,𝑖𝑗 𝑏𝑃1,𝑖𝑗 𝑏𝑃2,𝑖𝑗 

𝑁𝑎+ 𝐶𝑙− -213.999 1.86323 16036.8 0 -3.1279e-5 0.0221142 -0.244873 -4963540 0.0519778 0.00689898 0 -2.156 

𝑁𝑎+ 𝐶𝑂2 -10.9006 0 0 0 0 0 0 0 0 0 0 0 

𝑁𝑎+ 𝐻2𝑆 -8.8532 0 0 0 0 0 0 0 0 0 0 0 

𝐶𝑙− 𝐻3𝑂
+ 75.511 -0.0858707 -21132.3 0 0 0 0 0 0 0 0 0 

𝐶𝑙− 𝐻2𝑆 -0.40445 0 0 0 0 0 0 0 0 0 0 0 

𝐻2𝑂 𝐶𝑂2 -10.2134 0.0102376 783.548 0 0 0 0 0 0 0 0 0 

𝐻2𝑂 𝐻2𝑆 -0.632123 0 0 0 0 0 0 0 0 0 0 0 

𝑏#,𝑖𝑗 for pairs that are not listed in the table are zero. 

In this study a different set of parameters is used. An updated set of parameters based on V11 of OLI software is provided by OLI Systems and is used in this study. However, for proprietary reasons, it could not be 

included in this document. Despite of these, the current parameters listed in this table produce satisfactory results. 

 

Table 8-4 

𝑐#,𝑖𝑗 binary interaction parameters for the contribution of specific ionic interactions contribution to activity coefficient in the MSE model for H2O-NaCl-CO2-H2S system [241]. 

Species 𝑖 Species 𝑗 𝑐0,𝑖𝑗 𝑐1,𝑖𝑗 𝑐2,𝑖𝑗 𝑐3,𝑖𝑗 𝑐5,𝑖𝑗 𝑐6,𝑖𝑗 𝑐7,𝑖𝑗 𝑐8,𝑖𝑗 𝑐9,𝑖𝑗 

𝑁𝑎+ 𝐶𝑙− 202.887 -2.15391 -9832.11 0 5.616e-5 0.0221142 0.293881 8004790 0.0519778 

𝐶𝑙− 𝐻3𝑂
+ -167.683 0.228176 35827.5 0 0 0 0 0 0 

𝑐#,𝑖𝑗 for pairs that are not listed in the table are zero. 

In this study a different set of parameters is used. An updated set of parameters based on V11 of OLI software is provided by OLI Systems and is used in this study. However, for proprietary reasons, it could not be 

included in this document. Despite of these, the current parameters listed in this table produce satisfactory results. 
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The short-range activity coefficient contribution (𝛾𝑖
𝑥,𝑆𝑅

) is calculated by using the 

following equation [158]: 

    

𝑙𝑛𝛾𝑖
𝑥,𝑆𝑅 = ln (

Φ𝑖

𝑥𝑖
) + (

𝑧

2
) 𝑞𝑖 ln (

𝜃𝑖
Φ𝑖
) + 𝑙𝑖 −

Φ𝑖

𝑥𝑖
(∑𝑥𝑗𝑙𝑗

𝑗

)

− 𝑞𝑖 ln (∑𝜃𝑗𝜏𝑗𝑖
𝑗

) + 𝑞𝑖 − 𝑞𝑖 (∑
𝜃𝑗𝜏𝑖𝑗

∑ 𝜃𝑘𝜏𝑘𝑗𝑘
𝑗

) 

(8-89) 

where, 𝑧 is a constant called the lattice coordination number and is equal to 10, Φ𝑖 and 𝜃𝑖 

are defined as the average segment fraction and the average area fraction of molecule 𝑖, 

respectively: 

    Φ𝑖 ≡
𝑟𝑖𝑥𝑖

∑ 𝑟𝑗𝑥𝑗𝑗
 (8-90) 

 𝜃𝑖 ≡
𝑞𝑖𝑥𝑖

∑ 𝑞𝑗𝑥𝑗𝑗
 (8-91) 

where, the structural parameters, 𝑞𝑖 and 𝑟𝑖, are originally defined as the van der Waals 

area and volume of molecules 𝑖, respectively, relative to those of a standard segment 

[158]. However, this definition gave unsatisfactory results when used for multi-

component electrolyte solutions. Therefore, in the extended UNIQUAC model, the 

structural area (𝑞𝑖) and volume (𝑟𝑖) parameters are considered as adjustable parameters 

[125]. In this study, 𝑞𝑖 is 1.40 and 𝑟𝑖 is 0.94 for all the species. 𝑙𝑖 is defined by the 

following equation [158]: 

    𝑙𝑖 ≡ (
𝑧

2
) (𝑟𝑖 − 𝑞𝑖) − (𝑟𝑖 − 1) (8-92) 

𝜏𝑖𝑗 definition is given by [158]: 
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    𝜏𝑖𝑗 ≡ exp (−
𝑎𝑖𝑗

𝑅𝑇
) (8-93) 

where, 𝑎𝑖𝑗 is the binary interaction parameter between neutral molecules 𝑖 and 𝑗 and 

𝑎𝑖𝑗 ≠ 𝑎𝑗𝑖, 𝑅 is the gas constant in J/mol/K, and 𝑇 is temperature in K. 𝑎𝑖𝑗 interaction 

parameters can be calculated by: 

    𝑎𝑖𝑗 = 𝑎𝑖𝑗
(0) + 𝑎𝑖𝑗

(1)𝑇 + 𝑎𝑖𝑗
(2)𝑇2 + [𝑎𝑖𝑗

(𝑃0) + 𝑎𝑖𝑗
(𝑃1)𝑇 + 𝑎𝑖𝑗

(𝑃2)𝑇2]𝑃 (8-94) 

where, 𝑎𝑖𝑗
(#)

 coefficients are given in Table 8-5. In this study, a slightly different set of 

parameters that those reported in Table 8-5 are used. The updated parameters are 

provided by OLI Systems and could not be included in this document. Inspite of this, the 

current parameters listed in Table 8-5 produce satisfactory results. It is evident from 

Table 8-5 that the short-range interaction parameters are established only for neutral 

molecules [241]. 
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Table 8-5 

Binary interaction parameters for the contribution of short-range interactions to activity coefficient in the MSE model for the H2O-

NaCl-CO2-H2S system [241].  

Species 𝑖 Species 𝑗 𝑎𝑖𝑗
(0)

 𝑎𝑖𝑗
(1)

 𝑎𝑖𝑗
(2)

 𝑎𝑖𝑗
(𝑃0)

 𝑎𝑖𝑗
(𝑃1)

 𝑎𝑖𝑗
(𝑃2)

 

H2O(l) CO2(aq) 6809.06 -28.4899 0 -0.852074 0.00250429 0 

H2O(l) H2S(aq) -2159.65 13.7874§ 0 -0.2733197 0 0 

CO2(aq) H2O(l) -3387.02 -0.570569 0 -0.0085503 -0.000666502 0 

CO2(aq) H2S(aq) -25.1807 -25.1807 0 0 0 0 

H2S(aq) H2O(l) 13062.3 -28.1389 0 -0.905971 0 0 

H2S(aq) CO2(aq) -6906.15 31.6201 0 0 0 0 

§ It is reported incorrectly in the Springer et al. publication. 

The 𝑎𝑖𝑗
(#)

parameters for H2O(l) and H2S(aq) are incorrectly switched in the Springer et al. publication. 

In this study a different set of parameters is used. An updated set of parameters based on V11 of OLI software is provided by OLI 

Systems and is used in this study. However, for proprietary reasons, it could not be included in this document. Despite of these, the 

current parameters listed in this table produce satisfactory results.
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As discussed at the beginning of this section, the computation of chemical 

equilibria requires the simultaneous use of standard-state chemical potential and activity 

coefficients of all species involved in the chemical reactions (Equations (8-60) and 

(8-61)). Since the standard-state chemical potentials from the available thermodynamic 

databases are defined for unsymmetrical, infinitely dilute reference state, an appropriate 

conversion must be performed on activity coefficients calculated in symmetrically pure 

liquid reference state to have consistent reference states. For this purpose, the mole 

fraction-based activity coefficient of species 𝑖 in the symmetrical pure liquid reference 

state, 𝛾𝑖
𝑥, is converted to that based on the unsymmetrical, infinitely dilute reference state 

(𝛾𝑖
𝑥,∗

) via52: 

    
𝑙𝑛𝛾𝑖

𝑥,∗ = 𝑙𝑛𝛾𝑖
𝑥 − lim

𝑥𝑖→0
𝑥𝑤→1

𝑙𝑛𝛾𝑖
𝑥 

(8-95) 

or a different presentation: 

    
𝑙𝑛𝛾𝑖,𝐿𝑅

𝑥,∗ = 𝑙𝑛𝛾𝑖,𝐿𝑅
𝑥 − lim

𝑥𝑖→0
𝑥𝑤→1

𝑙𝑛𝛾𝑖,𝐿𝑅
𝑥  

(8-96) 

 
𝑙𝑛𝛾𝑖,𝐼𝐼

𝑥,∗ = 𝑙𝑛𝛾𝑖,𝐼𝐼
𝑥 − lim

𝑥𝑖→0
𝑥𝑤→1

𝑙𝑛𝛾𝑖,𝐼𝐼
𝑥  

(8-97) 

 
𝑙𝑛𝛾𝑖,𝑆𝑅

𝑥,∗ = 𝑙𝑛𝛾𝑖,𝑆𝑅
𝑥 − lim

𝑥𝑖→0
𝑥𝑤→1

𝑙𝑛𝛾𝑖,𝑆𝑅
𝑥  

(8-98) 

 𝑙𝑛𝛾𝑖
𝑥,∗ = 𝑙𝑛𝛾𝑖,𝐿𝑅

𝑥,∗ + 𝑙𝑛𝛾𝑖,𝐼𝐼
𝑥,∗ + 𝑙𝑛𝛾𝑖,𝑆𝑅

𝑥,∗
 (8-99) 

where, 𝛾𝑖,𝐿𝑅
𝑥,∗

, 𝛾𝑖,𝐼𝐼
𝑥,∗

, and 𝛾𝑖,𝑆𝑅
𝑥,∗

 are the three contributions of mole-fraction based activity 

coefficient in the unsymmetrical, infinitely dilute reference state.

 
52 Another form of Equation (8-95) is:  𝛾𝑖

𝑥,∗ =
𝛾𝑖
𝑥

𝛾𝑖
𝑥,∞, where 𝛾𝑖

𝑥,∞ = lim
𝑥𝑖→0
𝑥𝑤→1

𝑙𝑛𝛾𝑖
𝑥 [125]. 
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Figure 8-2 

The flow diagram of the algorithm used to calculate the speciation equilibrium with the MSE model in the H2O-NaCl-CO2-H2S system. 

H2S mole percent is taken as the model input. However, CO2 can be the model input as well, instead of H2S.  
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The equations for calculating the three activity coefficient contributions, 

Equations (8-81), (8-84), and (8-89), are all mole fraction dependent. On the other hand, 

the equilibrium equations, Equations (R-3), (R-4), and (R-10) to (R-14) in Appendix R, 

are all functions of mole fractions and activity coefficients. Therefore, all these equations 

need to be solved simultaneously in a loop by an iterative procedure to obtain the 

equilibrium concentrations and the equilibrium activity coefficients. The algorithm used 

in this study for computing the equilibrium concentrations and activity coefficients is 

illustrated in Figure 8-1. This algorithm is designed for an open system53, what is seen in 

most corrosion scenarios, including internal corrosion of oil and gas pipelines. In an open 

system, at a constant temperature and total pressure, the mole fraction of gaseous species 

in the gas phase is constant. This means that the partial pressure of gaseous species is 

constant as well in the gas phase. For the H2O-NaCl-CO2-H2S mixture, the gaseous 

species are water vapor, CO2(g) and H2S(g).  

The required model inputs for an open H2O-NaCl-CO2-H2S system are 

temperature, total pressure, NaCl concentration, and the mole fraction (mole percent or 

partial pressure) of either CO2(g) or H2S(g). 

The steps to the algorithm are discussed below: 

1) Calculate the water vapor pressure. In this study, a model by Atkinson [128] is used 

because it considers the effect of salt concentration on water vapor pressure. 

Appendix H describes the Atkinson model [128]. 

 
53 Contrary to this study, the OLI software is mainly designed for closed systems: constant initial moles. 
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2) Calculate CO2(g) and H2S(g) fugacity (𝑓) based on the SRK equation of state given in 

Appendix K and the following equations54: 

    𝑓𝑖 = 𝑃𝑦𝑖𝜑𝑖 (8-100) 

3) Calculate the thermodynamic equilibrium constant (𝐾𝑠𝑜𝑙
𝑖 ) for CO2 and H2S 

solubility, Reactions (8-56) and (8-57), using Equations (R-3) and (R-4) in 

Appendix R.  

Calculate molality-based activity (𝑎𝑖
𝑚) of CO2(aq) and H2S(aq) by: 

    𝑎𝑖
𝑚 = 𝐾𝑠𝑜𝑙

𝑖 × 𝑓𝑖 (8-101) 

4) Calculate the thermodynamic equilibrium constants (𝐾1
𝑖, 𝐾2

𝑖, and 𝐾𝑤) for CO2, H2S, 

and water dissociation, Reactions (8-51) to (8-55), with the help of Equations (R-

10) to (R-14) in Appendix R.  

5) Find initial concentrations for initiating the iteration loop. The best choice are the 

equilibrium concentrations at ideal conditions. Six equations are needed to calculate 

the equilibrium concentrations of 𝐻(𝑎𝑞)
+ , 𝐻𝐶𝑂3(𝑎𝑞)

− , 𝐶𝑂3(𝑎𝑞)
2− , 𝐻𝑆(𝑎𝑞)

− , 𝑆(𝑎𝑞)
2− , and 

𝑂𝐻(𝑎𝑞)
− . Five of them come from the equations for the thermodynamic dissociation 

equilibrium constants, assuming ideal conditions (𝛾𝑖
𝑚 = 1 and 𝑎𝐻2𝑂(𝑙) = 1): 

    𝐾1
𝐶𝑂2 =

𝑚𝐻3𝑂(𝑎𝑞)
+ 𝑚𝐻𝐶𝑂3(𝑎𝑞)

−

𝑚𝐶𝑂2(𝑎𝑞)

 (8-102) 

 𝐾2
𝐶𝑂2 =

𝑚𝐻3𝑂(𝑎𝑞)
+ 𝑚𝐶𝑂3(𝑎𝑞)

2−

𝑚𝐻𝐶𝑂3(𝑎𝑞)
−

 (8-103) 

 
54 All the parameters are defined earlier. 
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 𝐾1
𝐻2𝑆 =

𝑚𝐻3𝑂(𝑎𝑞)
+ 𝑚𝐻𝑆(𝑎𝑞)

−

𝑚𝐻2𝑆(𝑎𝑞)

 (8-104) 

 𝐾2
𝐻2𝑆 =

𝑚𝐻3𝑂(𝑎𝑞)
+ 𝑚𝑆(𝑎𝑞)

2−

𝑚𝐻𝑆(𝑎𝑞)
−

 (8-105) 

 𝐾𝑤 = 𝑚𝐻3𝑂(𝑎𝑞)
+ 𝑚𝑂𝐻(𝑎𝑞)

−  (8-106) 

The sixth equation is the solution charge neutrality constrain: 

   𝑚𝐻3𝑂(𝑎𝑞)
+ = 𝑚𝐻𝐶𝑂3(𝑎𝑞)

− + 2𝑚𝐶𝑂3(𝑎𝑞)
2− +𝑚𝐻𝑆(𝑎𝑞)

− + 2𝑚𝑆(𝑎𝑞)
2− +𝑚𝑂𝐻(𝑎𝑞)

−  (8-107) 

Finally, the following cubic equation can be solved to acquire the initial equilibrium 

molality concentrations: 

      𝐴𝑚
𝐻3𝑂(𝑎𝑞)

+
3 + 𝐵𝑚

𝐻3𝑂(𝑎𝑞)
+

2 + 𝐶𝑚𝐻3𝑂(𝑎𝑞)
+ + 𝐷 = 0 (8-108) 

 𝐴 = 1  

 𝐵 = 0  

 𝐶 = −(𝐾𝑤 + 𝐾1
𝐶𝑂2𝑚𝐶𝑂2(𝑎𝑞)

+ 𝐾1
𝐻2𝑆𝑚𝐻2𝑆(𝑎𝑞))  

 𝐷 = −2(𝐾1
𝐶𝑂2𝐾2

𝐶𝑂2𝑚𝐶𝑂2(𝑎𝑞)
+ 𝐾1

𝐻2𝑆𝐾2
𝐻2𝑆𝑚𝐻2𝑆(𝑎𝑞)

)  

6) Calculate the initial mole fraction based ionic strength of solution, using Equation 

(8-82): 

    
𝐼𝑥 =

1

2
(𝑥𝑁𝑎+ + 𝑥𝐶𝑙− + 𝑥𝐻3𝑂+ + 𝑥𝑂𝐻− + 𝑥𝐻𝐶𝑂3− + 4𝑥𝐶𝑂32− + 𝑥𝐻𝑆−

+ 4𝑥𝑆2−) 

(8-109) 

where, 𝑥𝑖 is the mole fraction of species 𝑖. For example, 𝑥𝐻3𝑂+ is equal to the 

number of moles of 𝐻3𝑂(𝑎𝑞)
+  (𝑛𝐻3𝑂+) divided by the initial total number of moles in 

the solution (𝑛𝑇
𝑜 ): 
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𝑥𝐻3𝑂+ =
𝑛𝐻3𝑂+

𝑛𝑇
𝑜  

=
𝑚𝐻3𝑂

+

𝑚𝑁𝑎+ +𝑚𝐶𝑙− +𝑚𝐻3𝑂
+ +𝑚𝑂𝐻− +𝑚𝐻𝐶𝑂3

− +𝑚𝐶𝑂3
2− +𝑚𝐻𝑆− +𝑚𝑆2− + 1000/𝑀𝑤

 

(8-110) 

Here, it is assumed that the solution contains only 1000 g of water as the solvent. 

This means that the numbers of moles of species will be equal to their molality 

concentrations. Thus:  

    𝑛𝐻3𝑂+ ≡ 𝑚𝐻3𝑂
+ (8-111) 

 

𝑛𝑇
𝑜 = 𝑚𝑁𝑎(𝑎𝑞)

+ +𝑚𝐶𝑙(𝑎𝑞)
− +𝑚𝐻3𝑂(𝑎𝑞)

+ +𝑚𝑂𝐻(𝑎𝑞)
− +𝑚𝐻𝐶𝑂3(𝑎𝑞)

−

+𝑚𝐶𝑂3(𝑎𝑞)
2− +𝑚𝐻𝑆(𝑎𝑞)

− +𝑚𝑆2− +𝑚𝐶𝑂2(𝑎𝑞) +𝑚𝐻2𝑆(𝑎𝑞)

+ 1000/𝑀𝑤 

(8-112) 

where, 𝑚𝑖 are the molality concentrations obtained in Step 6 and 𝑀𝑤 is the 

molecular weight of water in g/mol. Equations (8-110) to (8-112) are valid for other 

aqueous species as well. The mole fraction of water (𝑥𝑤) can be calculated from the 

following equation: 

    𝑥𝑤 =
𝑛𝑤
𝑛𝑇
𝑜 =

1000/𝑀𝑤

𝑛𝑇
𝑜  (8-113) 

where, 𝑛𝑤 is number of moles of water. 

7) Initiate a while loop with its “criterion” defined as the variation in the ionic strength 

which needs to become less than a desired value. In this study, the desired value set 

to be 10-12. 
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8) Calculate the three contributions (𝛾𝐿𝑅
𝑥 , 𝛾𝐼𝐼

𝑥 , and 𝛾𝑆𝑅
𝑥 ) of the symmetrical mole-

fraction based activity coefficient for all species including water, using Equations 

(8-81), (8-84), and (8-89) and the mole fractions obtained in Step 7. 

9) Convert the symmetrical mole-fraction based activity coefficients to the 

unsymmetrical mole-fraction based activity coefficients at infinitely dilute for all 

species including water, using Equation (8-96) to (8-99). 

10) Calculate new mole fractions by solving the following system of nonlinear 

equations for the autogenous pH conditions: 

    

𝐾1
𝐶𝑂2 ∙ 𝑎𝐶𝑂2(𝑎𝑞)

𝑥 ∙ (𝑥𝑤𝛾𝑤
𝑥,∗)2

− (𝑥𝐻3𝑂(𝑎𝑞)
+ 𝛾

𝐻3𝑂(𝑎𝑞)
+

𝑥,∗ ) ∙ (𝑥𝐻𝐶𝑂3(𝑎𝑞)
− 𝛾𝐻𝐶𝑂3(𝑎𝑞)

−
𝑥,∗ ) ∙ (

1000

𝑀𝑤
) = 0 

(8-114) 

    𝐾2
𝐶𝑂2 (𝑥𝐻𝐶𝑂3(𝑎𝑞)

− 𝛾𝐻𝐶𝑂3(𝑎𝑞)
−

𝑥,∗ ) ∙ (𝑥𝑤𝛾𝑤
𝑥,∗) − (𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ )

∙ (𝑥𝐶𝑂3(𝑎𝑞)
2− 𝛾

𝐶𝑂3(𝑎𝑞)
2−

𝑥,∗ ) ∙ (
1000

𝑀𝑤
) = 0 

(8-115) 

 𝐾1
𝐻2𝑆 ∙ 𝑎𝐻2𝑆(𝑎𝑞)

𝑥 ∙ (𝑥𝑤𝛾𝑤
𝑥,∗)

− (𝑥𝐻3𝑂(𝑎𝑞)
+ 𝛾

𝐻3𝑂(𝑎𝑞)
+

𝑥,∗ ) ∙ (𝑥𝐻𝑆(𝑎𝑞)
− 𝛾𝐻𝑆(𝑎𝑞)

−
𝑥,∗ ) ∙ (

1000

𝑀𝑤
) = 0 

(8-116) 

 𝐾2
𝐻2𝑆 (𝑥𝐻𝑆(𝑎𝑞)

− 𝛾𝐻𝑆(𝑎𝑞)
−

𝑥,∗ ) ∙ (𝑥𝑤𝛾𝑤
𝑥,∗) − (𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ ) ∙ (𝑥𝑆(𝑎𝑞)

2− 𝛾
𝑆(𝑎𝑞)
2−
𝑥,∗ )

∙ (
1000

𝑀𝑤
) = 0 

(8-117) 

    
𝐾𝑤(𝑥𝑤𝛾𝑤

𝑥,∗)2 − (𝑥𝐻3𝑂(𝑎𝑞)
+ 𝛾

𝐻3𝑂(𝑎𝑞)
+

𝑥,∗ ) ∙ (𝑥𝑂𝐻(𝑎𝑞)
− 𝛾𝑂𝐻(𝑎𝑞)

−
𝑥,∗ ) ∙ (

1000

𝑀𝑤
)
2

= 0 
(8-118) 
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    𝑥𝐻3𝑂(𝑎𝑞)
+ + 𝑥𝑁𝑎(𝑎𝑞)

+

− (𝑥𝐶𝑙(𝑎𝑞)
− + 𝑥𝑂𝐻(𝑎𝑞)

− + 𝑥𝐻𝐶𝑂3(𝑎𝑞)
− + 2𝑥𝐶𝑂3(𝑎𝑞)

2−

+ 𝑥𝐻𝑆(𝑎𝑞)
− + 2𝑥𝑆(𝑎𝑞)

2− ) = 0 

(8-119) 

 1 − (𝑥𝑁𝑎(𝑎𝑞)
+ + 𝑥𝐶𝑙(𝑎𝑞)

− + 𝑥𝐻3𝑂(𝑎𝑞)
+ + 𝑥𝑂𝐻(𝑎𝑞)

− + 𝑥𝐻𝐶𝑂3(𝑎𝑞)
− + 𝑥𝐶𝑂3(𝑎𝑞)

2−

+ 𝑥𝐻𝑆(𝑎𝑞)
− + 𝑥𝑆(𝑎𝑞)

2− + 𝑥𝐶𝑂2(𝑎𝑞) + 𝑥𝐻2𝑆(𝑎𝑞) + 𝑥𝑤) = 0 

(8-120) 

where, the first five equations correspond to dissociation equilibria, Reactions 

(8-51) to (8-55), the sixth equation is the charge neutrality equation, and the seventh 

equation indicates that the sum of all the mole fractions is equal to unity. For the 

constant pH conditions, one more equation representing the pH constrain needs to 

be added to the system of equation. 

The activities of dissolved 𝐶𝑂2(𝑎𝑞) and 𝐻2𝑆(𝑎𝑞) in mole fraction basis in Equations 

(8-114) and (8-116), respectively, are equal to: 

    𝑎𝐶𝑂2(𝑎𝑞)
𝑥 =

𝑎𝐶𝑂2(𝑎𝑞)
𝑚 𝑀𝑤

1000
 (8-121) 

 𝑎𝐻2𝑆(𝑎𝑞)
𝑥 =

𝑎𝐻2𝑆(𝑎𝑞)
𝑚 𝑀𝑤

1000
 (8-122) 

where, 𝑎𝐶𝑂2(𝑎𝑞)
𝑚  and 𝑎𝐻2𝑆(𝑎𝑞)

𝑚  are obtained from Step 4. 

The mole fraction of 𝐻2𝑂(𝑙) (𝑥𝑤) in Equations (8-114) to (8-120) is defined as: 

 𝑥𝑤 =
1000

𝑀𝑤𝑛𝑇
 (8-123) 

and, the mole fractions of 𝑁𝑎(𝑎𝑞)
+ , 𝐶𝑙(𝑎𝑞)

− , 𝐶𝑂2(𝑎𝑞), and 𝐻2𝑆(𝑎𝑞) in Equation (8-120) 

are defined as: 
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    𝑥𝑁𝑎(𝑎𝑞)
+ =

𝑛𝑁𝑎(𝑎𝑞)
+

𝑛𝑇
≡
𝑚𝑁𝑎(𝑎𝑞)

+

𝑛𝑇
 (8-124) 

 𝑥𝐶𝑙(𝑎𝑞)
− =

𝑛𝐶𝑙(𝑎𝑞)
−

𝑛𝑇
≡
𝑚𝐶𝑙(𝑎𝑞)

−

𝑛𝑇
 (8-125) 

 𝑥𝐶𝑂2(𝑎𝑞) =
𝑎𝐶𝑂2(𝑎𝑞)
𝑥

𝛾𝐶𝑂2(𝑎𝑞)
𝑥,∗  (8-126) 

 𝑥𝐻2𝑆(𝑎𝑞) =
𝑎𝐻2𝑆(𝑎𝑞)
𝑥

𝛾𝐻2𝑆(𝑎𝑞)
𝑥,∗  (8-127) 

where, 𝑛𝑇 is total number of moles in the solution at equilibrium55, and 𝑚𝑁𝑎(𝑎𝑞)
+  and 

𝑚𝐶𝑙(𝑎𝑞)
−  are equal to the initial moles of 𝑁𝑎(𝑎𝑞)

+  and 𝐶𝑙(𝑎𝑞)
− . Since the amount of 

water as the solvent is assumed constant (1000 g), the initial moles of 𝑁𝑎(𝑎𝑞)
+  and 

𝐶𝑙(𝑎𝑞)
−  are equivalent to their molality concentrations given as model inputs. 

Additionally, 𝑁𝑎(𝑎𝑞)
+  and 𝐶𝑙(𝑎𝑞)

−  are presumed to be non-reacting species. Hence, 

their number of moles remains constant throughout the iteration process. 

Equations (8-121) to (8-127) need to be implemented into Equations (8-114) to 

(8-120). Finally, there are seven independent equations: Equations (8-114) to 

(8-120) and seven unknows: 𝑥𝐻3𝑂(𝑎𝑞)
+ , 𝑥𝑂𝐻(𝑎𝑞)

− , 𝑥𝐻𝐶𝑂3(𝑎𝑞)
− , 𝑥𝐶𝑂3(𝑎𝑞)

2− , 𝑥𝐻𝑆(𝑎𝑞)
− , 𝑥𝑆(𝑎𝑞)

2− , and 

𝑛𝑇. Therefore, the system of equations can be solved for the unknowns. The fsolve 

solver in MATLAB with Levenberg-Marquardt algorithm is used to solve the 

system of equations. The initial conditions for the fsolve solver can be the initial 

mole fractions and 𝑛𝑇
𝑜  acquired in Steps 6 and 7. 

 
55  𝑛𝑇 is different from 𝑛𝑇

𝑜  as the system of study is an open system, in which there is a 

continuous supply of CO2(aq) and H2S(aq) 
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11) Recalculate the mole-fraction based ionic strength of solution using the mole 

fractions and 𝑛𝑇 obtained in Step 11. 

12) Subtract the ionic strength in Step 12 from the initial ionic strength computed in 

Step 7. Calculate the absolute value of their difference.  

13) If the absolute value of the difference is smaller than the desired value defined in 

Step 8, then the calculated mole fractions, 𝑛𝑇, and activity coefficients are the 

equilibrium values. Otherwise, return to Step 9 and calculate the activity 

coefficients with new mole fractions obtained in Step 11 and iterate the steps until 

the condition defined in Step 8 is satisfied. 

14) Convert the calculated equilibrium mole fractions (𝑥𝑖) and equilibrium 

unsymmetrical mole-fraction based activity coefficients (𝛾𝑖
𝑥,∗

) to molality 

concentrations (𝑚𝑖) and unsymmetrical molality-based activity coefficients (𝛾𝑖
𝑚), 

respectively, by using the following equations: 

 𝑚𝑖 ≡ 𝑥𝑖𝑛𝑇 (8-128) 

 𝛾𝑖
𝑚 ≡ 𝑥𝑤𝛾𝑖

𝑥,∗
 (8-129) 

As noted earlier, one the most applicable outputs of any speciation equilibrium 

model is the equilibrium pH of the solution. In the MSE model, since 𝐻(𝑎𝑞)
+  does not 

exist, the pH needs to be calculated based on 𝐻3𝑂(𝑎𝑞)
+ , with a different equation than 

Equation (8-14) used in Li and Duan model: 

 𝑝𝐻 = −𝑙𝑜𝑔10(
𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗

𝑥𝑤𝛾𝑤
𝑥,∗ ) − 𝑙𝑜𝑔10(

1000

𝑀𝑤
) (8-130) 

The derivation of Equation (8-130) is given in Appendix T. 
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8.4 Quantification of the Effect of Salt Concentration on Speciation Equilibria in 

Solutions Saturated with CO2(g) or H2S(g) 

As mentioned in Chapter 4, when salt concentration is varied in an aqueous 

solution, the equilibrium activity coefficients of all species present in the solution change 

due to alternation of interspecies interactions. Because of that, the equilibrium 

concentrations of reacting species need to vary as the thermodynamic equilibrium 

constants do not change with salt concentration. These changes in the equilibrium activity 

coefficients and equilibrium concentrations can be quantified with the help of 

thermodynamic speciation models explained in previous section. Two examples obtained 

by using the MSE model will be presented below for aqueous NaCl solutions saturated 

with CO2 and H2S gases. 

Figure 8-3 shows the equilibrium concentration, the equilibrium activity 

coefficient, and the equilibrium activity of five aqueous species in addition to activity of 

water for aqueous NaCl solutions saturated with CO2 at 25oC and 1 bar total pressure. 

In Figure 8-3 A, with increasing NaCl concentration, the activity coefficient of 

𝐻3𝑂(𝑎𝑞)
+  ion decreases from 1.0 at 0 wt.% NaCl to about 0.8 at ~ 1 wt.% NaCl. With 

further increase in NaCl concentration, the activity coefficient of 𝐻3𝑂(𝑎𝑞)
+  ion reverses the 

trend and increases to ~ 4.0 at 25 wt.% NaCl. On the other hand, the concentration of 

𝐻3𝑂(𝑎𝑞)
+  ion shows an increasing trend between 0 wt.% to ~ 3 wt.% and a decreasing 

trend for NaCl concentrations greater then ~ 3 wt.%. The activity  of 𝐻3𝑂(𝑎𝑞)
+  ion, which 

is the product of concentration and activity coefficient monotonously increases with 

higher  NaCl concentrations.  
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For CO2(aq) in Figure 8-3 C, its concentration decreases, while its activity 

coefficient increases with increasing NaCl concentration. The activity of CO2(aq) is 

almost56 constant over the entire range of NaCl concentrations as fugacity of CO2(g) is 

almost constant in an open system. According to Figure 8-3 B and D, the trends for 

concentration, activity coefficient, and activity of 𝑂𝐻(𝑎𝑞)
−  and 𝐻𝐶𝑂3

− ions with NaCl 

concentration are similar. The concentration for both shows a maximum at ~ 3 wt.% 

NaCl. Their activity coefficients decrease monotonously when NaCl concentration is 

increased. However, the slope of changes becomes smaller at high NaCl concentrations. 

The activity of 𝑂𝐻(𝑎𝑞)
−  and 𝐻𝐶𝑂3

− ions sharply decrease with increasing NaCl 

concentration.  

The activity coefficient of 𝐶𝑙(𝑎𝑞)
−  ion shows a minimum at ~ 6 wt.% NaCl, 

whereas its concentration and activity monotonously increase with a rise in NaCl 

concentration (Figure 8-3 E). In Figure 8-3 F, the activity of water decreases from 1 at 0 

wt.% NaCl to around  0.77 at 25 wt.% NaCl. 

The reason for the observed trends in the activity coefficients of aqueous 

dissolved species with NaCl concentration can be understood by considering the changes 

in the three contributions of activity coefficient with NaCl concentration. Figure 8-4 

illustrates the variations in the long-range, specific ionic interaction, and short-range 

contributions of the activity coefficient with NaCl concentration for 𝐻3𝑂(𝑎𝑞)
+ , CO2(aq), 

𝐻𝐶𝑂3(𝑎𝑞)
− , and 𝐶𝑙(𝑎𝑞)

−  ions. For example Figure 8-4 C, for 𝐻3𝑂(𝑎𝑞)
+  ion, the long-range 

 
56 Water vapor pressure decreases slightly with increasing NaCl concentration. Thus, there will be a very 

small increase in the activity of CO2(aq) with higher NaCl concentration. 
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(𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑚,𝐿𝑅

) and the short-range (𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑚,𝑆𝑅

) contributions of the activity coefficient decreases 

with increasing NaCl concentration, while the specific ionic interaction (𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑚,𝐼𝐼

) 

contribution increases. The slope of changes for 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑚,𝐼𝐼

is greater than that for 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑚,𝐿𝑅

 

and 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑚,𝑆𝑅

. Therefore, the activity coefficient of 𝐻3𝑂(𝑎𝑞)
+  ion shows a minimum at low 

NaCl concentrations. 
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Figure 8-3 

Bulk concentration, activity coefficient, and activity of (A) 𝐻3𝑂(𝑎𝑞)
+  ion, (B) 𝑂𝐻(𝑎𝑞)

−  ion, (C) 𝐶𝑂2(𝑎𝑞), (D) 𝐻𝐶𝑂3(𝑎𝑞)
−  ion, (E) 𝐶𝑙(𝑎𝑞)

−  ion, 

and (F) 𝐻2𝑂(𝑙) calculated by the mixed solvent electrolyte speciation model for CO2 saturated aqueous NaCl solutions at 25°C, and 1 

bar total pressure (∼ 0.98 bar pCO2). 25 wt.% NaCl is equivalent to 5.7 molal NaCl. 

(A) (B) 

  
(C) (D) 

  
(E) (F) 
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Figure 8-4 

The variations in the long-range (𝛾𝑚,𝐿𝑅), the specific ionic interaction (𝛾𝑚,𝐼𝐼), and the short-range (𝛾𝑚,𝑆𝑅) contributions of molality-based activity coefficient (𝛾𝑚) with respect to salt concentration at 25oC and 1 bar 

total pressure for: (A) 𝐻3𝑂(𝑎𝑞)
+  ion, (B) 𝐶𝑂2(𝑎𝑞), (C) 𝐻𝐶𝑂3(𝑎𝑞)

−  ion, (D) 𝐶𝑙(𝑎𝑞)
− . 

(A) (B) 

  
(C) (D) 
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Figure 8-5 illustrates the equilibrium concentration, the equilibrium activity 

coefficient, and the equilibrium activity of five aqueous species in addition to activity of 

water for aqueous NaCl solutions saturated with H2S at 25oC and 1 bar total pressure. 

In Figure 8-5 A, when NaCl concentration is increased, the activity coefficient of 

𝐻3𝑂(𝑎𝑞)
+  ion decreases from 1.0 at 0 wt.% NaCl to about 0.8 at ~ 1 wt.% NaCl. At higher 

NaCl concentration, the activity coefficient of 𝐻3𝑂(𝑎𝑞)
+  ion switches the trend and 

increases to ~ 4.0 at 25 wt.% NaCl. On the other hand, the concentration of 𝐻3𝑂(𝑎𝑞)
+  ion 

shows an increasing trend between 0 wt.% to ~ 3 wt.% and a declining trend for NaCl 

concentrations larger then ~ 3 wt.%. The activity  of 𝐻3𝑂(𝑎𝑞)
+  ion, which is the product of 

concentration and activity coefficient, monotonously increases when NaCl concentration 

is increased. In Figure 8-5 B, the activity coefficient of 𝑂𝐻(𝑎𝑞)
−  ion reveals a minimum at 

~ 16 wt.%, whereas the concentration of 𝑂𝐻(𝑎𝑞)
−  ion has a maximum at around 6 wt.% 

NaCl. The activity of 𝑂𝐻(𝑎𝑞)
−  ion decreases monotonously with increasing NaCl 

concentration. 

With increasing NaCl concentration in Figure 8-5 C, the concentration of H2S(aq) 

decreases, while its activity coefficient increases. The activity of H2S(aq) almost57 does not 

vary over the entire range of NaCl concentrations as fugacity of H2S(g) is almost constant 

in an open system. The activity coefficient of 𝐻𝑆(𝑎𝑞)
−  ion has a minimum at around 2 

wt.% NaCl, while its concentration shows a maximum at this NaCl concentration (Figure 

8-5 D).  

 
57 Water vapor pressure decreases slightly with increasing NaCl concentration. Thus, there will be a very 

small increase in the activity of CO2(aq) with higher NaCl concentration. 
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The activity coefficient of 𝐶𝑙(𝑎𝑞)
−  ion shows a minimum at  ~ 6 wt.% NaCl, whilst 

its concentration and activity monotonously increase with a rise in NaCl concentration 

(Figure 8-5 E). The activity of water decreases from 1 at 0 wt.% NaCl to around 0.77 at 

25 wt.% NaCl (Figure 8-5 F). 

The reason for the observed trends in the activity coefficients of aqueous 

dissolved species with NaCl concentration can be understood by considering the changes 

in the three contributions of activity coefficient with NaCl concentration. Figure 8-6 

presents the variations in the long-range, specific ionic interaction, and short-range 

contributions of the activity coefficient with NaCl concentration for 𝐻3𝑂(𝑎𝑞)
+ , 𝐻𝑠𝑆(𝑎𝑞), 

𝐻𝑆(𝑎𝑞)
− , and 𝐶𝑙(𝑎𝑞)

−  ions. For example in Figure 8-6 C, for 𝐻𝑆(𝑎𝑞)
−  ion, the long-range 

(𝛾𝐻𝑆(𝑎𝑞)
−  

𝑚,𝐿𝑅
) and the short-range (𝛾𝐻𝑆(𝑎𝑞)

−  
𝑚,𝑆𝑅

) contributions of the activity coefficient decreases 

with increasing NaCl concentration, while the specific ionic interaction (𝛾𝐻𝑆(𝑎𝑞)
−  

𝑚,𝐼𝐼
) 

contribution increases. The slope of changes for 𝛾𝐻𝑆(𝑎𝑞)
−  

𝑚,𝐼𝐼
is larger than that for 𝛾𝐻𝑆(𝑎𝑞)

−  
𝑚,𝐿𝑅

 and 

𝛾𝐻𝑆(𝑎𝑞)
−  

𝑚,𝑆𝑅
. Therefore, the activity coefficient of 𝐻𝑆(𝑎𝑞)

−  ion shows a minimum at low NaCl 

concentrations. 
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Figure 8-5 

Bulk concentration, activity coefficient, and activity of (A) 𝐻3𝑂(𝑎𝑞)
+  ion, (B) 𝑂𝐻(𝑎𝑞)

−  ion, (C) 𝐻2𝑆(𝑎𝑞), (D) 𝐻𝑆(𝑎𝑞)
−  ion, (E) 𝐶𝑙(𝑎𝑞)

−  ion, and 

(F) 𝐻2𝑂(𝑙) calculated by the mixed solvent electrolyte speciation model for H2S saturated aqueous NaCl solutions at 25°C, and 1 bar 

total pressure (∼ 0.98 bar pH2S). 25 wt.% NaCl is equivalent to 5.7 molal NaCl. 

(A) (B) 

  
(C) (D) 

  
(E) (F) 

  
 

 



224 

 

  

Figure 8-6 

The variations in the long-range (𝛾𝑚,𝐿𝑅), the specific ionic interaction (𝛾𝑚,𝐼𝐼), and the short-range (𝛾𝑚,𝑆𝑅) contributions of molality-based activity coefficient (𝛾𝑚) with respect to salt concentration at 25oC and 1 bar 

total pressure  for: (A) 𝐻3𝑂(𝑎𝑞)
+  ion, (B) 𝐻2𝑆(𝑎𝑞), (C) 𝐻𝑆(𝑎𝑞)

−  ion, and (D) 𝐶𝑙(𝑎𝑞)
− . 

(A) (B) 

  
(C) (D) 
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8.5 Comparison of Speciation Equilibrium Models for Solutions Saturated with 

CO2(g) 

Since pH can be easily measured, it is the most convenient property of a solution 

for assessing the accuracy of the speciation equilibrium models. Therefore, in the present 

study, the accuracy of speciation equilibrium models is investigated by comparing the 

experimental pH values with those estimated by the models. 

Figure 8-7 compares the experimental autogenous pH of aqueous NaCl solutions 

at 1 bar CO2 and 25oC extracted from the literature with predicted pH values obtained by 

different speciation equilibrium models introduced in this chapter. The Oddo and Tomson 

[232] model overpredicts pH between 0 wt.% to ~10 wt.% and underpredicts at higher 

NaCl concentrations. The Millero et al. [266] and the Li and Duan [136,249] models 

overpredict pH over the entire range of NaCl concentrations. The overprediction by 

Millero et al. [266] model amplifies at higher NaCl concentrations. However, the 

accuracy of Li and Duan [136,249] model remains almost unchanged over the whole 

NaCl concentration range with a maximum overprediction of 0.15 pH unit at ~10 wt.%. 

The MSE model [135,241] predicts pH satisfactorily for the entire range of NaCl 

concentrations. The maximum error by the MSE model occurs at middle concentrations, 

for example at 10 wt.% the error is about + 0.1 pH unit. A common problem with all the 

equilibrium speciation models is that they foresee a linear relation between pH and NaCl 

concentration, while the experimental pH values show a logarithmic trend with respect to 

NaCl concentration. 
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Figure 8-7 

Comparison of speciation equilibrium models with experimental data for the autogenous 

pH of aqueous NaCl solution saturated with CO2(g) at 25oC and 1 bar total pressure. 

Data are taken from [7,9,10]. The models are reproduced based on 

[232,266,136,249,135,241]. 

 

 

Figure 8-8 shows comparisons between the experimental autogenous pH data in 

an aqueous ~ 3 wt.% NaCl solution saturated with CO2(g) at three different temperatures 

and a total pressure range of 1 to 40 bar with pH values predicted by the speciation 

equilibrium models mentioned earlier. The Oddo and Tomson [232] model in Figure 8-8 

A practically underpredicts pH for all temperatures and pressures. The Millero et al. 

[266] model predicts reasonably at 74oC for the entire range of pressure, whilst it 

overpredicts at 26oC and 50oC (Figure 8-8 B). The Li and Duan [136,249] model in  
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Figure 8-8 C shows acceptable predictions for all three temperature and for pressures 

blow 25 bar. However, at higher pressures, it marginally underpredicts pH with a 

maximum error of around – 0.1 pH unit at 26oC. The MSE model [135,241] predictions 

are in very good agreement with the experimental data for all three temperatures and in 

the entire range of pressure. There are only slight underpredictions at 74oC and pressures 

larger than 30 bar.  

Overall, the MSE model [135,241] reveals a better accuracy comparing to the 

other models. The Li and Duan model [136,249] comes next followed by the Millero et 

al. model[266]. The Oddo and Tomson [232] model has the least accuracy among the 

studied models. This conclusion implies that the CO2 speciation models which consider 

the interspecies interactions are more accurate compared to ionic strength-based CO2 

speciation models. 
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Figure 8-8 

Comparison of the experimental autogenous pH of ~ 3 wt.% NaCl solution saturated with CO2(g) at different temperatures and pressures with the predicted pH values obtained by (A) Oddo and Tomson model [232], 

(B) Millero et al. model [266], (C) Li and Duan model [136,249], and (D) MSE model [135,241]. The experimental data are borrowed from [9]. 

(A) (B) 

  
(C) (D) 
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8.6 Comparison of Speciation Equilibrium Models for Solutions Saturated with 

H2S(g) 

 Figure 8-9 compares the predicted pH values obtained by two speciation 

equilibrium models with the experimental pH measurements at 20oC and 1 bar H2S 

and different NaCl concentrations. A double-junction pH probe resistant to Na+ ion 

interference was used for pH measurements. The ionic strength-based model, which is 

implemented for pH estimation for the first time in this study, predicts pH very well 

over the entire range of NaCl concentrations. The maximum prediction error is 

approximately -0.05 pH unit at 3 wt.% NaCl. For the MSE model, the pH predictions 

match well with the experimental pH values at low and high NaCl concentration. 

However, the accuracy is less for the middle range NaCl concentration. The max error 

is about + 0.14 pH unit at 10 wt.% NaCl. The logarithmic relation between the 

experimental pH and NaCl concentration is reasonably captured by the ionic strength-

based speciation model, whereas the MSE model shows a linear trend for pH with 

varying NaCl concentration. Although the MSE model is expected to be more 

accurate, the ionic strength-based speciation model reveals a better accuracy. 

However, more conditions need to be examined to strengthen this conclusion.  
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Figure 8-9 

Comparison of the experimental autogenous pH of aqueous NaCl solutions saturated 

with H2S(g) at 20oC, 1 bar total pressure, and different NaCl concentrations with the 

predicted pH values obtained by two speciation models. The dots are experimental 

measurements. 
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 Experimentation to Investigate the Effect of Salt Concentration on 

Strong Acid Corrosion 

Aqueous strong acid corrosion can be considered as the simplest type of 

carbon steel corrosion because the extra source of H+ ions produced by dissociation of 

weak acids such as H2CO3(aq) and H2S(aq) or in other words the buffering effect does 

not occur in the strong acid solutions. Additionally, since CO2(aq) and H2S(aq) and their 

derivatives are not present in strong acid solutions, the possible effects of these 

species on the anodic iron dissolution do not interfere with the effect of salt 

concentration on this reaction, if at all. Therefore, corrosion studies in strong acid 

solutions provides a base understanding of the effect of salt concentration on the H+ 

ion reduction and the Fe dissolution reaction without the influence of weak acids. In 

this chapter, the effect of salt concentration is experimentally investigated on the rate 

and the mechanism of aqueous corrosion of carbon steel in strong acid solutions in the 

absence of CO2 or H2S.  

9.1 The Effect of Salt Concentration on Strong Acid Corrosion at pH 3 Using a 

Rotating Disk Electrode (RDE) 

9.1.1 Experimental Materials and Methodology for RDE Strong Acid Corrosion 

Experiments 

Experiments were carried out in a custom-made glass cell with an outer jacket 

for temperature control. Figure 9-1 shows the apparatus used in this set of 

experiments. An industrial chiller (not visible in Figure 9-1) was used to circulate 

glycol as the coolant (the green liquid) through the outer jacket for controlling the 

solution temperature during the experiments. Glycol did not have any contact with the 

experimental solution 
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Figure 9-1 

The apparatus used in the RDE strong acid experiments: (1) glass cell, (2) motor, (3) 

rotation speed controller, (4) pH probe, (5) pH meter, (6) Ag/AgCl reference 

electrode, (7) thermometer, (8) gas out bubbler, (9) potentiostat for data acquisition, 

(10) laptop for data collection, (11) hot plate stirrer. 

 

 

Figure 9-2 shows a close-up view of the glass cell. A conventional three-

electrode setup was used for performing the electrochemical experiments, which 

consisted of a rotating disk electrode (RDE) assembly as the working electrode, a 

graphite bar as the counter electrode and an Ag/AgCl electrode as the reference 

electrode. The counter electrode was mounted in a glass tube with a porous tip to 

avoid interference of gaseous species with the main working solution, such as H2(g) 

and O2(g) which may form on the counter electrode during the negative and positive 

potential sweeps (vs. OCP). The porous tip provides ionic conductivity between the 
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counter electrode and the solution. The external reference electrode was connected via 

a Luggin capillary tube, which was filled with 1M KCl. The capillary tip was adjusted 

close to the RDE almost at the same level to diminish the effect of solution resistance 

on the electrochemical measurements, but, not too close to disturb the RDE laminar 

flow (approximately 3 mm from the Teflon RDE holder). The immersion depth for 

the RDE was approximately somewhere in the middle of the glass cell. It is reported 

that the electrode immersion depth does not influence the electrochemical 

measurements [290]. 

 

Figure 9-2 

A picture of the custom-made glass cell and its components used in the RDE strong 

acid experiments: (1) glass cell, (2) outer jacket, (3) Teflon lid, (4) clamp, (5) coolant 

(glycol) in, (6) coolant out, (7) RDE and its holder, (8) pH probe, (9) Luggin capillary 

for the Ref. electrode, (10) counter electrode, (11) thermocouple, and (12) magnetic 

stirring bar. 
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The RDE specimen was a carbon steel cylinder with a diameter of 5 mm and a 

height of 4 mm. The specimen was flush mounted in a Teflon holder as shown in 

Figure 9-3. The assembly was polished before each experiment. The two red O-rings 

were used to seal the connection between the specimen holder and the RDE shaft. 

 

Figure 9-3 

The RDE specimen and its Teflon holder used in the RDE strong acid experiments: 

(A) the bottom view and (B) the side view of the specimen holder. 

(A) (B) 

  
 

The carbon steel grade used for the experiments was API 5L X65, a common 

steel grade for manufacturing oil and gas transmission pipelines [291]. Table 9-1 

shows the chemical composition of tested X65 carbon steel. The microstructure of the 

experimental X65 carbon steel (Figure 9-4) was a uniform, fine structure of pearlite in 

a ferrite matrix. 

 

5 mm 
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Table 9-1 

Chemical composition of the experimental API 5L X65 (type 48) carbon steel (in 

wt.%). 

Al As C Co Cr Cu Mn Mo Nb Ni 

0.028 0.008 0.05 <0.001 0.252 0.173 1.51 0.092 0.034 0.291 

P S Sb Si Sn Ti V Zr Fe  

0.004 <0.001 <0.001 0.167 0.002 0.012 0.04 <0.001 balance  

 

Figure 9-4 

Microstructure of the experimental API 5L X65 (type 48) carbon steel (in wt.%): (A) 

magnification 1, (B) magnification 2. 

(A) (B) 

  
 

Experiments were conducted in N2-saturated aqueous solutions with different 

NaCl concentrations to investigate the effect of salt concentration on uniform strong 

acid corrosion. NaCl is the major salt present in water produced from conventional 

hydrocarbon reservoirs [4,25]; thereby, it was chosen for the experiments. A low 

solution temperature of 10oC was chosen for the experiments. Lower temperatures 

slow down the kinetics of the charge transfer reactions at the metal surface more than 
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the rate of diffusion of electroactive species to the metal surface. This results in more 

separation between the charge transfer and the mass transfer-controlled regions of the 

cathodic potentiodynamic sweeps and facilitates evaluation of the effect of salt 

concentration in each potential range. 

For each experiment, NaCl was dissolved in one liter of deionized water (18 

MΩ.cm) in the glass cell. The solution was then sparged with N2(g) for at least 2 h, 

while being stirred. After about 1.5 h of sparging, pH of solution reached a stable 

value (Figure 9-5)58. At this point, pH was adjusted to 3.0 by adding 0.1 M HCl to the 

solution. More HCl was required for higher NaCl concentrations. 

 

 
58 The equilibrium speciation models are not able to predict the increasing trend seen in the autogenous 

pH of N2 saturated aqueous solutions with respect to NaCl concentration. They predict a decreasing 

trend.  
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Figure 9-5 

Autogenous pH of N2 saturated solutions measured at 10°C, and 1 bar total pressure 

(∼ 0.98 bar pN2) before pH adjustment. The error bars represent the minimum and 

maximum values obtained in repeated experiments (with at least 2 repeats). 

 

 

The specimen assembly (shown in Figure 9-3) was sequentially wet polished 

with 240-, 400- and 600-grit abrasive papers. Subsequently, the assembly was 

ultrasonically degreased with isopropanol for 3 min and dried in cool N2 gas prior to 

immersion in the test solution. 

After introducing the RDE assembly to the solution and prior to each 

electrochemical test, the open circuit potential (OCP) was monitored until a stable 

potential value (∆𝐸𝑂𝐶𝑃< 2 mV/min) was achieved. The linear polarization resistance 

(LPR) technique was performed in a potential range of -5.0 mV to 5 mV vs. OCP at a 

scan rate of 0.125 mV/s to measure the corrosion rate. Then, EIS was carried out in a 

frequency range of 10,000 Hz to 0.1 Hz at OCP with a 10 mV AC peak to peak 
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amplitude and a sampling rate of 8 points/dec to determine the solution resistance (iR 

drop). Finally, the potentiodynamic (PD) polarization sweeps were conducted 

according to the following steps: (1) a cathodic sweep starting from the OCP toward 

more negative potentials up to -1.00 V vs OCP; (2) wait for the OCP to return close to 

its initial value—within a few mV (this took about 1 h); (3) an anodic sweep starting 

from the OCP to more positive potentials up to 0.35 V vs OCP. The PD sweeps were 

done with a scan rate of 0.5 mV/s. A Gamry Reference 600 potentiostat was used for 

all the electrochemical measurements. 

Table 9-2 summarizes the conditions used in the experiments. For each NaCl 

concentration, at least two separate tests were conducted to assure the reproducibility 

of results. 
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Table 9-2 

The experimental conditions used in the RDE strong acid experiments. 

Parameter Description 

Specimen material API 5L X65 carbon steel 

RDE diameter (mm) 5.00 ± 0.05 

Temperature (oC) 10.0 ± 0.5 

Total pressure (bar) 1 

N2 partial pressure (bar) ~ 0.98 

NaCl concentration (wt.%)59 0.1, 1, 3, 10, 20 

pH 3.00 ± 0.02 

RDE rotational speed (rpm)60 2000 ± 2 

 

The following experimental considerations were followed during the 

experiments: 

1. To make sure that the concentration of dissolved oxygen in the experimental 

solution was less than 10 ppb during the experiments the oxygen level was 

monitored by an Orbisphere 410 oxygen meter at the gas outlet. 

2. Temperature could not be kept constant by just circulating coolant in the glass 

cell jacket. Therefore, a hot plate was used continuously to balance the 

temperature. A constant temperature of 10 ± 0.5oC was achieved by an 

equilibrium between coolant circulation and the hot plate. 

 
59 wt.% = 100 × mass of salt / (mass of salt + mass of water) 
60 revolutions per minute 
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3. Measuring pH correctly in solutions with high salinity is challenging [10]. The 

pH measurements were done with a double-junction pH probe, which was 

resistant to Na+ ion interference. 

9.1.2 Results and Discussion for RDE Strong Acid Corrosion Experiments 

Figure 9-6 shows the PD sweeps at different NaCl concentrations. The 

potential values are corrected for the solution resistance (iR drop) in all the sweeps 

shown. At least, two sets of PD sweeps were obtained for each NaCl concentration to 

verify the reproducibility of results. Increasing NaCl concentration altered both 

anodic and cathodic branches. The most obvious effect in the PD sweeps with 

increasing NaCl concentration is the change in the cathodic limiting current density 

(𝑖𝐿𝑖𝑚). 
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Figure 9-6 

Potentiodynamic polarization sweeps of X65 carbon steel rotating disk specimen 

(2000 rpm) exposed to N2-saturated aqueous solutions with different NaCl 

concentrations at 10oC, 1 bar total pressure, and pH 3. 

 

For a precise analysis of the effect of NaCl concentration on the mechanisms 

of the corrosion process, electrochemical features of the experimental sweeps were 

determined by overlaying the experimental sweeps for the best fit with those 

calculated by an electrochemical model [96]61. The fitted sweeps for two NaCl 

concentrations are shown in Figure 9-7 as a demonstration of fitting exercise 

accuracy.  

 

 
61 Activation energies of 59860 J/mol for H+ ion, 24809 J/mol H2O reduction and 25398 J/mol for Fe 

oxidation reactions. A reversible potential of -0.685 V vs. Ag/AgCl was used for all three reactions. 

The reference temperature was 20oC. 
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Figure 9-7 

Comparison of the experimental sweeps at 1 wt.% (A) and 20 wt.% (B) NaCl 

concentrations measured in the RDE strong acid experiments with those obtained by 

a simple electrochemical model [96]. 

(A) 

 

(B) 

 

 

The electron transfer coefficients for the H+ ion reduction reaction (𝛼𝐻+) and 

the Fe oxidation reaction in the active region (𝛼𝐹𝑒) at different NaCl concentrations 

are listed in Table 9-3. 𝛼𝐻+ values are somewhat smaller than the theoretical value of 
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0.5, commonly considered for the hydrogen evolution on an iron surface [185]. Such 

deviations have been reported in the literature between the experimental 𝛼𝐻+ and the 

theoretical value of 0.5 [185,292,198,207]. The difference between the 𝛼𝐻+ values 

found experimentally and the theoretical value of 0.5 can arise because of a different 

underlying mechanism for the cathodic H+ ion reduction reaction. However, it can 

also be due to inherent errors in the fitting exercise. If the fitting exercise is assumed 

to be accurate, then 𝛼𝐻+ values slightly increased with increasing NaCl concentration. 

This implies that the rise in NaCl concentration might have an influence on the 

mechanism of cathodic H+ ion reduction reaction. This subject will be investigated in 

some more detail in the next sections. 

 

Table 9-3 

The electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe oxidation 

(𝛼𝐹𝑒) for the RDE (2000 rpm) strong acid experiments at 10oC, ~1 bar N2 and pH 3. 

Each data is an average of two measurements. 

NaCl (wt.%)  0.1 1 3 10 20 

𝛼𝐻+ 0.40±0.01  0.45±0.02  0.46±0.01   0.50±0.00   0.52±0.00   

𝛽𝑐62 -141±3   -124±4   -122±3   -112±0 -108±0 

𝛼𝐹𝑒 1.30±0.00   1.20±0.00   1.20±0.00   1.20±0.00   1.20±0.00   

𝛽𝑎63 43±0  47±0 47±0 47±0 47±0 

 

 
62 𝛽

𝑐
 is the H+ ion reduction cathodic Tafel slope in mV/dec and equal to 

1000𝑅𝑇/𝑛𝐹𝛼𝐻+ . 
63 𝛽

𝑎
 is the Fe oxidation anodic Tafel slope in mV/dec and equal to 1000𝑅𝑇/𝑛𝐹𝛼𝐹𝑒. 
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𝛼𝐹𝑒 was close to 1.20 for most NaCl concentrations. Bockris et al. [185] 

proposed 1.5 for iron dissolution in acidic media without the presence of halides. Chin 

and Nobe [194] reported 1.18 for dissolution of iron in acidic chloride media, which is 

very close to the results of the present study. Since 𝛼𝐹𝑒 almost did not change with 

increasing NaCl concentration, it can be concluded that the mechanism of anodic 

dissolution of iron in the active region remained unchanged at different salt 

concentrations. The mechanisms of iron dissolution in the presence of chlorides have 

been comprehensively explained in Chapter 5. 

The variations in the exchange current density for H+ reduction (𝑖𝑜,𝐻+) is 

presented in Figure 9-8 A. 𝑖𝑜,𝐻+  sharply decreases with increasing NaCl concentration 

from 0.1 wt.% to 1 wt.% and then shows a gradual decrease with further increase in 

NaCl concentration. This indicates that the rate of H+ ion reduction decreased with 

increasing NaCl concentration, which is likely due to the adsorption of Cl- ions on the 

steel surface and blocking the required sites for H+ ions to adsorb and be reduced 

[171]. It seems that the surface becomes saturated with adsorbed Cl- ion at ~ 3 wt.% 

NaCl concentration. The trend observed for 𝑖𝑜,𝐻+ in  Figure 9-8 A can be modeled by 

using a correlation similar to Equation (5-23): 

     𝑖𝑜,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻+

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻+

𝑒
−
𝐸
𝑎,𝐻+

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 9-1) 

where, 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 is the reference current density at 𝑇𝑟𝑒𝑓 (293.15 K) and potential of -685 

mV vs. Ag/AgCl in A/m2, 𝑎𝐻+,𝑏 is the bulk activity of H+ ion in molarity 

concentration, 𝑎
𝐻+,𝑏

𝑟𝑒𝑓
 is the reference bulk activity of H+ ion (= 10-4 M), 𝑛𝐻+

𝐻+
 is the 

reaction order of the H+ ion reduction reaction with respect to H+ ion activity, 𝑎𝐶𝑙−,𝑏 is 
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the bulk activity of Cl- ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk 

activity of Cl- ion (= 1 M), 𝑛𝐶𝑙−
𝐻+

 is the reaction order of the H+ ion reduction reaction 

with respect to Cl- ion activity, ∆𝐸𝑎,𝐻+ is the activation energy for the H+ ion 

reduction reaction (= 59860 J/mol), 𝑇 is solution temperature in K, and 𝑅 is the gas 

constant in J/mol/K. Since the solution pH was constant in the experiments, the 

activity of H+ ion was constant as well64. This means that 𝑛𝐻+
𝐻+

 cannot be determined 

from this set of data points. Experiments at different pH values are required to obtain 

𝑛𝐻+
𝐻+

. However, an empirical value of 0.5 previously reported in the literature is 

chosen for 𝑛𝐻+
𝐻+

 [200,215]. By a simple curve fitting using the bulk activities 

calculated with the MSE model, 𝑛𝐶𝑙−
𝐻+

was determined to be ~ -0.09 and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 term was 

8.55 A/m2. The negative sign found for 𝑛𝐶𝑙−
𝐻+

 confirms the inhibition effect of Cl- ion 

concentration on the charge transfer rate for H+ ion reduction reaction.

 
64 The changes in molarity-based activity due to changes in density with NaCl concentration is ignored. 
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Figure 9-8 

Variations in (A) the cathodic limiting current density (𝑖𝐿𝑖𝑚) and the H+ reduction 

exchange current density (𝑖𝑜,𝐻+) and (B) the Fe oxidation exchange current density 

(𝑖𝑜,𝐹𝑒) with NaCl concentration. The current densities were extracted from the PD 

sweeps of X65 RDE (2000 rpm) exposed to N2-saturated aqueous solutions at 10°C, 1 

bar total pressure, and pH 3. The error bars represent the minimum and maximum 

values obtained in two repeated experiments. The reference temperature was 20oC.  

(A

) 
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(B) 
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Figure 9-8 B show the variation in the Fe oxidation exchange current density 

(𝑖𝑜,𝐹𝑒) with NaCl concentration. 𝑖𝑜,𝐹𝑒 increased at lower NaCl concentrations and it 

reversed trend at an NaCl concentration between 1 wt.% to 3 wt.% and decreased at 

higher NaCl concentrations. This behavior of 𝑖𝑜,𝐹𝑒 can be justified by considering the 

changes in the bulk activities of OH- ion, Cl- ion, and H2O with NaCl concentration. 

𝑖𝑜,𝐹𝑒 can be related to the activities of OH- and Cl- ions, and H2O with the following 

correlation: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓 (

𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(9-2) 

where, 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 is the reference current density at 𝑇𝑟𝑒𝑓 (293.15 K) and potential of -685 

mV vs. Ag/AgCl in A/m2, 𝑎𝑂𝐻−,𝑏 is the bulk activity of OH- ion in molarity 

concentration, 𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of OH- ion (= 10-10 M), 𝑛𝑂𝐻
𝐹𝑒  is the 

reaction order of the Fe oxidation reaction with respect to OH- ion activity, 𝑎𝐶𝑙−,𝑏 is 

the bulk activity of Cl- ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk 

activity of Cl- ion (= 1 M), 𝑛𝐶𝑙−
𝐹𝑒  is the reaction order of the Fe oxidation reaction with 

respect to Cl- ion activity, 𝑎𝐻2𝑂,𝑏 is the bulk activity of liquid water in molarity unit, 

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of liquid water (= 55.4 M), 𝑛𝐻2𝑂
𝐹𝑒  is the reaction 

order of the Fe oxidation reaction with respect to H2O, and ∆𝐸𝑎,𝐹𝑒 is the activation 

energy for the Fe oxidation reaction in the active region (= 25398 J/mol), 𝑇 is solution 

temperature in K, and 𝑅 is the gas constant in J/mol/K. 

Lorenz [174] and McCafferty and Hackerman [178], reported different 𝑛𝐶𝑙−
𝐹𝑒  

values at different range of Cl- activities (concentrations), as summarized in Table 
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5-2. This implies that the iron dissolution reaction might proceed through different 

pathways depending on the Cl- activity in the solution. From the 𝑖𝑜,𝐹𝑒 trend in Figure 

9-8 B, it can be postulated that at low NaCl concentrations below 1 wt.%, Cl- ions 

accelerates the anodic dissolution reaction by playing a catalytic role in iron 

dissolution, similar to that of 𝑂𝐻− ions [172,194,195]. However, at high NaCl 

concentrations above 1 wt.%, Cl- ions inhibits the Fe dissolution reaction by being 

adsorbed on the surface and blocking the active sites (kinks and dislocations) required 

for the iron dissolution reaction to occur [173,174,178,192]. Therefore, the 𝑖𝑜,𝐹𝑒 curve 

is divided into two sections: below and above 1 wt.%. Equation (9-2) with the bulk 

activity values calculated with the MSE was fitted to the experimental 𝑖𝑜,𝐹𝑒 values to 

determine the reaction orders and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 for the two regions. To obtain 𝑛𝑂𝐻
𝐹𝑒  value 

experiments at different solution pH are needed. This means that 𝑛𝑂𝐻
𝐹𝑒  cannot be found 

from the data presented here. Therefore, a value of 1 was chosen for 𝑛𝑂𝐻
𝐹𝑒  for the 

whole range of NaCl concentration according to the Bockris et al. [185,186] 

consecutive mechanism and reports by other scientists [174,195] (see Table 5-2). For 

NaCl ≤ 1 wt.%, 𝑛𝐶𝑙−
𝐹𝑒 = 0.48, 𝑛𝐻2𝑂

𝐹𝑒  = 0, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.51 and for NaCl > 1, 𝑛𝐶𝑙−
𝐹𝑒 = -0.25, 

𝑛𝐻2𝑂
𝐹𝑒  = 2, and 𝑖𝑜,𝐹𝑒

𝑟𝑒𝑓
 = 0.117. A reaction order of zero for H2O at NaCl ≤ 1 means that 

the Fe dissolution reaction process is independent of H2O activity in this NaCl 

concentration range. For 𝑛𝐻2𝑂
𝐹𝑒  at high NaCl concentrations, the value found in this 

study is similar to the values (a range of 1.6-1.9) reported by Smart et al. [190,198]. 

The key change in the PD sweeps in Figure 9-6 with the addition of NaCl 

concentration is the decrease in the cathodic limiting current density (𝑖𝐿𝑖𝑚). 
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Figure 9-8 A shows the experimental 𝑖𝐿𝑖𝑚 obtained from the PD sweeps. 𝑖𝐿𝑖𝑚 

which represents the rate of mass transfer of electroactive species to the metal surface, 

depends on bulk activity (concentration in strong acid condition) and diffusivity of 

electroactive species (H+ ion in the case of strong acid corrosion) in the bulk solution, 

density, and viscosity of solution. The effect of NaCl concentration on all these 

parameters have been discussed above and models introduced for each. With 

increasing NaCl concentration, the density and viscosity of solution increases, 

whereas the diffusion coefficient of H+ ion and its concentration decrease. Table 9-4 

lists the values of these parameters at the experimental NaCl concentrations calculated 

by the models introduced in previous chapters. Particularly, for H+ concentration, the 

MSE model is used.  

 

Table 9-4 

Variation in solution density, solution viscosity, H+ ion diffusion coefficient and H+ 

ion concentration with NaCl concentration in N2-saturated aqueous solutions at 10oC, 

1 bar total pressure, and pH 3. 

NaCl 

(wt.%) 

Density 

(kg/m3) 

Viscosity 

(kg/m/s) 

H+ diffusion 

coefficient (m2/s) 

H+ concentration 

(mol/lit) 

0 998.90 1.30e-3 7.01e-9 1.04e-3 

0.1 999.57 1.30e-3 6.78e-9 1.13e-3 

1 1005.63 1.32e-3 6.26e-9 1.23e-3 

3 1019.34 1.36e-3 5.66e-9 1.14e-3 

10 1069.88 1.55e-3 4.39e-9 0.657e-3 

20 1149.00 2.04e-3 3.10e-9 0.260e-3 
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𝑖𝐿𝑖𝑚 in A/m2 can be calculated by using Levich equation [290,293]: 

     𝑖𝐿𝑖𝑚 = 620 ∙ 𝑛 ∙ 𝐹 ∙ 𝜔𝑅𝐷𝐸
0.5 ∙ 𝜌1/6 ∙ 𝜇−1/6 ∙ 𝐷

𝐻+
2/3

∙ 𝑐𝑏,𝐻+ (9-3) 

where, 𝑛 is the number of electrons involved in the electrode reaction (1 for H+ ion 

reduction); 𝐹 is the Faraday’s constant (= 96485.3 C/mol); ω is the RDE angular 

velocity (rad/s); 𝜌 is the density of the solution (kg/m3); μ is the dynamic viscosity of 

the solution (kg/m-s); 𝐷 is the diffusion coefficient of H+ ion (m2/s); and 𝑐𝑏,𝐻+ is 

concentration of H+ ion in the bulk solution (mol/lit). 

To investigate which of the four parameters mentioned above has a greater 

impact on the variation in 𝑖𝐿𝑖𝑚 with increasing NaCl concentration, 𝑖𝐿𝑖𝑚 is calculated 

at the experimental NaCl concentration for five scenarios, using the data provided in 

Table 9-4. Figure 9-9 shows the calculated 𝑖𝐿𝑖𝑚values for the five scenarios and 

compares them with the experimental 𝑖𝐿𝑖𝑚. The “ideal condition” scenario indicates 

𝑖𝐿𝑖𝑚 is calculated for all NaCl concentration with density, viscosity, H+ diffusion 

coefficient and H+ concentration for pure water. This scenario means that the effect of 

salt concentration is not considered for any of the four parameters. Therefore, 𝑖𝐿𝑖𝑚 is 

constant for all NaCl concentrations. The “Rho” scenario is when in calculations only 

density of solution is allowed to change with NaCl concentration, and the other three 

parameters are kept constant as those for pure water. This scenario reveals the effect 

of density on 𝑖𝐿𝑖𝑚 variation, when NaCl concentration is increased. Similarly, the 

other scenarios can be described as below: 

• “Rho+Mu”: density and viscosity of solution change with NaCl concentration 

and the other two parameters are kept constant as those for pure water. This 

scenario reveals the effect of viscosity on 𝑖𝐿𝑖𝑚 variation, when NaCl 

concentration is increased. 
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• “Rho+Mu+D”: density and viscosity of solution and diffusion coefficient of 

H+ ion change with NaCl concentration and H+ concentration is kept constant 

as that for pure water. This scenario reveals the effect of H+ ion diffusion 

coefficient on 𝑖𝐿𝑖𝑚 variation, when NaCl concentration is increased. 

• “Rho+Mu+D+[H+]”: the effect of NaCl concentration on all the four 

parameters is considered in 𝑖𝐿𝑖𝑚 calculations. This scenario reveals the effect 

of solution chemistry (H+ ion concentration) on 𝑖𝐿𝑖𝑚 variation, when NaCl 

concentration is increased. 

Figure 9-9 elucidates that the changes in solution density and solution 

viscosity with NaCl concentration had a minor effect on the 𝑖𝐿𝑖𝑚 variation. In 

contrast, changes in H+ diffusion coefficient and H+ ion bulk concentration showed 

substantial contributions on the 𝑖𝐿𝑖𝑚 variation. The contribution of changes in H+ ion 

bulk concentration seems to be greater than that for changes in H+ diffusion 

coefficient. Therefore, the decreasing trend seen for 𝑖𝐿𝑖𝑚 with increasing NaCl 

concentration was mainly due to the change in H+ ion bulk concentration and then the 

H+ diffusion coefficient. 

The comparison between the calculated 𝑖𝐿𝑖𝑚 (solid black line) and the 

experimental 𝑖𝐿𝑖𝑚 (square dots) shows that there is a very good agreement between 

the estimations and the experimental measurements. This means that the models 

reproduced and used in this study are reliably accurate models. The peak seen at low 

NaCl concentrations in the calculated 𝑖𝐿𝑖𝑚 is due to the H+ concentration trend with 

NaCl concentration (Table 9-4). The reason why this peak was not detected in the 

experimental 𝑖𝐿𝑖𝑚 might be related to the insufficient resolution chosen for NaCl 
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concentration in the experiments. Coincidentally, this peak was observed for CO2 

experiments (presented in Chapter 10).   

 

Figure 9-9 

The cumulative changes in H+ limiting current density in the RDE strong acid 

corrosion experiments calculated with Levich equation when the effect of NaCl 

concentration is applied to solution density (Rho), solution viscosity (Mu), H+ 

diffusion coefficient (D), and H+ concentration ([H+]). 

 

Figure 9-10 shows the RDE strong acid corrosion rate obtained from LPR 

measurements and PD sweeps at different NaCl concentrations. An average B value65 

of 14.45 mV/dec obtained from PD sweeps was used for converting the measured 

polarization resistance (Rp) to the corrosion rate. The PD corrosion rates were 

 
65 In the Stern-Geary equation (B = 

 𝛽𝑐×𝛽𝑎

2.3( 𝛽𝑐+𝛽𝑎)
), where 𝛽𝑐 is the cathodic Tafel slope and 𝛽𝑎 is the 

anodic Tafel slope. In this study, 𝛽𝑐 at the corrosion current density is used in the Stern-Geary 

equation. 
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extracted from the sweep fitting practice explained earlier. A similar trend and a 

similar magnitude of corrosion rates were obtained with both techniques, indicating 

the reliability of results. 

 

Figure 9-10 

Variation in the corrosion rate with NaCl concentration for X65 carbon steel RDE 

(2000 rpm) exposed to N2-saturated aqueous NaCl solutions at 10°C, 1 bar total 

pressure, and pH 3. The corrosion rates were measured using LPR and PD sweep 

techniques. The error bars represent the minimum and maximum values obtained in 

two repeated experiments. 

 

 

Both LPR and PD sweep techniques show that the corrosion rates decreased 

with increasing NaCl concentration. The decrease in the corrosion rate with the 

addition of NaCl concentration from 1 wt.% to 20 wt.% can be attributed to 

deceleration in both anodic and cathodic charge transfer reactions as well as reduction 
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of 𝑖𝐿𝑖𝑚. To understand which of these three parameters under the experimental 

conditions is more influential on the corrosion rate, the Evans diagram is prepared 

(Figure 9-11). The Evans diagram is obtained by fitting the experimental PD sweeps 

with those obtained by an electrochemical model [96]. 

 

Figure 9-11 

The Evans diagram for the effect of NaCl concentration on uniform strong acid 

corrosion of X65 RDE at 10oC, ~1 bar N2, pH 3, and 2000 rpm rotational speed. 

𝐸𝑐𝑜𝑟𝑟 is the corrosion potential (OPC), 𝑖𝑐𝑜𝑟𝑟 is the corrosion current density, and 𝑖𝐿𝑖𝑚 

is the H+ ion reduction reaction limiting current density (Blue: 1 wt.% NaCl and red: 

20 wt.% NaCl). 

 

  

When NaCl concentration is increased from 1 wt.% to 20 wt.%, the corrosion 

potential (OCP) remains almost unchanged, while the corrosion current density 

decreases, due to retardation of both anodic and cathodic charge transfer reactions. 
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Increasing NaCl concentration also decreases 𝑖𝐿𝑖𝑚 due to a decrease in the rate of 

mass transfer of H+ ions to the electrode surface. However, the decrease in 𝑖𝐿𝑖𝑚 has no 

effect on the corrosion rate. Therefore, the uniform strong acid corrosion process 

under the studied experimental conditions was controlled by the rates of charge 

transfer of H+ ion reduction and Fe oxidation reactions at the steel surface. 

An additional conclusion is that NaCl concentration influenced 𝑖𝐿𝑖𝑚 more than 

the rates of charge transfer processes, because 𝑖𝐿𝑖𝑚 decreased more than the corrosion 

current density (𝑖𝐶𝑜𝑟𝑟) when NaCl concentration was increased from 1 wt.% to 20 

wt.%.  

9.1.3 Summary and Conclusions of RDE Strong Acid Corrosion Experiments 

The effect of salt concentration was investigated on uniform corrosion of X65 

carbon steel by carrying out electrochemical experiments with an RDE setup at a 

rotational rate of 2000 rpm in N2-saturated solutions at 10oC, 1 bar total pressure, and 

pH 3. The following are major conclusions found in this set of experiments, when 

NaCl concentration was increased from 0.1 wt.% to 20 wt.%: 

1. The uniform strong acid corrosion rate decreased steadily with increasing 

NaCl concentration. 

2. The analysis of the PD sweeps showed that both cathodic (H+ reduction) and 

anodic (iron dissolution) charge transfer reactions were retarded. 

3. The limiting current density (𝑖𝐿𝑖𝑚) for H+ ion reduction decreased due to a 

reduction in the rate of mass transfer of H+ ions to the steel surface. 

4. The decreasing trend seen for 𝑖𝐿𝑖𝑚 is mainly due to changes in H+ ion bulk 

concentration and H+ diffusion coefficient. 
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5. The mechanism of active dissolution of iron did not change. However, the 

mechanism of H+ ion reduction at the steel surface seemed to be somewhat 

affected. 

6. The strong acid corrosion process was under charge transfer control and the 

variation in the mass transfer rate of H+ ions to the surface did not have an 

impact on the corrosion rate. 

9.2 The Effect of Salt Concentration on Strong Acid Corrosion at 20oC and pH 3 

Obtained Using a Rotating Cylinder Electrode (RCE) 

9.2.1 Experimental Materials and Methodology for RCE Strong Acid Corrosion 

Experiments 

Experiments were carried out in 2-liter glass cell shown by a schematic in 

Figure 9-12. In this set of experiments, a combination of a conventional portable 

cooler and a hot plate was used to adjust the temperature. Electrochemical 

experiments were conducted in N2-saturated aqueous solutions with different NaCl 

concentrations to investigate the effect of salt concentration on uniform strong acid 

corrosion. 

A three-electrode setup was used for performing the electrochemical 

experiments. The reference electrode was a silver/silver chloride (Ag/AgCl) electrode. 

The counter electrode was a platinized titanium mesh with dimensions 20 × 30 mm2. 

The working electrode (specimen) was a rotating cylinder electrode (RCE) with an 

exposed surface area of 5.4 cm2 made from API 5L X65 carbon steel with a chemical 

composition listed in Table 9-1. The schematic of the working electrode is shown in 

Figure 9-12. 
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Figure 9-12 

The schematic of the experimental setup (A) and specimen (B) used in the RCE strong 

acid corrosion experiments. 

(A) (B) 

 

 

 

The specimen was sequentially wet polished with 80-, 240-, 400- and 600-grit 

abrasive papers. Subsequently, it was ultrasonically degreased with isopropanol for 3 

min and dried in cool N2 gas prior to immersion in the test solution. 

For each experiment, a specified amount of NaCl was added to two liter of 

double-distilled deionized water (conductivity < 1 𝜇S/cm) in a glass cell. The solution 

was then sparged with N2 for at least 2 h while being stirred. After about 1.5 h of 

sparging, the pH of solution became stable. Figure 9-13 shows the autogenous pH of 

solution before pH adjustment at different NaCl concentration. Similar to the RDE 

strong acid experiments, the autogenous pH of solution increased with increasing 

NaCl concentration. This trend cannot be justified by the speciation models discussed 

in this study and needs further investigation. The solution pH was then adjusted to 3.0 
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by adding 0.1 M HCl to the solution. More HCl was required for higher NaCl 

concentrations. The pH measurements were done with a double-junction pH probe, 

resistant to Na+ ion interference, as measuring pH correctly in high ionic strength 

solutions is challenging [10]. 

 

Figure 9-13 

Autogenous pH of N2 saturated solutions measured at 20°C, and 1 bar total pressure 

(∼ 0.98 bar pN2) before pH adjustment. The error bars represent the minimum and 

maximum values obtained in repeated experiments (with at least 2 repeats). 

 

 

After at least 30 min from pH adjustment, the RCE specimen was inserted into 

the solution. Prior to each electrochemical test, the open circuit potential (OCP) was 

monitored until a stable potential value (∆𝐸𝑂𝐶𝑃< 2 mV/min) was achieved. The LPR 

technique was performed in a potential range of -5.0 mV to 5 mV vs. OCP at a scan 
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rate of 0.125 mV/s to measure the corrosion rate. Then, EIS was carried out in a 

frequency range of 10,000 Hz to 0.1 Hz at OCP with a 10 mV AC peak to peak 

amplitude and a sampling rate of 8 points/dec to determine the solution resistance (iR 

drop). Finally, the PD sweeps were conducted according to the following steps: (1) a 

cathodic sweep starting from the OCP toward more negative potentials up to -1.00 V 

vs OCP; (2) wait for the OCP to return close to its initial value—within a few mV 

(this took about 1 h); (3) an anodic sweep starting from the OCP to more positive 

potentials up to 0.35 V vs OCP. The PD sweeps were done with a scan rate of 0.5 

mV/s. A Gamry Reference 600 potentiostat was used for all the electrochemical 

measurements. For each NaCl concentration at least two separate tests were 

conducted to assure about the reproducibility of results. 
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Table 9-5 

The experimental conditions used in the RDE strong acid experiments. 

Parameter Description 

Specimen material API 5L X65 carbon steel 

RCE surface area (cm2) 5.4 ± 0.1 

Temperature (oC) 20.0 ± 1 

Total pressure (bar) 1 

N2 partial pressure (bar) ~ 0.98 

NaCl concentration (wt.%)66 0.1, 1, 3, 10, 20 

pH 3.00 ± 0.02 

RCE rotational speed (rpm)67 1000 ± 2 

 

9.2.2 Results and Discussion for RCE Strong Acid Corrosion Experiments 

Figure 9-14 shows the PD sweeps at different NaCl concentrations. In all the 

sweeps, the potential values are corrected for the solution resistance (iR drop). At 

least, two sets of PD sweeps were obtained for each NaCl concentration to verify the 

reproducibility of results. Both anodic and cathodic portions of the PD sweeps were 

affected when NaCl concentration was increased. The key change in the PD sweeps 

with increasing NaCl concentration is the decrease in 𝑖𝐿𝑖𝑚. 

 

 
66 wt.% = 100 × mass of salt / (mass of salt + mass of water) 
67 revolutions per minute 
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Figure 9-14 

Potentiodynamic polarization sweeps of X65 carbon steel RCE with a rotational 

speed of 1000 rpm exposed to N2-saturated aqueous solutions with different NaCl 

concentrations at 20oC, 1 bar total pressure, and pH 3. 

 

 

For a detailed analysis of the effect of NaCl concentration on the mechanism 

of strong acid corrosion, the electrochemical features of the sweeps were obtained by 

overlaying them with the best fit calculated by an electrochemical model [96]68. The 

fitted sweeps for two NaCl concentrations are shown in Figure 9-15 as a 

demonstration of fitting exercise accuracy. 

 

 
68 Activation energies of 59860 J/mol for H+ ion, 24809 J/mol H2O reduction and 25398 J/mol for Fe 

oxidation reactions. A reversible potential of -0.685 V vs. Ag/AgCl was used for all three reactions. 

The reference temperature was 20oC. 
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Figure 9-15 

Comparison of the experimental sweeps at 1 wt.% (A) and 20 wt.% (B) NaCl 

concentrations measured in the RCE strong acid experiments with those obtained by a 

simple electrochemical model [96]. 

(A) 

 

(B) 

 

 

The electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe 

oxidation in the active region (𝛼𝐹𝑒) at different NaCl concentrations are listed in 

Table 9-6. The 𝛼𝐻+ values are larger than the theoretical value of 0.5, commonly 
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suggested for the hydrogen evolution on an iron surface [185]. Such differences have 

been reported in the literature between the experimental 𝛼𝐻+ and the theoretical value 

of 0.5 [185,198,207,292]. As mentioned earlier, in Section 9.1.2, the difference 

between the experimental 𝛼𝐻+ values and the theoretical value of 0.5 can be because 

of a different underlying mechanism for the cathodic H+ ion reduction reaction or 

because of errors in the fitting exercise. However, since these deviations have been 

repeated in two separate sets of experiments with different specimen types, a different 

underlying mechanism is more likely. 

 

Table 9-6 

The electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe oxidation 

(𝛼𝐹𝑒) for the RCE strong acid experiments at 20oC, ~1 bar N2 and pH 3. Each data is 

an average of two measurements. 

NaCl (wt.%)  0.1 1 3 10 20 

𝛼𝐻+ 0.55±0.00 0.56±0.01  0.58±0.00  0.66±0.00 0.66±0.01 

𝛽𝑐 -106±0 -103±0 -100±0 -89±0 -89±0 

𝛼𝐹𝑒 1.40±0.00 1.40±0.00 1.40±0.00 1.30±0.00 1.30±0.00 

𝛽𝑎 41±0 41±0 41±0 45±0 45±0 

 

It appears that 𝛼𝐻+ increased slightly with increasing NaCl concentration. This 

increasing trend for 𝛼𝐻+ was observed in the RDE strong acid experiments reported in 

Section 9.1 as well. Therefore, it can be concluded that increasing NaCl concentration 

alters to some extent the mechanism of the cathodic H+ ion reduction reaction in acid 

aqueous NaCl solutions saturated with N2 gas. 
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The measured 𝛼𝐻+ values with the RCE setup at 20oC (Table 9-6) are larger 

than those measured with the RDE setup at 10oC (Table 9-3). The 10 degrees 

temperature difference is not expected to cause any significant change in the 

mechanism of the H+ ion reduction reaction. Another difference between the two 

cases, is the type of specimens and their corresponding flow regimes. The RCE setup 

under the experimental conditions experiences urbulent flow, while the RDE setup 

produced a laminar flow; however this should not affect the kinetics of the charge 

transfer reactions. The third difference is the polishing procedures used for preparing 

the specimens. The RDE specimen, it was polished on a metallographic polishing 

machine commonly found in metallography labs. For the RCE specimen, standard 

floor drilling machine was used to polish rotating the RCE specimen. The RCE 

specimen was being rotated, while the sandpaper in a stationary position was in 

contact with the RCE surface. A different surface finish might lead to a slightly 

different charge transfer mechanism, given that the charge transfer reactions are 

strongly affected by the nature of the surface. However, the exact reason behind the 

different 𝛼𝐻+ values for the two electrode setups cannot be pinpoint with current 

results. Further investigations are required on this subject. Studying systematically the 

mechanism of charge transfer processes necessitates applications of electrochemical 

transient techniques such as electrochemical impedance spectroscopy, which is out of 

the scope of this study. 

The 𝛼𝐹𝑒 was ~ 1.35 for all NaCl concentrations. Bockris et al. [185] proposed 

a theoretical value of 1.5 for iron dissolution in acidic media without the presence of 

halides. For dissolution of iron in acidic chloride media, the measured 𝛼𝐹𝑒 is very 

close values reported in the literature [193–195] and only slightly higher than what 
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was obtained using the RDE experiments described in Section 9.1. Since 𝛼𝐹𝑒 did not 

really change with increasing NaCl concentration, it can be concluded that the 

mechanism of anodic dissolution of iron in the active region remained unaffected by 

the presence of salt. The mechanisms of iron dissolution in the presence of chloride 

have been comprehensively explained in Section 5.1.1. 

The variations in the exchange current densities for H+ reduction (𝑖𝑜,𝐻+) is 

plotted in Figure 9-16 A. The 𝑖𝑜,𝐻+ dramatically decreased with increasing NaCl 

concentration from 0.1 wt.% to 3 wt.% and flattened out with further increase in NaCl 

concentration. This trend is the same as that observed in the RDE strong acid 

experiments, raising confidence in these results. The declining trend of 𝑖𝑜,𝐻+ shows 

that the rate of H+ ion reduction decreased with increasing NaCl concentration, which 

is most probable because of the adsorption of Cl- ions on the steel surface blocking 

the areas required for H+ ions to adsorb on and be reduced [171].  

The 𝑖𝑜,𝐻+ trend seen in Figure 9-16 A can be modeled by using a correlation 

similar to Equation (5-23): 

     𝑖𝑜,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻+

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻+

𝑒
−
𝐸
𝑎,𝐻+

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 (9-4) 

where, 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and 

potential of -685 mV vs. Ag/AgCl, 𝑎𝐻+,𝑏 is the bulk activity of H+ ion in molarity 

concentration, 𝑎
𝐻+,𝑏

𝑟𝑒𝑓
 is the reference bulk activity of H+ ion (= 10-4 M), 𝑛𝐻+

𝐻+
 is the 

reaction order of the H+ ion reduction reaction with respect to H+ ion activity, 𝑎𝐶𝑙−,𝑏 is 

the bulk activity of Cl- ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk 

activity of Cl- ion (= 1 M), 𝑛𝐶𝑙−
𝐻+

 is the reaction order of the H+ ion reduction reaction 
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with respect to Cl- ion activity, 𝐸𝑎,𝐻+ is the activation energy for the H+ ion reduction 

reaction (= 59860 J/mol), 𝑇 is solution temperature in K, and 𝑅 is the gas constant in 

J/mol/K. Equation (9-4) with the bulk activities calculated with the MSE model was 

fitted to the experimental 𝑖𝑜,𝐻+ values in Figure 9-16 A to extract the reaction orders 

and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

. Since the solution pH was constant in the experiments, the activity of H+ 

ion was constant as well69. This means that 𝑛𝐻+
𝐻+

 cannot be determined from the fitting 

exercise. To be able to obtain 𝑛𝐻+
𝐻+

 experiments at different pH values are required. 

Therefore, an empirical value of 0.5 previously reported in the literature was chosen 

for 𝑛𝐻+
𝐻+

 [200,215]. 𝑛𝐶𝑙−
𝐻+

 was determined to be ~ -0.31 and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 term was 6.9 A/m2. 

The negative sign found for 𝑛𝐶𝑙−
𝐻+

 proves that Cl- ion had a retardation effect on the 

rate of the H+ ion reduction reaction in the charge transfer region.

 
69 The changes in molarity-based activity due to changes in density with NaCl concentration is ignored. 
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Figure 9-16 

Variations in (A) the cathodic limiting current density (𝑖𝐿𝑖𝑚) and the H+ reduction exchange current density (𝑖𝑜,𝐻+) and (B) the Fe 

oxidation exchange current density (𝑖𝑜,𝐹𝑒) with NaCl concentration. The current densities were extracted from the PD sweeps of X65 

carbon steel RCE specimen with a rotational speed of 1000 rpm exposed to N2-saturated aqueous solutions at 20°C, 1 bar total pressure, 

and pH 3. The error bars represent the minimum and maximum values obtained in two repeated experiments. The reference temperature 

was 20oC. 

(A) 

  
(B) 
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Figure 9-16 B shows the variation in the Fe oxidation exchange current 

density (𝑖𝑜,𝐹𝑒) with NaCl concentration. At low NaCl concentrations, 𝑖𝑜,𝐹𝑒 increased 

with increasing NaCl concentration. 𝑖𝑜,𝐹𝑒 reversed trend and decreased at higher NaCl 

concentrations. The observed trend for 𝑖𝑜,𝐹𝑒 is identical to that measured in the RDE 

strong acid experiments (Figure 9-8 B). This indicates that the obtained trends are 

accurate and consistent. The 𝑖𝑜,𝐹𝑒 trend can be justified by considering the changes in 

the bulk activities of OH- and Cl- ions, and H2O with NaCl concentration. The 𝑖𝑜,𝐹𝑒 

can be related to the activities of OH- and Cl- ions, and H2O with the following 

correlation: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓 (

𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(9-5) 

where, 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV 

vs. Ag/AgCl, 𝑎𝑂𝐻−,𝑏 is the bulk activity of OH- ion in molarity concentration, 𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

 

is the reference bulk activity of OH- ion (= 10-10 M), 𝑛𝑂𝐻
𝐹𝑒  is the reaction order of the 

Fe oxidation reaction with respect to OH- ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- 

ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 

𝑛𝐶𝑙−
𝐹𝑒  is the reaction order of the Fe oxidation reaction with respect to Cl- ion activity, 

𝑎𝐻2𝑂,𝑏 is the bulk activity of liquid water in molarity unit, 𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

 is the reference bulk 

activity of liquid water (= 55.4 M), 𝑛𝐻2𝑂
𝐹𝑒  is the reaction order of the Fe oxidation 

reaction with respect to H2O, and 𝐸𝑎,𝐹𝑒 is the activation energy for the Fe oxidation 

reaction in the active region (= 25398 J/mol), 𝑇 is solution temperature in K, and 𝑅 is 

the gas constant in J/mol/K. 
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Lorenz [174] and McCafferty and Hackerman [178], reported different 𝑛𝐶𝑙−
𝐹𝑒  

values at different range of Cl- activities (concentrations), as summarized in Table 

5-2. This indicates that the iron dissolution reaction may possibly advance through 

different pathways depending on the Cl- activity in the solution. From the 𝑖𝑜,𝐹𝑒 trend 

presented in Figure 9-8 B, it can be assumed that at low NaCl concentrations below 1 

wt.%70, Cl- ions accelerates the anodic dissolution reaction by playing a catalytic role 

in iron dissolution, similar to that of 𝑂𝐻− ions [172,194,195]. However, at high NaCl 

concentrations above 1 wt.%, Cl- ions inhibits the Fe dissolution reaction by being 

adsorbed on the surface and blocking the active sites (surface imperfections) required 

for the Fe dissolution reaction to occur [173,174,178,192]. Therefore, the 𝑖𝑜,𝐹𝑒  curve 

is divided into two sections: below and above 1 wt.%. Equation (9-5) with the bulk 

activity values calculated with the MSE was fitted to the experimental 𝑖𝑜,𝐹𝑒 values to 

determine the reaction orders and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 for the two sections. To obtain 𝑛𝑂𝐻
𝐹𝑒  value 

experiments at different solution pH are needed. This means that 𝑛𝑂𝐻
𝐹𝑒  cannot be found 

from the data presented here. Therefore, a value of 1 was chosen for 𝑛𝑂𝐻
𝐹𝑒  for the 

whole range of NaCl concentration according to the Bockris et al. [185,186] 

consecutive mechanism and reports by other scientists [174,195] (see Table 5-2). For 

NaCl ≤ 1 wt.%, 𝑛𝐶𝑙−
𝐹𝑒 = 0.49, 𝑛𝐻2𝑂

𝐹𝑒  = 0, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.061 and for NaCl > 1, 𝑛𝐶𝑙−
𝐹𝑒 = -

0.24, 𝑛𝐻2𝑂
𝐹𝑒  = 2, and 𝑖𝑜,𝐹𝑒

𝑟𝑒𝑓
 = 0.0143. A reaction order of zero for H2O at NaCl ≤ 1 

means that the Fe dissolution reaction process is independent of H2O activity in this 

NaCl concentration range. For 𝑛𝐻2𝑂
𝐹𝑒  at high NaCl concentrations, the value found in 

 
70 It can be any NaCl concentration between 1 wt.% and 3 wt.%, as the experimental NaCl resolution 

was not small enough to determine the exact maximum. 
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this study is similar to the values (a range of 1.6-1.9) reported by Smart et al. 

[190,198]. 

The most obvious change in the PD sweeps in Figure 9-14 with the addition of 

NaCl concentration is the decrease in the cathodic limiting current density (𝑖𝐿𝑖𝑚). The 

experimental 𝑖𝐿𝑖𝑚 extracted from the PD sweeps is presented in Figure 9-16 A. As 

mentioned earlier, 𝑖𝐿𝑖𝑚 depends on bulk activity (concentration in strong acid 

condition) and diffusivity of electroactive species (H+ ion in the case of strong acid 

corrosion), density, and viscosity of solution. The effect of NaCl concentration on all 

these parameters have been addressed earlier and models presented for each. With 

increasing NaCl concentration, the density and viscosity of solution increases, 

whereas the diffusion coefficient of H+ ion and its concentration decrease. Table 9-7 

lists the values of these parameters at the experimental NaCl concentrations calculated 

by the models introduced in previous chapters. For H+ concentration, the MSE model 

is used. 
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Table 9-7 

Variation in solution density, solution viscosity, H+ ion diffusion coefficient and H+ 

ion concentration with NaCl concentration in N2-saturated aqueous solutions at 10oC, 

1 bar total pressure, and pH 3. 

NaCl 

(wt.%) 

Density 

(kg/m3) 

Viscosity 

(kg/m/s) 

H+ diffusion 

coefficient (m2/s) 

H+ concentration 

(mol/lit) 

0 997.10 1.00e-3 8.53e-9 1.04e-3 

0.1 997.77 1.00e-3 8.26e-9 1.13e-3 

1 1003.84 1.01e-3 7.61e-9 1.23e-3 

3 1017.56 1.04e-3 6.88e-9 1.14e-3 

10 1067.92 1.20e-3 5.34e-9 0.665e-3 

20 1146.22 1.58e-3 3.77e-9 0.268e-3 

 

The 𝑖𝐿𝑖𝑚 in A/m2 can be calculated by using Eisenberg et al. equation [294]: 

     𝑖𝐿𝑖𝑚 =
79.1 ∙ 𝑛 ∙ 𝐹 ∙ 𝑉0.7

𝑑𝑅𝐶𝐸
0.3 𝜌0.344 ∙ 𝜇−0.344 ∙ 𝐷𝐻+

0.644 ∙ 𝑐𝑏,𝐻+ (9-6) 

where, 𝑛 is the number of electrons involved in the electrode reaction (= 1 for H+ ion 

reduction); 𝐹 is the Faraday’s constant (= 96485 C/mol); 𝑉 is the RCE linear velocity 

(m/s); 𝜌 is the density of the solution (kg/m3); μ is the dynamic viscosity of the 

solution (kg/m-s); 𝐷 is the diffusion coefficient of H+ ion (m2/s); and  𝑐𝑏,𝐻+ is 

concentration of H+ ion in the bulk solution (mol/m3). 

To find out which of the four parameters mentioned above has a greater effect 

on the variation in 𝑖𝐿𝑖𝑚 with increasing NaCl concentration, 𝑖𝐿𝑖𝑚 is calculated at the 
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experimental NaCl concentration for five scenarios, using the data provided in Table 

9-7. 

Figure 9-17 shows the calculated 𝑖𝐿𝑖𝑚values for the five scenarios and 

compares them with the experimental 𝑖𝐿𝑖𝑚. The “ideal condition” scenario indicates 

𝑖𝐿𝑖𝑚 is calculated for all NaCl concentration with density, viscosity, H+ diffusion 

coefficient and H+ concentration for pure water. This scenario means that the effect of 

salt concentration is not considered for any of the four parameters. Therefore, 𝑖𝐿𝑖𝑚 is 

constant for all NaCl concentrations. The “Rho” scenario is when in calculations only 

density of solution is allowed to change with NaCl concentration, and the other three 

parameters are kept constant as those for pure water. This scenario reveals the effect 

of density on 𝑖𝐿𝑖𝑚 variation, when NaCl concentration is increased. Similarly, the 

other scenarios can be described as below: 

• “Rho+Mu”: density and viscosity of solution change with NaCl concentration 

and the other two parameters are kept constant as those for pure water. This 

scenario reveals the effect of viscosity on 𝑖𝐿𝑖𝑚 variation, when NaCl 

concentration is increased. 

• “Rho+Mu+D”: density and viscosity of solution and diffusion coefficient of 

H+ ion change with NaCl concentration and H+ concentration is kept constant 

as that for pure water. This scenario reveals the effect of H+ ion diffusion 

coefficient on 𝑖𝐿𝑖𝑚 variation, when NaCl concentration is increased. 

• “Rho+Mu+D+[H+]”: the effect of NaCl concentration on all the four 

parameters is considered in 𝑖𝐿𝑖𝑚 calculations. This scenario reveals the effect 

of solution chemistry (H+ ion concentration) on 𝑖𝐿𝑖𝑚 variation, when NaCl 

concentration is increased. 



274 

 

  

Figure 9-17 

The cumulative changes in H+ limiting current density in the RCE strong acid 

corrosion experiments calculated with Eisenberg et al. [294] equation when the effect 

of NaCl concentration is applied to solution density (Rho), solution viscosity (Mu), H+ 

diffusion coefficient (D), and H+ concentration ([H+]). 

 

 

Figure 9-17 clarifies that the changes in solution density and solution viscosity 

with NaCl concentration had a minor effect on the 𝑖𝐿𝑖𝑚 variation. On the other hand, 

changes in H+ diffusion coefficient and H+ ion bulk concentration showed substantial 

contributions to the 𝑖𝐿𝑖𝑚variation. The contribution of H+ ion bulk concentration 

seems to be greater than that for changes in H+ diffusion coefficient. Therefore, the 

decreasing trend seen for 𝑖𝐿𝑖𝑚 with increasing NaCl concentration is mainly due to 

changes in H+ ion bulk concentration and then the H+ diffusion coefficient. 
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The comparison between the calculated 𝑖𝐿𝑖𝑚 (solid black line) and the 

experimental 𝑖𝐿𝑖𝑚 (square dots) shows that there is a very good agreement between 

the estimations and the experimental measurements. This means that the models 

reproduced and used in this study are reasonably accurate models. The peak seen at 

low NaCl concentrations in the calculated 𝑖𝐿𝑖𝑚 is due to the H+ concentration trend 

with NaCl concentration (Table 9-7). The reason why this peak was not detected in 

the experimental 𝑖𝐿𝑖𝑚 islikely related to the insufficient resolution chosen for NaCl 

concentration variation in the experiments. Coincidentally, this peak was observed for 

CO2 experiments (presented in Chapter 10).   

The RCE strong acid corrosion rates obtained from LPR measurements and 

PD sweeps at different NaCl concentrations are shown Figure 9-18. An average B 

value of 13.38 mV/dec obtained from PD sweeps was used for converting the 

measured polarization resistance (Rp) to the corrosion rate. This B value is close to 

14.45 mV/dec reported in the previous section for the RDE strong acid corrosion 

experiments. The PD corrosion rates were extracted from the sweeps using the curve 

fitting practice explained earlier. Almost identical corrosion rate values were obtained 

with both techniques, indicating the consistency of results. 
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Figure 9-18 

Variation in the corrosion rate with NaCl concentration for X65 carbon steel RCE 

with a rotational speed of 1000 rpm exposed to N2-saturated aqueous NaCl solutions 

at 20°C, 1 bar total pressure, and pH 3. The corrosion rates were measured using 

LPR and PD sweep techniques. The error bars represent the minimum and maximum 

values obtained in two repeated experiments. 

 

 

Both LPR and PD sweep techniques show that the corrosion rates decreased 

with increasing NaCl concentration. The decrease in the corrosion rate with the 

addition of NaCl concentration from 1 wt.% to 20 wt.% can be attributed to 

deceleration in both anodic and cathodic charge transfer reactions as well as reduction 

of 𝑖𝐿𝑖𝑚. To understand which of these three parameters under the experimental 

conditions plays a more influential role in the declining trend for the corrosion rate, 

the Evans diagram is prepared (Figure 9-19). The Evans diagram is obtained by fitting 

the experimental PD sweeps with those obtained by an electrochemical model [96]. 
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Figure 9-19 

The Evans diagram for the effect of NaCl concentration on uniform strong acid 

corrosion of X65 carbon steel RCE specimen with a rotational speed of 1000 rpm at 

20oC, ~1 bar N2, pH 3, and 1000 rpm rotational speed. 𝐸𝑐𝑜𝑟𝑟 is the corrosion 

potential (OPC), 𝑖𝑐𝑜𝑟𝑟 is the corrosion current density, and 𝑖𝐿𝑖𝑚 is the H+ ion 

reduction reaction limiting current density (Blue: 1 wt.% NaCl and red: 20 wt.% 

NaCl). 

 

 

When NaCl concentration is increased from 1 wt.% to 20 wt.%, the corrosion 

potential (OCP) remains almost unchanged, whereas the corrosion current density 

decreases, due to retardation of both anodic and cathodic charge transfer reactions. 

Increasing NaCl concentration also decreases 𝑖𝐿𝑖𝑚 due to a decrease in the rate of 

mass transfer of H+ ions to the electrode surface. However, the decrease in 𝑖𝐿𝑖𝑚 has no 

effect on the corrosion rate. Therefore, the uniform corrosion process in strong acid 
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solutions under the studied experimental conditions was controlled by the rates of 

charge transfer of H+ ion reduction and Fe oxidation reactions at the steel surface. 

Another important conclusion is that 𝑖𝐿𝑖𝑚 was affected more by NaCl 

concentration compared to the rates of charge transfer processes, because 𝑖𝐿𝑖𝑚 

decreased more than the corrosion current density (𝑖𝐶𝑜𝑟𝑟) when NaCl concentration 

was increased from 1 wt.% to 20 wt.%.  

9.2.3 Summary and Conclusions of RCE Strong Acid Corrosion Experiments 

The effect of salt concentration was investigated on uniform corrosion of X65 

carbon steel by carrying out electrochemical experiments with an RCE setup at a 

rotational rate of 1000 rpm in N2-saturated solutions at 20oC, 1 bar total pressure, and 

pH 3. The following are major conclusions found in this set of experiments, when 

NaCl concentration was increased from 0.1 wt.% to 20 wt.%: 

1. The uniform strong acid corrosion rate decreased steadily with increasing 

NaCl concentration. 

2. The analysis of the PD sweeps showed that both cathodic (H+ reduction) and 

anodic (iron dissolution) charge transfer reactions were retarded. 

3. The limiting current density (𝑖𝐿𝑖𝑚) for H+ ion reduction decreased due to a 

reduction in the rate of mass transfer of H+ ions to the steel surface. 

4. The decreasing trend seen for 𝑖𝐿𝑖𝑚 is mainly due to changes in H+ ion bulk 

concentration and H+ diffusion coefficient. 

5. The mechanism of active dissolution of iron did not change. However, the 

mechanism of H+ ion reduction at the steel surface seemed to be affected. 
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6. The strong acid corrosion process was under charge transfer control and the 

variation in the mass transfer rate of H+ ions to the surface did not have an 

impact on the corrosion rate. 

7. The results obtained in this set of experiments are identical to the results 

shown for the RDE strong acid corrosion, indicating the consistency of 

measurements and results.  
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 Experimentation to Investigate the Effect of Salt Concentration on 

CO2 Corrosion 

CO2 is always present in production streams extracted from hydrocarbon 

reservoirs. When CO2 dissolves in water, it produces carbonic acid, which 

subsequently dissociates and accelerates corrosion of carbon steel structures and 

facilities exposed to this corrosive medium. Corrosion of metals (mostly carbon 

steels) due to their exposure to aqueous CO2-containing solutions is called CO2 

corrosion. In this chapter, the effect of salt concentration on CO2 corrosion of carbon 

steel is experimentally investigated. 

10.1 The Effect of Salt Concentration on CO2 Corrosion at 10oC, 1 bar CO2, and 

pH 3 Using a Rotating Disk Electrode (RDE) 

Even though it has been shown that the contribution of CO2 in the overall 

corrosion process is insignificant at atmospheric pressures and pH lower than pH 4 

[96], experiments were conducted in an acidic medium of pH 3 at pCO2 of 1 bar to 

broaden the range of data required for developing a CO2 corrosion prediction model 

in concentrated salt solutions. This part of the present study has been partially 

published elsewhere [295]. 

10.1.1 Experimental Materials and Methodology for RCE CO2 Corrosion 

Experiments at 10oC and pH 3 

The experimental materials, apparatus, and methodology used in this part of 

experiments were the same as those utilized for the RDE strong corrosion experiment 

in Section 9.1, except that CO2(g) was sparged into the solution instead of N2(g). 

Therefore, to avoid repetition, readers are referred to Section 9.1 for details about the 

experimental procedure. Only the summary of the experimental conditions is 
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presented here as Table 10-1. Four NaCl concentrations from 1 wt.% to 20 wt.% were 

used in this set of experiments. 

 

Table 10-1 

The experimental conditions used in the RDE CO2 experiments at pH 3. 

Parameter Description 

Specimen material API 5L X65 carbon steel 

RDE diameter (mm) 5.00 ± 0.05 

Temperature (oC) 10.0 ± 0.5 

Total pressure (bar) 1 

CO2 partial pressure (bar) ~ 0.98 

NaCl concentration (wt.%)71 1, 3, 10, 20 

pH 3.00 ± 0.02 

RDE rotational speed (rpm)72 2000 ± 2 

 

Figure 10-1 shows the autogenous pH of solution measured after at least 1.5 hr 

of CO2 being sparged in the solution. Contrary to N2-saturated solutions, the 

autogenous pH of solution decreased with increasing NaCl concentration. This means 

that less HCl was needed to adjust pH at 3 for higher NaCl concentrations. 

 

 
71 wt.% = 100 × mass of salt / (mass of salt + mass of water) 
72 revolutions per minute 
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Figure 10-1 

Autogenous pH of CO2 saturated solutions measured at 10°C, and 1 bar total 

pressure (∼ 0.98 bar pCO2) before pH adjustment. The error bars represent the 

minimum and maximum values obtained in repeated experiments (with at least 2 

repeats). 

 

 

The experimental pH values are compared in Figure 10-1 with two activity 

coefficient-based speciation models discussed in Chapter 8. Both models predict the 

experimental results well, with a better accuracy for the MSE model. For example, the 

maximum pH difference between the measured pH and the predicted pH by the MSE 

model is 0.05 pH unit at 10 wt.% NaCl. This difference is ~ 0.07 pH unit for the Li 

and Duan model. The good agreement between the experimental data and the models 

validates the accuracy of the MSE model [135,241] and the Li and Duan [127,249] 

model introduced in this study.  

To decide about the appropriate scan rate for the PD sweep experiments, two 

scan rates of  0.125 mV/s and 0.5 mV/s were tested at the same experimental 
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condition (20 wt.% NaCl was chosen). Figure 10-2 shows the measured PD sweeps at 

these two scan rates. Since there was no significant difference in the PD sweeps for 

the two scan rates, 0.5 mV/s was chosen as the experimental scan rate to shorten the 

duration of each experiment and save resources. 

  

Figure 10-2 

The cathodic sweeps for X65 carbon steel RDE specimen (2000 rpm) obtained at two 

scan rates of 0.125 and 0.5 mV/s in 20 wt.% NaCl aqueous solution at 1 bar CO2, 

10oC, and pH 3. 

 

 

At the end of each experiment, scanning electron microscopy couple with X-

ray diffraction spectroscopy (SEM/EDS) was performed on the corroded surface to 

study the surface morphology and the surface chemical composition. Before, 

mounting the specimen into the SEM/EDS chamber, the surface was rinsed for at least 

one minute with DI water to remove salt, followed by rinsing with isopropanol 
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alcohol and drying in a cool N2(g) stream. The surface morphology was also inspected 

by using a surface profilometry technique.  

10.1.2 Results and Discussion for RDE CO2 Corrosion Experiments at 10oC and 

pH3 

Figure 10-3 shows the CO2 corrosion rate variation with NaCl concentration. 

Similar corrosion rates were measured by the two techniques: LPR and PD sweeps. 

The similarities between the trend and the magnitude of the CO2 corrosion rate 

indicate that the results can be trusted. The CO2 corrosion rate generally decreased 

with increasing NaCl concentration. However, LPR corrosion rates show a maximum 

at 3 wt.% NaCl. The actual maximum in the CO2 corrosion rate could be at any NaCl 

concentration between 1 wt.% and 3 wt.%, as the experimental NaCl concentration 

resolution was not adequate to capture the exact location of the maximum. A similar 

behavior in the corrosion rate as a function of salt concentration is reported in 

Sections 10.2.2 and 10.3.2 and also by other researchers [8,11,296,297]. The observed 

trend in the corrosion rate can be explained by looking at the variations in the PD 

sweeps and the solution chemistry with respect to NaCl concentration. 
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Figure 10-3 

Variation in the corrosion rate with NaCl concentration for X65 carbon steel RDE 

(2000 rpm) exposed to aqueous NaCl solutions at 10°C, ~1 bar CO2(g), and pH 3. The 

corrosion rates were measured using LPR and PD sweep techniques. The error bars 

represent the minimum and maximum values obtained in two repeated experiments. 

 

 

Figure 10-4 shows the PD sweeps at different NaCl concentrations. The 

potential values are corrected for the solution resistance (iR drop) in all the sweeps. 

At least, two sets of PD sweeps were obtained for each NaCl concentration to verify 

the reproducibility of results. The spikes in the more negative potential range for 1 

wt.% was due to the formation of H2(g) bubbles on the RDE surface. Increasing NaCl 

concentration altered both the anodic and the cathodic branches. The most significant 

change in the PD sweeps with increasing NaCl concentration was the decrease in 𝑖𝐿𝑖𝑚. 
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Figure 10-4 

Potentiodynamic polarization sweeps of X65 carbon steel rotating disk specimen 

(2000 rpm) exposed to CO2-saturated aqueous solutions with different NaCl 

concentrations at 10oC, 1 bar total pressure, and pH 3. 

 

 

In Figure 10-4, the changes in the cathodic branch are obvious; however, the 

anodic sweeps are overlapped, and their variations with NaCl concentration is not 

distinguishable easily. Thus, similar to the strong acid experiments, the kinetic 

features of the PD sweeps were obtained by fitting the sweeps for the best fit with a 

simple electrochemical model [96]73. The fitted sweeps for two NaCl concentrations 

are shown in Figure 10-5 as a demonstration of the accuracy of the fitting exercise. 

 
73 Activation energies of 59860 J/mol for H+ ion, 24809 J/mol H2O reduction and 25398 J/mol for Fe 

oxidation reactions. A reversible potential of -0.685 V vs. Ag/AgCl was used for all three reactions. 

The reference temperature was 20oC. 
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Figure 10-5 

Comparison of the experimental sweeps at 1 wt.% (A) and 20 wt.% (B) NaCl 

concentrations measured in the RDE CO2 experiments with those obtained by a 

simple electrochemical model [96]. 

(A) 

 

(B) 

 

 

The results of the fitting exercise are presented in Table 10-2. The electron 

transfer coefficient for H+ reduction reaction (𝛼𝐻+) deviated slightly from the 

theoretical value of 0.5, commonly considered for the hydrogen evolution on an iron 
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surface [185]. Similar deviations have been reported in the literature [207,292]. The 

slight changes in the electron transfer coefficient (or Tafel slope) with respect to NaCl 

concentration imply that NaCl concentration did not influence the mechanism of 

cathodic H+ reduction reaction. 

 

Table 10-2 

The electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe oxidation 

(𝛼𝐹𝑒) for the RDE (2000 rpm) strong acid experiments at 10oC, ~1 bar CO2 and pH 3. 

Each data is an average of two measurements. 

NaCl (wt.%)  1 3 10 20 

𝛼𝐻+ 0.44±0.00 0.43±0.01 0.42±0.00 0.44±0.01 

𝛽𝑐 -128±0 -131±2 -134±0 -128±3 

𝛼𝐹𝑒 1.2±0.1 1.1±0.0 1.1±0.0 1.1±0.0 

𝛽𝑎 47±5 51±0 51±0 51±0 

 

The electron transfer coefficient for active anodic dissolution of iron (𝛼𝐹𝑒) 

was almost 1.10 for all NaCl concentrations. Bockris et al. [185] proposed 1.5 for iron 

dissolution in acidic media without the presence of halides. Chin and Nobe [194] 

reported 1.18 for dissolution of iron in acidic chloride media, which is very close to 

the results of this study. Since 𝛼𝐹𝑒 (i.e., the anodic Tafel slope) did not change with 

increasing NaCl concentration, it can be concluded that the mechanism of anodic 

dissolution of iron in the active region remained unchanged. The mechanisms of iron 

dissolution in the presence of chloride have been comprehensively explained in 

Section 5.1.1. 
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Figure 10-6 A shows the variation in the H+ ion reduction exchange current 

density (𝑖𝑜,𝐻+) as a function of NaCl concentration. As stated in Chapter 5, the 

exchange current density indicates the charge transfer rate for an electrochemical 

reaction. 𝑖𝑜,𝐻+ decreased when NaCl concentration was increased from 1 wt.% to 20 

wt.%. This means that the H+ ion reduction rate in the charge transfer region 

decreased with increasing NaCl concentration. The reason for this decrease can be 

linked to the adsorption of Cl- ions on the surface and blocking the surface areas 

needed for H+ ions to be adsorbed and reduced on [171]. Therefore, the decrease in 

𝑖𝑜,𝐻+ can be listed as one of the reasons for the decreasing trend of the corrosion rate 

shown in Figure 10-3. The trend observed for 𝑖𝑜,𝐻+ in Figure 10-6 A can be modeled 

by using a correlation similar to Equation (5-23): 

     𝑖𝑜,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻+

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻+

𝑒
−
𝐸
𝑎,𝐻+

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 (10-1) 

where, 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -

685 mV vs. Ag/AgCl, 𝑎𝐻+,𝑏 is the bulk activity of H+ ion in molarity concentration, 

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
 is the reference bulk activity of H+ ion (= 10-4 M), 𝑛𝐻+

𝐻+
 is the reaction order of 

the H+ ion reduction reaction with respect to H+ ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity 

of Cl- ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 

M), 𝑛𝐶𝑙−
𝐻+

 is the reaction order of the H+ ion reduction reaction with respect to Cl- ion 

activity, 𝐸𝑎,𝐻+ is the activation energy for the H+ ion reduction reaction (= 59860 

J/mol), 𝑇 is solution temperature in K, and 𝑅 is the gas constant in J/mol/K. Equation 

(10-1) with the bulk activities calculated with the MSE model was fitted to the 

experimental 𝑖𝑜,𝐻+ values in Figure 10-6 A to obtain the reaction orders and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

. 
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Since the solution pH was constant in the experiments, the activity of H+ ion was 

constant as well74. This means that 𝑛𝐻+
𝐻+

 cannot be determined from the fitting 

exercise. To be able to obtain 𝑛𝐻+
𝐻+

 experiments at different pH values are required. 

Therefore, an empirical value of 0.5 previously reported in the literature was chosen 

for 𝑛𝐻+
𝐻+

 [200,215]. The fitting exercise gave 𝑛𝐶𝑙−
𝐻+

 = -0.23 and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 = 11.9 A/m2. The 

negative sign found for 𝑛𝐶𝑙−
𝐻+

 proves that Cl- ion had a retardation effect on the rate of 

the H+ ion reduction reaction in the charge transfer region. 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 reported here is 

slightly higher than that reported for strong acid corrosion under similar conditions in 

Section 9.1.2. This can be taken as evidence of the influence of CO2 on the charge 

transfer rate in H+ ion reduction reaction. However, since both numbers are in the 

same order of magnitude, the slight difference could be just related to the 

experimental and/or fitting exercise error. This subject will be further investigated in 

Section 10.1.4.

 
74 The changes in molarity-based activity due to changes in density with NaCl concentration is ignored. 
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Figure 10-6 

Variations in (A) the cathodic limiting current density (𝑖𝐿𝑖𝑚) and the H+ reduction exchange current density (𝑖𝑜,𝐻+) and (B) the Fe 

oxidation exchange current density (𝑖𝑜,𝐹𝑒) with NaCl concentration. The current densities were extracted from the PD sweeps of X65 

RDE (2000 rpm) exposed to CO2-saturated aqueous solutions at 10°C, 1 bar total pressure, and pH 3. The error bars represent the 

minimum and maximum values obtained in two repeated experiments. The reference temperature was 20oC. 

(A) 

 
(B) 
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𝑖𝑜,𝐹𝑒 variation with NaCl concentration is shown in B. 𝑖𝑜,𝐹𝑒 denotes the rate of 

anodic dissolution of Fe in the active region. 𝑖𝑜,𝐹𝑒 increased at lower NaCl 

concentrations and then overturned trend and decreased at higher NaCl 

concentrations. This trend is somehow similar to that reported for the CO2 corrosion 

rate in Figure 10-3. Therefore, variation in 𝑖𝑜,𝐹𝑒 with NaCl concentration is possibly 

another reason for the small increase followed by the decrease in the CO2 corrosion 

rate when NaCl concentration was increased from 1 wt.% to 20 wt.%.  

The observed trend for 𝑖𝑜,𝐹𝑒  can be justified by considering the changes in the 

activities of OH- ion, Cl- ion, and H2O. Similar to Equation (5-22), 𝑖𝑜,𝐹𝑒 can be 

expressed in terms of activities of OH- ion, Cl- ion, and H2O as follows: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓 (

𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(10-2) 

where, 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV 

vs. Ag/AgCl, 𝑎𝑂𝐻−,𝑏 is the bulk activity of OH- ion in molarity concentration, 𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

 

is the reference bulk activity of OH- ion (= 10-10 M), 𝑛𝑂𝐻
𝐹𝑒  is the reaction order of the 

Fe oxidation reaction with respect to OH- ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- 

ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 

𝑛𝐶𝑙−
𝐹𝑒  is the reaction order of the Fe oxidation reaction with respect to Cl- ion activity, 

𝑎𝐻2𝑂,𝑏 is the bulk activity of liquid water in molarity unit, 𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

 is the reference bulk 

activity of liquid water (= 55.4 M), 𝑛𝐻2𝑂
𝐹𝑒  is the reaction order of the Fe oxidation 

reaction with respect to H2O, and 𝐸𝑎,𝐹𝑒 is the activation energy for the Fe oxidation 
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reaction in the active region (= 25398 J/mol), 𝑇 is solution temperature in K, and 𝑅 is 

the gas constant in J/mol/K. 

Lorenz [174] and McCafferty and Hackerman [178], reported different 𝑛𝐶𝑙−
𝐹𝑒  

values at different range of Cl- activities (concentrations), as reviewed in Table 5-2. 

This suggests that the iron dissolution reaction might proceed through different 

pathways depending on the Cl- activity in the solution. From the 𝑖𝑜,𝐹𝑒 trend presented 

in Figure 10-6 B, it can be assumed that at low NaCl concentrations below 3 wt.%75, 

Cl- ions accelerates the anodic dissolution reaction by playing a catalytic role in iron 

dissolution, similar to that of 𝑂𝐻− ions [172,194,195]. However, at high NaCl 

concentrations above 3 wt.%, Cl- ions inhibits the Fe dissolution reaction by being 

adsorbed on the surface and blocking the active sites (surface imperfections) required 

for the Fe dissolution reaction to occur [173,174,178,192]. Therefore, the 𝑖𝑜,𝐹𝑒  curve 

is divided into two sections: below and above 3 wt.%. Equation (10-2) with the bulk 

activity values calculated with the MSE was fitted to the experimental 𝑖𝑜,𝐹𝑒 values to 

determine the reaction orders and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 for the two regions. To obtain 𝑛𝑂𝐻
𝐹𝑒  value 

experiments at different solution pH are needed. This means that 𝑛𝑂𝐻
𝐹𝑒  cannot be found 

from the data presented here. Therefore, a value of 1 was chosen for 𝑛𝑂𝐻
𝐹𝑒  for the 

whole range of NaCl concentration according to the Bockris et al. [185,186] 

consecutive mechanism and reports by other scientists [174,195] (see Table 5-2). For 

NaCl ≤ 3 wt.%, 𝑛𝐶𝑙−
𝐹𝑒 = 0.57, 𝑛𝐻2𝑂

𝐹𝑒  = 0, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.82 and for NaCl > 3, 𝑛𝐶𝑙−
𝐹𝑒 = -0.40, 

𝑛𝐻2𝑂
𝐹𝑒  = 2, and 𝑖𝑜,𝐹𝑒

𝑟𝑒𝑓
 = 0.3. A reaction order of zero for H2O at NaCl ≤ 3 means that the 

Fe dissolution reaction process is independent of H2O activity in this NaCl 

 
75 It can be any NaCl concentration between 1 wt.% and 3 wt.%, as the experimental NaCl resolution 

was not small enough to determine the exact maximum. 
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concentration range. For 𝑛𝐻2𝑂
𝐹𝑒  at high NaCl concentrations, the value found in this 

study is similar to the values (a range of 1.6-1.9) reported by Smart et al. [190,198]. A 

similar comparison to 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 can be made here between the 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 values found in this 

set of experiments and those obtained for strong acid corrosion experiments done at 

similar conditions in Section 9.1.2. The 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 values for both NaCl regions were 

slightly larger than those found in strong acid corrosion experiments. This indicates 

that the presence of CO2 accelerated the rate of anodic Fe dissolution. However, since 

the difference between the 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 values in the two cases are within the experimental 

and fitting procedure errors, no conclusive conclusion can be made here. This topic is 

investigated in more detail in Section 10.1.4. 

The next kinetic parameter in the PD sweeps that changed with NaCl 

concentration was 𝑖𝐿𝑖𝑚. For the case of CO2 corrosion, 𝑖𝐿𝑖𝑚 is determined by a 

combination of the slow hydration rate of CO2(aq) and the slow rate of diffusion of H+ 

ions from the bulk solution to the metal surface. Figure 10-6 A shows that 𝑖𝐿𝑖𝑚 

decreased monotonously when NaCl concentration was increased from 1 wt.% to 20 

wt.%.  

𝑖𝐿𝑖𝑚 in CO2 corrosion depends mainly on bulk activities of CO2(aq) (𝑎𝐶𝑂2) and 

H+ ion (𝑎𝐻+). This is explained in detail in Chapter 12. 𝑎𝐶𝑂2 was constant76 because 

experiments were conducted in an open system (Figure 10-7 A). 𝑎𝐻+ was also 

constant for all NaCl concentrations because pH of solution was adjusted at a constant 

 
76 In this argument, the effect of NaCl concentration on water vapor pressure, and therefore, on 𝑎𝐶𝑂2  is 

neglected. 
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value of 3 in all the experiments ( Figure 10-7 B). Therefore, 𝑎𝐻+ and 𝑎𝐶𝑂2 cannot be 

the reason for the changes in 𝑖𝐿𝑖𝑚 with NaCl concentration. 

 

Figure 10-7 

Bulk concentration, molality-based activity coefficient, and activity of (A) dissolved 

CO2(aq) and (B) H3O
+ ion calculated by the Li and Duan model for CO2 saturated 

aqueous NaCl solutions at 20oC, and 1 bar total pressure (~ 0.98 bar pCO2). 

(A) 

 
(B) 
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To justify the changes in 𝑖𝐿𝑖𝑚 with NaCl concentration, a simplification can be 

made here. pH was constant at 3 in all the experiments; therefore, 𝑎𝐻+ was equal to 

10-3 mol/kgH2O ( Figure 10-7 B). At 10oC, the bulk activity of H2CO3(aq) (𝑎𝐻2𝐶𝑂3) 

was about 6 × 10-5 mol/kgH2O [298]. since 𝑎𝐻2𝐶𝑂3 is much smaller than 𝑎𝐻+, the CO2 

buffering effect is insignificant. Consequently, 𝑖𝐿𝑖𝑚 values in this set of experiments 

must be very close to those obtained in the RDE strong acid experiments in Section 

9.1.2. Comparing 𝑖𝐿𝑖𝑚 values in Figure 10-6 A with those in Figure 9-8 A confirms 

the above argument. Therefore, the same reasons mentioned in Section 9.1 for the 

decrease in 𝑖𝐿𝑖𝑚 in the strong acid corrosion experiments with NaCl concentration are 

valid here as well. The decreasing trend seen for 𝑖𝐿𝑖𝑚 with increasing NaCl 

concentration was mainly due to the changes in H+ ion bulk concentration and the H+ 

diffusion coefficient. It was explained in Section 9.1.2, that at low NaCl 

concentrations below ~ 2 wt.%, since 𝑐𝐻+ is increasing with NaCl concentration, it is 

expected to have a rising trend for 𝑖𝐿𝑖𝑚 with respect to NaCl concentration. However, 

this was not seen in the experimental 𝑖𝐿𝑖𝑚 values presented in Figure 10-6 A most 

likely due to an insufficient resolution chosen for NaCl concentration in the 

experiments. 

If the CO2 buffering effect is not neglected from the beginning, 𝑖𝐿𝑖𝑚 in CO2 

corrosion in addition to dependencies on 𝑎𝐶𝑂2 and 𝑎𝐻+ mentioned above, depends on  

an effective diffusion coefficient (𝐷𝑒𝑓𝑓), which is equal to: 

     𝐷𝑒𝑓𝑓 =
𝐷𝐻+

𝛾𝐻+
+
𝑎𝐻2𝐶𝑂3 

𝑎𝐻+

𝐷𝐻2𝐶𝑂3
𝛾𝐻2𝐶𝑂3

 (10-3) 

where, 𝐷𝐻+ and 𝐷𝐻2𝐶𝑂3 are the diffusion coefficients of H+ ion and H2CO3 in the 

solution, 𝛾𝐻+ and 𝛾𝐻2𝐶𝑂3 are the activity coefficients of H+ ion. 𝑎𝐻+ was equal to 10-3 
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mol/kgH2O. At 10oC, 𝑎𝐻2𝐶𝑂3 was about 6 × 10-5 mol/kgH2O [298]. This mean that 

the ratio of 𝑎𝐻2𝐶𝑂3 to 𝑎𝐻+ is negligible, and 𝐷𝑒𝑓𝑓 is practically equal to the first term 

on the right-hand side of Equation (10-5. Therefore, 𝑖𝐿𝑖𝑚 under the experimental 

conditions of this part of study only depends on 𝐷𝐻+ and 𝛾𝐻+. 𝐷𝐻+  continually 

decreases with increasing NaCl concentration (Section 3.3.2). As shown in Figure 

10-7 B, for NaCl concentrations below ~ 2 wt.%, 𝛾𝐻+ decreases with increasing NaCl 

concentration. For higher NaCl concentrations, 𝛾𝐻+ has a rising trend with respect to 

NaCl concentration. Considering that the slope of changes for 𝛾𝐻+ with NaCl 

concentration is greater than that for 𝐷𝐻+ , it is expected that with increasing NaCl 

concentration, 𝑖𝐿𝑖𝑚 increases at NaCl concentrations lower than ~ 2 wt.% and 

decreases at NaCl concentrations above ~ 2 wt.%. This matches very well with the 

argument mentioned above using the 𝑐𝐻+ trend with respect to NaCl concentration. 

Therefore, the variation in 𝑖𝐿𝑖𝑚 could be justified by both the change in 𝑐𝐻+ and the 

change in 𝛾𝐻+ with NaCl concentration. Finally, the 𝑖𝐿𝑖𝑚 variation with NaCl 

concentration can be a reason for the observed trend in the CO2 corrosion rate in 

Figure 10-3. 

Three possible reasons have been discussed for the effect of NaCl 

concentration on the CO2 corrosion rate: changes in 𝑖𝑜,𝐻+, 𝑖𝑜,𝐹𝑒, and 𝑖𝐿𝑖𝑚 with NaCl 

concentration. To characterize which of these three parameters controlled the rate of 

CO2 corrosion in this set of experiment, the Evans diagram is utilized. 

Figure 10-8 shows the Evans diagrams for 1 wt.% and 20 wt.% NaCl 

concentrations at the experimental conditions used in this set of experiments. The 

corrosion process was under pure charge transfer control for the entire range of 

experimental concentrations. This means that decrease in the CO2 corrosion rate at 
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10oC, pH3 and ~1 bar CO2, was due to decrease in the rates of Fe dissolution reaction 

(𝑖𝑜,𝐹𝑒) and H+ ion reduction reaction (𝑖𝑜,𝐻+) in the charge transfer region. The 

decrease in 𝑖𝐿𝑖𝑚 with NaCl concentration did not have any influence on the CO2 

corrosion rate variation.  

The LPR results in Figure 10-3 showed a maximum in the CO2 corrosion rate 

at 3 wt.%. However, the PD sweeps did not explicitly show that maximum. Therefore, 

this maximum cannot be justified by using the Evans diagram. However, as will be 

discussed in Sections 10.2.2 and 10.3.2, it is speculated that the possible maximum in 

the CO2 corrosion rate at low NaCl concentration is due to increase in rate of anodic 

dissolution of Fe.  

Another interesting conclusion is that 𝑖𝐿𝑖𝑚 was influenced more by NaCl 

concentration compared to the rates of charge transfer processes, because 𝑖𝐿𝑖𝑚 

decreased more than the corrosion current density (𝑖𝐶𝑜𝑟𝑟) when NaCl concentration 

was increased from 1 wt.% to 20 wt.%. This has been seen in strong acid corrosion 

experiments as well. 

 



   

Figure 10-8 

The Evans diagram for the effect of NaCl concentration on uniform strong acid 

corrosion of X65 RDE at 10oC, ~1 bar CO2, pH 3, and 2000 rpm rotational speed. 

𝐸𝑐𝑜𝑟𝑟 is the corrosion potential (OPC), 𝑖𝑐𝑜𝑟𝑟 is the corrosion current density, and 𝑖𝐿𝑖𝑚 

is the H+ ion reduction reaction limiting current density (Blue: 1 wt.% NaCl and red: 

20 wt.% NaCl). 

 

 

10.1.3 Surface Analysis of the Corroded Surface in RDE CO2 Corrosion 

Experiments at pH 3  

Figure 10-9 shows SEM/EDS results for a freshly polished steel surface and 

the corroded steel surface in 1 and 20 wt.% NaCl solutions. The morphology of the 

corroded surface was similar for both NaCl concentrations. The EDS elemental 

analysis of the steel surface detected a similar composition for all three cases, which 

means that no corrosion layer formed on the surface when carbon steel specimens 

exposed to the experimental solution. Oxygen in the EDS spectrum for 1 wt.% NaCl 
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was most likely due to the exposure of the specimen to air prior to conducting the 

EDS analysis. 

 

Figure 10-9 

SEM/EDS results for (A) freshly polished steel surface, (B) corroded surface in 1 

wt.% NaCl solution, and (C) corroded surface in 20 wt.% NaCl solution (C) in the  

RDE CO2 experiments at 10oC, pH 3, and ~1 bar CO2. 

(A) (B) (C) 

   

   
 

Figure 10-10 shows the surface profilometry of the corroded steel specimens 

in 1 and 20 wt.% NaCl solutions obtained with an Alicona optical profilometer. The 

1D profiles show changes in the surface roughness along the vertical red lines drawn 

on the 2D profiles. No indication of localized corrosion was detected over the entire 

surface of the corroded steel specimens from tests in both solutions. Therefore, it can 

be concluded that the specimens were corroded uniformly in both NaCl solutions 

under the experimental conditions. Surface analysis indicated that carbon steel surface 
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was corroded uniformly, and no corrosion layer formed on the steel surface under the 

experimental conditions. 

 

Figure 10-10 

2D (above) and 1D (below) surface profilometry of the corroded steel surface in (A) 1 

wt.% and (B) 20 wt.% NaCl solutions in the RDE CO2 corrosion experiments at 

10oC, pH 3, and ~ 1 bar CO2. 

(A) (B)  

  
 

  

 

 

10.1.4 Comparison between RDE Strong Acid Corrosion and RDE CO2 Corrosion 

at 10oC and pH 3 

In this part, the results presented in Section 9.1 for the RDE strong acid 

corrosion experiments are compared with those reported in Section 10.1 for the RDE 

CO2 corrosion experiments. All the experimental conditions were the same except the 

gases used for saturating the solutions with. Since N2 is considered as a neutral gas, it 

can be assumed that two CO2 partial pressures (pCO2) of 0 bar and ~1 bar are being 

0.5 mm 0.5 mm 
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compared. Therefore, this part essentially studies the effect of CO2 gas on corrosion 

of carbon steel in aqueous NaCl solutions. 

Figure 10-11 compares the corrosion rates measured in the RDE strong acid 

experiments with those obtained in the RDE CO2 corrosion experiments. The 

corrosion rates reported by both techniques were higher for CO2 corrosion. This 

means that the presence of CO2 accelerates the corrosion process77. It is mentioned 

throughout this document that CO2(g) dissolves in the solution and produces H2CO3(aq) 

in a slow heterogenous chemical reaction. H2CO3(aq) subsequently dissociates and 

provides more H+ ions for the cathodic H+ ion reduction and in this way, it speeds up 

the corrosion process. This effect is called CO2 buffering effect. H2CO3(aq) acts as a 

source of H+ ion for the main cathodic reaction in the corrosion process, which is H+ 

ion reduction reaction. 

 However, at 10oC and pH 3 the CO2 buffering effect is negligible because 

𝑎𝐻2𝐶𝑂3(𝑎𝑞)= 6 ×10-5 mol/kgH2O [298] is considerably smaller than 𝑎𝐻+= 10-3 

mol/kgH2O (~ 6%). This means that at pH 3, the activity of H+ ions is sufficiently 

large than the extra H+ ions provided by the H2CO3(aq) dissociation reaction does not 

change the rate of the corrosion process. Therefore, other parameters must have 

changed in the presence of CO2 that caused higher corrosion rates in the CO2 

corrosion experiments. This will be further investigated by comparing the PD sweeps 

and the extracted kinetic parameters from these sweeps. 

All the PD sweep repeats (at last two) measured in the strong acid corrosion 

experiments at different NaCl concentrations are overlapped in Figure 10-12 with 

 
77 In this section, when it is said that the presence of CO2 influences a process, CO2 might be any 

species such as H2CO3(aq) or CO2-containing complexes. 
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their corresponding PD sweeps obtained in the CO2 acid experiments for a 

comparison. For each graph and each gas at least two sets of PD sweeps are presented 

for a precise analysis. 

 

Figure 10-11 

Comparison of corrosion rates measured by LPR and PD sweeps for X65 carbon steel 

RDE (2000 rpm) specimen exposed to aqueous NaCl solutions at 10oC and pH 3 

saturated with N2 gas (pCO2 = 0 bar) with those under the same conditions except 

saturated with CO2 gas (pCO2 ≅ 1 bar). 
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Figure 10-12 

Comparison of PD sweeps for X65 carbon steel RDE (2000 rpm) specimen exposed to aqueous NaCl solutions at 10oC and pH 3 

saturated with N2 gas (pCO2 = 0 bar) with those under the same conditions except saturated with CO2 gas (pCO2 ≅ 1 bar). 

(A) (B) 

  
(C) (D) 
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The most obvious difference in the PD sweeps between the strong acid 

corrosion and CO2 corrosion is water reduction reaction. The water reduction reaction 

was slower in the CO2-satuared solutions for all NaCl concentration. Additionally, the 

Tafel slope for the water reduction reaction in CO2 corrosion was larger than that for 

strong acid corrosion. This suggests that the mechanism of the water reduction 

reaction differed in the presence of CO2. However, the water reduction reaction had 

almost no effect in the overall corrosion rate for both strong acid and CO2 corrosion. 

Therefore, it cannot be the reason for different corrosion rates reported for the two 

types of corrosion. 

𝑖𝐿𝑖𝑚 values were almost identical in both strong acid and CO2 corrosion 

experiments for all NaCl concentrations. For a better comparison the measured 𝑖𝐿𝑖𝑚 

values in both cases are plotted in Figure 10-13 A. This comparison confirms the 

argument given above about the negligible CO2 buffering effect at 10oC and pH 3. 
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Figure 10-13 

Comparison of (A) H+ ion limiting current density (𝑖𝐿𝑖𝑚), (B) H+ ion reduction exchange current density (𝑖𝑜,𝐻+), and (C) Fe oxidation 

exchange current density (𝑖𝑜,𝐹𝑒) for strong acid corrosion with those for CO2 corrosion. The data are extracted from the PD sweeps for 

X65 carbon steel RDE (2000 rpm) specimen exposed to aqueous NaCl solutions at 10oC and pH 3 saturated with N2 gas (pCO2 = 0 bar) 

and CO2 gas (pCO2 ≅ 1 bar). 

(A) 

 
(B) 

 
(C) 
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The charge transfer regions of the cathodic PD sweeps for CO2 corrosion in 

Figure 10-12 seem to be slightly different than those for strong acid corrosion in all 

NaCl concentration. The difference could originate from the mechanism of H+ ion 

reduction reaction (𝛼𝐻+) or the rate of H+ ion reduction reaction (𝑖𝑜,𝐻+) or both. 

Comparing 𝛼𝐻+ in strong acid corrosion (Table 9-3) with those for CO2 corrosion 

(Table 10-2) shows that salt concentration changed the former from 0.4 to 0.52, while 

the latter was almost constant at 0.43 for all NaCl concentrations. At 1 wt.% and 3 

wt.% NaCl, 𝛼𝐻+ was almost the same for strong acid and CO2 corrosion; however, at 

10 wt.% and 20 wt.% NaCl, 𝛼𝐻+ for strong acid corrosion was greater than that for 

CO2 corrosion. Based on these difference in the values and the trends with NaCl 

concentration, it is tempting to conclude that the presence of CO2 influenced the 

mechanism of the H+ ion reduction reaction. However, since the magnitude of 

differences in 𝛼𝐻+ between the two types of corrosion are within the experimental and 

the fitting procedure errors, no definitive conclusion can be drawn in this case.  

To compare the rate of H+ ion reduction reaction, 𝑖𝑜,𝐻+ values for the two type 

of corrosion are plotted in Figure 10-13 B. 𝑖𝑜,𝐻+ values were larger for CO2 corrosion 

for almost the entire range of NaCl concentrations. This implies that the presence of 

CO2 increased the rate of H+ ion reduction reaction in the charge transfer region. 

Kahyarian [207] carried out a series of experiments on 316L SS, pure iron, and X65 

carbon steel at 30oC, pH 4, 0.1 M NaCl solution and three partial pressure of 0 bar, 1 

bar, and 5 bars. Kahyarian’s [207] data show no change in the charge transfer 

controlled cathodic current on 316L SS, but slight increases for pure iron and X65 

carbon steel when pCO2 goes from 0 bar to 5 bars [207]. The increase in the charge 

transfer controlled cathodic current for X65 carbon steel agrees with the results 
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obtained in this study. However, Kahyarian [207] stated that the changes in the charge 

transfer controlled cathodic current are within the experimental errors, and therefore 

concluded that the presence of CO2 had no significant effect on the charge transfer 

controlled cathodic current. Thus, a systematic investigation is required on this 

subject to understand better the effect of CO2(g) on H+ ion reduction reaction in the 

charge transfer region.  

The anodic PD sweeps for strong acid corrosion and CO2 corrosion in Figure 

10-12 appear to be identical. However, reviewing the extracted kinetic parameters for 

the Fe dissolution reaction reported earlier for both types of corrosion indicates that 

the sweeps are actually not identical. 𝛼𝐹𝑒 for strong acid corrosion in Table 9-3 was 

around 1.2 for all NaCl concentrations, whilst 𝛼𝐹𝑒 for CO2 corrosion reported in 

Table 10-2 was almost 1.1 for all NaCl concentrations. Although the presence of CO2 

caused a 0.1 difference in 𝛼𝐹𝑒; however, since the magnitude of difference was within 

the experimental and the fitting procedure errors, it cannot be concluded for sure that 

CO2 altered the mechanism of anodic Fe dissolution reaction in the active region.  

𝑖𝑜,𝐹𝑒 values for strong acid and CO2 corrosion at different NaCl concentrations 

are presented in Figure 10-13 C for comparison. 𝑖𝑜,𝐹𝑒 for CO2 corrosion was higher 

than that for strong acid corrosion in all NaCl concentrations. This comparison 

suggests that the presence of CO2 accelerated the Fe dissolution reaction in the active 

region. The literature review done in Section 5.2.1 includes some studies that reported 

an effect of CO2 on the anodic Fe dissolution reaction as well as studies that were 

against this ideal and claimed that the anodic Fe dissolution reaction is not affected by 

the presence of CO2. The most recent ones and the closest to this study in terms of the 

experimental conditions are those done by Kahyarian et al. [207,208]. They reported 
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in a series of experiments on X65 carbon steel in 0.1 M NaCl solutions at 10oC and 

30oC, pH 4 and 5, and CO2 partial pressure pressures of 0 bar, 1 bar, and 5 bars that 

the slight increase in the corrosion rate, when pCO2 was increased from 0 bar to 5 

bars, was due to the influence of CO2 on the anodic reaction in the active range. 

Kahyarian et al. [207,208] potentiodynamic sweeps also show small accelerations in 

the anodic Fe dissolution reaction in the active region at both solution pH values of 4 

and 5 and both temperatures. Therefore, Kahyarian et al. [207,208] results support the 

conclusion made here about the effect of CO2 on the anodic dissolution of iron the 

active range. 

At the end, the higher corrosion rates for CO2 corrosion compared to those for 

strong acid corrosion for all tested NaCl concentrations up to 20 wt.% can be 

attributed to the increase in the rates of the H+ ion reduction reaction in the charge 

transfer region and the anodic iron dissolution reaction in the active region. However, 

since the focus of this study was not the effect of CO2 on the cathodic and anodic 

reactions, the results of this part need to be confirmed by further systematic and 

targeted investigations. 

10.1.5 Summary and Conclusions of RDE CO2 Corrosion Experiments at 10oC and 

pH 3 

This set of experiments was done to understand the effect of salt concentration 

on aqueous uniform CO2 corrosion of carbon steel at low pH values. Experiments 

were carried out using X65 carbon steel specimens exposed to aqueous NaCl 

solutions, at 10oC and pH 3, and 1 bar CO2(g). A comparison was made at the end 

between this set of experiments and that presented in Section 9.1. The major 

conclusions found in this part are as follows: 
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1. With increasing NaCl concentration, the uniform CO2 corrosion rate first 

increased between 1 wt.% and 3 wt.% and then switched trend and decreased 

steadily between 3 wt.% and 20 wt.%. 

2. The analysis of PD sweeps showed that the mechanisms of H+ ion reduction 

and the active dissolution of iron at the steel surface did not change with 

increasing NaCl concentration.  

3. With increasing NaCl concentration the rate of the H+ ion reduction reaction in 

the charge transfer region decreased continually, while the rate of active 

dissolution of showed a maximum at 3 wt.% NsCl. 

4. The H+ ion limiting current density (𝑖𝐿𝑖𝑚) decreased with increasing NaCl due 

to a decrease in H+ ion concentration (i.e., increase in the H+ ion activity 

coefficient) and H+ ion diffusion coefficient. 

5. The decreasing trend seen for 𝑖𝐿𝑖𝑚 is mainly due to changes in H+ ion bulk 

concentration and H+ diffusion coefficient. 

6. The CO2 corrosion process was under pure charge transfer control. 

7. The comparison between strong acid and CO2 corrosion under similar 

experimental conditions showed higher corrosion rates in CO2 corrosion, 

which were attributed to increases in the rates of the cathodic H+ ion reduction 

reaction in the charge transfer region and the anodic dissolution of iron in the 

active region in the presence of CO2. 
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10.2 The Effect of Salt Concentration on CO2 Corrosion at 30oC, 1 bar CO2, and  

Autogenous pH Using a Rotating Cylinder Electrode (RCE) 

The difference between this set of experiments with other sets for CO2 

corrosion was that the solution pH was not adjusted to a constant value and 

experiments were done at autogenous (natural) pH of solution. It means that the 

decrease in solution pH with increasing NaCl concentration was not compensated by  

a pH adjuster (HCl or NaOH). This part of study has been already published 

elsewhere [299].  

10.2.1 Experimental Materials and Methodology for RCE CO2 Corrosion 

Experiments at Autogenous pH and 1 bar CO2 

In this part of study, two separate sets of experiments were conducted in CO2 

saturated aqueous solutions at different NaCl concentrations: corrosion rate 

measurements and PD sweep experiments. Experiments were carried out in a 2-liter 

glass cell at 30oC, 1 bar total pressure (~ 0.97 bar pCO2), autogenous pH, and five 

NaCl concentrations of 0, 0.1, 1, 3, 10, and 20 wt.% (or, 0, 0.017, 0.17, 0.53, 1.90, 

and 4.28 m). The experimental setup used in this set of experiments is shown in 

Figure 10-14. For each experiment, the specified amount of NaCl was dissolved in 

deionized water (conductivity < 1 mS/cm). The solution was then continuously 

sparged for at least 2 h with CO2 gas, while being stirred by a magnetic stirrer to 

remove the dissolved oxygen and saturate the solution with CO2 gas. An oxygen 

probe connected to the gas outlet was used to monitor the dissolved oxygen level in 

the solution and ensure that it remained below 10 ppb during the experiments. All the 

experiments were done at an autogenous pH under continuous sparging with CO2 gas. 

The pH measurements were conducted with double-junction pH probes, which were 
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resistant to Na+ ion interference. The solution pH was continuously monitored during 

the experiments. 

 

Figure 10-14 

(A) Schematic; (B) picture of the experimental apparatus and a zoomed-in view of the 

experimental glass cell. 

(A) (B) 

 

 

 

API 5L X65 carbon steel was used in the experiments, as it is a common 

pipeline-grade steel in the oil and gas industry. The chemical composition of the 

experimental X65 steel is listed in Table 9-1. Specimens were in the shape of an 

annulus (RCE) with an outer diameter of 12 mm, a length of 14 mm, and an exposed 

surface area of 5.4 cm2. This resulted in a cell volume to specimen surface area ratio 

of approximately 400 cm3/cm2, which is reasonably high for the relatively short 

experiments conducted in the study, so that there was no significant accumulation of 

corrosion products and deviation of the water chemistry [300]. Before insertion into 
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the glass cell, the specimen was sequentially wet polished with 80-, 240-, 400- and 

600-grit abrasive papers. Subsequently, it was ultrasonically cleaned with isopropanol 

alcohol for 3 min and dried in cool N2 gas. Prior to immersion in the test solution, the 

specimen was weighed with a 0.01 mg high-precision analytical balance. Then, the 

specimen was flush mounted onto an RCE shaft and inserted into the solution. The 

shaft was rotated at 1000 rpm by a motor throughout the experiments, while the 

magnetic stirrer was stopped, to have a controlled flow condition. The RCE rotational 

speed was chosen so that it corresponded to the flow conditions encountered in oil and 

gas pipelines by creating equivalent mass transfer conditions. The 1000 rpm rotational 

speed in our RCE system is approximately equivalent to an average flow velocity of 1 

m/s in a 10 cm ID pipe [301]. For the electrochemical tests (LPR, PD sweeps, and 

EIS), the RCE acted as the working electrode in the electrochemical experiments. In 

conjunction with the RCE, a saturated silver/silver chloride (Ag/AgCl) reference 

electrode connected to a Luggin capillary served as the reference electrode and a 

platinized titanium mesh (20 mm30 mm) was used as the counter electrode to 

complete the three-electrode setup needed for the electrochemical measurements. The 

three-electrode setup can be seen in Figure 10-14. 

In the first set of experiments, WL and LPR techniques were performed in the 

same experiment, using the same specimen, to identify the overall effect of salt 

concentration on the CO2 corrosion rate. Each WL experiment lasted 24 h, which was 

the time required for obtaining sufficiently accurate WL measurements. The LPR 

corrosion rate was measured on average every 6 h during the 24 h period (totally five 

times), by sweeping the potential in a range from −5 mV to +5 mV vs. OCP with a 

scan rate of 0.125 mV/s. The Stern-Geary constant (B) used for converting the 
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polarization resistance into the corrosion rate was taken to be 23.6 mV/dec as 

determined by fitting the PD sweeps with an electrochemical model [96]. The 

measured polarization resistance values were corrected for the solution resistance 

measured with EIS. The corresponding increase of pH after 24 h was less than 0.7 pH 

units, at any NaCl concentration. The pH drift did not have a marked effect on the 

corrosion rate measurements, as there was no statistically significant change in the 

measured LPR corrosion rates from the beginning to the end of each experiment, as 

shown in Figure 10-15.  

 

Figure 10-15 

Variation in the LPR corrosion rate with time in 24 h long weight loss experiments 

conducted with X65 carbon steel RCE with a rotational speed of 1000 rpm in CO2 

saturated aqueous NaCl solutions at 30oC, 1 bar total pressure, and autogenous pH. 
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After 24 h, the specimen was retrieved from the solution; thoroughly rinsed 

with distilled water for at least one minute to remove the salt, followed by rinsing 

with isopropanol alcohol and drying in a cool N2 gas stream. The specimen then was 

weighed again to determine the WL corrosion rate. At the end of each experiment, the 

concentration of  Fe2+ ion in the solution was measured by spectrophotometry. If it is 

assumed that all 𝐹𝑒 corroded from the steel matrix ends up as dissolved Fe2+ ion in 

the solution, the measured Fe2+ ion concentration can be used to calculate the time 

averaged corrosion rate. This method often called “iron counts” (IC) [302,303] was 

used to cross-validate the corrosion rates obtained by WL and LPR techniques. The 

average corrosion rate from the WL experiments was determined using the following 

equation [18]: 

     𝐶𝑅 = 3.1536 × 1010
𝑊

𝐷𝐴𝑡
 (10-4) 

where, 𝐶𝑅 is corrosion rate in mm/y, 𝑊 is mass loss in kg, 𝐷 is density of metal in 

kg/m3, 𝐴 is specimen surface area in m2, and 𝑡 is exposure time in seconds. The 

density of the experimental material was 7870 kg/m3. The time averaged LPR 

corrosion rate was determined by the cumulative trapezoidal integration of the 

instantaneous LPR corrosion rates taken on average every 6 h over the 24 h 

experiments.  

In the second set of experiments, EIS followed by PD sweep measurements 

were done to determine the effect of NaCl concentration on individual reaction 

mechanisms underlying CO2 corrosion. EIS was done at three DC voltages of -50 

mV, 0 mV, and +50 mV vs. OCP in a frequency range of 10000 – 0.1 Hz with a peak-

to-peak AC voltage amplitude of 10 mV. Prior to changing the potential in PD sweep 

experiments, the OCP was monitored to ensure having a stable potential value (drift < 
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2 mV/min). The PD sweep experiments were conducted according to the following 

steps: (1) a cathodic sweep starting from the OCP toward more negative potentials up 

to −1.00 V vs. OCP; (2) wait for the OCP to return close to its initial value—within a 

few mV (this took about 0.5‒1 h); (3) an anodic sweep starting from the OCP to more 

positive potentials up to 0.35 V vs. OCP. The PD scan rate was chosen to be 0.5 mV/s 

to shorten the duration of the polarization. A slower scan rate of 0.125 mV/s was also 

used at one salt concentration and resulted in identical sweeps to those obtained at 0.5 

mV/s. All electrochemical measurements were conducted using a Gamry potentiostat 

Reference 600. In the PD sweep measurements lasted about 4 h, the increase in pH 

over the course of each experiment was less than 0.2 pH units, for any NaCl 

concentration. The solution resistance measured with EIS was used to correct 

potentials for the PD sweeps as well as the LPR measurements. 

10.2.2 Results and Discussion for RCE CO2 Corrosion Experiments at autogenous 

pH and 1 bar CO2 

Figure 10-16 shows the variation in autogenous pH of the CO2 saturated 

solution with respect to NaCl concentration. The solution pH decreased from about 

pH 4.0 at 0 wt.% NaCl to about pH 3.5 at 20 wt.% NaCl. The results are comparable 

to those reported previously under similar conditions [6,9,10]. The reason behind such 

behavior is explained below. Both solution chemistry models predict a linear trend for 

the solution pH with NaCl respect to NaCl concentration, while the experimental 

results show a logarithmic trend. The MSE model predicts slightly more accurately 

compared to the Li and Duan Model. The maximum error in the models occurs at 

NaCl concentrations of about 10 wt.%. 
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Figure 10-16 

Autogenous pH of CO2 saturated solutions measured at 30oC, and 1 bar total 

pressure (~ 0.97 bar pCO2). The error bars represent the minimum and maximum 

values obtained in repeated experiments (with at least 5 repeats). The experimental 

data are compared with two speciation models. 

 

 

When CO2 gas is dissolved in water according to 

     𝐶𝑂2(𝑔) ⇄ 𝐶𝑂2(𝑎𝑞) (10-5) 

it is partially hydrated to form carbonic acid: 

     𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙) ⇄  𝐻2𝐶𝑂3(𝑎𝑞) (10-6) 

and then carbonic acid (a weak acid) dissociates in two steps: 

     𝐻2𝐶𝑂3(𝑎𝑞) ⇄𝐻(𝑎𝑞)
+ + 𝐻𝐶𝑂3(𝑎𝑞)

−  (10-7) 

     𝐻𝐶𝑂3(𝑎𝑞)
− ⇄ 𝐻(𝑎𝑞)

+ + 𝐶𝑂3(𝑎𝑞)
2−  (10-8) 
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Due to the salting out effect explained in Sections 4.1 and 7.1, Reactions 

(10-5) and (10-6) move from right to left. The consequence is that Reactions (10-7) 

and (10-8) will also shift from right to left in order to establish equilibria, and that 

leads to a lower activity of H+ ions and an increase in pH. However, pH 

measurements presented in Figure 10-16 show exactly the opposite trend, where the 

solution pH decreased with increasing NaCl concentration; thus, the salting out effect 

cannot be used to explain these experimental observations. The only possible 

explanation for the pH variation with the addition of NaCl is the change in the activity 

coefficient of H+ ion. 

Figure 10-17 shows the changes in activity coefficient, concentration, and 

activity of dissolved CO2, 𝐻+ ion, 𝐻𝐶𝑂3
− ion, 𝑂𝐻−, 𝐶𝑙− ion, and water with NaCl 

concentration calculated by the Li and Duan speciation equilibrium model described 

in Section 8.1.3. At 20 wt.% NaCl, the amount of dissolved CO2 is less than half of 

the amount dissolved in pure water (salting out of CO2) (Figure 10-17 A). According 

to Figure 10-17 B, the activity coefficient for bicarbonate ion (𝛾𝐻𝐶𝑂3−) monotonously 

decreases with salt concentration, while the bicarbonate concentration (𝑐𝐻𝐶𝑂3−) has a 

peak somewhere at around 4 wt.% NaCl. Figure 10-17 C shows that 𝛾𝐻+  decreases 

from unity by about 20% between 0 wt.% and 2 wt.% NaCl and then increases 

beyond that, so that at 20 wt.% NaCl, it is 2.4. 𝑐𝐻+  has the opposite trend and reaches 

a peak at around 4 wt.% NaCl. 𝑎𝐻+ monotonously increases with higher NaCl 

concentrations; when pH is calculated (𝑝𝐻 = − 𝑙𝑜𝑔 𝑎𝐻+), this results in a continuous 

downward trend for pH, just as obtained in the experiments. Therefore, the observed 

decreasing trend in pH with the addition of NaCl is solely a result of the change in the 

activity coefficient and the concentration of H+ ion and is not related to the salting out 
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effect. This becomes obvious if one recalls that 𝑎𝐶𝑂2(𝑎𝑞) only depends on the partial 

pressure of gaseous CO2 and does not depend on NaCl concentration. So, 𝑎𝐶𝑂2(𝑎𝑞) 

remains constant78 even as 𝑐𝐶𝑂2(𝑎𝑞)  decreases significantly with increasing NaCl 

concentration. It is 𝑎𝐶𝑂2(𝑎𝑞)and not 𝑐𝐶𝑂2(𝑎𝑞) that is linked to the activities of other 

dissolved species such as that for H+ ions and the resulting pH. Since 𝑎𝐶𝑂2(𝑎𝑞)does not 

change with NaCl concentration, it could not be the reason for the observed trend in 

pH.

 
78 In this argument, the effect of NaCl concentration on water vapor pressure, and therefore, on 𝑎𝐶𝑂2  is 

neglected. 
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Figure 10-17 

Bulk concentration, molality-based activity coefficient, and activity of (A) dissolved CO2, (B) bicarbonate ion, (C) H+ ion, (D) OH- ion, (E) Cl- ion, and (F) H2O calculated by the Li and Duan speciation model  for 

CO2 saturated aqueous NaCl solutions at 30oC, and 1 bar total pressure (~ 0.97 bar pCO2). 

(A) (B) (C) 

   
(D) (E) (F) 
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Figure 10-18 shows the variation in the corrosion rate as a function of NaCl 

concentration, as measured by three independent methods: WL, LPR and IC. The 

experimental error obtained from multiple measurements show the minimum and 

maximum values. The error bars for WL and IC are not visible since they are smaller 

than the symbols. The agreement between the results obtained by these three 

independent techniques is reasonably good, thereby increasing the reliability of the 

conclusions. 
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Figure 10-18 

Variation in the corrosion rate with NaCl concentration for X65 carbon steel RCE 

with a rotational speed of 1000 rpm exposed to CO2 saturated aqueous NaCl 

solutions for 24 h at 30oC, 1 bar total pressure, and autogenous pH. The corrosion 

rates were measured using weight loss, LPR, and iron counts techniques. The error 

bars represent the minimum and maximum values obtained in repeated experiments 

(two repeats). 

 

The corrosion rate increases sharply with increasing NaCl concentration and 

reaches its maximum value at about 1 wt.% NaCl. The maximum could actually be 

anywhere between 0.1 wt.% and 3 wt.% NaCl, as the resolution in this concentration 

range is not sufficient to precisely determine the location of the maximum. The 

corrosion rate then decreases with further increase in NaCl concentration up to 4.28 m 

(20 wt.%) NaCl. A similar trend was reported by other researchers in oxygen-

saturated, aerated and deaerated solutions [8,11,296,297]. It is tempting to explain the 
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increase in the corrosion rate at low NaCl concentrations by the corresponding 

increase in 𝑐𝐻+, as shown in Figure 10-17 C, which appears to have the same trend. In 

addition, as discussed earlier in Section 5.1.1, several studies have reported that Cl- 

ions increase the rate of anodic iron dissolution in acidic media by taking part directly 

in the dissolution reaction, which happens in parallel with the other well understood 

pathway involving OH- ions [178,182,192–195,197]. The acceleration of the anodic 

reaction could lead to higher corrosion rates; however, caution needs to be taken as 

most of the referenced studies have been done at very low pH values (< pH 2.0) 

[178,182,192,194,195,197] conditions, which differ significantly from those in our 

study. Contrarily, there are other studies conducted at low pH values, postulating that 

Cl- ions inhibit iron dissolution reaction by adsorbing on the steel surface and 

blocking the active surface sites required for OH- adsorption, which governs iron 

dissolution reaction [178,179,188,198]. Yet another explanation was put forward by 

Foley [304], suggesting that the increase in the corrosion rate at low NaCl 

concentrations is mainly related to the large decrease in the solution resistance when 

NaCl is added. The EIS results showed that the solution resistance between the WE 

and RE decreased from 4320 Ω∙cm2 at 0 wt.% NaCl to 108 Ω∙cm2 at 0.1 wt.% NaCl. 

However, there is no evidence that the change in the solution resistance directly 

influenced the corrosion rate. The solution resistance becomes important in situations 

where there is a large separation between anodes and cathodes, which is not the case 

for uniform aqueous CO2 corrosion studied here.  

There are a few possible explanations for the observed decrease in the 

corrosion rate seen in Figure 10-18 with further addition of NaCl. The blocking of the 

active surface sites by adsorbed Cl- ions that inhibit iron dissolution reaction is one 
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possibility [174,178,188]. This explanation can be valid for the H+ ion cathodic 

reaction as well. The deceleration of the H+ ion reduction reaction due to the blocking 

of the active cathodic sites on the steel surface by adsorbed Cl- ions could be used as 

another reason for the decrease in the corrosion rate [171]. However, the cathodic 

reaction rate is usually limited by the slow rate of CO2 hydration to form H2CO3(aq) 

followed by the slow rate of diffusion of H+ ions from the bulk solution to the metal 

surface; hence the effect of NaCl concentration on the cathodic limiting current 

density needs to be considered. On top of all these possibilities, it is not clear at this 

point which reaction (anodic or cathodic) controls the corrosion rate, or whether it is 

under mixed control.  

To pinpoint the main reason for the changes in the corrosion rate with 

increasing NaCl concentration a more in-depth analysis of the underlying 

electrochemical reactions and how they are affected by the presence of NaCl is 

required. This was done by performing PD sweeps and EIS, for which the results are 

presented below. 

PD sweep measurements were done to elucidate the core electrochemical 

mechanisms behind the CO2 corrosion process. Cathodic and anodic PD sweeps were 

done at various NaCl concentrations and are summarized in . The potential values are 

corrected for the solution resistance (iR drop) in all the presented sweeps. For each 

NaCl concentration, at least two sets of PD sweeps were conducted. The magnitude of 

the scatter is reasonably small for all NaCl concentrations. Therefore, the PD sweeps 

can be considered as being reproducible and can be relied on when analyzing the 

effect of NaCl concentration on CO2 corrosion mechanisms. The PD results will be 

discussed in terms of the effect of NaCl concentration on the cathodic reaction 
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mechanisms, followed by the anodic reaction mechanisms, and then the overall 

corrosion process.
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Figure 10-19 

Potentiodynamic sweeps for X65 carbon steel RCE with a rotational speed of 1000 

rpm exposed to CO2 saturated solutions with different NaCl concentrations at 30oC, 1 

bar total pressure, and autogenous pH. 

 

 

The most obvious effect in the PD sweeps with increasing NaCl concentration 

is the change in the cathodic limiting current density (𝑖𝐿𝑖𝑚). To enable a more precise 

analysis, the magnitude of 𝑖𝐿𝑖𝑚 at different NaCl concentrations is extracted from the 

raw data by overlaying the PD sweeps for the best fit with those generated by a simple 

electrochemical model [96]79.  

 
79 Activation energies of 59860 J/mol for H+ ion, 24809 J/mol H2O reduction and 25398 J/mol for Fe 

oxidation reactions. A reversible potential of -0.685 V vs. Ag/AgCl was used for all three reactions. 

The reference temperature was 20oC. 
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The variation in 𝑖𝐿𝑖𝑚  with NaCl concentration is shown in Figure 10-20 A. 

Clearly there is a small increase in the magnitude of 𝑖𝐿𝑖𝑚  at low NaCl concentrations, 

followed by a decrease by approximately a factor of 3, when NaCl concentration is 

further increased. The local maximum is somewhere between 0.1 wt.% (0.017 m) and 

3 wt.% (0.53 m) NaCl, which is qualitatively similar to what was seen for 𝑐𝐻+ 

presented in Figure 10-17 C. This is no coincidence, as the main cathodic reaction in 

aqueous CO2 solutions is the reduction of 𝐻+ ions, Reaction (5-78). The 𝐻+ ions 

reduction reaction is limited by the slow hydration rate of CO2 and the slow rate of 

diffusion of 𝐻+ ions from the bulk solution to the metal surface; hence, one would 

expect that the change in the diffusional flux of 𝐻+ ions will resemble the change 

in 𝑐𝐻+ with NaCl concentration. However, at 15 wt.% NaCl, 𝑐𝐻+ is approximately the 

same as that for 0.1 wt.% NaCl, while 𝑖𝐿𝑖𝑚 decreases approximately by a factor of 2 

in the same range of NaCl concentrations. Thus, the variation in 𝑐𝐻+ alone cannot 

explain the change seen in 𝑖𝐿𝑖𝑚. 

𝑖𝐿𝑖𝑚 in CO2 corrosion in addition to a dependency on 𝑐𝐻+ (𝑎𝐻+ and 𝛾𝐻+ to be 

more precise) depends on the H+ diffusion coefficient (𝐷𝐻+). It was shown in Figure 

(3-8) A that 𝐷𝐻+  decreases with increasing NaCl concentration, which is another 

reason for the decrease in 𝑖𝐿𝑖𝑚. It is explained in Chapter 12 that 𝑖𝐿𝑖𝑚 in CO2 

corrosion also depends on activity and activity coefficient of H2CO3 and HCO3
- as 

well as their diffusion coefficients. 

The variations in the charge transfer portions of the PD sweeps with NaCl 

concentration are not obvious by visual inspection. By fitting the measured PD 

sweeps with those generated by a simple electrochemical model [96], the exchange 
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current densities (𝑖𝑜) and the electron transfer coefficients (Tafel slopes) for both 

cathodic and anodic reactions were obtained.  

For all NaCl concentrations, the best fit for the H+ ion reduction reaction was 

obtained with a cathodic transfer coefficient of 0.5 (equivalent to a cathodic Tafel 

slope of approximately 120 mV at 30oC). This value is a commonly accepted value 

for the H+ ion reduction reaction in acidic solutions [185], suggesting that there is no 

change in mechanisms for this reaction with the addition of NaCl. However, the 

extracted values for 𝑖𝑜,𝐻+, shown in Figure 10-20 A, decrease with increasing NaCl 

concentration. This indicates that the rate of H+ ion reduction reaction slows down 

with increasing NaCl concentration, due to a change in the surface coverage [171]. 

Therefore, the decrease in 𝑖𝑜,𝐻+ can be listed as one of the reasons for the decreasing 

trend of the corrosion rate shown in Figure 10-18. 

The trend observed for 𝑖𝑜,𝐻+  in Figure 10-20 A can be modeled by using a 

correlation similar to Equation (5-23): 

     𝑖𝑜,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻+

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻+

𝑒
−
𝐸
𝑎,𝐻+

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 (10-9) 

where, 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV 

vs. Ag/AgCl, 𝑎𝐻+,𝑏 is the bulk activity of H+ ion in molarity concentration, 𝑎
𝐻+,𝑏

𝑟𝑒𝑓
 is 

the reference bulk activity of H+ ion (= 10-4 M), 𝑛𝐻+
𝐻+

 is the reaction order of the H+ 

ion reduction reaction with respect to H+ ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- 

ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 

𝑛𝐶𝑙−
𝐻+

 is the reaction order of the H+ ion reduction reaction with respect to Cl- ion 
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activity, 𝐸𝑎,𝐻+ is the activation energy for the H+ ion reduction reaction (= 59860 

J/mol), 𝑇 is solution temperature in K, and 𝑅 is the gas constant in J/mol/K.  

Equation (10-9) with the bulk activities calculated with the MSE model was 

fitted to the experimental 𝑖𝑜,𝐻+ values in Figure 10-20 A to obtain the reaction orders 

and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

. Since the solution pH was constant in the experiments, the activity of H+ 

ion was constant as well80. This means that 𝑛𝐻+
𝐻+

 cannot be determined from the fitting 

exercise. To be able to obtain 𝑛𝐻+
𝐻+

 experiments at different pH values are required. 

Therefore, an empirical value of 0.5 previously reported in the literature was chosen 

for 𝑛𝐻+
𝐻+

 [200,215]. The fitting exercise gave 𝑛𝐶𝑙−
𝐻+

 = -0.30 and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 = 7.4 A/m2. The 

negative sign found for 𝑛𝐶𝑙−
𝐻+

 proves that Cl- ion had a retardation effect on the rate of 

the H+ ion reduction reaction in the charge transfer region. 

The anodic electron transfer coefficient for the iron dissolution reaction in the 

active range was found to be approximately 1 (equivalent to an anodic Tafel slope of 

60 mV at 30oC) for all NaCl concentrations, indicating that iron dissolution occurred 

with the same or a similar mechanism when NaCl concentration was increased [181]. 

  

 
80 The changes in molarity-based activity due to changes in density with NaCl concentration is ignored. 
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Figure 10-20 

Variations in (A) the cathodic limiting current density (𝑖𝐿𝑖𝑚) and the H+ reduction exchange current density (𝑖𝑜,𝐻+) and (B) the Fe 

oxidation exchange current density (𝑖𝑜,𝐹𝑒) with NaCl concentration. The current densities were extracted from the PD sweeps of X65 

carbon steel RCE specimen with a rotational speed of 1000 rpm exposed to CO2-saturated aqueous solutions at 30°C, 1 bar total 

pressure, and autogenous pH. The error bars are the minimum/maximum values obtained in two repeated experiments. The reference 

temperature was 20oC. 

(A) 

 
(B) 
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𝑖𝑜,𝐹𝑒 as shown in Figure 10-20 B, increases at lower NaCl concentrations and then 

reverses trend and decreases at higher NaCl concentrations. The observed trend for 𝑖𝑜,𝐹𝑒 

is the same as that measured in the RDE CO2 experiments (Figure 10-6 B) as well as 

those reported for the strong acid experiments in Chapter 9. This shows the accuracy and 

consistency of the results. The 𝑖𝑜,𝐹𝑒 trend in Figure 10-20 B is similar to that reported for 

the CO2 corrosion rate in Figure 10-18. Thus, variation in 𝑖𝑜,𝐹𝑒 with NaCl concentration 

is possibly another reason for the small increase followed by the monotonous decrease in 

the CO2 corrosion rate when NaCl concentration was increased from 0.1 wt.% to 20 

wt.%.  

The 𝑖𝑜,𝐹𝑒 trend can be justified by considering the changes in the bulk activities of 

OH- and Cl- ions, and H2O with NaCl concentration. 𝑖𝑜,𝐹𝑒 can be related to the activities 

of OH- and Cl- ions, and H2O with the following equation: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓 (

𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(10-10) 

where, 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV vs. 

Ag/AgCl, 𝑎𝑂𝐻−,𝑏 is the bulk activity of OH- ion in molarity concentration, 𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

 is the 

reference bulk activity of OH- ion (= 10-10 M), 𝑛𝑂𝐻
𝐹𝑒  is the reaction order of the Fe 

oxidation reaction with respect to OH- ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- ion in 

molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 𝑛𝐶𝑙−
𝐹𝑒  is the 

reaction order of the Fe oxidation reaction with respect to Cl- ion activity, 𝑎𝐻2𝑂,𝑏 is the 
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bulk activity of liquid water in molarity unit, 𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of 

liquid water (= 55.4 M), 𝑛𝐻2𝑂
𝐹𝑒  is the reaction order of the Fe oxidation reaction with 

respect to H2O, and 𝐸𝑎,𝐹𝑒 is the activation energy for the Fe oxidation reaction in the 

active region (= 25398 J/mol), 𝑇 is solution temperature in K, and 𝑅 is the gas constant in 

J/mol/K.  

Lorenz [174] and McCafferty and Hackerman [178] reported different 𝑛𝐶𝑙−
𝐹𝑒  values 

for different range of Cl- activities (concentrations), as mentioned in Table 5-2. This 

indicates that the Fe dissolution reaction might proceed through different pathways 

depending on the activity of Cl- ion in the solution. From the 𝑖𝑜,𝐹𝑒 trend presented in 

Figure 10-20 B, it can be assumed that at low NaCl concentrations below 3 wt.%81, Cl- 

ions speeds up the anodic dissolution reaction by playing a catalytic role in iron 

dissolution, similar to that of OH- ions [172,194,195]. However, at NaCl concentrations 

above 3 wt.%, Cl- ions impedes the Fe dissolution reaction by being adsorbed on the 

surface and blocking the active sites (surface imperfections) required for the Fe 

dissolution reaction to happen [173,174,178,192]. Therefore, the 𝑖𝑜,𝐹𝑒 curve is divided 

into two sections: below and above 3 wt.%. The reaction orders and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 values for each 

region can be obtained by fitting Equation (10-10) using the bulk activity values 

calculated with the MSE model to the experimental 𝑖𝑜,𝐹𝑒 values. Obtaining 𝑛𝑂𝐻
𝐹𝑒  value 

needs experimentation at different solution pH. This means that 𝑛𝑂𝐻
𝐹𝑒  cannot be found 

from the data presented in Figure 10-20 B. Therefore, a value of 1 was chosen for 𝑛𝑂𝐻
𝐹𝑒  

 
81 It can be any NaCl concentration between 1 wt.% and 3 wt.%, as the experimental NaCl resolution was 

not small enough to determine the exact maximum. 
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for the whole range of NaCl concentration according to the Bockris et al. [185,186] 

consecutive mechanism and reports by other scientists [174,195] (see Table 5-2). For 

NaCl ≤ 3 wt.%, 𝑛𝐶𝑙−
𝐹𝑒 = 0.19, 𝑛𝐻2𝑂

𝐹𝑒  = 0, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.91 and for NaCl > 3, 𝑛𝐶𝑙−
𝐹𝑒 = -0.24, 

𝑛𝐻2𝑂
𝐹𝑒  = 2, and 𝑖𝑜,𝐹𝑒

𝑟𝑒𝑓
 = 0.61. A reaction order of zero for H2O at NaCl ≤ 3 means that the 

Fe dissolution reaction process is independent of H2O activity in this NaCl concentration 

range. For 𝑛𝐻2𝑂
𝐹𝑒  at high NaCl concentrations, the value found in this study is similar to 

the values (a range of 1.6-1.9) reported by Smart et al. [190,198]. 

Figure 10-21 shows the Evans diagrams for 0.1 wt.%, 1 wt.%, and 20 wt.% NaCl 

concentrations produced by a simple electrochemical model [96] at the experimental 

conditions of this part of study. The comparison between 0.1 wt.% and 1 wt.% NaCl in 

Figure 10-21 A demonstrates that the corrosion process at low NaCl concentrations 

below ~ 1 wt.% was controlled by charge transfer processes. The Evans diagrams show 

the rate of cathodic reaction for both 0.1 wt.% and 1 wt.% NaCl concentrations was the 

same. However, the rate of anodic dissolution of iron increased with increasing NaCl 

concentration from 0.1 wt.% to 1 wt.%. Consequently, the net effect was a slight increase 

in the corrosion rate82. This indicates that at low NaCl concentration, the increase in the 

CO2 corrosion rate was due to the increase in the rate of anodic dissolution of Fe as 

shown in Figure 10-20 B.  

For NaCl concentrations higher than ~ 1 wt.%, the corrosion process was under 

mixed control. This means that the corrosion process was controlled by both charge 

 
82 The increase in the corrosion rate for the weight loss experiments was greater than the PD sweep 

measurements; however, the PD sweeps show an identical trend for the corrosion rate with respect to NaCl 

concentration. 
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transfer processes as well as 𝑖𝐿𝑖𝑚. The reason for the decrease in the CO2 corrosion rate in 

this NaCl concentration range was due to the decrease in the rates of both iron dissolution 

reaction and charge transfer controlled H+ ion reduction reaction as well as the decrease 

in 𝑖𝐿𝑖𝑚.  

A further important conclusion is that the rates of charge transfer processes were 

impacted more by increasing NaCl concentration compared to 𝑖𝐿𝑖𝑚 because when NaCl 

concentration was increased from 1 wt.% to 20 wt.%, the corrosion current density 

decreased more than 𝑖𝐿𝑖𝑚.
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Figure 10-21 

The Evans diagram for the effect of NaCl concentration on uniform strong acid 

corrosion of X65 carbon steel RCE specimen with a rotational speed of 1000 rpm at 

30oC, ~1 bar CO2, autogenous pH, and 1000 rpm rotational speed. 𝐸𝑐𝑜𝑟𝑟 is the 

corrosion potential (OPC), 𝑖𝑐𝑜𝑟𝑟 is the corrosion current density (Green: 0.1 wt.% 

NaCl, Blue: 1 wt.% NaCl, and red: 20 wt.% NaCl). A and B do not have the same axis 

scale. 

(A) 

 

(B) 
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EIS measurements at different DC potentials were used to identify the 

reactions that are reflected by measurements. In Figure 10-22, the EIS spectrum was 

recorded at OCP and at 50 mV above and below OCP. For both 0.1 and 20 wt.% 

NaCl, the shape of the curves in the Nyquist plot does not change at these three 

potentials. Similar results were obtained for all the intermediate salt concentrations 

(not shown here). This indicates that the same or very similar reaction(s) are detected 

at these three potentials. The question then becomes which reaction(s) are behind the 

EIS spectra shown in Figure 10-22. If the magnitude of the impedance increases (i.e., 

the reaction happens slower) when moving to more negative DC potentials, the anodic 

reaction is dominant in the measured impedance and if the impedance decreases the 

cathodic reaction is prevailing [305]. Since in Figure 10-22, the magnitude of the 

impedance increased when the DC potential was varied from +50 mV vs. OCP to -50 

mV vs. OCP, the EIS measurements captured the anodic impedance mainly. 

Therefore, even if measurements were made at OCP where the magnitudes of the 

anodic and cathodic current densities are the same, the impedance data carry 

information predominantly about the anodic reaction.    
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Figure 10-22 

EIS Nyquist plots at three DC potentials for X65 carbon steel RCE with a rotational 

speed of 1000 rpm exposed to CO2 saturated solutions at 30oC, 1 bar total pressure, 

and autogenous pH: (A) 0.1 wt.%, (B) 20 wt.% NaCl. 

(A) 

 
(B) 

 
 

Figure 10-23 shows the impedance spectra at OCP for different NaCl 

concentrations. The solid data points in EIS spectra represent the characteristic 
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frequencies (𝑓 = 1/2𝜋𝑅𝐶), i.e., the frequency at the maximum of |𝑍𝑖𝑚𝑔|. A 

depressed capacitive semicircle in the high-to-medium frequency range and an 

inductive loop in the low frequency range can be observed in the Nyquist plots. The 

diameter of the depressed capacitive semicircle estimates the resistance to charge-

transfer controlled reaction, which is inversely proportional to the anodic reaction 

rate—in this case dissolution of iron.  

 

Figure 10-23 

EIS Nyquist spectra at OCP for X65 carbon steel RCE with a rotational speed of 1000 

rpm exposed to CO2 saturated solutions in different NaCl concentrations at 30oC, 1 

bar total pressure, and autogenous pH. The solution resistance is subtracted from all 

spectra for a better comparison. The characteristic frequencies (solid data symbols) 

are 1.77 Hz, 3.16 Hz, 4.26 Hz, 2.37 Hz, and 1.34 Hz for 0.1, 1, 3, 10, and 20 wt.% 

NaCl, respectively. 
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The magnitude of the impedance initially decreased with salt concentrations, 

meaning that the rate of the anodic reaction increased between 0.1 and 3 wt.% NaCl. 

At even higher salt concentrations, the trend was reversed. The observed trend here 

with respect to NaCl concentration is the same as that seen in Figure 10-20 B for 𝑖𝑜
𝐹𝑒. 

The presence of an inductive loop is usually associated with the relaxation (the delay 

in the response of a system after an external perturbation [306]) of adsorbed water-

iron intermediate species on the surface [307]. This means that the inductive loop is 

related to the Fe dissolution mechanism and is not associated to the presence of CO2. 

However, Zeng et al. [12] reported that this type of inductive loop was not observed 

when the solution was sparged with air. The results of das Chagas Almeida [204] in 

N2-containing solution seems to not have the inductive loop at high frequencies. This 

implies that the inductive loop is somehow related to the presence of dissolved 𝐶𝑂2 in 

the solution. 

Figure 10-24 compares the EIS charge transfer resistance (𝑅𝑐𝑡) and the LPR 

polarization resistance (𝑅𝑝). The 𝑅𝑝 is here directly comparable to the 𝑅𝑐𝑡 because the 

frequency corresponding to the LPR measurements (0.0125 Hz) is almost the same as 

the one used for determining the 𝑅𝑐𝑡 from the Nyquist diagrams. The calculated 𝑅𝑐𝑡 is 

slightly higher than the 𝑅𝑝 in the whole range of salt concentrations, most likely 

because LPR cannot distinguish between the faradaic and non-faradaic processes. The 

measured 𝑅𝑝 includes a combination of effects from all processes that affect the 

charge transfer including double layer charging, adsorption of intermediate species on 

the surface, etc. EIS has this advantage over LPR and other DC techniques that the 

resistance related to the charge transfer reactions can be separated from that related to 

other processes [308]. The 𝑅𝑐𝑡 obtained with EIS decreased with increasing NaCl 
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concentration from 0.1 to 3 wt.%, and then increased continuously with higher NaCl 

concentrations. In similar studies, Eliyan et al. [8,309] reported a decrease in the 𝑅𝑐𝑡 

with increasing NaCl concentration up to ~ 7 wt.% (80 g/l). However, NaCl 

concentrations higher than 7 wt.% were not examined in their study. 

 

Figure 10-24 

Comparison of EIS charge transfer resistance (Rct) with LPR polarization resistance 

(RP) at different NaCl concentrations. Rct and RP are obtained in the same experiment 

with an X65 carbon steel RCE with a rotational speed of 1000 rpm in a CO2 saturated 

solution at 30oC, 1 bar total pressure, and autogenous pH. 
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10.2.3 Summary and Conclusions of RCE CO2 Corrosion Experiments at 

Autogenous pH and 1 bar CO2 

The effect of salt concentration was investigated on uniform corrosion of X65 

carbon steel by carrying out wight loss and electrochemical experiments with an RCE 

setup at a rotational speed of 1000 rpm in CO2-saturated solutions at 30oC, 1 bar total 

pressure, and autogenous pH. The following are major conclusions found in this set of 

experiments, when NaCl concentration was increased from 0.1 wt.% to 20 wt.%: 

1. The decrease in autogenous pH of solution is due to the variations in the 

activity coefficients of dissolved species, particularly H+ ion, and is not related 

to the decrease in CO2 solubility. 

2. The corrosion rate increased sharply and reached its maximum value at about 

1 wt.% NaCl and then decreased monotonously with further increase in NaCl 

concentration. 

3. Analysis of PD sweeps indicated that the variation in the corrosion rate with 

increasing NaCl concentration was primarily attributed to the change in the 

cathodic limiting current density, which was the predominant factor 

controlling the rate of the overall corrosion process. The additional factor was 

the rate of the anodic reaction, which had a similar trend to the corrosion rate 

when NaCl concentration was increased. 

4. The variation in the cathodic limiting current density with respect to NaCl 

concentration is mainly attributed to the changes in activity and activity 

coefficient of H+ ion as well as H+ diffusion coefficient.  
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10.3 The Effect of Salt Concentration on CO2 Corrosion at 20oC, 1 bar CO2, and 

pH 5 Using a Rotating Cylinder Electrode (RCE) 

This set of experiments was done at pH 5 to amplify the CO2 buffering effect 

contribution in the CO2 corrosion process. Moreover, contrary to the previous set of 

experiments that pH of solution was allowed to change with NaCl concentration, pH 

was kept constant at 5.0 for all salt concentrations, so that the only parameter changed 

in the experiments was NaCl concentration. The combination of these two granted a 

better understanding of the effect of salt concentration on the CO2 corrosion process. 

10.3.1 Experimental Materials and Methodology for RCE CO2 Corrosion 

Experiments at 20oC and pH 5 

This set of experiments were carried out at 20oC and 1 bar total pressure 

(pCO2 ≅ 0.98 bar) in a 2-liter glass cell as shown in Figure 10-25. A coil with cooling 

fluid (glycol) being circulated through it by an industrial chiller was used around the 

glass cell to cool down the solution temperature. Glycol did not have any contact with 

the experimental solution. In combination with the cooling coil, a hot plate was used 

continuously to balance the temperature at 20 ± 0.5oC.  

 



343 

 

  

Figure 10-25 

(A) Schematic; (B) picture of the experimental apparatus and a zoomed-in view of the 

experimental glass cell used in the RCE CO2 corrosion experiments at 20oC, ~1 bar 

CO2 and pH 5. 

(A) (B) 

 
  

 

Five NaCl concentrations of 0.1 wt.% (0.017 m), 1 wt.%, 3 wt.%, 10 wt.%, 

and 20 wt.% (4.28 m) were tested in this set of experiments to study the effect of salt 

concentration on CO2 corrosion. For each experiment, the desired amount of NaCl 

was dissolved in deionized water (conductivity < 1 𝜇S/cm) in the glass cell. Then, the 

solution was sparged with pure CO2 gas for at least 2 h, while being stirred by a 

magnetic stirrer. A rotameter was used to adjust CO2 gas volumetric flow rate into the 

glass cell. 2 h was identified experimentally as the least amount of time needed to 

drop the concentration of dissolved oxygen in the solution to less than 10 ppb and 

saturate the solution with the experimental gas. The dissolved oxygen was measured 

during the experiments with an Orbisphere 410 oxygen meter connected to the gas 
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outlet (Figure 10-26) to make sure that oxygen level in the solution was less than 10 

ppb. The solution pH was continuously monitored during the experiments. A steady 

solution pH value for at least 15 min was used as an indication of the solution being 

saturated with the experimental gas. Double-junction pH probes were used for the pH 

measurements, as they are suitable for applications in high salinity due to their 

resistance to Na+ ion interference [10]. 

 

Figure 10-26 

A picture of the experimental apparatus used in the RCE CO2 experiments at 20oC, ~1 

bar CO2, and pH 5. 

 

 

The solution pH was adjusted to pH 5.00 by injecting deaerated NaOH 0.1 M 

to the solution, after reaching a stable solution pH. The solution was sparged with 

CO2(g)  for another 0.5 h prior to insertion of the specimen(s) in the solution and 

before beginning the corrosion rate or electrochemical measurements to ensure that 

solution pH was fixed at 5.00. The magnetic stirrer was stopped throughout the 

measurements. 
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The specimen material was API 5L X65 carbon steel. The chemical 

composition of X65 steel is listed in Table 9-1. Two types of specimens were used for 

the experiments: annulus specimens with an outer diameter of 12 mm, a length of 14 

mm, and an outer surface area of 5.4 cm2 (Figure 9-12 B), and square specimens with 

dimensions of 12.5 × 12.5 × 2.5 mm and a total surface area of 4.375 cm2. A very 

small hole was drilled in a corner of the square specimen for passing a nylon thread 

through it. Prior to each experiment, the specimens were sequentially wet polished 

with 80-, 240-, 400- and 600-grit abrasive papers. Later, they were ultrasonically 

cleaned with isopropanol alcohol for 3 min and dried in a cool 𝑁2 gas stream. The 

annulus specimen was flush mounted onto a shaft to be used as a rotating cylinder 

electrode (RCE) in the experiments. The square specimen was submerged into the 

experimental solution by hanging it with the nylon thread from the glass cell’s lid. 

Two separate sets of experiments were conducted: corrosion rate 

measurements to identify the overall effect of salt concentration on the CO2 corrosion 

rate and PD sweeps to investigate how individual reaction mechanisms underlying 

CO2 corrosion are affected by salt concentration. 

For each corrosion rate measurement experiment, in addition to the RCE as 

the main specimen, three hanging square specimens were used to produce more 

results, and therefore have a more reliable analysis. The cell volume to specimen 

surface area ratio in the corrosion rate measurements was approximately 110 cm3/cm2, 

which was greater than the average minimum ratio of 30 cm3/cm2 suggested by 

ASTM G31 [15]. The RCE assembly was rotated at 1000 rpm, which simulates the 

mass transfer conditions in a 10 cm ID pipe with an average flow velocity of 1 m/s 

[301]. On the other hand, the square specimens were in a stationary condition and 
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experienced less flow velocity compared to the RCE, and thus expected to corrode 

less compared to the RCE specimen. This implies that the effect of flow velocity on 

the corrosion rate was implicitly investigated in this study. 

Corrosion rates were measured using weight loss (WL) and linear polarization 

resistance (LPR) techniques. The duration of each corrosion rate experiment was 24 h, 

which started from the moment specimens inserted into the solution and ended when 

they were retrieved from the solution. 24 h was identified to be an optimum time for 

obtaining sufficiently accurate WL measurements. Prior to immersion the specimens 

into the test solution, the specimens were weighed with a precise balance of 0.1 mg 

precision. The LPR corrosion rate measurement was performed concurrently with the 

WL corrosion rate measurement in the same experiment and by using the same 

specimen —on average every 6 h during the 24 h period (totally five times). The LPR 

technique was implemented using a three-electrode setup (shown in Figure 10-25) and 

by sweeping the potential in a range from -5 mV to +5 mV vs. OCP with a scan rate 

of 0.125 mV/s. Each LPR measurement lasted for 80 sec. The RCE acted as the 

working electrode in the LPR technique. A saturated Ag/AgCl reference electrode 

connected to a Luggin capillary served as the reference electrode and a platinized 

titanium mesh (20 mm × 30 mm) was used as the counter electrode to complete the 

three-electrode setup. The average Stern-Geary constant (B) for converting the 

measured polarization resistance into the corrosion rate was determined to be around 

18.0 mV/dec. This was done by fitting the PD sweeps via an electrochemical model . 

The measured polarization resistance values were corrected for the solution 

resistance, which was measured by EIS. EIS was done prior to each LPR 

measurement with the same electrode setup at OCP in a frequency range of 10000˗0.1 
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Hz with a peak-to-peak AC voltage amplitude of 10 mV. The LPR corrosion rates 

were determined by the cumulative trapezoidal integration of the five instantaneous 

LPR corrosion rates taken over the 24 h experiment. The increase in solution pH (due 

to increase in Fe2+ concentration in the solution because of corrosion) after 24 h was 

less than 0.08 pH units, at any NaCl concentration, which implies that there was no 

significant deviation of the water chemistry and accumulation of corrosion products in 

the experiments.  

After 24 h, the RCE and square specimens were retrieved from the solution; 

thoroughly rinsed with distilled water for at least one minute to remove the salt, 

followed by rinsing with isopropanol alcohol and drying in a cool N2 gas stream. 

Later, the specimens were weighed again to determine the WL corrosion rates. 

Immediately after the final weighing to analyze the morphology and chemical 

composition of the corroded surface, one square specimen was used for scanning 

electron microscopy/energy dispersive spectroscopy (SEM/EDS) (Figure 10-27 A), 

one was mounted in epoxy with its smallest surface upward for the cross-section 

analysis (Figure 10-27 B), and one was used for the surface profilometry (Figure 

10-27 C). 
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Figure 10-27 

Surface analysis specimens: (A) a picture of a square specimen and SEM/EDS 

specimen holder and a schematic of specimen orientation with respect to SEM/EDS 

beam, (B) a picture of a square specimen mounted in epoxy for SEM/EDS cross 

section analysis and a schematic of specimen orientation with respect to SEM/EDS 

beam, and (C) a schematic of the specimen orientation with respect to Infinite Focus 

Microscope beam for surface profilometry 

(A) (B) (C) 

 

  
  

For the PD sweeps only the RCE specimen was used. The cell volume to 

specimen surface area was approximately 400 cm3/cm2 in this case. Before starting to 

sweep the potential, the open circuit potential (OCP) was monitored to ensure having 

a stable OCP value (∆𝑂𝐶𝑃 < 2 mV/min). The PD sweep experiments were performed 

according to the following steps: (1) a cathodic sweep starting from the OCP toward 

more negative potentials up to -1 V vs. OCP; (2) wait for the OCP to return near its 

initial value—within a few mV (this took about 1 h); (3) an anodic sweep starting 

from the OCP to more positive potentials up to 0.35 V vs. OCP. The PD sweep scan 

rate was 0.125 mV/s. All the PD sweeps were corrected for the solution resistance 

obtained by EIS. A Gamry potentiostat Reference 600 was used for all the 

electrochemical measurements. The increase in solution pH for the PD sweep 
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experiments, each lasted about 4 h, was less than 0.05 pH units, for any NaCl 

concentration. 

10.3.2 Results and Discussion for RCE CO2 Corrosion Experiments at 20oC and 

pH5 

10.3.2.1 pH Measurements and Solution Chemistry 

Figure 10-28 shows the variation in autogenous pH of the CO2 saturated 

solution with respect to NaCl concentration at 1 bar CO2 and 20oC. The solution pH 

decreased from 3.88 at 0.1 wt.% NaCl to 3.48 at 20 wt.% NaCl. The reason behind 

such behavior is explained in detail in Section 10.2.2. 

  

Figure 10-28 

Autogenous pH of CO2 saturated solutions measured at 20°C, and 1 bar total 

pressure (∼ 0.98 bar pCO2) before pH adjustment. The error bars represent the 

minimum and maximum values obtained in repeated experiments (with at least 4 

repeats). The experimental data are compared with two speciation models. 
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The predicted pH values obtained with the MSE model and the Li and Duan 

model are compared with the experimental pH values in Figure 10-28. Both models 

show a linear trend for pH with increasing NaCl concentration, while the 

experimental pH values have a concave upward trend with respect to NaCl 

concentration. The MSE model shows more accurate predictions compared to the Li 

and Duan model, specifically, at high NaCl concentrations. 

Figure 10-29 shows the activity coefficient, the concentration, and the activity 

profiles of CO2(aq), HCO3(aq)
−  ion, H(aq)

+  ion, OH(aq)
−  ion, Cl(aq)

− , and H2O(l) at 20oC, ~ 1 

bar CO2, and pH 5 calculated with the Li and Duan model. Since the partial pressure 

of CO2 was almost constant83 in the open system experiments, CO2(aq) activity is a  

horizontal line with respect to NaCl concentration (Figure 10-29 A). The solution pH 

was 5.00 for all NaCl concentration; therefore, H(aq)
+  activity is constant for all NaCl 

concentrations (Figure 10-29 C). However, H(aq)
+  concentration profile shows a 

maximum at 2 wt.% NaCl, whereas H(aq)
+  activity coefficient decreases from 1.00 at 0 

wt.% NaCl to 0.78 at 2 wt.% NaCl and then continually increases  to 2.57 at 20 wt.% 

NaCl. The reason why 𝐻(𝑎𝑞)
+  ion activity coefficient, and consequently H(aq)

+  ion 

concentration has such trends with respect to NaCl concentration has been illustrated 

earlier in Figure 8-4.

 
83 Water vapor pressure decreases slightly with increasing NaCl concentration [128]. Therefore, CO2 

partial pressure increases with increasing NaCl concentration. However, this increase is negligible and 

can be ignored.   
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Figure 10-29 

Bulk concentration, molality-based activity coefficient, and activity of (A) dissolved CO2, (B) bicarbonate ion, (C) H+ ion, (D) OH- ion, (E) Cl- ion, and (F) H2O calculated by the Li and Duan model speciation model 

for CO2 saturated solutions at 20oC, 1 bar total pressure (~ 0.98 bar pCO2), and pH 5. 

(A) (B) (C) 

   
(D) (E) (F) 
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10.3.2.2 Corrosion rate and PD sweep measurements 

Figure 10-30 presents the variations in the CO2 corrosion rate with respect to 

NaCl concentration. A similar trend was observed for both specimen types. 

Additionally, similar corrosion rates were measured by two independent techniques: 

WL and LPR. These similarities between the trend and the magnitude of the corrosion 

rates promise the reliability of results and conclusions. 

  

Figure 10-30 

Variation in the corrosion rate with NaCl concentration for X65 carbon steel RCE 

with a rotational speed of 1000 rpm and square specimens exposed for 24 h to CO2 

saturated aqueous NaCl solutions at 20oC, 1 bar total pressure, and pH 5. The 

corrosion rates were measured using weight loss and LPR techniques. The error bars 

represent the minimum and maximum values obtained in repeated experiments (two 

repeats). 
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As anticipated, since the square specimens faced less flow velocity compared 

to the RCE specimen, the corrosion rate for the square specimens were smaller than 

that for the RCE specimen over the entire range of NaCl concentrations. The small 

difference observed between the WL and the LPR corrosion rates can be attributed to 

the fact that even though the LPR corrosion rates were averaged over 24 h, only 6 

measurements were conducted in each experiment, which totally covered 8 mins of 24 

h period (the duration of each LPR test was 80 s). 

Figure 10-30 shows that the corrosion rate increased with increasing NaCl 

concentration and reached its maximum value at 1 wt.%. The corrosion rate then 

decreased continually with further increase in NaCl concentration up to 20 wt.% 

NaCl. The actual maximum in the corrosion rate could be at any NaCl concentration 

between 0.1 wt.% and 3 wt.%, as the experimental NaCl concentration increments 

were not adequately small to capture the location of the maximum. A similar behavior 

in the corrosion rate as a function of salt concentration was reported in Section 10.2.2 

and also by other researchers [8,11,296,297]. The reflected trend in the corrosion rate 

can be explained by a thorough analysis of the variations in the PD sweeps and the 

solution chemistry with respect to NaCl concentration. 

 Figure 10-31 displays the PD sweeps at different NaCl concentrations. The 

potential values are corrected for the solution resistance (iR drop) in all the presented 

sweeps. For each NaCl concentration, at least two sets of PD sweeps were conducted. 

The magnitude of the scatter in the sweeps was reasonably small for all NaCl 

concentrations, as will be shown by the small error bars in the graphs for the kinetic 

features of the PD sweeps. This indicates the reproducibility of results and the 

reliability of conclusions. Only one of the sweeps at each NaCl concentration is 
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presented in Figure 10-31 to avoid any overlapping. Varying NaCl concentration 

influenced both anodic and cathodic branches of the PD sweeps. There seems to be an 

acceleration and then a retardation in the rate of the anodic reaction with increasing 

NaCl concentration. The changes in the charge transfer part of the H+ ion reduction 

reaction is not easily observable from the PD sweeps in Figure 10-31. However, 

obviously, there was a considerable change in the H+ ion reduction reaction limiting 

current density (𝑖𝐿𝑖𝑚) when NaCl concentration was increased. The water reduction 

reaction seems to remain untouched with increasing NaCl concentration. For a better 

understanding of the effect of NaCl concentration on the PD sweeps, kinetic features 

of the sweeps were extracted by overlaying the experimental sweeps for the best fit 

with those calculated by a simple electrochemical model [96]84. 

 

 
84 Activation energies of 59860 J/mol for H+ ion, 24809 J/mol H2O reduction and 25398 J/mol for Fe 

oxidation reactions. A reversible potential of -0.685 V vs. Ag/AgCl was used for all three reactions. 

The reference temperature was 20oC. 
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Figure 10-31 

Potentiodynamic sweeps for X65 carbon steel RCE with a rotational speed of 1000 

rpm exposed to CO2 saturated aqueous NaCl solutions at 20oC, 1 bar total pressure, 

and pH 5. 

 

 

The electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe 

oxidation in the active region (𝛼𝐹𝑒) at different NaCl concentrations are presented in 

Table 10-3. 𝛼𝐻+ values are identical to the theoretical value of 0.5, frequently 

considered for the hydrogen evolution on an iron surface [185]. Since 𝛼𝐻+ did not 

vary with increasing NaCl concentration, it can be concluded that the mechanism of 

hydrogen evolution under the experimental conditions of this part of study was not 

affected by the presence of salt.  
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Table 10-3 

The average electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe 

oxidation (𝛼𝐹𝑒) for the RCE CO2 experiments at 20oC, ~1 bar CO2, and pH 5. Each 

data is an average of at least two measurements. 

NaCl (wt.%)  0.1 1 3 10 20 

𝛼𝐻+ 0.50  0.51  0.50  0.50 0.50 

𝛽𝑐 (mV/dec) -116 -114 -116 -116 -116 

𝛼𝐹𝑒 1.20 1.20 1.25 1.25 1.20 

𝛽𝑎 (mV/dec) 48 48 46 46 48 

 

The 𝛼𝐹𝑒 was almost 1.20 for all NaCl concentrations. The 0.05 difference for 

3 wt.% and 10 wt.% NaCl concentrations are in the range of experimental scatters.  

Bockris et al. [185] proposed 1.5 for iron dissolution in acidic media without the 

presence of halides. In Section 9.1, an identical value of 1.20 was reported for 𝛼𝐹𝑒 in 

strong acid experiments at pH 3. Additionally, Chin and Nobe [194] reported 1.18 for 

dissolution of iron in acidic chloride media, which is very close to the results of this 

set of experiments. Since 𝛼𝐹𝑒 was almost constant over the entire range of NaCl 

concentrations, it leads to the conclusion that the mechanism of anodic dissolution of 

iron in the active region remained unchanged when NaCl concentration was 

increased. The mechanisms of iron dissolution in the presence of chloride and CO2(g) 

have been comprehensively explained in Chapter 5. 

Figure 10-32 A shows the changes in the exchange current density (𝑖𝑜,𝐻+) of 

the H+ ion reduction reaction with increasing NaCl concentration. As mentioned in 

Chapter 5, the exchange current density is an indication of the rate of charge transfer 
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for an electrochemical reaction. The decrease in 𝑖𝑜,𝐻+ indicates that the rate of H+ ion 

reduction reaction in the charge transfer region decreased when NaCl concentration 

was increased. The decrease in 𝑖𝑜,𝐻+ with increasing NaCl concentration can be 

attributed to the adsorption of Cl- ions on the surface and blocking the surface areas 

required for H+ ion adsorption and reduction reactions [171]. A reason for the 

decreasing trend of the corrosion rate in Figure 10-30 at high NaCl concentrations 

could be the decrease in 𝑖𝑜,𝐻+. The trend observed for 𝑖𝑜,𝐻+ in Figure 10-32 A can be 

modeled by using a correlation similar to Equation (5-23): 

     𝑖𝑜,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻+

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻+

𝑒
−
𝐸
𝑎,𝐻+

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 (10-11) 

where, 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV 

vs. Ag/AgCl, 𝑎𝐻+,𝑏 is the bulk activity of H+ ion in molarity concentration, 𝑎
𝐻+,𝑏

𝑟𝑒𝑓
 is 

the reference bulk activity of H+ ion (= 10-4 M), 𝑛𝐻+
𝐻+

 is the reaction order of the H+ 

ion reduction reaction with respect to H+ ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- 

ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 

𝑛𝐶𝑙−
𝐻+

 is the reaction order of the H+ ion reduction reaction with respect to Cl- ion 

activity, 𝐸𝑎,𝐻+ is the activation energy for the H+ ion reduction reaction (= 59860 

J/mol), 𝑇 is solution temperature in K, and 𝑅 is the gas constant in J/mol/K.  

Equation (10-11) with the bulk activities calculated with the MSE model was 

fitted to the experimental 𝑖𝑜,𝐻+ values in Figure 10-32 A to obtain the reaction orders 

and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

. Since the solution pH was constant in the experiments, the activity of H+ 
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ion was constant as well85. This means that 𝑛𝐻+
𝐻+

 cannot be determined from the fitting 

exercise. To be able to obtain 𝑛𝐻+
𝐻+

 experiments at different pH values are required. 

Therefore, an empirical value of 0.5 previously reported in the literature was chosen 

for 𝑛𝐻+
𝐻+

 [200,215]. The fitting exercise gave 𝑛𝐶𝑙−
𝐻+

 = -0.23 and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 = 5.1 A/m2. The 

negative sign found for 𝑛𝐶𝑙−
𝐻+

 proves that Cl- ion had an inhibition effect on the charge 

transfer rate for the H+ ion reduction reaction. 

 

 
85 The changes in molarity-based activity due to changes in density with NaCl concentration is ignored. 
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Figure 10-32 

Variations in (A) the cathodic limiting current density (𝑖𝐿𝑖𝑚) and the H+ reduction exchange current density (𝑖𝑜,𝐻+) and (B) the Fe 

oxidation exchange current density (𝑖𝑜,𝐹𝑒) with NaCl concentration. The current densities were extracted from the PD sweeps of X65 

carbon steel RCE specimen with a rotational speed of 1000 rpm exposed to CO2-saturated aqueous solutions at 20°C, 1 bar total 

pressure, and pH 5. The error bars represent the minimum and maximum values obtained in two repeated experiments. The reference 

temperature was 20oC. 

(A) 

 
(B) 
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The variation of 𝑖𝑜,𝐹𝑒 as a function of NaCl concentration is shown in Figure 

10-32 B. 𝑖𝑜,𝐹𝑒 indicates the rate of anodic dissolution of Fe in the active region. 𝑖𝑜,𝐹𝑒 

increased at lower NaCl concentrations and then switched trend and decreased at 

higher NaCl concentrations. The similarity of the 𝑖𝑜,𝐹𝑒 trend to those reported 

previously in Sections 10.1 and 10.2 as well as to the RDE strong acid experiments 

shows the accuracy and consistency of the results. The 𝑖𝑜,𝐹𝑒 trend in Figure 10-32 B is 

analogous to that reported for the CO2 corrosion rate in Figure 10-30. Therefore, 

changes in 𝑖𝑜,𝐹𝑒 with NaCl concentration is possibly another reason for the increase 

followed by the decrease in the CO2 corrosion rate when NaCl concentration was 

increased from 0.1 wt.% to 20 wt.%.  

The observed trend for 𝑖𝑜,𝐹𝑒  can be justified by considering the changes in the 

activities of OH- ion, Cl- ion, and H2O. According to Figure 10-29, the activities of 

OH- ion and H2O steadily decreases with increasing NaCl concentration, while the 

activity of Cl- ion steadily increases. This results in the maximum seen in Figure 

10-32 B for 𝑖𝑜,𝐹𝑒. Following Equation (5-22), 𝑖𝑜,𝐹𝑒 can be expressed in terms of 

activities of OH- ion, Cl- ion, and H2O as follows: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓 (

𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(10-12) 

where, 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV 

vs. Ag/AgCl, 𝑎𝑂𝐻−,𝑏 is the bulk activity of OH- ion in molarity concentration, 𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

 

is the reference bulk activity of OH- ion (= 10-10 M), 𝑛𝑂𝐻
𝐹𝑒  is the reaction order of the 

Fe oxidation reaction with respect to OH- ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- 



361 

 

  

ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 

𝑛𝐶𝑙−
𝐹𝑒  is the reaction order of the Fe oxidation reaction with respect to Cl- ion activity, 

𝑎𝐻2𝑂,𝑏 is the bulk activity of liquid water in molarity unit, 𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

 is the reference bulk 

activity of liquid water (= 55.4 M), 𝑛𝐻2𝑂
𝐹𝑒  is the reaction order of the Fe oxidation 

reaction with respect to H2O, and 𝐸𝑎,𝐹𝑒 is the activation energy for the Fe oxidation 

reaction in the active region (= 25398 J/mol), 𝑇 is solution temperature in K, and 𝑅 is 

the gas constant in J/mol/K.  

Lorenz [174] and McCafferty and Hackerman [178] reported different 𝑛𝐶𝑙−
𝐹𝑒  

values for different range of Cl- activities (concentrations), as mentioned in Table 5-2. 

This indicates that the Fe dissolution reaction might proceed through different 

pathways depending on the activity of Cl- ion in the solution. From the 𝑖𝑜,𝐹𝑒 trend 

presented in Figure 10-32 B, it can be assumed that at low NaCl concentrations below 

1 wt.%86, Cl- ions speeds up the anodic dissolution reaction by playing a catalytic role 

in iron dissolution, similar to that of OH- ions [172,194,195]. However, at NaCl 

concentrations above 1 wt.%, Cl- ions impedes the Fe dissolution reaction by being 

adsorbed on the surface and blocking the active sites (surface imperfections) required 

for the Fe dissolution reaction to happen [173,174,178,192]. Therefore, the 𝑖𝑜,𝐹𝑒 curve 

is divided into two sections: below and above 1 wt.%. The reaction orders and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 

values for each region can be obtained by fitting Equation (10-12), using the bulk 

activity values calculated with the MSE model, to the experimental 𝑖𝑜,𝐹𝑒 values. 

Obtaining 𝑛𝑂𝐻
𝐹𝑒  value needs experimentation at different solution pH. This means that 

 
86 It can be any NaCl concentration between 1 wt.% and 3 wt.%, as the experimental NaCl resolution 

was not small enough to determine the exact maximum. 
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𝑛𝑂𝐻
𝐹𝑒  cannot be found from the data presented in Figure 10-32 B. Therefore, a value of 

1 was chosen for 𝑛𝑂𝐻
𝐹𝑒  for the whole range of NaCl concentration according to the 

Bockris et al. [185,186] consecutive mechanism and reports by other scientists 

[174,195] (see Table 5-2). For NaCl ≤ 1 wt.%, 𝑛𝐶𝑙−
𝐹𝑒 = 0.22, 𝑛𝐻2𝑂

𝐹𝑒  = 0, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.21 

and for NaCl > 1, 𝑛𝐶𝑙−
𝐹𝑒 = -0.26, 𝑛𝐻2𝑂

𝐹𝑒  = 2, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.084. A reaction order of zero 

for H2O at NaCl ≤ 1 means that the Fe dissolution reaction process is independent of 

H2O activity in this NaCl concentration range. For 𝑛𝐻2𝑂
𝐹𝑒  at high NaCl concentrations, 

the value found in this study is similar to the values (a range of 1.6-1.9) reported by 

Smart et al. [190,198]. 

The key change in the PD sweeps in Figure 10-31 with NaCl concentration is 

𝑖𝐿𝑖𝑚. For the case of CO2 corrosion, 𝑖𝐿𝑖𝑚 is the rate of the cathodic H+ ion reduction 

reaction when mass transfer of species to the metal surface coupled with the 

preceding homogenous CO2 hydration chemical reaction is the slowest step.  

Figure 10-32 A shows that 𝑖𝐿𝑖𝑚 slightly increased when NaCl concentration 

was increased from 0.1 wt.% to 1 wt.%, and then decreased monotonously with 

further increase in NaCl concentration. The maximum in 𝑖𝐿𝑖𝑚 could occur at any NaCl 

concentration between 0.1 wt.% and 3 wt.%. However, the more precise concentration 

at which 𝑖𝐿𝑖𝑚 had its maximum cannot be specified as the resolution for the 

experimental NaCl was not sufficient.  

The 𝑖𝐿𝑖𝑚 in CO2 corrosion depends principally on 𝑎𝐻+and 𝑎𝐶𝑂2. This will be 

explained in detail in Chapter 12. It was shown in Figure 10-17 that both 𝑎𝐻+and 

𝑎𝐶𝑂2were constant over the entire range of NaCl concentrations. Therefore, 𝑎𝐻+ and 

𝑎𝐶𝑂2 cannot be the reason for the changes in 𝑖𝐿𝑖𝑚 with NaCl concentration. 𝑖𝐿𝑖𝑚 also 
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depends on diffusion coefficients of H+ ion and H2CO3 as well as their activity 

coefficients. The contributions of H+ diffusion coefficient and its activity coefficient 

in the overall 𝑖𝐿𝑖𝑚 value are dominant comparing to other parameters such as H2CO3 

diffusion coefficient and its activity coefficient. Therefore, 𝑖𝐿𝑖𝑚 trend follows changes 

in H+ diffusion coefficient and its activity coefficient with NaCl concentration. 𝑖𝐿𝑖𝑚 is 

directly related to H+ ion diffusion coefficient and inversely related to H+ ion activity 

coefficient. The slope of changes for H+ ion activity coefficient with NaCl 

concentration is greater than that for H+ ion diffusion coefficient. Therefore, the 

increase in 𝑖𝐿𝑖𝑚 at low NaCl concentration is due to the decrease in H+ activity 

coefficient as shown in Figure 10-17 C. On the other hand, the decreasing trend for 

𝑖𝐿𝑖𝑚 at NaCl concentrations greater than 3 wt.% is due to the increase in H+ ion 

activity coefficients as well as the decrease in the diffusion coefficient of H+ ion (the 

effect of salt concentration on the diffusion coefficient is explained in Section 3.3.2).  

The observed trend for 𝑖𝐿𝑖𝑚 with NaCl concentration in Figure 10-32 A is very 

similar to that reported for the corrosion rate in Figure 10-30. Thus, variation in 𝑖𝐿𝑖𝑚 

with NaCl concentration can be another reason for the measured changes in the 

corrosion rate with NaCl concentration. 

Three possible reasons have been discussed for the effect of NaCl 

concentration on the CO2 corrosion rate: changes in the charge transfer controlled H+ 

reduction reaction rate (𝑖𝑜,𝐻+), changes in the anodic dissolution rate of Fe (𝑖𝑜,𝐹𝑒), and 

changes in 𝑖𝐿𝑖𝑚 with NaCl concentration. To identify which of these three parameters 

controlled the rate of CO2 corrosion at the experimental conditions, the Evans 

diagram is employed.  
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Figure 10-33 shows the Evans diagrams for 0.1 wt.%, 1 wt.% and 20 wt.% 

NaCl concentrations at the experimental conditions used in this set of experiments. 

The comparison between 0.1 wt.% and 1 wt.% NaCl in Figure 10-33 A demonstrates 

that the corrosion process in this range of NaCl concentrations was controlled by 

charge transfer processes as 𝑖𝐿𝑖𝑚 was almost the same for both NaCl concentrations. 

The Evans diagrams show that the rate of anodic dissolution of iron increased with 

increasing NaCl concentration from 0.1 wt.% to 1 wt.%, while the charge transfer H+ 

reduction rate decreased. The net effect was a slight increase in the corrosion rate87. 

This indicates that at low NaCl concentration, the increase in the CO2 corrosion rate 

was due to the increase in the rate of anodic dissolution of Fe as shown in Figure 

10-32 B.  

For NaCl concentrations higher than ~ 1 wt.%, the corrosion process was 

under mixed control. This means that the corrosion process was controlled by both 

charge transfer processes as well as  𝑖𝐿𝑖𝑚. The reason for the decrease in the CO2 

corrosion rate in this NaCl concentration range was due to retardation of both the iron 

dissolution reaction and the charge transfer controlled H+ ion reduction reaction as 

well as the decrease in 𝑖𝐿𝑖𝑚.  

Another important conclusion is that the rates of charge transfer processes 

were affected more by increasing NaCl concentration compared to 𝑖𝐿𝑖𝑚 because the 

corrosion current density decreased more than 𝑖𝐿𝑖𝑚, when NaCl concentration was 

increased from 1 wt.% to 20 wt.%. These conclusions were also reported for the RCE 

CO2 experiments at 30oC and autogenous pH in Section 10.2.

 
87 The increase in the corrosion rate for the weight loss experiments was greater than the PD sweep 

measurements; however, the PD sweeps show an identical trend for the corrosion rate with respect to 

NaCl concentration. 



365 

 

  

Figure 10-33 

The Evans diagrams for the effect of NaCl concentration on uniform CO2 corrosion of 

X65 carbon steel RCE specimen with a rotational speed of 1000 rpm at 20oC, ~1 bar 

CO2, pH 5, and 1000 rpm rotational speed. 𝐸𝑐𝑜𝑟𝑟 is the corrosion potential (OPC), 

𝑖𝑐𝑜𝑟𝑟 is the corrosion current density (Green: 0.1 wt.% NaCl, Blue: 1 wt.% NaCl, and 

red: 20 wt.% NaCl). A and B do not have the same axis scale. 

(A) 

 

(B) 
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10.3.2.3 Corroded surface analysis 

Figure 10-34 illustrates the surface morphology SEM images of the corroded 

square specimens after exposure to solutions with different NaCl concentrations. The 

SEM image of a freshly polished specimen is also shown for reference. The surface 

morphology for all NaCl concentrations is similar. One cannot see any indication of 

surface layers being formed, except for a small amount of what is assumed to be iron 

carbide (cementite), which is the uncorroded portion of the steel matrix leftover after 

the ferrite phase dissolved. There is no visible evidence of localized attack, and it can 

be concluded that the surface was corroded uniformly.  
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Figure 10-34 

SEM images of the corroded carbon steel X65 square specimens in CO2-statuarated 

solutions with different NaCl concentrations at 20oC, 1 bar total pressure, and pH 5. 

Secondary electron imaging was used to take the images. 

Freshly polsihed surface 0.1 wt.% NaCl 

  
1 wt.% NaCl 3 wt.% NaCl 

  
10 wt.% NaCl 20 wt.% NaCl 

  
 

Figure 10-35 presents the EDS analysis of the corroded specimens after 

exposure to solutions with different NaCl concentrations. The EDS analysis of a 
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freshly polished specimen is included for comparison. The atomic concentrations of 

elements included in the analysis, Fe, C, Mn, Si, Al, and O, have been normalized to 

give a total of 100%. The elements P, S, Cl, Ni, Cu, and Mo, which were found to be 

in trace amounts, are not listed in the elemental composition. Very similar surface 

composition is detected for all specimens, the only significant difference being the 

absence of oxygen on the surface of the freshly polished specimen. This suggests that 

a minute amount of iron carbonate and/or iron oxide might have formed during the 

experiments or after retrieving the specimens and before they were analyzed by EDS. 
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Figure 10-35 

EDS surface elemental composition analysis of the corroded carbon steel X65 square specimens in CO2-saturated solutions with 

different NaCl concentrations at 20oC, 1 bar total pressure, and pH 5. The elemental concentrations are in normalized atomic 

percentage. 

Freshly polsihed surface 0.1 wt.% NaCl 

  
1 wt.% NaCl 3 wt.% NaCl 

  
10 wt.% NaCl 20 wt.% NaCl 
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Figure 10-36 shows the cross-section SEM images and their corresponding 

EDS elemental mapping analysis of the corroded square specimens. The light gray 

surface in the bottom of the SEM images is the steel matrix as detected Fe by EDS 

analysis. The black (or dark gray) at the top of the SEM images is the epoxy used for 

mounting the square specimens. Since the epoxy was polymeric, the EDS analysis 

detected it as carbon (C). The cross-section SEM images coupled with the EDS 

elemental maps show that no corrosion layer formed on the surface for any NaCl 

concentration. These observations prove that the surface was corroded uniformly 

under the experimental conditions used in this part of study. At 10 wt.% NaCl there 

seems to be a layer on the steel surface. However, this apparent layer is just a gap 

between the steel surface and the epoxy that surrounded it. 
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Figure 10-36 

Cross section SEM images and EDS elemental mapping analysis of the corroded 

carbon steel X65 square specimens in CO2-saturated NaCl aqueous solutions at 20oC, 

1 bar total pressure, and pH 5.  

Freshly polsihed surface 0.1 wt.% NaCl 

 

 
1 wt.% NaCl 3 wt.% NaCl 

  
10 wt.% NaCl 20 wt.% NaCl 
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To make sure that the surface was corroded uniformly at the experimental 

conditions used in this part of the study, surface profilometry was performed. The 

advantage of surface profilometry over SEM/EDS analysis is that it can cover a larger 

surface area, and therefore, it is more a more effective way in identifying localized 

corrosion (or pits) across the entire surface of a specimen. Figure 10-37 shows the 

one-dimensional (1D) and two-dimensional (2D) surface roughness profiles of the 

corroded square specimens exposed to the experimental conditions at different NaCl 

concentrations. 1D profiles show no sudden change in the surface roughness at any 

NaCl concentration, which is an indication of uniform corrosion. The uniform blue 

color on the whole surface of the 2D profiles confirms that CO2 corrosion occurred 

uniformly under the experimental conditions for all NaCl concentrations. The purple 

color (i.e., the presence of hills) seen on surface of some of the 2D profiles (e.g., for 

20 wt.%) was due to uneven polishing of the surface during the specimen preparation. 
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Figure 10-37 

1D and 2D surface roughness profilometry of the corroded square specimens in CO2-satuared solutions with different NaCl 

concentrations at 20oC, 1 bar total pressure, and pH 5. The length of the black scale bars is equivalent to 0.5 mm. 

 0.1 wt.% NaCl 

 

  
 

 
1 wt.% NaCl 3 wt.% NaCl 

  

  
10 wt.% NaCl 20 wt.% NaCl 
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10.3.3 Summary and Conclusions of RCE CO2 Corrosion Experiments at 

Autogenous pH and 1 bar CO2 

The effect of salt concentration was studied on uniform CO2 corrosion of X65 

carbon steel by carrying out wight loss and electrochemical experiments with an RCE 

setup at a rotational speed of 1000 rpm in CO2-saturated solutions at 20oC, 1 bar total 

pressure, and pH 5. When NaCl concentration was increased from 0.1 wt.% to 20 

wt.%, the major conclusions from this set of experiments are: 

1. The autogenous pH of solution deceased. The decrease in pH was related to 

the variations in the activity coefficients of dissolved species, particularly H+ 

ion. 

2. The corrosion rate increased and reached its maximum value at about 1 wt.% 

NaCl and then decreased steadily with further increase in NaCl concentration. 

3. Analysis of PD sweeps indicated that the increase in the CO2 corrosion rate at 

low NaCl concentrations below ~ 1 wt.% was due to the acceleration of the 

active dissolution reaction of iron. This means the slope of increase in the rate 

of the anodic dissolution of iron was greater than the slope of decrease in the 

rate of the H+ ion reduction reaction. The decrease in the CO2 corrosion rate at 

NaCl concentrations above 1 wt.% was attributed to retardation of both iron 

dissolution and charge transfer controlled H+ ion reduction reactions as well as 

the decrease in 𝑖𝐿𝑖𝑚.  

4. Evans diagrams showed that increasing NaCl concentration affected more the 

charge transfer reactions in the CO2 corrosion process rather than 𝑖𝐿𝑖𝑚. 
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5. Surface analysis showed that CO2 corrosion occurred uniformly on the steel 

surface for the entire range of NaCl concentrations under the experimental 

conditions. 

10.4 The Effect of Salt Concentration on CO2 Corrosion at pH 5, 1 bar CO2, and 

50oC and 80oC Using a Rotating Cylinder Electrode (RCE) 

The purpose of this part of study was to understand the effect of salt 

concentration on the aqueous uniform CO2 corrosion process at higher temperatures. 

Similar to the previous set of experiments, the solution pH was adjusted at a 

somewhat high pH value of 5.00 to strengthen the contribution of CO2 buffering in 

the overall CO2 corrosion process. For all NaCl concentration, the solution pH was 

5.00. Therefore, the only parameter that changed in the experiments was NaCl 

concentration and this allowed to investigate the effect of salt concentration on CO2 

corrosion at relatively high temperature in a systematic way.  

10.4.1 Experimental Materials and Methodology for RCE CO2 Corrosion 

Experiments at 50oC and 80oC, and pH 5 

Experiments for this part of the study were carried out at 1 bar total pressure 

and two temperatures of 50 ± 0.5oC (pCO2 ≅ 0.88 bar) and 80 ± 0.5oC (pCO2 ≅ 0.52 

bar) in a 5-liter glass cell illustrated in Figure 10-38. An aluminum insulation sheet 

(not shown in Figure 10-38) was wrapped around the entire glass cell to maintain a 

stable solution temperature throughout each experiment. A distilling column as shown 

in Figure 10-38 B was connected to the gas outlet to diminish evaporation of water 

during the experiments. 
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Figure 10-38 

(A) Schematic; (B) picture of the experimental apparatus and a zoomed-in view of the 

experimental glass cell. 

(A) (B) 

 

 
 

For each temperature, experiments were conducted at two NaCl concentrations 

of 1 wt.% (0.17 m) and 20 wt.% (4.28 m) to study the effect of salt concentration on 

uniform CO2 corrosion. At the beginning of each experiment, the desired amount of 

NaCl was dissolved in deionized water (conductivity < 1 𝜇S/cm) in the glass cell. 

Then, the solution was sparged with pure CO2 gas for at least 3 h, while being stirred 

by a magnetic stirrer. 3 h was identified experimentally as the least amount of time 

needed to drop the concentration of dissolved oxygen in the solution (~ 5 liter) to less 

than 10 ppb and saturate the solution with the experimental gas. The dissolved oxygen 

was measured during the experiments with an Orbisphere 410 oxygen meter 

connected to the gas outlet to assure that the oxygen level in the solution was less than 
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10 ppb. The solution pH was continuously monitored from the beginning to the end of 

each experiment. The solution was identified saturated with CO2(g) when solution pH 

remained stable (∆𝑝𝐻 < 0.01) for at least 15 min. Double-junction pH probes suitable 

for concentrated brines and resistant to temperatures up to 120oC were used for the pH 

measurements. 

Once a stable pH was reached, the solution pH was adjusted to pH 5.00 by 

injecting deaerated NaOH 0.2 M to the solution. The solution was sparged with CO2(g)  

for another 0.5 h prior to insertion of the specimen(s) in the solution and before 

beginning the corrosion rate or electrochemical measurements to make sure that 

solution pH stayed fixed at 5.00. The magnetic stirrer was stopped throughout the 

weight loss or electrochemical measurements. 

API 5L X65 pipeline grade carbon steel was utilized as the specimen material. 

The chemical composition of X65 steel has been already mentioned in Table 9-1. Two 

specimen types were used for the experiments: annulus RCE specimens with an outer 

diameter of 12 mm, a length of 14 mm, and an outer surface area of 5.4 cm2 and 

square specimens with dimensions of 12.5 × 12.5 × 2.5 mm and a total surface area 

of 4.375 cm2. Prior to each experiment, the specimens were sequentially wet polished 

with 80-, 240-, 400- and 600-grit abrasive papers. Later, they were ultrasonically 

cleaned with isopropanol alcohol for 3 min and dried in a cool 𝑁2 gas stream. The 

annulus specimen was flush mounted onto a shaft to be used as a rotating cylinder 

electrode (RCE) in the experiments. The square specimens were submerged into the 

experimental solution by hanging them with nylon threads from the glass cell’s lid 

(they can be seen in Figure 10-38 B). 
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Two separate sets of experiments were conducted: corrosion rate 

measurements to identify the overall effect of salt concentration on the CO2 corrosion 

rate and PD sweeps to investigate how individual reaction mechanisms underlying 

CO2 corrosion are affected by salt concentration. 

For each corrosion rate measurement experiment, in addition to the RCE as 

the main specimen, three hanging square specimens were used to produce more 

results, and therefore have a more reliable analysis. Square specimens were exposed 

to the solution by hanging them with a nylon thread from the glass cell’s lid. A very 

small hole was drilled in one corner of the square specimens for passing the nylon 

thread. The cell volume to specimen surface area ratio in the corrosion rate 

measurements was approximately 270 cm3/cm2, which was much larger than the 

average minimum ratio of 30 cm3/cm2 suggested by ASTM G31 [15]; however, these 

experiments were relatively short and no significant contamination of the aqueous 

solution was expected. The RCE shaft was rotated at 1000 rpm, which simulates the 

mass transfer conditions in a 10 cm ID pipe with approximately an average flow 

velocity of 1 m/s [301], determined by using a mass transfer equivalent conditions. 

The square specimens were in a stationary condition and experienced the flow caused 

by the RCE assembly, but with a less intensity; thus, expected to have a somewhat 

smaller corrosion rate compared to the RCE specimen. 

Corrosion rates were measured using weight loss (WL) and linear polarization 

resistance (LPR) techniques. The duration of each corrosion rate experiment was 24 h, 

which started from the moment specimens inserted into the solution and finished 

when they were retrieved from the solution. 24 h was identified to be sufficient for 

obtaining measurable weight loss. Prior to immersion the specimens into the test 
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solution, the specimens were weighed with a precise balance of 0.1 mg precision. The 

LPR corrosion rate measurement was performed simultaneously with the WL 

corrosion rate measurement in the same experiment and by using the same specimen 

—on average every 6 h during the 24 h period (totally five times). The LPR technique 

was performed using a three-electrode setup (shown in Figure 10-38 A) in a potential 

range from -5 mV to +5 mV vs. OCP with a scan rate of 0.125 mV/s. The RCE acted 

as the working electrode in the LPR technique. A saturated Ag/AgCl reference 

electrode connected to a Luggin capillary served as the reference electrode and a 

platinized titanium mesh (20 mm × 30 mm) was used as the counter electrode to 

complete the three-electrode setup. The duration of each LPR measurement was 80 

sec. The average Stern-Geary constant (B) for converting the measured polarization 

resistance into the corrosion rate was determined to be around 24.0 mV/dec for 50oC 

and 26.3 mV/dec for 80oC. The determination of B value was done by fitting the PD 

sweeps via a simple electrochemical model [96]. The measured polarization resistance 

values were corrected for the solution resistance, which was measured by EIS. EIS 

was done prior to each LPR measurement at OCP with the same electrode setup in a 

frequency range of 10000˗0.1 Hz with a peak-to-peak AC voltage amplitude of 10 

mV. The time-averaged LPR corrosion rates were determined by the cumulative 

trapezoidal integration of the five instantaneous LPR corrosion rates taken over the 24 

h experiment. The increase in the solution pH after 24 h was less than 0.2 pH units in 

all the experiments, indicating that the change in the solution chemistry was small 

during the corrosion rate measurements.  

After 24 h, the RCE and square specimens were retrieved from the solution; 

carefully rinsed with distilled water for at least one minute to remove the salt, 
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followed by rinsing with isopropanol alcohol and drying in a cool N2 gas stream. 

Later, the specimens were weighed again to determine the WL corrosion rates. 

Immediately after the final weighing to analyze the morphology and chemical 

composition of the corroded surface, one square specimen was used for scanning 

electron microscopy/energy dispersive spectroscopy (SEM/EDS) (Figure 10-27 A), 

one was mounted in epoxy with its smallest surface upward for the cross-section 

analysis (Figure 10-27 B), and one was used for the surface profilometry (Figure 

10-27 C). 

For the PD sweeps only the RCE specimen was used in separate experiments. 

The cell volume to specimen surface area was approximately 925 cm3/cm2 in this 

case. Before starting to sweep the potential, the open circuit potential (OCP) was 

monitored to ensure having a stable OCP value (∆𝑂𝐶𝑃 < 2 mV/min). The PD sweep 

experiments were carried out according to the following steps: (1) a cathodic sweep 

starting from the OCP toward more negative potentials up to -1 V vs. OCP; (2) wait 

for the OCP to return near its initial value—within a few mV (this took about 1 h); (3) 

an anodic sweep starting from the OCP to more positive potentials up to 0.35 V vs. 

OCP. The PD sweep scan rate was 0.125 mV/s. All the PD sweeps were corrected for 

the solution resistance obtained by EIS. A Gamry potentiostat Reference 600 was 

used for all the electrochemical measurements. The increase in solution pH for the PD 

sweep experiments, each lasted about 4 h, was less than 0.05 pH units for all NaCl 

concentrations. 
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10.4.2 Results and Discussion for RCE CO2 Corrosion Experiments at 50oC and 

80oC, and pH5 

10.4.2.1 pH measurements 

Figure 10-39 shows the autogenous pH values in CO2 saturated solutions at 1 bar total 

pressure, two NaCl concentrations of 1 wt.% and 20 wt.%, and 50oC and 80oC.  For 

both temperatures, the autogenous pH of solution decreased when NaCl concentration 

was increased from 1 wt.% to 20 wt.%. This is consistent with the results reported in 

previous sets of experiments. The reason for the decrease in the autogenous pH of 

solution has been already explained comprehensively in Section 10.2.2. Additionally, 

in Figure 10-39 , the experimental autogenous pH values are compared with those 

obtained with the MSE model and the Li and Duan model. At 50oC, the MSE 

predictions are more accurate compared to those for the Li and Duan model. 

However, at 80oC, the Li and Duan model shows a better accuracy. Considering that 

the MSE model have a better accuracy at temperatures below 50oC, it is preferred 

over the Li and Duan model for water chemistry calculations used in the final 

corrosion rate prediction model.  
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Figure 10-39 

Autogenous pH of CO2 saturated solutions measured at 1 bar total pressure before 

pH adjustment: (A) 50oC (pCO2 ≅ 0.88 bar) and (B) 80oC (pCO2 ≅ 0.52 bar). The 

error bars represent the minimum and maximum values obtained in repeated 

experiments (with at least 4 repeats). The experimental data are compared with two 

speciation models. The experimental data are compared with two speciation models. 

(A) 

 
(B) 
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10.4.2.2 Corrosion rate and PD sweep measurements 

The variations in the CO2 corrosion rate with respect to NaCl concentration at 

50oC and 80oC are shown in Figure 10-40. A similar trend was observed for both 

specimen types and both corrosion rate measurement techniques. The corrosion rate 

for the square specimens was smaller than that for the RCE specimen because the 

square specimens encountered a smaller flow velocity compared to the RCE 

specimen. The difference between the WL and the LPR corrosion rates might be due 

the fact that although the LPR corrosion rates were averaged over 24 h, only 6 

measurements were carried out in each experiment, which totally covered 8 mins of 

24 h period (the duration of each LPR test was 80 s). 

The CO2 corrosion rate decreased when NaCl concentration was increased 

from 1 wt.% to 20 wt.%. This agrees very well with the corrosion rate results reported 

above for lower temperatures. Therefore, it is expected that at CO2 pressures of the 

order of 1 bar and for temperatures below 100oC, increasing salt concentration 

generally decreases the rate of uniform CO2 corrosion.  
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Figure 10-40 

Variation in the corrosion rate with NaCl concentration for X65 carbon steel RCE 

with a rotational speed of 1000 rpm and square specimens exposed for 24 h to CO2 

saturated aqueous NaCl solutions at 1 bar total pressure, and pH 5: (A) 50oC (pCO2 

≅ 0.88 bar) and (B) 80oC (pCO2 ≅ 0.52 bar). The corrosion rates were measured 

using weight loss and LPR techniques. 

 (A) 

 
(B) 
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The trend observed for the corrosion rate in Figure 10-40 can be explained by 

analyzing the measured PD sweeps. Figure 10-41 shows the PD sweeps for 1 wt.% 

and 20 wt.% NaCl concentrations at 50oC and 80oC. The potential values are 

corrected for the solution resistance (iR drop) in all the presented sweeps. For each 

NaCl concentration, only one PD sweep was conducted. For both temperatures, there 

were changes in the cathodic and anodic branches with increasing NaCl 

concentration. There was a decrease in the H+ ion reduction reaction limiting current 

density (𝑖𝐿𝑖𝑚) when NaCl concentration was increased. The water reduction reaction 

seems to be accelerated with increasing NaCl concentration. However, the changes in 

the charge transfer portions of the PD sweeps are not evident from Figure 10-31. 

Therefore, for a better understanding of the effect of NaCl concentration on the PD 

sweeps, the kinetic features of the sweeps were extracted by overlapping the 

experimental sweeps with the best fit created using a simple electrochemical model 

[96]88. 

 

 
88 Activation energies of 59860 J/mol for H+ ion, 24809 J/mol H2O reduction and 25398 J/mol for Fe 

oxidation reactions. A reversible potential of -0.685 V vs. Ag/AgCl was used for all three reactions. 

The reference temperature was 20oC. 
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Figure 10-41 

Potentiodynamic sweeps for X65 carbon steel RCE with a rotational speed of 1000 

rpm exposed to CO2 saturated solutions with different NaCl concentrations at 1 bar 

total pressure and pH 5:(A) 50oC (pCO2 ≅ 0.88 bar) and (B) 80oC (pCO2 ≅ 0.52 bar. 

 

(A) 

 
(B) 

 



387 

 

  

The electron transfer coefficients for the H+ ion reduction reaction (𝛼𝐻+) and 

the iron dissolution reaction in the active region (𝛼𝐹𝑒) at 50oC and 80oC and two NaCl 

concentrations are presented in Table 10-4. The 𝛼𝐻+ values are identical to the 

theoretical value of 0.5, frequently considered for the hydrogen evolution on an iron 

surface [185]. At each temperature, since 𝛼𝐻+ was identical for both NaCl 

concentrations, it can be concluded that the mechanism of hydrogen evolution under 

the experimental conditions in this part of study was not affected by the presence of 

salt.  

 

Table 10-4 

The electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe oxidation 

(𝛼𝐹𝑒) for the RCE CO2 experiments at 1 bar total pressure, pH 5, and 50oC (pCO2 ≅ 

0.88 bar) and 80oC (pCO2 ≅ 0.52 bar). 

Temperature (oC) 50 80 

NaCl concentration (wt.%) 1  20 1 20 

𝛼𝐻+ 0.5 0.5 0.5 0.5 

Cathodic Tafel slope (mV/dec) 128 128 140 140 

𝛼𝐹𝑒 1.00 1.00 1.10 1.10 

Anodic Tafel slope (mV/dec) 64 64 70 64 

 

The 𝛼𝐹𝑒 did not change with increasing NaCl concentration for both 

temperatures. This indicates that the mechanism of active dissolution of iron remained 

unaffected with increasing NaCl concentration. The mechanisms of iron dissolution in 

the presence of chloride have been comprehensively explained in Chapter 5. The 𝛼𝐹𝑒 



388 

 

  

values measured at 50oC and 80oC are very similar to the values reported in Section 

10.1 for the CO2 corrosion experiments at 10oC and pH 3 and Section 10.2 for the 

CO2 corrosion experiments at 30oC and autogenous pH. As mentioned earlier, Bockris 

et al. [185] proposed 1.5 for iron dissolution in acidic media without the presence of 

halides. Chin and Nobe [194] reported 1.18 for dissolution of iron in acidic chloride 

media, which is close to the results of this set of experiments. 

Table 10-5 lists the exchange current densities for the H+ ion reduction 

reaction (𝑖𝑜,𝐻+) and the iron dissolution reaction (𝑖𝑜,𝐻+) in addition to 𝑖𝐿𝑖𝑚 at 50oC and 

80oC for 1 wt.% and 20 wt.% NaCl concentrations. 𝑖𝑜,𝐻+ decreased for both 

temperatures when NaCl concentration was raised from 1 wt.% to 20 wt.%. This 

agrees well with all the results reported so far in this study for variations in 𝑖𝑜,𝐻+ with 

NaCl concentration. The decrease in 𝑖𝑜,𝐻+ with increasing NaCl concentration has 

been attributed to the adsorption of Cl- ions on the surface and blocking the surface 

areas required for H+ ion adsorption and reduction reactions [171]. A reason for the 

decreasing trend seen for the corrosion rates in Figure 10-40 could be the decrease in 

𝑖𝑜,𝐻+. 
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Table 10-5 

The cathodic limiting current density (𝑖𝐿𝑖𝑚), the H+ reduction exchange current 

density (𝑖𝑜,𝐻+) and the Fe oxidation exchange current density (𝑖𝑜,𝐹𝑒) for the RCE CO2 

experiments at 1 bar total pressure, pH 5, and 50oC (pCO2 ≅ 0.88 bar) and 80oC 

(pCO2 ≅ 0.52 bar). The reference temperature was 20oC. 

Temperature (oC) 50 80 

NaCl concentration (wt.%) 1  20 1 20 

𝑖𝑜,𝐻+ (A/m2) 19.02 2.38 264 8.25 

𝑖𝐿𝑖𝑚 (A/m2) 3.7 1.8 7.3 4.3 

𝑖𝑜,𝐹𝑒 (A/m2) 3.75 1.00 5.52 1.93 

 

As presented in Table 10-5, for both temperatures, 𝑖𝑜,𝐹𝑒 decreased with 

increasing NaCl concentration from 1 wt.% to 20 wt.%, which means that the rate of 

anodic dissolution of Fe in the active region decreased at higher NaCl concentrations. 

This is identical to what has been reported previously in this study for changes in 𝑖𝑜,𝐹𝑒 

with NaCl concentration (for concentrations greater than ~ 1 wt.%). Therefore, 

changes in 𝑖𝑜,𝐹𝑒 with NaCl concentration is another reason for the decrease in the CO2 

corrosion rate when NaCl concentration was increased from 1 wt.% to 20 wt.%. 

The next kinetic parameter in the PD sweeps in Figure 10-41 that changed 

with NaCl concentration was 𝑖𝐿𝑖𝑚. In CO2 corrosion, 𝑖𝐿𝑖𝑚 indicates the rate of the 

cathodic H+ ion reduction reaction is controlled by the rate of mass transfer of species 

to the metal surface coupled with the preceding homogenous CO2 hydration chemical 

reaction. Table 10-5 shows that 𝑖𝐿𝑖𝑚 decreased with increasing NaCl concentration 

from 1 wt.% to 20 wt.%.  
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In CO2 corrosion, 𝑖𝐿𝑖𝑚 mainly depends on 𝑎𝐻+ and 𝑎𝐶𝑂2. This is explained in 

detail in Chapter 12. The experiments were conducted in an open system. Thus, 𝑎𝐶𝑂2 

was constant at each temperature for both NaCl concentrations. At each temperature, 

the solution pH was adjusted at 5.00 in the experiments; therefore, 𝑎𝐻+ was constant 

for both NaCl concentrations. Consequently, 𝑎𝐻+ and 𝑎𝐶𝑂2 cannot be the reason for 

the decrease in 𝑖𝐿𝑖𝑚 with NaCl concentration. As pointed out earlier, 𝑖𝐿𝑖𝑚 also 

depends on diffusion coefficients of H+ ion and H2CO3 as well as their activity 

coefficients. Compared to parameters such as H2CO3 diffusion coefficient and its 

activity coefficient, the contribution of H+ diffusion coefficient and its activity 

coefficient in the overall 𝑖𝐿𝑖𝑚 value is prevailing. The 𝑖𝐿𝑖𝑚 is directly related to H+ ion 

diffusion coefficient and inversely depends on H+ ion activity coefficient. The 

decreasing trend for 𝑖𝐿𝑖𝑚 when NaCl was increased from 1 wt.% to 20 wt.% is due to 

the increase in H+ ion activity coefficients as well as the decrease in the diffusion 

coefficient of H+ ion (the effect of salt concentration on the diffusion coefficient is 

explained in Section 3.3.2). Thus, the decrease in 𝑖𝐿𝑖𝑚 with NaCl concentration is 

another reason for the decreasing trend seen for the corrosion rate in Figure 10-40. 

Three possible reasons have been listed for the decrease in the CO2 corrosion 

rate at 50oC and 80oC when NaCl concentration was increased from 1 wt.% to 20 

wt.%: the decreases in 𝑖𝑜,𝐻+, 𝑖𝑜,𝐹𝑒, and 𝑖𝐿𝑖𝑚 with increasing NaCl concentration. To 

recognize which of these three parameters controlled the rate of CO2 corrosion at the 

experimental conditions, the Evans diagram is utilized.  

The Evans diagrams for 1 wt.% and 20 wt.% NaCl concentrations at the 

experimental conditions of this part of the study are illustrated in Figure 10-42. At 

50oC, for both NaCl concentrations, the corrosion process was under mixed control. 
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This means that the rate of the CO2 corrosion process was controlled by both charge 

transfer processes as well as  𝑖𝐿𝑖𝑚. The reason for the decrease in the CO2 corrosion 

rate at 50oC in 1-20 wt.% NaCl concentration range was due to retardation of both the 

iron dissolution reaction and the charge transfer controlled H+ ion reduction reaction 

as well as the decrease in 𝑖𝐿𝑖𝑚. 
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Figure 10-42 

The Evans diagrams for the effect of NaCl concentration on uniform strong acid 

corrosion of X65 carbon steel RCE specimen with a rotational speed of 1000 rpm at 1 

bar total pressure, pH 5, and 1000 rpm rotational speed: (A) 50oC (pCO2 ≅ 0.88 bar) 

and (B) 80oC (pCO2 ≅ 0.52 bar). 𝐸𝑐𝑜𝑟𝑟 is the corrosion potential (OPC), 𝑖𝑐𝑜𝑟𝑟 is the 

corrosion current density (Blue: 1 wt.% NaCl, and red: 20 wt.% NaCl). A and B do 

not have the same axis scale. 

(A) 

 
(B) 
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At 80oC and 1 wt.%, the CO2 corrosion process was purely limiting current 

density control. However, at 20 wt.%, the CO2 corrosion process became mixed 

control. Similar to 50oC, the reason for the decrease in the CO2 corrosion rate at 80oC 

in 1-20 wt.% NaCl concentration range was a combination of retardation of both the 

iron dissolution reaction and the charge transfer controlled H+ ion reduction reaction 

as well as the decrease in 𝑖𝐿𝑖𝑚. However, at 80oC the contribution of 𝑖𝐿𝑖𝑚 in 

controlling the rate of the CO2 corrosion was greater than the charge transfer 

processes. 

Comparing the Evans diagrams at 50oC and 80oC with that at 20oC presented 

in Figure 10-33 B shows that at lower temperatures the corrosion process is controlled 

more by the charge transfer processes (H+ ion reduction and iron dissolution). On the 

other hand, increasing temperature causes the rate of the CO2 corrosion process to be 

controlled more by 𝑖𝐿𝑖𝑚. The reason is that charge transfer processes are more 

sensitive to temperature and for an identical temperature increase, the rate of the 

charge transfer processes increases more compared to 𝑖𝐿𝑖𝑚. Therefore, at high 

temperatures, 𝑖𝐿𝑖𝑚 becomes smaller than the rate of charge transfer processes and 

controls the overall rate of the CO2 corrosion process. 

A very important and interesting understanding from the Evans diagrams in 

Figure 10-42 is that the rates of charge transfer processes were affected more by 

increasing NaCl concentration compared to 𝑖𝐿𝑖𝑚 because the corrosion current density 

(𝑖𝐶𝑜𝑟𝑟) decreased more than 𝑖𝐿𝑖𝑚, when NaCl concentration was increased from 1 

wt.% to 20 wt.%. This is particularly obvious in the Evans diagrams for 80oC, as 𝑖𝐶𝑜𝑟𝑟 

and 𝑖𝐿𝑖𝑚 were equal at 1 wt.% NaCl. However, at 20 wt.%, 𝑖𝐶𝑜𝑟𝑟 was smaller than 

𝑖𝐿𝑖𝑚. The conclusions made here were also reported for the RCE CO2 experiments at 
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30oC and autogenous pH in Section 10.2 and the RCE CO2 experiments at 20oC and 

pH 5 in Section 10.3. Therefore, since the charge transfer processes occur at the metal 

surface/electrolyte interface, it can be concluded that salt affects the processes 

occuring at the metal surface (e.g., H+ ion adsorption on the surface, H2 evolution 

from the surface, and Fe dissolution) more than the processes happen in the bulk 

solution (e.g., CO2 hydration reaction, diffusion of participating species to the metal 

surface).  

10.4.2.3 Corroded surface analysis 

The SEM images of the corroded square specimens at 50oC and 80oC and two 

NaCl concentrations are shown in Figure 10-43. The SEM image of a freshly polished 

specimen is shown in Figure 10-34 for reference. The morphology of the corroded 

surface was somehow similar under different experimental conditions. A slight 

difference in the surface morphology was observed for 80oC and 20 wt.%, which will 

be discussed in the following text. Generally, it can be concluded that salt 

concentration did not change the morphology of the corroded steel surface. No pitting 

corrosion was detected in any of the SEM images. However, since these images only 

covered a very small part of the surface, a conclusion about uniformity of CO2 

corrosion attack cannot be made at this point. 
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Figure 10-43 

SEM images of the corroded carbon steel X65 square specimens in CO2-statuarated 

aqueous NaCl solutions at 1 bar total pressure, pH 5 and 50oC and 80oC. Secondary 

electron imaging was used to take the images. 

 1 wt.% 20 wt.% 

50oC 

  

80oC 

  
 

Figure 10-44 shows the EDS elemental composition of the corroded surface at 

50oC and 80oC and two NaCl concentrations. The EDS analysis of a freshly polished 

specimen is shown in Figure 10-35 for comparison. Fe, C, Mn, Si, O, and Cr have 

been normalized to give a total of 100%. The elements P, S, Cl, Ni, Cu, Mo, and Al 

which were found to be in trace amounts, are not listed in the elemental composition. 

For 50oC at 1 wt.% and 20 wt.% NaCl concentrations and for 80oC and 1 wt.% NaCl 

concentration the elemental compositions of the corroded surface were similar, and 

iron and carbon were the dominant elements detected. Therefore, it can be concluded 

that at these three experimental conditions the main phase on the surface was iron and 
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iron carbide. For 80oC and 20 wt.%, since the surface morphology was slightly 

different from the rest of the conditions, the EDS analysis is presented separately in 

Figure 10-45. 

 

Figure 10-44 

EDS surface elemental composition analysis of the corroded carbon steel X65 square 

specimens in CO2-saturated aqueous NaCl solutions at 1 bar total pressure, pH 5 and 

50oC and 80oC. The elemental concentrations are in normalized atomic percentage. 

 1 wt.% 20 wt.% 

50oC 

  

80oC 

 

In Figure 10-45 

 

The SEM/EDS analysis was carried out at two spots on the corroded surface 

of the square specimen exposed to 80oC and 20 wt.% NaCl condition. Figure 10-45 

shows the SEM/EDS analysis results. The elemental composition of the light gray 

spots on the surface (Figure 10-45 left) was similar to those presented above. 

However, the elemental composition of the dark gray (or black) spots on the surface 

(Figure 10-45 right) showed higher carbon and oxygen amounts. This might be 

attributed to the nucleation of iron carbonate phases on the surface at this condition, 
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which was expected because at high temperatures the formation of these phases is 

likely due to high surface supersaturation [201]. Another possibility is nucleation of 

magnetite. Gao et al. [310] and Chan [311] have reported the formation of magnetite 

on the surface as a corrosion product in CO2 containing solutions at high temperatures 

around 80oC.  

Since the light gray phases covered most of the corroded surface it can be 

concluded that the main phases on the surface at 80oC and 20 wt.% NaCl condition 

were iron and iron carbide and no surface layer formed on the surface at this 

condition. 

 



   

Figure 10-45 

SEM images and EDS elemental composition analysis of corroded square specimen in 

CO2-saturated solution at 1 bar pCO2, pH 5, 80oC, and 20 wt.% NaCl concentration. 

  

  

  

 

Figure 10-46 shows the cross-section SEM images of the corroded square 

specimen at 50oC and 80oC and two NaCl concentrations. The light gray part in the 

bottom of the SEM images is the steel matrix. The black (or dark gray) part at the top 

of the SEM images is the epoxy used for mounting the square specimens. The surface 

roughness increased with increase in temperature for both NaCl concentrations. This 

supports the corrosion rate results that showed a higher temperature led to a higher 
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corrosion rate. Additionally, the surface roughness decreased with increasing NaCl 

concentration from 1 wt.% to 20 wt.% for both temperatures. This proves that an 

increase in salt concentration decreased the corrosion rate as shown earlier in the 

corrosion rate results in Figure 10-40. Apparently, a layer formed on the steel surface 

at 80oC for both NaCl concentrations and at 50oC and 1 wt.% NaCl. To identify this 

layer, EDS mapping analysis was performed, which will be discussed below. 

 

Figure 10-46 

Cross section SEM images of the corroded carbon steel X65 square specimens in 

CO2-saturated NaCl aqueous solutions at 1 bar total pressure, pH 5, and 50oC and 

80oC. 

 1 wt.% 20 wt.% 

50oC 

  

80oC 

  
 

Figure 10-47 shows the elemental composition obtained by EDS mapping 

analysis over the cross section of the corroded specimen mounted in epoxy. The main 
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elements detected on the surface for both temperatures at 1 wt.% and 20 wt.% NaCl 

concentrations were iron and carbon. Carbon was dominant in the upper part of the 

EDS maps because of the presence of epoxy. Therefore, carbon in the steel matrix 

cannot be distinguished from that in epoxy and this is the reason that the layer seen in 

the SEM images in Figure 10-46 at 80oC, was not detected as a distinct layer in Figure 

10-47. With no other elements in abundance, this means that the layer observed in 

Figure 10-46 was iron carbide, which is the leftover of the CO2 corrosion process on 

the steel surface. 

 



   

Figure 10-47 

EDS elemental mapping analysis of the corroded carbon steel X65 square specimens 

in CO2-saturated NaCl aqueous solutions at 1 bar total pressure, pH 5, and 50oC and 

80oC. 

 

Figure 10-48 shows the one-dimensional (1D) and two-dimensional (2D) 

surface roughness profiles of the corroded square specimens at 50oC and 80oC for 

both NaCl concentrations. Surface profilometry was carried out to ensure that the 

surface was corroded uniformly at the experimental conditions of this part of the 

study. The advantage of the surface profilometry over the SEM/EDS analyses 

mentioned above, is that it can cover a larger surface area, and thereby, it is more 

effective in detecting localized corrosion (or pits) on the entire surface area of a 

specimen.  

 1 wt.% 20 wt.% 

50oC 

  

80oC 
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1D profiles show no sudden change in the surface roughness at any NaCl 

concentration, which is an indication of uniform corrosion. The uniform blue color on 

the whole surface of the 2D profiles confirms that CO2 corrosion was uniform for 

both temperatures at 1 wt.% and 20 wt.% NaCl concentrations. The purple color (i.e., 

the presence of hills) seen on the corners of some of the 2D profiles was due to 

uneven polishing of the surface during the specimen preparation. 

 

Figure 10-48 

1D and 2D surface roughness profilometry of the corroded square specimens in CO2-

satuared NaCl aqueous solutions at 1 bar total pressure, pH 5, and 50oC and 80oC. 

 1 wt.% 20 wt.% 
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10.4.3 Summary and Conclusions of RCE CO2 Corrosion Experiments at 1 bar 

Total Pressure, pH 5, and 50oC and 80oC 

The purpose of this part of study was to understand the effect of salt 

concentration on aqueous uniform CO2 corrosion of carbon steel at relatively high 

temperatures. Experiments were carried out using an RCE setup at a rotational speed 

of 1000 rpm in CO2-saturated aqueous NaCl solutions at 1 bar total pressure, pH 5, 

and 50oC and 80oC. The following are the main conclusions found in this set of 

experiments, when NaCl concentration was increased from 1 wt.% to 20 wt.%: 

1. All the results at 50oC and 80oC agreed well with the previous findings at low 

temperatures. 

2. The autogenous pH of solution deceased. The decrease was related to the 

variations in the activity coefficients of dissolved species, particularly H+ ion. 

3. The uniform CO2 corrosion rate decreased. 

4. Analysis of PD sweeps indicated that the decrease in the CO2 corrosion rate at 

NaCl concentrations above 1 wt.% was attributed to retardation of both charge 

transfer reactions for iron dissolution and H+ ion reduction as well as the 

decrease in 𝑖𝐿𝑖𝑚. 

5. At high temperatures ( > 60oC) CO2 corrosion process is controlled more by 

𝑖𝐿𝑖𝑚 rather than by the charge transfer reactions. 

6. Evans diagrams showed that salt concentration influences the charge transfer 

processes (related to surface effects) more than 𝑖𝐿𝑖𝑚 (related to bulk solution 

effects) in the CO2 corrosion process. 

7. Surface analysis showed that CO2 corrosion occurred uniformly on the steel 

surface for both temperatures under the experimental conditions. 



   

 Experimentation to Investigate the Effect of Salt Concentration on 

H2S Corrosion 

H2S is often present in production streams extracted from hydrocarbon 

reservoirs. When H2S(g) dissolves in water, H2S(aq) is produced, which subsequently 

dissociates and accelerates corrosion of carbon steel structures and facilities exposed 

to this corrosive medium. Corrosion of metals (mostly carbon steels) due to their 

exposure to aqueous H2S-containing solutions is called H2S corrosion. In this chapter, 

the effect of salt concentration on uniform aqueous H2S corrosion of carbon steel is 

experimentally investigated. To the best of author’s knowledge, no previous study has 

been done on the effect of salt concentration on uniform H2S corrosion. 

11.1 Safety Related to Working with H2S Gas 

H2S gas is a hazardous chemical. According to safety standards, exposure to a 

concentration of greater than 10 ppm is harmful, and is deleterious to human health 

and may eventually lead to death at concentrations higher than 100 ppm. Therfore, for 

H2S(g) concentration up to 100 ppm, the experiments need to be done in a controlled 

vent hood. For H2S(g) concentrations greater than 100 ppm, all the experiements must 

be done in a H2S safe room.  

In this study the following protocol was followed for all the experiments 

involved H2S(g) concentrations greater than 100 ppm:  

1. Trainning before working with H2S gas, which included 

a. H2S certification course 

b. Fit testing for specific self-contained breathing apparatus 

(SCBA) 
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2. An SCBA was utilized for working in H2S safe room with an equally equipped 

buddy outside the room watching the activities. 

11.2 The Effect of Salt Concentration on H2S Corrosion at pH 5 and 100 ppm 

H2S(g) Using a Rotating Cylinder Electrode (RCE) 

Two objectives were followed by performing this set of experiments. First and 

foremost, to study the effect of salt concentration on H2S corrosion at low H2S 

concentrations. Second, to build experience and confidence to safely work with the 

poisonous H2S gas for future experiments using pure H2S(g) at a partial pressure of ~1 

bar H2S(g) (106 ppmv). The experiments in this part of study were done at pH 5 to 

intensify the contribution of the H2S buffering effect in the H2S corrosion process. 

Besides, bulk solution pH was kept constant at 5.0 for all salt concentrations, so that 

the only parameter changed in the experiments was NaCl concentration. This testing 

methodology allowed a better understanding of the effect of salt concentration on the 

H2S corrosion process. 

11.2.1 Experimental Materials and Methodology for RCE H2S Corrosion 

Experiments at pH 5 and 100 ppm H2S(g) 

This set of experiments were conducted at 20oC, 1 bar total pressure for two 

NaCl concentrations of 1 and 20 wt.% in a 2-liter glass cell. The schematic of the 

experimental apparatus used in this part is shown in Figure 11-1.  

The gas atmosphere exposed to the solution was an H2S/N2 mixture with 100 

ppm(v) H2S gas balanced with N2 gas. 100 ppm(v) H2S gas concentration is 

equivalent to 10-4 bar H2S(g). The H2S and N2 gases were mixed, and their ratio was 

adjusted by using a double-column rotameter. The outlet gas mixture from the glass 

cell was passed through a saturated NaOH solution followed by an activated carbon-
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containing flask to scrub H2S gas from the gas mixture. The scrubbed gas was then 

sent to a combustion chamber with excess air where any remaining H2S in the gas 

stream was converted to sulfur dioxide (SO2). It is assumed that the combustion 

process is near 100% conversion and no detectable H2S remained in the effluent gas. 

 

Figure 11-1 

The schematic of the experimental apparatus used for RCE H2S experiments at pH 5 

and 100 ppm H2S(g). The assigned numbers represent: (1) N2 gas cylinder, (2) H2S gas 

cylinder, (3) double-column rotameter, (4) hot plate, (5) thermocouple, (6) gas inlet, 

(7) Luggin capillary, (8) pH-electrode, (9) reference electrode, (10) gas outlet from 

the cell, (11) motor, (12) rotating cylinder electrode, (13) platinum coated counter 

electrode, (14) stir bar, (15) sodium hydroxide solution, (16) activated carbon 

scrubber, (17) gas outlet to the combustion chamber. 
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To adjust the solution temperature to 20oC, water was circulated from an 

industrial chiller through a copper coil around the glass cell to cool down the solution 

temperature. In combination with the cooling coil and insulation around the cell, a hot 

plate was used continuously to balance the temperature at 20 ± 0.5oC. 

For each experiment, the desired amount of NaCl was mixed with deionized 

water (conductivity < 1 𝜇S/cm) in the glass cell. Then, the solution was sparged with 

the H2S/N2 gas mixture for at least 3 h, while being stirred by a magnetic stirrer. 3 h 

was identified experimentally as the least amount of time needed to drop the 

concentration of dissolved oxygen in the solution (~ 2 liter) to less than 10 ppb and 

saturate the solution with the gas mixture. The dissolved oxygen was measured during 

the experiments with an Orbisphere 410 oxygen meter connected to the gas outlet to 

assure that the oxygen level in the solution was less than 10 ppb. The solution pH was 

frequently monitored from the beginning to the end of each experiment. The solution 

was saturated with the gas mixture when solution pH stayed stable (∆𝑝𝐻 < 0.01) for 

at least 15 min. Double-junction pH probes suitable for concentrated brines and 

resistant to H2S were used for the pH measurements. 

Once a stable pH was reached, the solution pH was adjusted to pH 5.00 by 

injecting deaerated HCl 0.01 M to the solution. To make sure that solution pH stayed 

fixed at 5.00, the solution was sparged with the gas mixture for another 0.5 h prior to 

inserting the specimen into the solution and before beginning the electrochemical 

measurements. The magnetic stirrer was stopped throughout the electrochemical 

measurements. 

The specimen material was API 5L X65 pipeline grade carbon steel. The 

microstructure and chemical composition of X65 steel are presented in Figure 9-4 and 
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Table 9-1, respectively. The RCE specimen was in the form of an annulus (with an 

outer diameter of 12 mm, a length of 14 mm, and an outer surface area of 5.4 cm2. 

Only the outer surface of the specimen was exposed to the solution. The cell volume 

to specimen surface area ratio in the experiments was approximately 370 cm3/cm2, 

which was much larger than the average minimum ratio of 30 cm3/cm2 suggested by 

ASTM G31 [15], but again due to relatively short duration of the experiments no 

significant contamination of the cell was expected. Prior to each experiment, the 

specimen was sequentially wet polished with 80-, 240-, 400- and 600-grit abrasive 

papers. Then, the specimen was ultrasonically cleaned in an isopropanol bath for 3 

min and dried in a cool N2 gas stream. The RCE specimen was carefully mounted 

onto the RCE shaft without touching its surface and the whole assembly was inserted 

into the solution. The RCE assembly was rotated at 1000 rpm, which simulates the 

mass transfer conditions in a 10 cm ID pipe with an average flow velocity of 1 m/s 

[301], using the mass transfer equivalent conditions. 

In each experiment, EIS, LPR, and PD sweeps were performed in that order, 

using the same specimen. First EIS was done to measure the solution resistance. Then 

LPR was conducted for the corrosion rate measurements to identify the overall effect 

of salt concentration on the H2S corrosion rate. Finally, PD sweeps were obtained to 

investigate how individual reaction mechanisms underlying H2S corrosion are 

affected by salt concentration. For each NaCl concentration, the experiments were 

repeated two times. 

The LPR technique was performed using a three-electrode setup as shown in 

Figure 10-38 A, using a potential range from -5 mV to +5 mV vs. OCP with a scan 

rate of 0.125 mV/s. The RCE acted as the working electrode in the LPR technique. A 
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saturated Ag/AgCl reference electrode connected to a Luggin capillary served as the 

reference electrode and a platinized titanium mesh (20 mm × 30 mm) was used as the 

counter electrode to complete the three-electrode setup. The duration of each LPR 

measurement was 80 sec. The average Stern-Geary constant (B) for converting the 

measured polarization resistance into the corrosion rate was determined to be around 

18.7 mV/dec. This was done by fitting the PD sweeps via an electrochemical model 

[96]. The measured polarization resistance values were corrected for the solution 

resistance, which was measured by EIS. EIS was done prior to each LPR 

measurement at OCP with the same electrode setup as for LPR in a frequency range 

of 10000˗0.1 Hz with a peak-to-peak AC voltage amplitude of 10 mV.  

For the PD sweep measurements, before starting to sweep the potential, the 

open circuit potential (OCP) was monitored to ensure having a stable OCP value 

(∆𝑂𝐶𝑃 < 2 mV/min). The PD sweep experiments were carried out according to the 

following steps: (1) a cathodic sweep starting from the OCP toward more negative 

potentials up to -1 V vs. OCP; (2) wait for the OCP to return near its initial value—

within a few mV (this took about 1 h); (3) an anodic sweep starting from the OCP to 

more positive potentials up to 0.35 V vs. OCP. The PD sweep scan rate was 0.125 

mV/s. All the PD sweeps were corrected for the solution resistance obtained by EIS. 

A Gamry potentiostat Reference 600 was used for all the electrochemical 

measurements. Each full set of electrochemical measurements required about 6 h. The 

increase in the solution pH for each experiment was less than 0.05 pH units for all 

NaCl concentrations, confirming that no significant contamination of the solution by 

released corrosion products occurred. 
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11.2.2 Results and Discussion for RCE H2S Corrosion Experiments at pH 5 and 

100 ppm H2S(g) 

11.2.2.1 pH Measurements 

Figure 11-2 shows the autogenous pH of solution before pH adjustment for 1 

wt.% and 20 wt.% NaCl concentration solutions sparged with an H2S/N2 gas mixture 

at 100 ppm H2S(g). The purpose of the dashed line is to just show the trend, which is 

not as expected as the autogenous pH of solution increased with increasing NaCl 

concentration. The first speculation is that increasing salt concentration decreased H2S 

solubility (the salting out effect), and therefore pH increased. However, as explained 

in Section 10.2.2 for the CO2-saturated solutions, and it is expected to be same for the 

H2S-saturated solutions, it is the activity of dissolved gas and not its concentration 

(i.e., H2S solubility) that is linked to pH.  

Since the experiments were carried out in an open system at a constant partial 

pressure of 100 ppm H2S(g) for both NaCl concentrations, i.e., continuous supply of 

H2S(g) throughout the experiments, the fugacity of H2S(g) (𝑓𝐻2𝑆(𝑔)
) was constant and 

the same for both NaCl concentrations. At a fixed temperature and partial pressure, 

the H2S solubility equilibrium constant (𝐾𝐻 in Reaction ((11-1)) is constant. 

Therefore, activity of H2S(aq) (𝑎𝐻2𝑆(𝑎𝑞)) was constant and the same for both NaCl 

concentrations following the equilibrium. On the other hand, the equilibrium Equation 

(11-4) for the H2S dissociation Reaction (11-3) shows that 𝑎𝐻(𝑎𝑞)
+ , an indication of 

solution pH (-log1(𝑎𝐻(𝑎𝑞)
+ )), is associated with 𝑎𝐻2𝑆(𝑎𝑞) and not H2S concentration 

(𝑐𝐻2𝑆(𝑎𝑞)). Therefore, the 𝑐𝐻2𝑆(𝑎𝑞) decrease with increasing NaCl concentration cannot 

be the reason for the increase in solution pH. 
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    𝐻2𝑆(𝑔)
𝐾𝐻
↔ 𝐻2𝑆(𝑎𝑞) (11-1) 

     𝐾𝐻 =
𝑎𝐻2𝑆(𝑎𝑞)
𝑓
𝐻2𝑆(𝑔)

 (11-2) 

     𝐻2𝑆(𝑎𝑞)
𝐾1
↔ 𝐻𝑆(𝑎𝑞)

− +𝐻(𝑎𝑞)
+

 (11-3) 

     
𝐾1 =

𝑎𝐻(𝑎𝑞)
+ 𝑎𝐻𝑆(𝑎𝑞)

−

𝑎𝐻2𝑆(𝑎𝑞)
 

(11-4) 

Similar to CO2 saturated solutions, it is speculated that the changes in the 

autogenous pH of solution with salt concentration in solutions saturated with 100 ppm 

H2S(g) mixed with N2 gas is due to unaccounted variations in the interactions between 

different species in the solution that alter the H+ ion activity coefficient. 

 

Figure 11-2 

Autogenous pH of aqueous NaCl solutions at 20°C, and 1 bar total pressure saturated 

with a H2S/N2 gas mixture containing 100 ppm H2S(g). The error bars represent the 

minimum and maximum values obtained in two repeated experiments. 
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The anomalous trend is in line with the pH measurements in N2 saturated 

aqueous NaCl solutions presented in Figure 9-5 and Figure 9-13, while it is opposite 

to the trend observed for autogenous pH with respect to NaCl concentration in CO2-

saturated (Figure 10-1, Figure 10-16, Figure 10-28, and Figure 10-39) and H2S-

saturated experiments (Figure 11-12). Therefore, it can be speculated that the 

presence of N2 gas and its effect on interspecies interactions in the solution caused the 

increase in pH with increasing NaCl concentration. The speciation equilibrium 

models discussed in this study for the H2O-NaCl-H2S system cannot capture this 

unexpected trend for autogenous pH at different NaCl concentrations. They predict a 

declining trend for pH with increasing NaCl concentration. For example, the MSE 

model predicts 7.14 and 5.73 at 1 and 20 wt.% NaCl concentrations, respectively. 

Further investigations are required. 

11.2.2.2 Corrosion rate and PD sweep and measurements 

Figure 11-3 shows the corrosion rate results obtained by LPR and PD sweep 

measurements at 100 ppm H2S(g) and two NaCl concentrations. The corrosion rate 

values measured with both techniques were almost the same, indicating the accuracy 

of measurements and the reliability of the conclusions. The H2S corrosion rate 

decreased when NaCl concentration increased from 1 wt.% to 20 wt.%. This agrees 

very well with the effect of salt concentration on uniform CO2 corrosion rate reported 

in Chapter 10. Similar to CO2 corrosion, the decrease in H2S corrosion rate with 

increasing NaCl concentration can be explained by analyzing the PD sweeps.  

 



   

Figure 11-3 

The variation in the corrosion rate with NaCl concentration for X65 carbon steel 

RCE specimen with a rotational speed of 1000 rpm exposed to aqueous solutions at 

20oC and pH 5 saturated with 100 ppm H2S(g) at 1 bar total pressure. 

 

 

In the following text, the PD sweep results will be presented. The PD sweeps 

from two separate runs at 20 wt.% NaCl, pH 5 and 100 ppm H2S(g) are presented in 

Figure 11-4 as an example to confirm that the PD sweep measurements were 

repeatable. Therefore, the conclusions arrived at from the PD sweeps can be trusted to 

be reasonably accurate. 
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Figure 11-4 

Potentiodynamic sweeps from two separate runs for X65 carbon steel RCE specimen 

with a rotational speed of 1000 rpm exposed to a solution, at 20oC, pH 5, and 20 

wt.% NaCl, saturated with 100 ppm H2S(g) at 1 bar total pressure. 

 

 

Figure 11-5 shows the PD sweeps for 1 wt.% and 20 wt.% NaCl 

concentrations at 20oC, pH 5 and 100 ppm H2S(g). The potential values are corrected 

for the solution resistance (iR drop) in all the given sweeps. Both anodic and cathodic 

branches of the sweeps changed with increasing NaCl concentration. The anodic 

dissolution of iron in the active region and the H+ ion reduction reaction in the charge 

transfer region were retarded with increasing NaCl concentration. There was a 

decrease in the H+ ion reduction reaction limiting current density (𝑖𝐿𝑖𝑚) when NaCl 

concentration was increased. The water reduction reaction seems to be unaffected by 

the higher NaCl concentration.  
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Figure 11-5 

Potentiodynamic sweeps for X65 carbon steel RCE with a rotational speed of 1000 

rpm exposed to aqueous NaCl solutions, at 20oC and pH 5, saturated with 100 ppm 

H2S(g) at 1 bar total pressure. 

 

To quantify the effect of NaCl concentration on each of the parameters 

mentioned above, the kinetic features of the PD sweeps were extracted by overlaying 

the experimental sweeps for the best fit with those calculated by a simple 

electrochemical model [96]89. 

The electron transfer coefficients for the H+ ion reduction reaction (𝛼𝐻+) and 

the Fe oxidation reaction in the active region (𝛼𝐹𝑒) at 20oC, pH 5, 100 ppm H2S and 

NaCl concentrations of 1 wt.% and 20 wt.% are presented in Table 11-1. The 𝛼𝐻+ 

values are the same as the theoretical value of 0.5, commonly considered for the 

 
89 Activation energies of 59860 J/mol for H+ ion, 24809 J/mol H2O reduction and 25398 J/mol for Fe 

oxidation reactions. A reversible potential of -0.685 V vs. Ag/AgCl was used for all three reactions. 

The reference temperature was 20oC. 
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hydrogen evolution reaction on an iron surface [185]. Since 𝛼𝐻+ did not change with 

varying NaCl concentration, it can be concluded that the mechanism of hydrogen 

evolution under the experimental conditions used in this set of experiments was not 

affected by salt concentration. 

 

Table 11-1 

The average electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe 

oxidation (𝛼𝐹𝑒) for the RCE H2S experiments in aqueous NaCl solutions, at 20oC and 

pH 5, saturated with 100 ppm H2S(g) at 1 bar total pressure. 

NaCl concentration (wt.%) 1  20 

𝛼𝐻+ 0.5 0.5 

Cathodic Tafel slope (mV/dec) 116 116 

𝛼𝐹𝑒 1.05 1.2 

Anodic Tafel slope (mV/dec) 55 48 

 

The 𝛼𝐹𝑒 values are in the same range as those reported for iron dissolution in 

strong acid corrosion experiments in Chapter 9 and in CO2 corrosion experiments in 

Chapter 10. Moreover, Chin and Nobe [194] reported 1.18 for dissolution of iron in 

acidic chloride media, which is close to the results of this set of experiments. There 

was a small increase in 𝛼𝐹𝑒 with increasing NaCl concentration from 1 wt.% to 20 

wt.%. However, this increase is in the range of the experimental error and more 

different NaCl concentrations need to be experimented to be able to comment with 

certainty about any possible change in the mechanism for active dissolution of iron. 

This will be investigated further in Section 11.3. For now, it is expected that similar to 
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CO2 corrosion, there was no change with salt concentration in the iron dissolution 

mechanism in the active region in the presence of 100 ppm H2S(g) 

Table 11-2 presents the exchange current densities for the H+ ion reduction 

reaction (𝑖𝑜,𝐻+), the iron dissolution reaction (𝑖𝑜,𝐻+), and 𝑖𝐿𝑖𝑚 for 1 wt.% and 20 wt.% 

NaCl concentrations at 20oC, pH 5 and 100 ppm H2S(g), as determined by modeling 

the PD sweeps. The 𝑖𝑜,𝐻+ decreased when NaCl concentration was increased from 1 

wt.% to 20 wt.%. This is in complete agreement with all the results reported so far for 

strong acid corrosion in Chapter 9 and for CO2 corrosion in Chapter 10. The decrease 

in 𝑖𝑜,𝐻+ with increasing NaCl concentration is related to the adsorption of Cl- ions on 

the surface, which are an obstruction for the H+ ion adsorption and reduction reaction 

[171]. One reason for the decreasing trend seen for the corrosion rates in Figure 11-3 

is the decrease in 𝑖𝑜,𝐻+. 

 

Table 11-2 

The cathodic limiting current density (𝑖𝐿𝑖𝑚), the H+ reduction exchange current 

density (𝑖𝑜,𝐻+) and the Fe oxidation exchange current density (𝑖𝑜,𝐹𝑒) for the RCE H2S 

experiments in aqueous NaCl solutions, at 20oC and pH 5, saturated with 100 ppm 

H2S(g) at 1 bar total pressure. 

NaCl concentration (wt.%) 1  20 

𝑖𝑜,𝐻+ (A/m2) 0.380 0.0875 

𝑖𝐿𝑖𝑚 (A/m2) 0.233 0.087 

𝑖𝑜,𝐹𝑒 (A/m2) 0.160 0.023 
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The 𝑖𝑜,𝐹𝑒 decreased with increasing NaCl concentration from 1 wt.% to 20 

wt.%, which means that the rate of anodic dissolution of Fe in the active region 

decreased at higher NaCl concentrations. This is identical to the results described 

earlier for changes in 𝑖𝑜,𝐹𝑒 with NaCl concentration (for concentrations greater than ~ 

1 wt.%) in strong acid corrosion (Chapter 9) and CO2 corrosion (Chapter 10). Hence, 

𝑖𝑜,𝐹𝑒 variation with NaCl concentration is another reason for the decrease in the H2S 

corrosion rate when NaCl concentration was increased from 1 wt.% to 20 wt.%. 

The most noticeable change in the PD sweeps (Figure 11-5) with NaCl 

concentration was that of 𝑖𝐿𝑖𝑚. In H2S corrosion, 𝑖𝐿𝑖𝑚 is an indication of the rate of the 

H+ ion reduction reaction that is controlled by the relatively slow rate of H2S(aq) 

dissociation reaction coupled with the rate of the mass transfer of species to the metal 

surface. Table 11-2 shows that 𝑖𝐿𝑖𝑚 decreased with increasing NaCl concentration 

from 1 wt.% to 20 wt.%.  

In H2S corrosion, 𝑖𝐿𝑖𝑚 mainly depends on 𝑎𝐻+ and 𝑎𝐻2𝑆. This is explained in 

detail in Chapter 12. The experiments were carried out in an open system. Therefore, 

𝑎𝐻2𝑆 was constant for both NaCl concentrations. 𝑎𝐻+ was constant for both NaCl 

concentrations because the solution pH was adjusted at 5.00 in the experiments. 

Consequently, 𝑎𝐻+ and 𝑎𝐻2𝑆 cannot be the reason for the decrease in 𝑖𝐿𝑖𝑚 with NaCl 

concentration. 𝑖𝐿𝑖𝑚 also depends on diffusion coefficients of H+ ion and H2S as well 

as their activity coefficients. Out of these parameters, the contribution of H+ diffusion 

coefficient and its activity coefficient in the total 𝑖𝐿𝑖𝑚 value is dominant. The 𝑖𝐿𝑖𝑚  is 

directly related to H+ ion diffusion coefficient and inversely depends on H+ ion 

activity coefficient. The decreasing trend for 𝑖𝐿𝑖𝑚 when NaCl increased from 1 wt.% 

to 20 wt.% is primarily due to the increase in H+ ion activity coefficients as well as 
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the decrease in the diffusion coefficient of H+ ion (the effect of salt concentration on 

the diffusion coefficient is explained in Section 3.3.2). The decrease in 𝑖𝐿𝑖𝑚 with NaCl 

concentration is the additional reason for the decreasing trend seen for the H2S 

corrosion rate in Figure 11-3. 

Three potential reasons have been suggested for the decrease in the H2S 

corrosion rate at 20oC, pH 5 and 100 ppm H2S(g) when NaCl concentration increased 

from 1 wt.% to 20 wt.%: the decreases in 𝑖𝑜,𝐻+, 𝑖𝑜,𝐹𝑒, and 𝑖𝐿𝑖𝑚 with increasing NaCl 

concentration. To understand which of these three parameters influences the H2S 

corrosion process to a greater extent at the experimental conditions, the Evans 

diagram is created. 

Figure 11-6 illustrates the Evans diagrams for 1 wt.% and 20 wt.% NaCl 

concentrations at the experimental conditions for this set of experiments. For both 

NaCl concentrations, the corrosion process was under mixed control. This indicates 

that the rate of the H2S corrosion process was controlled by both charge transfer 

processes as well as 𝑖𝐿𝑖𝑚. The reason for the decrease in the H2S corrosion rate in the 

NaCl concentration range of 1 wt.% to 20 wt.% was due to retardation of both iron 

dissolution reaction and H+ ion reduction reaction in the charge transfer regions as 

well as the decrease in 𝑖𝐿𝑖𝑚. Since the difference between 𝑖𝐿𝑖𝑚 and 𝑖𝐶𝑜𝑟𝑟 is smaller for 

1 wt.% NaCl compared to that for 20 wt.% NaCl, the contribution of 𝑖𝐿𝑖𝑚 in the 

overall H2S corrosion rate was larger at 1 wt.% NaCl. This shows that increasing 

NaCl concentration slowed down the charge transfer processes more than the rate of 

parameters controlling 𝑖𝐿𝑖𝑚. 
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Figure 11-6 

The Evans diagrams for the effect of NaCl concentration on uniform H2S corrosion of 

X65 carbon steel RCE specimen with a rotational speed of 1000 rpm exposed to 

aqueous NaCl solutions, at 20oC and pH 5, saturated with 100 ppm H2S(g) at 1 bar 

total pressure. 𝐸𝑐𝑜𝑟𝑟 is the corrosion potential (OPC), 𝑖𝑐𝑜𝑟𝑟 is the corrosion current 

density (Blue: 1 wt.% NaCl, and red: 20 wt.% NaCl).  

 

 

11.2.3 Summary and Conclusions of RCE H2S Corrosion Experiments at pH 5 and 

100 ppm H2S(g) 

This set of experiments was done to understand the effect of salt concentration 

on aqueous uniform H2S corrosion of carbon steel at low H2S(g) concentrations. 

Experiments were carried out using an X65 carbon steel RCE specimen with a 

rotational speed of 1000 rpm exposed to aqueous NaCl solutions, at 20oC and pH 5, 

saturated with 100 ppm H2S(g) at 1 bar total pressure. The main conclusions found in 
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this set of experiments, when NaCl concentration was increased from 1 wt.% to 20 

wt.%, are as follows: 

1. Similar to the N2-satuared solutions and unlike the CO2-saturated solutions, 

the autogenous pH of solution increased. The increase was attributed to the 

presence of N2 gas. Further investigations were recommended on this subject. 

2. The uniform H2S corrosion rate decreased. 

3. Analysis of PD sweeps indicated that the decrease in the H2S corrosion rate 

was due to retardation of both iron dissolution and H+ ion reduction reactions 

in the charge transfer regions as well as the decrease in 𝑖𝐿𝑖𝑚. At 1 wt.% NaCl, 

𝑖𝐿𝑖𝑚 and at 20 wt.% charge transfer processes were dominant in the overall 

H2S corrosion rate. 

4. Evans diagrams showed that salt concentration influences the charge transfer 

processes more than 𝑖𝐿𝑖𝑚 in the H2S corrosion process under the experimental 

conditions. 

11.3 The Effect of Salt Concentration on H2S Corrosion at pH 5 and 1 bar H2S 

Using a Rotating Cylinder Electrode (RCE) 

This set of experiments are a very important part of the investigation of the 

effect of salt concentration on aqueous uniform H2S corrosion of carbon steel. In this 

part, a thorough study of the salt effect on uniform H2S corrosion has been carried out 

by using weight loss technique, electrochemical techniques, and various surface 

analysis methods. Experiments were conducted in a pure H2S(g) atmosphere at a total 

pressure of 1 bar and an NaCl concentration range of 0.1 wt.% to 20 wt.%. The 

combination of a high partial pressure of H2S(g), concentrated brines, and the variety 
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of experimental techniques makes this set of experiments uniquely challenging. No 

study with such experimental conditions can be found in the literature. 

A solution pH of 5 was used in this set of experiments to intensify the 

contribution of the H2S buffering effect in the H2S corrosion process. Furthermore, 

pH was adjusted to 5.00 for all salt concentrations, in such a way that the only 

parameter changed in the experiments was NaCl concentration. These two 

considerations granted an improved understanding of the effect of salt concentration 

on the H2S corrosion process. 

11.3.1 Experimental Materials and Methodology for RCE H2S Corrosion 

Experiments at pH 5 and 1 bar H2S(g) 

Experiments were conducted at 20oC and 1 bar total pressure (pH2S ≅ 0.98 

bar, equivalent to 106 ppmv) in a 2-liter glass cell. The experimental apparatus used in 

this part are shown in Figure 11-7. 

The outlet H2S gas from the glass cell was passed through a saturated NaOH 

solution followed by an activated carbon-containing flask to scrub H2S gas from the 

gas mixture. The scrubbed gas was then sent to a combustion chamber with excess air 

where the remaining H2S in the gas stream was converted to sulfur dioxide (SO2). It is 

assumed that the combustion process has a near 100% conversion and no detectable 

H2S remains in the effluent gas. 

To keep the solution temperature at 20oC, water was circulated by an 

industrial chiller through a copper coil around the glass cell to cool down the solution 

temperature. In combination with the cooling coil, a hot plate was used continuously 

to stabilize the temperature at 20 ± 0.5oC. 
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Figure 11-7 

(A) Schematic; (B) picture of the experimental apparatus and (C) a zoomed-in view of the experimental glass cell used in the RCE H2S 

corrosion experiments at 20oC, ~1 bar H2S, and pH 5. The numbers in the schematic represent: (1) N2 gas cylinder, (2) H2S gas cylinder, 

(3) double-column rotameter, (4) hot plate, (5) thermocouple, (6) gas inlet, (7) Luggin capillary, (8) pH-electrode, (9) reference 

electrode, (10) gas outlet from the cell, (11) motor, (12) rotating cylinder electrode, (13) platinum coated counter electrode, (14) stir bar, 

(15) sodium hydroxide solution, (16) activated carbon scrubber, (17) gas outlet to the combustion chamber. 

(A) 

 
(B) 

 
(C) 
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At the beginning of each experiment, the required amount of NaCl was mixed 

with deionized water (conductivity < 1 𝜇S/cm) in the glass cell. Then, the solution 

was sparged with pure H2S gas mixture for at least 3.5 h, while being stirred by a 

magnetic stirrer. The time of 3.5 h was found experimentally as the least amount of 

time needed to drop the concentration of dissolved oxygen in the solution (~ 2 liter) to 

less than 10 ppb and saturate the solution with the H2S gas. The dissolved oxygen was 

measured during few experiments with an Orbisphere 410 oxygen meter connected to 

the gas outlet to assure that the oxygen level in the solution was less than 10 ppb. The 

solution pH was frequently monitored from the beginning to the end of each 

experiment. The solution was considered saturated with the H2S gas when solution pH 

remained stable (∆𝑝𝐻 < 0.01) for at least 15 min. Double-junction pH probes suitable 

for concentrated brines and resistant to H2S gas were used for the pH measurements. 

Once a stable pH was reached, the solution pH was adjusted to pH 5.00 by 

injecting deaerated NaOH 0.2 M to the solution. To make sure that solution pH was 

stable at 5.00, the solution was sparged with the experimental gas for another 0.5 h 

prior to inserting the specimen(s) into the solution and before beginning the corrosion 

rate and the electrochemical measurements. The magnetic stirrer was stopped 

throughout the measurements. 

The specimen material was API 5L X65 pipeline grade carbon steel. The 

chemical composition of this X65 steel is defined in Table 11-3. The microstructure 

of the experimental X65 carbon steel is a uniform, fine structure of pearlite in a ferrite 

matrix (Figure 11-8)90.  

 
90 The chemical composition of API 5L X65 (type 49) in Table 11-3 is different from that for API 5L 

X65 (type 48) listed in Table 9-1. However, their microstructures are almost the same. Therefore, it is 

assumed that they behave similarly in terms of corrosion.  
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Table 11-3 

Chemical composition of the experimental API 5L X65 (type 49) carbon steel (in 

wt.%). 

Al As B C Ca Co Cr Cu Mn Mo 

0.032 0.008 0.001 0.13 0.002 0.007 0.14 0.131 1.16 0.16 

Nb Ni P Pb S Sb Si Sn Ta Ti 

0.017 0.36 0.009 <0.001 <0.009 <0.009 0.26 0.007 0.001 0.001 

V Zr Fe  

0.047 0.001 Balance  

 

Figure 11-8 

Microstructure of the experimental API 5L X65 (type 49) carbon steel (in wt.%): (A) 

magnification 1, (B) magnification 2. 

(A) (B) 

  
 

Three types of specimens used in this set of experiments: long RCE annulus 

specimens (Figure 11-9 A) with an outer diameter of 12.6 mm, a length of 44.3 mm, 

and an outer surface area of 17.5 cm2 for corrosion rate measurements, short RCE 

annulus specimens (Figure 11-9 B) with an outer diameter of 11.9 mm, a length of 4.5 
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mm, and an outer surface area of 1.7 cm2 or PD sweep measurements, and, square 

specimens (Figure 11-9 C) with dimensions of 10 × 10 × 2.5 mm and a total surface 

area of 4.375 cm2 for surface analysis. 

 

Figure 11-9 

Pictures of X65 specimens used in the RCE H2S corrosion experiments at 20oC, pH 5 

and 1 bar H2S(g): (A) long annulus specimen for corrosion rate measurements, (B) 

short annulus specimen for PD sweep measurements91, (C) square specimen for 

surface analysis. The dimension of squares in the background is 0.5 cm × 0.5 cm. 

(A) (B) (C) 

 

 

 

 

Prior to each experiment, the specimens were sequentially wet polished with 

80-, 240-, 400- and 600-grit abrasive papers. Next, the specimens were ultrasonically 

cleaned with isopropanol alcohol for 3 min and dried in a cool 𝑁2 gas stream. The 

 
91 The RCE shaft was not design for a short RCE specimen. Therefore, two Teflon rings were used on 

both sides of the RCE specimen to make it long enough for the shaft.  
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annulus specimen was flush mounted onto a shaft to be used as a rotating cylinder 

electrode (RCE) in the experiments. The square specimens were submerged into the 

experimental solution by hanging them with nylon threads from the glass cell’s lid. 

The RCE assembly was rotated at 1000 rpm, which simulates the mass transfer 

conditions in a 10 cm ID pipe with an average flow velocity of 1 m/s [301]. On the 

other hand, the square specimens were in a stationary condition and experienced less 

flow velocity compared to the RCE, and thus were expected to corrode somewhat less 

compared to the RCE specimen. 

Two separate sets of experiments were conducted: corrosion rate 

measurements at two NaCl concentrations of 1 wt.% (0.17 m) and 20 wt.% (4.28) to 

characterize the overall effect of salt concentration on the H2S corrosion rate and PD 

sweeps at five NaCl concentrations of 0.1 wt.% (0.017 m), 1 wt.%, 3 wt.% (0.53 m), 

10 wt.% (1.90 m), and 20 wt.% to investigate how individual reaction mechanisms 

underlying H2S corrosion are affected by salt concentration. 

For each corrosion rate measurement experiment, the long RCE was used as 

the specimen. Additionally, three hanging square specimens were used for surface 

analysis. The cell volume to specimen surface area ratio in the corrosion rate 

measurements was approximately 65 cm3/cm2, which was higher than the average 

minimum ratio of 30 cm3/cm2 suggested by ASTM G31 [15] and again this was not 

expected to become a problem when it comes to solution contamination by released 

corrosion products in relatively short experiments. 

The H2S corrosion rates were measured using weight loss (WL) and linear 

polarization resistance (LPR) techniques. The duration of each corrosion rate 

experiment was 5 h, which started from the moment the specimen was inserted into 
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the solution and finished when it was retrieved from the solution. All the specimens 

were introduced to the solution at the same time. The duration of the corrosion rate 

measurements was chosen to be relatively short to avoid formation of iron sulfides on 

the steel surface, as the objective of this part of study was to study uninform H2S 

corrosion in the absence of protective layers on the surface. Moreover, there was a 

limitation in the duration of the experiments, which was related to the H2S safety 

protocol. Experiments with H2S concentrations greater than 100 ppm needed to be 

performed and finished during the regular working hours in a single day, in order to 

make sure that someone is present in the facility for help in the case of accidents (no 

unattended overnight exposure could be allowed). The 5 h was identified as the 

maximum time for a corrosion rate experiment, which could be finished safely during 

the regular working hours. Prior to immersion the RCE specimen into the test 

solution, it was weighed with a precise balance of 0.1 mg precision. The LPR 

corrosion rate measurement was performed concurrently with the WL corrosion rate 

measurement in the same experiment and by using the same specimen —on average 

every 0.5 h during the 5 h period (totally eleven times). The LPR technique was 

implemented using a three-electrode setup (shown in Figure 11-7 C) and by sweeping 

the potential in a range from -5 mV to +5 mV vs. OCP with a scan rate of 0.125 

mV/s. Each LPR measurement lasted for 80 sec. The long RCE acted as the working 

electrode when using the LPR technique. A saturated Ag/AgCl reference electrode 

connected to a Luggin capillary served as the reference electrode and two platinized 

titanium mesh ( each 20 mm × 30 mm) were used as the counter electrode to 

complete the three-electrode setup. The average Stern-Geary constant (B) for 

converting the measured polarization resistance into the corrosion rate was 



429 

 

  

determined to be around 20.4 mV/dec. This was done by fitting the PD sweeps via an 

electrochemical model [96]. The measured polarization resistance values were 

corrected for the solution resistance, which was measured by EIS. EIS was done prior 

to each LPR measurement with the same electrode setup at OCP in a frequency range 

of 10000˗0.1 Hz with a peak-to-peak AC voltage amplitude of 10 mV. The LPR time-

averaged corrosion rates were determined by the cumulative trapezoidal integration of 

the five instantaneous LPR corrosion rates taken over the 5 h experiment. The 

increase in solution pH (due to increase in Fe2+ concentration in the solution because 

of corrosion) after 5 h was less than 0.05 pH units, at both NaCl concentration, which 

confirmed that there was no significant deviation of the water chemistry and 

accumulation of corrosion products in the experiments.  

After 5 h, the specimens were retrieved from the solution and thoroughly 

rinsed with distilled water for at least one minute to remove the salt. Then, they were 

rinsed with isopropanol alcohol and dried in a cool N2 gas stream. One square 

specimen was immediately used for scanning electron microscopy/energy dispersive 

spectroscopy (SEM/EDS) (Figure 10-27 A), one was instantly mounted in epoxy with 

its smallest surface upward for the cross-section analysis (Figure 10-27 B), and one 

was used later for the surface profilometry (Figure 10-27 C). The long RCE specimen 

was acid washed in the Clarke solution [312] for 15 sec, followed by cleaning with 

distilled water. Later, the long RCE specimen was rinsed with isopropanol alcohol 

and dried in a cool N2 gas stream. Finally, the RCE specimen was weighed again to 

determine the WL corrosion rates.  

For the PD sweeps the short RCE specimen was used. The reason for using a 

short RCE specimen was to be able to have a full cathodic sweep up to the water 
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reduction reaction line without surpassing the potentiostat maximum current 

limitation. At 20oC, pH 5, and 1 bar H2S, with the typical RCE specimen used in the 

strong acid corrosion and the CO2 corrosion experiments (the same diameter, but 

about three times longer in length compared to the short RCE specimen) the current 

generated by sweeping the potential in the cathodic region was very high, in the range 

of 1 A, and this current surpassed the maximum potentiostat limitation as shown in 

Figure 11-10. The range of currents typically measured in strong acid corrosion and 

CO2 corrosion is also marked in Figure 11-10, which is about one to two orders of 

magnitude smaller than that for H2S corrosion in pure H2S atmosphere.  

 

Figure 11-10 

A screenshot of the Gamry Framework™ Data Acquisition Software showing the 

Gamry potentiodynamic measurements in cathodic potential at 1 bar H2S, 20oC, 3 

wt.% NaCl, and pH 5 with an RCE specimen of L=14.2 mm and OD=11.94 mm. 

 

 

The cell volume to specimen surface area was approximately 1176 cm3/cm2 in 

this case, which was much greater than the average minimum ratio of 30 cm3/cm2 

recommended by ASTM G31 [15]. Before starting the PD sweeps, the open circuit 

potential (OCP) was monitored to ensure having a stable OCP value (∆𝑂𝐶𝑃 < 2 
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mV/min). At this time, an LPR corrosion rate measurement in a potential range from -

5 mV to +5 mV vs. OCP and using a scan rate of 0.125 mV/s was done. Then, the PD 

sweep experiments were performed according to the following steps: (1) a cathodic 

sweep starting from the OCP toward more negative potentials up to -3.5 V vs. OCP; 

(2) wait for the OCP to return near its initial value—within a few mV (this took about 

1 h); (3) an anodic sweep starting from the OCP to more positive potentials up to 0.35 

V vs. OCP. The PD sweep scan rate was chosen 5 mV/s. The reason behind that was 

to be able to reach potentials corresponding to the water reduction region (e.g., around 

-3 V vs. Ag/Ag/Cl for 1 wt.% NaCl, before correcting for the solution resistance) in a 

short time to avoid formation of any iron sulfide corrosion products on the steel 

surface. 

Figure 11-11 shows that the cathodic PD sweep for 0.1 wt.% NaCl at two 

different scan rates. The sweeps overlapped entirely, indicating that the scan rate did 

not have an influence on the PD sweeps. All the PD sweeps were corrected for the 

solution resistance obtained by EIS. A Gamry potentiostat Reference 600 was used 

for all the electrochemical measurements. The increase in solution pH for the PD 

sweep experiments, each lasted about 2 h, was less than 0.02 pH units, for any NaCl 

concentration. 
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Figure 11-11 

The cathodic sweeps for X65 carbon steel RCE with a rotational speed of 1000 rpm 

obtained at two scan rates of 0.5 and 50 mV/s in 0.1 wt.% NaCl aqueous solution at 1 

bar H2S, 20oC, and pH 5. 

 

 

11.3.2 Results and Discussion for RCE H2S Corrosion Experiments at pH 5 and 

100 ppm H2S(g) 

11.3.2.1 pH Measurements and Solution Chemistry 

The change in autogenous pH of the H2S saturated solution with respect to 

NaCl concentration is shown in Figure 11-12. The solution pH decreased from 4.03 at 

0.1 wt.% NaCl to 3.73 at 20 wt.% NaCl. The reason behind such behavior is discussed 

below. 

When H2S gas is dissolved in water according to: 

     𝐻2𝑆(𝑔) ⇄ 𝐻2𝑆(𝑎𝑞) (11-5) 
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dissolved H2S forms, which then dissociates in two steps as follows: 

     𝐻2𝑆(𝑎𝑞) ⇄𝐻(𝑎𝑞)
+ + 𝐻𝑆(𝑎𝑞)

−  (11-6) 

     𝐻𝑆(𝑎𝑞)
− ⇄𝐻(𝑎𝑞)

+ + 𝑆(𝑎𝑞)
2−  (11-7) 

 

Figure 11-12 

Autogenous pH of H2S saturated solutions measured at 20oC and 1 bar total pressure 

(∼ 0.98 bar pH2S) before pH adjustment. The error bars represent the minimum and 

maximum values obtained in repeated experiments (with at least 3 repeats). The 

experimental data are compared with two speciation models. 

 

Due to the salting out effect described in Sections 4.1 and 7.2, Reaction 

(10-5)(11-5) moves from right to left. Because of that, Reactions (11-6) and (11-7) 

will also shift from right to left in order to establish equilibria, and that leads to a 

lower activity of H+ ions and an increase in pH. However, pH measurements reported 

in Figure 11-12 show exactly the opposite trend, where the solution pH decreased 

with increasing NaCl concentration. Thus, the salting out effect cannot be used to 
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justify the experimental observations. The only possible explanation for the pH 

variation with the addition of NaCl is the change in the activity coefficient of H+ ion. 

Figure 11-13 shows the changes in activity coefficient (𝛾), concentration (𝑚), 

and activity (𝑎) of dissolved H2S(aq) and H3O
+ ion with NaCl concentration in the 

autogenous pH condition. At 20 wt.% NaCl, the amount of dissolved H2S is about 

half of that dissolved in pure water (salting out of H2S) (Figure 11-13 A). As shown in 

Figure 11-13 B, 𝛾𝐻3𝑂+  decreases from unity by about 20% between 0 wt.% and ~ 2 

wt.% NaCl and then increases beyond that, so that at 20 wt.% NaCl, it is 3.36. 𝑚𝐻3𝑂
+  

has the opposite trend and reaches a peak at around 2 wt.% NaCl. 𝑎𝐻3𝑂+   

monotonously increases with higher NaCl concentrations. Taking into account that 

𝑎𝐻3𝑂+ and 𝑎𝐻+ have the same trend with NaCl concentration according to Equation 

(T-2); when pH is calculated (𝑝𝐻 = − 𝑙𝑜𝑔 𝑎𝐻+), this results in a continuous 

downward trend for pH, just as obtained in the experiments. Therefore, the observed 

decreasing trend in pH with the addition of NaCl is solely a result of the change in the 

activity coefficient and the concentration of H3O
+ ion (or equivalently, H+ ion92) and 

is not related to the salting out effect. This argument can be supported by recalling 

that 𝑎𝐻2𝑆(𝑎𝑞) only depends on the fugacity of H2S(g) and does not depend on NaCl 

concentration. So, 𝑎𝐻2𝑆(𝑎𝑞) remains constant93 even as 𝑚𝐻2𝑆(𝑎𝑞) decreases significantly 

with increasing NaCl concentration. It is 𝑎𝐻2𝑆(𝑎𝑞)and not 𝑚𝐻2𝑆(𝑎𝑞) that is associated 

with the activities of other dissolved species such as that for H3O
+ ion and the 

 
92 It is an acceptable assumption that concentration, activity coefficient, and activity of H+ ion are equal 

to those for H3O+ ion. 
93 In this argument, the effect of NaCl concentration on water vapor pressure, and therefore, on 𝑎𝐻2𝑆 is 

neglected. 
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resulting pH. Since 𝑎𝐻2𝑆(𝑎𝑞)does not change with NaCl concentration, it could not be 

the reason for the observed trend in pH. 
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Figure 11-13 

Bulk concentration, molality-based activity coefficient, and activity of (A) dissolved H2S(aq) and (B) H3O
+ ion calculated by the MSE 

speciation model for H2S saturated aqueous NaCl solutions at 20oC, 1 bar total pressure (~ 0.98 bar pH2S), and autogenous pH. 

(A) 

 
(B) 
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The predicted pH values obtained with the MSE model and the ionic strength-

based model are compared with the experimental pH values in. The MSE model 

results in a linear trend for pH with increasing NaCl concentration, while the 

experimental pH values have a concave upward trend with respect to NaCl 

concentration. The MSE model predictions are in good agreement with the 

experimental pH values at NaCl concentrations below 1 wt.% and at 20 wt.%. 

However, between 1 wt.% and 20 wt.% NaCl the MSE model predictions deviate 

from the experimental pH values, with a maximum error of ~ 0.15 pH unit at 10 wt.% 

NaCl. The ionic strength-based model—introduced in this study for the first time—

captures the concave upward trend observed in the experimental pH values in Figure 

11-12. The maximum error in the ionic strength-based model is ~ 0.06 pH unit, which 

occurs at 3 wt.%. The overall accuracy of the ionic strength-based model is better that 

the MSE model for the experimental conditions used in this set of experiment. 

Figure 11-14 shows the changes in concentration, activity coefficient, and 

activity of H2S(aq), HS- ion, H3O
+ ion, OH-, Cl- and activity of water with NaCl 

concentration at a constant pH value of 5 for all NaCl concentrations. The activity of 

H2S is almost constant for all NaCl concentration because the experiments were 

conducted in an open system94. At a constant pH of 5, the activity of H+ ion is 10-5 m 

for all NaCl concentrations; however, the activity of  H3O
+ ion decreases slightly with 

increasing salt concentration from 10-5 because it is a function of H2O activity, as 

mentioned in Appendix T. Another interesting observation is that activity of HS- ion 

 
94 In this argument, the effect of NaCl concentration on water vapor pressure, and therefore, on 𝑎𝐻2𝑆 is 

neglected 
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is almost constant because of constant activities of H2S(aq) and H3O
+ ion (Reaction 

(8-53))95.

 
95 The changes in H2O(l) activity with NaCl concentration can be ignored when taking into account the 

unit conversion from mole fraction to molality. 
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Figure 11-14 

Bulk concentration, molality-based activity coefficient, and activity of (A) dissolved H2S, (B) HS- ion, (C) H3O
+ ion, (D) OH- ion, (E) Cl- ion, and (F) H2O calculated by the MSE model speciation model for H2S 

saturated solutions at 20oC, 1 bar total pressure (~ 0.98 bar pH2S), and pH 5. 

(A) (B) (C) 

   
(D) (E) (F) 

   
* In the MSE model, the properties for H3O

+ ion is calculated instead of H+ ion. At a constant pH of 5, the activity of H+ ion is 10-5 m for all NaCl concentrations; however, the activity of  H3O
+ ion decreases slightly 

with increasing salt concentration from 10-5 because it is a function of H2O activity, as mentioned in Appendix S.



440 

 

  

11.3.2.2 Corrosion rate and PD sweep measurements 

Figure 11-15 shows the changes in the LPR corrosion rate with time for 1 

wt.% and 20 wt.% NaCl concentrations. An average B-value of 20.3 mV/dec obtained 

from the potentiodynamic sweeps was used to convert the measured polarization 

resistance to the corrosion rate. The corrosion rate decreased slightly with time for 

both salt concentrations, probably due to the ubiquitous formation of iron sulfide 

films on the steel surface. This will be further discussed in the surface analysis 

section. However, since the decrease in the corrosion rate was not significant, it can 

be assumed that the H2S corrosion process remained almost unchanged throughout the 

5 h experiments at both NaCl concentrations. The corrosion rate was higher at 1 wt.% 

NaCl compared to that at 20 wt.% NaCl during the whole experimental time. 

 

Figure 11-15 

Variation in the LPR corrosion rate with time in 5 h long weight loss experiments 

conducted with X65 carbon steel RCE with a rotational speed of 1000 rpm in aqueous 

NaCl solutions at 20oC, ~1 bar H2S(g), and pH 5. 
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Figure 11-16 presents the variations in the H2S corrosion rate with respect to 

NaCl concentration measured in two separate experiments by using two different 

specimen sizes and four independent techniques. The weight loss and time averaged 

LPR data were obtained in 5 h experiments. The PD sweeps and LPR data were 

measured in 2 h experiments. The agreement in the measured trends for the H2S 

corrosion rate obtained by the four techniques indicates the reliability results, and 

therefore, supports the conclusions.  

 

Figure 11-16 

Variation in the corrosion rate with NaCl concentration for X65 carbon steel RCE 

with a rotational speed of 1000 rpm exposed to aqueous NaCl solutions at 20oC, ~1 

bar H2S(g), and pH 5. The corrosion rates were measured using weight loss, time 

averaged LPR, PD sweep and LPR techniques. 
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The uniform H2S corrosion rate decreased with increasing NaCl concentration. 

The observed trend for the H2S corrosion rate resembles the results reported in 

Chapter 10 for changes in the CO2 corrosion rate with NaCl concentration. For 

example, for CO2 experiments at 20oC, 1 bar CO2, and pH 5 (very similar 

experimental conditions to those in this section), the corrosion rate shown in Figure 

10-30 had an increasing trend between 0.1 wt.% and 1 wt.% NaCl concentrations, 

while it decreased when NaCl concentration was increased from 1 wt.% NaCl to 20 

wt.% NaCl. The decreasing trend for the H2S corrosion rate between 1 wt.% and 20 

wt.% NaCl concentrations is identical to that for the CO2 corrosion rate. This behavior 

will be justified by looking at the changes in PD sweeps with NaCl concentration.  

For NaCl concentrations below 1 wt.% NaCl, the corrosion rates obtained by 

the PD sweeps and LPR measurements do not show the increasing trend seen for the 

weight loss CO2 corrosion rates in Figure 10-30. The H2S corrosion rate decreased 

continually with increasing NaCl concentration from 0.1 wt.% NaCl to 20 wt.%. This 

declining trend in the H2S corrosion rate at low NaCl concentrations can be explained 

by analyzing the PD sweeps (will be presented below). However, since weight loss 

corrosion rates are always more reliable than the corrosion rates measured by the 

electrochemical techniques such as PD sweep and LPR, weight loss experiments at 

NaCl concentrations lower than 1 wt.%. are required to confirm the results obtained 

by the PD sweeps and LPR measurements. 

The corrosion rates obtained by weight loss and time averaged LPR 

techniques are smaller than those obtained by the PD sweeps and LPR techniques. 

The reason for this difference can be related to duration of experiments these 

techniques were applied in. Weight loss and time averaged LPR corrosion rates were 
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obtained in 5 h experiments, while the PD sweep and LPR corrosion rates were 

measured within the 2 hr from introducing the specimen into the solution. It is shown 

in the surface analysis section that a layer of iron sulfide(s) formed on the surface in 5 

h experiments. However, after 2 h no substantial layer was detected on the surface. 

The difference in the 5 h and 2 h experiments is evident in Figure 11-15, where the 

H2S corrosion rate for both NaCl concentrations starts decreasing after about 2 h.  

The two PD sweep repeats for each of the five experimental NaCl 

concentrations are shown Figure 11-17. For all NaCl concentrations, the repeated PD 

sweeps matched very well. This indicates the repeatability, and therefore, the 

reliability of the PD sweep results. The solution resistance measured with EIS is 

compensated in all the sweeps presented hereafter. 
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Figure 11-17 

The PD sweeps for two separate experiments at each NaCl concentration. The sweeps 

were obtained with X65 carbon steel RCE with a rotational speed of 1000 rpm 

exposed to aqueous NaCl solutions at 20oC, ~1 bar H2S, and pH 5. 

  

  

 

 

The effect of salt concentration on the PD sweeps is shown in Figure 11-18. 

The IR corrected cathodic sweep for 0.1 wt.% NaCl concentration could not reach the 
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limiting current density potentials because of the large solution resistance at this NaCl 

concentration. The spikes appeared in the cathodic branch of the PD sweeps at 1 wt.% 

and 3 wt.% NaCl concentrations were due to accumulation of H2(g) bubbles on the 

steel surface at very negative potentials vs. OCP.  

 

Figure 11-18 

Potentiodynamic sweeps for X65 carbon steel RCE with a rotational speed of 1000 

rpm exposed to aqueous NaCl solutions at 20oC, ~1 bar H2S(g), and pH 5. 

 

 

The NaCl concentration altered both anodic and cathodic branches of the PD 

sweeps. There seems to be an acceleration and then a retardation of the anodic 

reaction with increasing NaCl concentration, while the charge transfer region of the 

cathodic H+ ion reduction reaction appears to be steadily retarded by salt presence. 



446 

 

  

The H+ ion reduction reaction limiting current density (𝑖𝐿𝑖𝑚) and the rate of the water 

reduction reaction seem to decrease at higher NaCl concentrations. To have a clear 

picture of the effect of NaCl concentration on the PD sweeps, kinetic features of the 

sweeps were determined by overlaying the experimental sweeps for the best fit with 

those calculated by a simple electrochemical model [96]96. The fitted sweeps for two 

NaCl concentrations are shown in Figure 11-19 as a demonstration of the accuracy of 

the fitting exercise.  

 

 
96 An activation energy of 83.2 kJ/mol for H+ ion and H2O reduction reactions and an activation energy 

of 126.8 kJ/mol for Fe oxidation reaction were used [107]. A reversible potential of -0.685 V vs. 

Ag/AgCl was used for all three reactions. The reference temperature was 20oC. 
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Figure 11-19 

Comparison of the experimental sweeps at 1 wt.% (A) and 20 wt.% (B) NaCl 

concentrations measured in the RCE H2S experiments at ~1 bar H2S with those 

obtained through a fitting process using a simple electrochemical model [96]. 

(A) 

 

(B) 

 

 

The electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe 

oxidation in the active region (𝛼𝐹𝑒) at different NaCl concentrations are presented in 

Table 11-4. The accuracy of data presented here is expected to be better than those 



448 

 

  

reported for the strong acid corrosion in Chapter 9 and CO2 corrosion in Chapter 10. 

This is because the limiting current densities obtained for this set of experiments were 

much larger than those measured in strong acid and CO2 corrosion; thus, the straight 

portions of the PD sweeps related to the charge transfer processes were more distinct 

and easier to fit with the model. For example, the straight charge transfer portions of 

the sweeps are clearly visible in Figure 11-19. 

 

Table 11-4 

The average electron transfer coefficients for H+ reduction reaction (𝛼𝐻+) and Fe 

oxidation (𝛼𝐹𝑒) for the RCE H2S experiments at 20oC, ~1 bar H2S, and pH 5. Each 

data is an average of two measurements. 

NaCl (wt.%)  0.1 1 3 10 20 

𝛼𝐻+ 0.38±0.00 0.41±0.00 0.40±0.01 0.39±0.01 0.40±0.01 

 𝛽𝑐 (mV/dec) -153±0 -141±0 -144±2 -149±3 -144±2 

𝛼𝐹𝑒 0.84±0.02 0.86±0.00 0.86±0.00 0.86±0.00 0.85±0.01 

𝛽𝑎 (mV/dec) 69±2 68±0 68±0 68±0 68±1 

 

The 𝛼𝐻+ values are somewhat smaller from the theoretical value of 0.5, 

frequently considered for the hydrogen evolution on an iron surface [185]. 

Additionally, they are smaller than those obtained in this study so far for strong acid 

corrosion (~ 0.45) and CO2 corrosion (~ 0.5). These differences suggest that the 

mechanism of H+ ion reduction reaction on the steel surface in H2S corrosion is 

somewhat different from those for strong acid and CO2 corrosion.  
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The 𝛼𝐻+ was almost the same (~ 0.4) for all NaCl concentrations, indicating 

that the hydrogen evolution mechanism on the steel surface under the experimental 

conditions of this part of study (20oC, ~ 1 bar H2S(g), and pH 5) was not influenced by 

the presence of salt. 

The 𝛼𝐹𝑒 was almost 0.86 for all NaCl concentrations. Bockris et al. [185] 

proposed a theoretical value of 1.5 for active dissolution reaction of iron in acidic 

media without the presence of halides. In the presence of halides, there are studies that 

reported similar 𝛼𝐹𝑒 values to those obtained in this part of study. McCafferty and 

Hackerman [178] reported a range of 𝛼𝐹𝑒 from 0.7 to 1 for 6 N chloride solutions. 

Kuo and Nobe [195] measured 0.78 for 𝛼𝐹𝑒 at pH 1.1 in solutions with chloride 

concentrations between 0.2 to 4 M. More details about these two studies can be found 

in Table 5-2. However, the 𝛼𝐹𝑒 values measured for the active dissolution reaction of 

iron in the presence of 1 bar H2S(g) are different from those obtained for strong acid 

corrosion (1.2 to 1.3) and CO2 corrosion (1.0 to 1.1). This difference could be due to  

a change in the mechanism of active iron dissolution in the presence of high H2S(g) 

concentration. The 𝛼𝐹𝑒 values reported in Table 11-1 for 100 ppm H2S(g) balanced 

with N2(g) were close to those for strong acid corrosion. The mechanisms of iron 

dissolution in the active region in the presence of chloride and H2S gas have been 

comprehensively explained in Chapter 5. However, further investigations are required 

on this topic. 

Since, 𝛼𝐹𝑒 did not change with increasing NaCl concentration, it leads to the 

conclusion that the mechanism of active dissolution of iron in H2S corrosion was not 

affected by salt concentration. This is similar to the results obtained for CO2 
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corrosion. However, for strong acid corrosion, it was shown that 𝛼𝐹𝑒 values increased 

with increasing NaCl concentration. 

The variation in the exchange current density (𝑖𝑜,𝐻+) of the H+ ion reduction 

reaction with respect to NaCl concentration is shown in Figure 11-20 A. The 𝑖𝑜,𝐻+ is 

an indication of the rate of charge transfer for an electrochemical reaction (Chapter 5). 

The decreasing trend for 𝑖𝑜,𝐻+ implies that the rate of H+ ion reduction reaction in the 

charge transfer region decreased with increasing NaCl concentration. The decreasing 

trend for 𝑖𝑜,𝐻+ with respect to NaCl concentration is very similar to that reported in 

strong acid and CO2 corrosion experiments. This similarity in 𝑖𝑜,𝐻+ trends for 

different types of corrosion verifies the accuracy and reliability of results for the 

effect of salt concentration on 𝑖𝑜,𝐻+. The decrease in 𝑖𝑜,𝐻+ at higher NaCl 

concentrations can be related to the adsorption of Cl- ions on the surface and blocking 

the surface areas required for H+ ion adsorption and reduction reactions [171]. Hence, 

the decrease in 𝑖𝑜,𝐻+ can be an explanation for the decreasing trend of the corrosion 

rate at high NaCl concentrations shown in Figure 11-16.
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Figure 11-20 

Variations in (A) the cathodic limiting current density (𝑖𝐿𝑖𝑚) and the H+ reduction exchange current density (𝑖𝑜,𝐻+) and (B) the Fe 

oxidation exchange current density (𝑖𝑜,𝐹𝑒) with NaCl concentration. The current densities were extracted from the PD sweeps of X65 

carbon steel RCE specimen with a rotational speed of 1000 rpm exposed to H2S-saturated aqueous solutions at 20°C, 1 bar total 

pressure, and pH 5. The error bars represent the minimum and maximum values obtained in two repeated experiments. The reference 

temperature was 20oC. 

(A) 

 
(B) 
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The trend observed for 𝑖𝑜,𝐻+  in Figure 11-20 A can be modeled by using a 

correlation similar to Equation (5-23): 

     𝑖𝑜,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻+

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻+

𝑒
−
𝐸
𝑎,𝐻+

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 (11-8) 

where, 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV 

vs. Ag/AgCl, 𝑎𝐻+,𝑏 is the bulk activity of H+ ion in molarity concentration, 𝑎
𝐻+,𝑏

𝑟𝑒𝑓
 is 

the reference bulk activity of H+ ion (= 10-4 M), 𝑛𝐻+
𝐻+

 is the reaction order of the H+ 

ion reduction reaction with respect to H+ ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- 

ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 

𝑛𝐶𝑙−
𝐻+

 is the reaction order of the H+ ion reduction reaction with respect to Cl- ion 

activity, 𝐸𝑎,𝐻+ is the activation energy for the H+ ion reduction reaction (= 59860 

J/mol), 𝑇 is solution temperature in K, and 𝑅 is the gas constant in J/mol/K. Since the 

solution pH was constant in the experiments, the activity of H+ ion was constant as 

well97 (Figure 11-14 C). This means that 𝑥𝐻+  cannot be determined from this set of 

data points and experiments at different pH values are required to obtain that. 

However, a value of 0.5 obtained from the literature [96,185,207] is considered for 

𝑛𝐻+
𝐻+

 in this study. By fitting Equation (10-11) with the experimental data presented in 

Figure 11-20 A, 𝑛𝐶𝑙−
𝐻+

 is determined to be ~ -0.2 and 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 is equal to 2.2 A/m2. The 

negative sign found for 𝑛𝐶𝑙−
𝐻+

 confirms the inhibition effect of Cl- ion activity 

(concentration) on the charge transfer rate for the H+ ion reduction reaction. 

 
97 The changes in molarity-based activity due to changes in density with NaCl concentration is ignored. 
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The variation of 𝑖𝑜,𝐹𝑒 as a function of NaCl concentration is shown in Figure 

11-20 B. 𝑖𝑜,𝐹𝑒 represents the rate of the anodic dissolution of Fe in the active region. 

𝑖𝑜,𝐹𝑒 increased between 0.1 wt.% and 1 wt.% NaCl concentrations and then reversed 

trend and decreased at NaCl concentrations greater than 1 wt.%. This behavior for 

𝑖𝑜,𝐹𝑒 in H2S corrosion experiments has been observed in strong acid and CO2 

corrosion experiments as well. This consistency in 𝑖𝑜,𝐹𝑒 trends for different type of 

corrosion confirms that the results for the effect of salt concentration on 𝑖𝑜,𝐹𝑒 are 

accurate and can be trusted. Similar to strong acid corrosion, and unlike CO2 

corrosion, the maximum in the corrosion rate was observed at NaCl concentrations 

around 1 wt.%, The influence of 𝑖𝑜,𝐹𝑒 on the H2S corrosion will discussed in the 

following text where the Evans diagram is presented.  

The trend presented for 𝑖𝑜,𝐹𝑒 in Figure 11-20 B can be justified by considering 

the changes in the activities of OH- ion, Cl- ion, and H2O with respect to NaCl 

concentration. According to Figure 11-14, the activities of OH- ion and H2O steadily 

decreases with increasing NaCl concentration, while the activity of Cl- ion steadily 

increases. Similar to Equation (5-22), 𝑖𝑜,𝐹𝑒 can be expressed in terms of activities of 

OH- ion, Cl- ion, and H2O as follows: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

(
𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

(
𝑎𝐻2𝑆,𝑏

𝑎𝐻2𝑆,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑆
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(11-9) 

where, 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 is the reference current density in A/m2 at 𝑇𝑟𝑒𝑓 (293.15 K) and -685 mV 

vs. Ag/AgCl, 𝑎𝑂𝐻−,𝑏 is the bulk activity of OH- ion in molarity concentration, 𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

 

is the reference bulk activity of OH- ion (= 10-10 M), 𝑛𝑂𝐻
𝐹𝑒  is the reaction order of the 
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Fe oxidation reaction with respect to OH- ion activity, 𝑎𝐶𝑙−,𝑏 is the bulk activity of Cl- 

ion in molarity concentration, 𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 is the reference bulk activity of Cl- ion (= 1 M), 

𝑛𝐶𝑙−
𝐹𝑒  is the reaction order of the Fe oxidation reaction with respect to Cl- ion activity, 

𝑎𝐻2𝑂,𝑏 is the bulk activity of liquid water in molarity unit, 𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

 is the reference bulk 

activity of liquid water (= 55.42 M), 𝑛𝐻2𝑂
𝐹𝑒  is the reaction order of the Fe oxidation 

reaction with respect to H2O, 𝑎𝐻2𝑆,𝑏 is the bulk activity of H2S(aq) in molarity unit, 

𝑎𝐻2𝑆,𝑏
𝑟𝑒𝑓

 is the reference bulk activity dissolved H2S(aq) (= 0.104 M), and 𝐸𝑎,𝐹𝑒 is the 

activation energy for the Fe oxidation reaction in the active region (= 25398 J/mol), 𝑇 

is solution temperature in K, and 𝑅 is the gas constant in J/mol/K. By comparing the 

PD sweeps at 100 ppm and ~ 1 bar H2S(g), it was found that H2S has a considerable 

effect on the rate of the anodic dissolution of iron. This has been discussed more in 

Section 12.1. Therefore, the effect of H2S is included in Equation (11-9) 

Lorenz [174] and McCafferty and Hackerman [178] reported different 𝑛𝐶𝑙−
𝐹𝑒  

values for different range of Cl- activities (concentrations), as mentioned in Table 5-2. 

This indicates that the Fe dissolution reaction might proceed through different 

pathways depending on the activity of Cl- ion in the solution. From the 𝑖𝑜,𝐹𝑒 trend 

presented in Figure 11-20 B, it can be assumed that at low NaCl concentrations below 

1 wt.%98, Cl- ions speeds up the anodic dissolution reaction by playing a catalytic role 

in iron dissolution, similar to that of OH- ions [172,194,195]. However, at NaCl 

concentrations above 1 wt.%, Cl- ions impedes the Fe dissolution reaction by being 

adsorbed on the surface and blocking the active sites (surface imperfections) required 

 
98 It can be any NaCl concentration between 1 wt.% and 3 wt.%, as the experimental NaCl resolution 

was not small enough to determine the exact maximum. 
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for the Fe dissolution reaction to happen [173,174,178,192]. Therefore, the 𝑖𝑜,𝐹𝑒 curve 

is divided into two sections: below and above 1 wt.%. The reaction orders and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 

values for each region can be obtained by fitting Equation (11-9) using the bulk 

activity values calculated with the MSE model to the experimental 𝑖𝑜,𝐹𝑒 values. 

Obtaining 𝑛𝑂𝐻
𝐹𝑒  value needs experimentation at different solution pH. This means that 

𝑛𝑂𝐻
𝐹𝑒  cannot be found from the data presented in Figure 11-20 B. Therefore, a value of 

1 was chosen for 𝑛𝑂𝐻
𝐹𝑒  for the whole range of NaCl concentration according to the 

Bockris et al. [185,186] consecutive mechanism and reports by other scientists 

[174,195] (see Table 5-2). For NaCl ≤ 1 wt.%, 𝑛𝐶𝑙−
𝐹𝑒 = 0.06, 𝑛𝐻2𝑂

𝐹𝑒  = 0, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.24 

and for NaCl > 1, 𝑛𝐶𝑙−
𝐹𝑒 = -0.4, 𝑛𝐻2𝑂

𝐹𝑒  = 2, and 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 = 0.096. A reaction order of zero for 

H2O at NaCl ≤ 1 means that the Fe dissolution reaction process is independent of 

H2O activity in this NaCl concentration range. For 𝑛𝐻2𝑂
𝐹𝑒  at high NaCl concentrations, 

the value found in this study is similar to the values (a range of 1.6-1.9) reported by 

Smart et al. [190,198]. 𝑛𝐻2𝑆
𝐹𝑒  is found to be 0.3. 

The last parameter in the PD sweeps for which the effect salt concentration 

needs to be discussed is 𝑖𝐿𝑖𝑚. Figure 11-20 A shows that 𝑖𝐿𝑖𝑚 decreased 

monotonously when NaCl concentration was increased from 1 wt.% to 20 wt.%. 

Unlike the maximum reported for 𝑖𝐿𝑖𝑚 at 1 wt.% NaCl in strong acid and CO2 

corrosion experiments, there was no maximum in 𝑖𝐿𝑖𝑚 for H2S corrosion. This is 

because 𝑖𝐿𝑖𝑚 at 0.1 wt.% could not be measured. Otherwise, there could be a 

maximum in 𝑖𝐿𝑖𝑚 for H2S corrosion at 1 wt.% NaCl.  

In H2S corrosion, 𝑖𝐿𝑖𝑚 is an indication of the rate of the H+ ion reduction 

reaction that is controlled by the combination of the relatively slow rate of H2S(aq) 



456 

 

  

dissociation reaction and the rate of the mass transfer of species to the metal surface. 

𝑖𝐿𝑖𝑚 mainly depends on 𝑎𝐻+ and 𝑎𝐻2𝑆. This is explained in detail in Chapter 12. The 

experiments were carried out in an open system. Therefore, 𝑎𝐻2𝑆 was constant for all 

NaCl concentrations. 𝑎𝐻+ was constant for all NaCl concentrations because the 

solution pH was adjusted at 5.00 in the experiments. Thus, 𝑎𝐻+ and 𝑎𝐻2𝑆 cannot be 

the reason for the decrease in 𝑖𝐿𝑖𝑚 with NaCl concentration. In addition, 𝑖𝐿𝑖𝑚 depends 

on diffusion coefficients of H+ ion and H2S as well as their activity coefficients. Out 

of these parameters, the contribution of H+ diffusion coefficient and its activity 

coefficient in the total 𝑖𝐿𝑖𝑚 value is dominant. 𝑖𝐿𝑖𝑚 is directly related to H+ ion 

diffusion coefficient and inversely depends on H+ ion activity coefficient. The 

decreasing trend for 𝑖𝐿𝑖𝑚 when NaCl was increased from 1 wt.% to 20 wt.% is 

primarily due to the increase in H+ ion activity coefficients as well as the decrease in 

the diffusion coefficient of H+ ion. The decrease in 𝑖𝐿𝑖𝑚 with NaCl concentration is 

and an additional possible reason for the decreasing trend seen for the H2S corrosion 

rate in Figure 11-16. 

Three possible reasons listed for the decrease in the H2S corrosion rate at 

20oC, pH 5 and ~ 1 bar H2S(g) when NaCl concentration was increased from 0.1 wt.% 

to 20 wt.%: the variations in 𝑖𝑜,𝐻+, 𝑖𝑜,𝐹𝑒, and 𝑖𝐿𝑖𝑚 with increasing NaCl concentration. 

To find out which of these three parameters are dominant in changes in the H2S 

corrosion rate as a function of NaCl concentration, the Evans diagram is deployed. 

Figure 11-6 presents the Evans diagrams for 0.1 wt.%, 1 wt.%, and 20 wt.% 

NaCl concentrations at the experimental conditions used for this set of experiments. 

The H2S corrosion process was under pure charge transfer control for the entire range 

of NaCl concentrations. When NaCl concentration was increased from 0.1 wt.% to 1 
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wt.%, shown in Figure 11-6 A, the anodic Fe dissolution reaction was accelerated, 

while the cathodic H+ ion reduction reaction was retarded. The magnitude of the 

decrease in the rate of the cathodic H+ ion reduction reaction was greater than the 

increase in the rate of the anodic Fe dissolution reaction. Therefore, the H2S corrosion 

rate decreased with increasing NaCl concentration from 0.1 wt.% to 1 wt.%. This 

suggests that for H2S corrosion at ~ 1 bar H2S(g) partial pressure and NaCl 

concentrations below 1 wt.%, salt concentration influences the charge transfer part of 

the cathodic H+ ion reduction reaction more than the anodic Fe dissolution reaction 

and 𝑖𝐿𝑖𝑚. 

When NaCl concentration was increased from 1 wt.% to 20 wt.%, presented in 

Figure 11-6 A, both anodic Fe dissolution reaction and cathodic H+ ion reduction 

reaction were retarded. The H2S corrosion rate decreased in this NaCl range due to 

retardation of both iron dissolution reaction and the charge transfer part of the H+ ion 

reduction reaction. The limiting current density had no effect on the rate of uniform 

H2S corrosion under the experimental conditions of this part of study. 
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Figure 11-21 

The Evans diagrams for the effect of NaCl concentration on uniform H2S corrosion of 

X65 carbon steel RCE specimen with a rotational speed of 1000 rpm at 20oC, ~1 bar 

H2S, pH 5, and 1000 rpm rotational speed. 𝐸𝑐𝑜𝑟𝑟 is the corrosion potential (OPC), 

𝑖𝑐𝑜𝑟𝑟 is the corrosion current density (Green: 0.1 wt.% NaCl, Blue: 1 wt.% NaCl, and 

red: 20 wt.% NaCl). A and B do not have the same axis scale. 

(A) 

 

(B) 
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11.3.2.3 Surface analysis 

The pictures of the long RCE specimens at 1 wt.% and 20 wt.% NaCl just 

after retrieval from the solution, after rinsing with water, and after acid washing are 

shown in Figure 11-22. After acid washing in the Clarke solution (Figure 11-22 III), 

the specimen surface became shiny as it was a freshly polished, uncorroded surface. 

Thus, it can be postulated that at both NaCl concentrations a layer was formed on the 

surface after the specimen was exposed for 5hr to the solution. These observations 

justify the need for more analytical surface analyses. 
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Figure 11-22 

Pictures of X65 carbon steel RCE with a rotational speed of 1000 rpm exposed for 5 h 

to aqueous NaCl solutions at 20oC, ~1 bar H2S(g), and pH 5:(A) 1 wt.% NaCl and (B) 

20 wt.% NaCl. “Before pickling, no rinse” means just after retrieval before rinsing 

with DI water. “Before pickling, rinsed” means after retrieval and rinsing with DI 

water. “After pickling” means after acid washing and rinsing with DI water. 

(A) 1 wt.% NaCl 

(I) Before pickling, no rinse (II) Before pickling, rinsed (III) After pickling 

 
  

(B) 20 wt.% NaCl 

(I) Before pickling, no rinse (II) Before pickling, rinsed (III) After pickling 
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Figure 11-23 shows the SEM images at 100X and 2000X magnifications of 

the corroded surface in 1 wt.% and 20 wt.% NaCl aqueous solutions. The SEM image 

of a freshly polished specimen is shown in Figure 10-34 for reference. SEM images at 

100X magnification show that the surface was corroded uniformly at both NaCl 

concentrations. The surface at 1 wt.% NaCl was partially covered by a network of 

corrosion product phase(s) as evident by a light gray color in the 2000X magnification 

SEM image. This is similar for the specimen surface at 20 wt.% NaCl. However, the 

density of the corrosion product phase(s) is much less in this case. EDS elemental 

composition analysis was done at spots marked by arrows in Figure 11-23 to identify 

the nature of the corrosion product phase(s) formed on the specimen surface at 1 wt.% 

and 20 wt.% NaCl concentrations. 
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Figure 11-23 

SEM images of the corroded square specimen exposed for 5 h to aqueous NaCl 

solutions at 20oC, ~1 bar H2S(g), and pH 5:(A) 1 wt.% NaCl and (B) 20 wt.% NaCl. 

The top images are taken at 100X magnification. The area in the black boxes in the 

top images is magnified to 2000X and shown in the bottom images. The arrows 

indicate spots where the EDS elemental composition analysis was done. 

(A) 1 wt.% NaCl (B) 20 wt.% NaCl 
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Figure 11-24 presents the elemental composition of the corroded surface by 

EDS analysis. The EDS analysis of a freshly polished specimen is provided in Figure 

10-35 for comparison. The atomic concentrations of elements included in the analysis, 

Fe, C, S, Mn, Si, and N have been normalized to give a total of 100%. The elements: 

P, O, Cl, Ni, Cu, and Mo, which were found to be in trace amounts, are not listed in 

the elemental composition. Similarly, the main elements on the surface for both NaCl 

concentrations were Fe, C, S, and Mn. The elemental analyses of the dark gray phase 

(red hollow arrows in Figure 11-23) and the light gray phase (blue solid arrows in 

Figure 11-23) for each NaCl concentration shows that the concentration of Fe was 

higher and the concentration of S was lower in the dark gray phase compared to those 

for the light gray phase. This means that the gray background was mainly the steel 

matrix. However, it is possible that a very thin layer of iron sulfide covered the 

surface, particularly at 20 wt.% NaCl, because sulfur was also detected in the dark 

gray areas as well. Furthermore, the scattered phases on the surface with the light gray 

color were likely iron sulfides. To confirm the conclusions here, the EDS elemental 

mapping analysis was performed on the same spots on the specimen surface. 
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Figure 11-24 

EDS elemental composition analysis of the corroded square specimen exposed for 5 h 

to aqueous NaCl solutions at 20oC, ~1 bar H2S(g), and pH 5:(A) 1 wt.% NaCl and (B) 

20 wt.% NaCl. Arrows in top right side of the composition spectra correspond to the 

arrows in the SEM images in Figure 11-23, which show the location of EDS elemental 

composition analysis on the surface. 

(A) 1 wt.% NaCl (B) 20 wt.% NaCl 

  

  
 

Figure 11-25 shows the surface EDS elemental mapping analysis of the 

corroded square specimens. The EDS mapping analysis supports the elemental EDS 

results shown above. The light gray color phases scattered on the surface in both NaCl 

concentrations are high in sulfur content with little amounts of iron. Therefore, the 

EDS elemental mapping result confirms that the light gray color phases observed in 

Figure 11-23 on the specimen surface for both NaCl concentrations are iron sulfides. 

The EDS map at 1 wt.% NaCl in Figure 11-25 A shows that the dark gray phase is  
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mainly Fe with probably small amounts of Mn. Yellow dots (indication of sulfur 

element) cover the entire EDS map at 20 wt.% NaCl in Figure 11-25 B, implying that 

a layer of iron sulfide(s) formed on the surface at this NaCl concentration. 
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Figure 11-25 

SEM images and EDS elemental mapping analysis of the corroded square specimen 

exposed for 5 h to aqueous NaCl solutions at 20oC, ~1 bar H2S(g), and pH 5:(A) 1 

wt.% NaCl and (B) 20 wt.% NaCl. 

(A) 1 wt.% NaCl (B) 20 wt.% NaCl 

  

 

 
 

Figure 11-26 shows the cross-section SEM images of the corroded square 

specimens at different magnifications and different exposure times. In one of the 

experiments for 20 wt.% NaCl concentration, a square specimen was retrieved after 2 

h from the beginning of the experiment to find out whether any layer forms on the 

surface in 2 h.  

The uniform surface seen in the cross-section images at 100X magnification 

for both NaCl concentrations indicate that the surface was corroded evenly. The 

cross-section SEM images for 1 wt.% NaCl at 500X and 3000X magnifications show 
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that no apparent uniform corrosion product layer formed on the surface at this NaCl 

concentration. However, some porous scattered corrosion products can be seen at the 

steel/epoxy interface at the left side of the 3000x magnification image for 1 wt.% 

NaCl.  

 

Figure 11-26 

Cross-section SEM images of the corroded square specimen exposed (A) 1 wt.% NaCl 

solution  for 5 h, (B) 20 wt.% NaCl solution for 5 h, and (C) 20 wt.% NaCl solution 

for 2 h at 20oC, ~1 bar H2S(g), and pH 5. The first, second, and third rows are taken at 

100X, 500X, and 3000X magnifications, respectively. 

(A) 1 wt.%, After 5h (B) 20 wt.%, After 5h (C) 20 wt.%, After 2h 
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A continuous layer of corrosion products seems to cover the surface at 20 

wt.% NaCl after 5h (the duration of corrosion rate experiments). However, after 2h 

(the duration of potentiodynamic polarization experiments) no layer, not even a thin 

discontinuous layer seems to form on the surface. The EDS elemental mapping 

analysis of the cross-section SEM images was performed to verify the chemical 

composition of the corrosion product(s) formed on the surface. 

 

Figure 11-27 

Cross section EDS mapping analysis of the corroded square specimen exposed for 5 h 

to aqueous NaCl solutions at 20oC, ~1 bar H2S(g), and pH 5:(A) 1 wt.% NaCl and (B) 

20 wt.% NaCl. 

 

Figure 11-27 shows the EDS mapping analysis of the cross-section of the 

corroded square specimens in 1 wt.% and 20 wt.% NaCl concentrations. Pd was 

detected in the EDS mapping analysis because the cross-section samples were 

sputtered with Pd to provide electrical conductivity required for SEM/EDS analysis. 

The purple color across the surface shows the steel matrix for both NaCl 

concentrations. The chemical composition of the scattered phase(s) partially covered 

(A) 1 wt.% NaCl (B) 20 wt.% NaCl 
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the surface at 1 wt.% NaCl as shown in Figure 11-26 A is high in sulfur content, 

indicating that at 1 wt.% NaCl the surface was partially covered with iron sulfide(s). 

There seems to be a very thin layer on the right side of the cross-section EDS map for 

1 wt.% NaCl in Figure 11-27 A. However, that is the interface between the steel 

surface and the epoxy, and it is not a layer.  

A continuous layer with a high amount of sulfur can be seen in the cross-

section EDS map for 20 wt.% NaCl in Figure 11-27 B. This confirms the results 

observed earlier about the formation of a continuous layer of iron sulfide corrosion 

products on the surface at 20 wt.% NaCl after 5 hr. To characterize the nature of the 

iron sulfide(s) formed on the surface at 20 wt.% NaCl, Raman spectroscopy was 

performed with a laser beam of 10 mW in power and a wavelength of 785 nm with an 

aperture size of 1200 a.  

Figure 11-28 shows the Raman spectrum for the corroded surface of the 

square specimen in 20 wt.% NaCl solution. Comparing the locations of peaks with 

those reported by Bourdoiseau et al. [313], reveals that the corrosion product layer 

formed on the surface in 20 wt.% NaCl was mackinawite. It is expected that the iron 

sulfide phase partially covered the surface of the 1 wt.% NaCl specimen was 

mackinawite as well. 

 



   

Figure 11-28 

Raman spectrum of the corroded square specimen exposed for 5 h to aqueous NaCl 

solutions at 20oC, ~1 bar H2S(g), pH 5, and 20 wt.% NaCl. 

 

 

Surface profilometry was carried out to ensure that the surface was corroded 

uniformly at the experimental conditions used in this part of the study. The advantage 

of surface profilometry over SEM/EDS analysis is that it can cover a larger surface 

area, and therefore, it is more a more effective way in identifying localized corrosion 

(or pits) across the entire surface of a specimen. Figure 11-29 shows the one-

dimensional (1D) and two-dimensional (2D) surface roughness profiles of the 

corroded square specimens exposed to 1wt.% and 20 wt.% NaCl solutions. The purple 

color seen on the corners of the 2D profiles was due to uneven polishing of the 

surface during the specimen preparation. 1D profiles show no sudden change in the 

surface roughness at both NaCl concentrations, which confirm that H2S corrosion 

occurred uniformly on the steel surface under the experimental conditions used in this 
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part of the study. The 2D surface profiles also show uniform surfaces, supporting the 

conclusion that the surface was corroded evenly.  

 

Figure 11-29 

1D and 2D surface roughness profilometry of the corroded square specimens exposed 

for 5 h to aqueous NaCl solutions at 20oC, ~1 bar H2S(g), and pH 5:(A) 1 wt.% NaCl 

and (B) 20 wt.% NaCl. The length of the black scale bars is equivalent to 0.5 mm. 

(A) 1 wt.% NaCl (B) 20 wt.% NaCl  

 
 

 

  
 

 

The surface analysis showed that after 5 h, the steel surface was covered 

partially or entirely with an iron sulfide layer. However, after 2 h, no layer was 

detected on the surface. This can explain the higher corrosion rates obtained in 2 h 

experiments compared to those in 5 h experiments, presented in Figure 11-16. The 

iron sulfide layer formed on the surface decreased the H2S corrosion rate. The 

coherency of the iron sulfide layer at 20 wt.% NaCl compared to that for 1 wt.% NaCl 

might be another reason for the lower H2S corrosion rate at 20 wt.% NaCl. 
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An interesting conclusion here is that 2 h can be recognized as an optimized 

experimental duration time for studying H2S uniform corrosion in the absence of 

protective iron sulfide layers on the steel surface at these conditions. 

11.3.3 Summary and Conclusions of RCE H2S Corrosion Experiments at pH 5 and 

1 bar H2S(g) 

This set of experiments was done to understand the effect of salt concentration 

on aqueous uniform H2S corrosion of carbon steel at high H2S(g) concentrations. 

Experiments were carried out using X65 carbon steel specimens exposed to aqueous 

NaCl solutions, at 20oC and pH 5, saturated with ~ 1 bar H2S(g). The following are the 

major conclusions reached in this set of experiments, when NaCl concentration was 

increased from 0.1 wt.% to 20 wt.%: 

1. Similar to the CO2-saturated solutions, the autogenous pH of solution 

decreased. The decrease in pH was attributed to the changes in the activity 

coefficient of H+ ion with NaCl concentration. 

2. The ionic strength-based speciation model (for the H2O-NaCl-H2S systems), 

introduced for the first time in this study, could predict the autogenous pH of 

solution with an acceptable accuracy.  

3. The H2S corrosion rate decreased continually. 

4. The analysis of PD sweeps suggested that the mechanisms of the H+ ion 

reduction reaction on the steel surface and the anodic dissolution of iron in 

H2S corrosion differ somewhat from those for strong acid and CO2 corrosion. 

However, salt concentration did not influence these mechanisms in H2S 

corrosion at 1 bar H2S(g). 
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5. The Evans diagrams showed that the H2S corrosion process was under pure 

charge transfer control for the entire range of NaCl concentrations. 

6. The Evans diagrams showed that at NaCl concentrations below 1 wt.%, salt 

concentration influenced the charge transfer part of the cathodic H+ ion 

reduction reaction more than the anodic Fe dissolution reaction and 𝑖𝐿𝑖𝑚. This 

is the reason why the maximum in the CO2 corrosion rate at low NaCl 

concentrations was not observed for in the H2S corrosion trend.  

7. For NaCl concentration between 1 wt.% to 20 wt.%, the H2S corrosion rate 

decreased due to a decrease in the rates of both iron dissolution reaction and 

the charge transfer part of the H+ ion reduction reaction. 

8. Surface analysis revealed that the H2S corrosion process occurred uniformly 

on the steel surface for NaCl concentrations between 1 wt.% to 20 wt.% under 

the experimental conditions
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 Corrosion Rate Prediction Models for Uniform Strong acid 

Corrosion, Uniform CO2 Corrosion, and Uniform H2S Corrosion of Carbon 

Steel, Valid Across a Wide Range of Salt Concentration 

At the beginning of this document, the key parameters involved in the aqueous 

corrosion process of carbon steels that can be affected by the variation in salt 

concentration were introduced (Figure 2-1). Then, in the following chapters, the effect 

of salt concentration on each of these parameters were discussed in detail. Models 

were presented for calculating solution density, solution viscosity, solution chemistry, 

and diffusion coefficient of dissolved species valid for a wide range of NaCl 

concentrations and different operational conditions. Next, the effect of salt 

concentration on the rate and electrochemistry of strong acid corrosion, CO2 

corrosion, and H2S corrosion processes were studied. Finally, the kinetic properties 

required for developing a corrosion model for each type of corrosion were given. In 

this chapter, all the segments of information discussed in this document so far are put 

together to build corrosion rate prediction models for uniform strong acid corrosion, 

uniform CO2 corrosion, and uniform H2S corrosion applicable to a wide range of salt 

concentrations, temperature, pressure, and solution pH. 

The corrosion rate prediction model described in this section is a combination 

of a speciation equilibrium model, empirical models for transport phenomena 

(density, viscosity, and diffusion coefficient), and an electrochemical model. The 

speciation model used in the corrosion rate prediction model is the MSE model 

described in Section 8.3.1. For the solution density, the Batzle and Wang [26] model 

in Section 3.1 is employed. A combination of Mao and Duan [31] and Islam and 

Carlson [45] models explained in Section 3.2 is used for calculating the solution 
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viscosity. For the diffusion coefficients of dissolved species, the combination of the 

Smolyakov and the square root equations explained in Section 3.3 is implemented in 

the corrosion model. The electrochemical model as the core of the corrosion rate 

prediction model is a steady-state model based on bulk solution chemistry conditions. 

It is for uniform corrosion conditions. In other words, it does not account for the 

formation of any kind of surface corrosion product layers and their possible 

protectiveness effects. The electrochemical model and the implementation of the 

speciation equilibrium model and the transport phenomena models into the 

electrochemical model will be explained below. 

As mentioned in Chapter 5, the main anodic reaction in the three types of 

corrosion is iron dissolution (Reaction (5-24)). The only cathodic reactions considered 

for the three types of corrosion (strong acid, CO2, and H2S) are the H+ ion reduction 

(Reaction (5-66)) and the H2O reduction (Reaction (5-67)) reactions. The former is 

considered as the main cathodic reactions, while the latter practically becomes an 

influencing factor at low partial pressures (pCO2(g) and pH2S(g)) <<1 and pH > 5 

[200]. It has been shown that the direct reduction of H2CO3 (Reaction (5-79)) and H2S 

(5-92)) reactions are not significant in the aqueous corrosion of carbon steel and they 

only act a source of H+ ion for the H+ ion reduction reaction [213,214,50]. 

The rate of electrochemical reactions in corrosion of carbon steel in aqueous 

solutions are usually controlled by one or a combination of the following steps: 

charge transfer, mass transfer, and chemical reaction. For the Fe dissolution reaction, 

the charge transfer step is almost always the controlling step. For the H+ ion reduction 

reaction in strong acid corrosion, the charge transfer step or the mass transfer step or 

the combination of the two steps can control the rate of the reaction. In CO2 corrosion, 
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the charge transfer step, the combination of the CO2 hydration chemical reaction step 

and the mass transfer step, or the combination of all three step can control the rate of 

the H+ ion reduction reaction. For H2S corrosion, the charge transfer step, the 

combination of the relatively slow H2S dissociation reaction step and the mass 

transfer step, or the combination of all three steps can be controlling. For the H2O 

reduction reaction, the charge transfer step is always the controlling step. 

12.1 Charge Transfer Currents (𝒊𝒄𝒕) 

The rate of the Fe dissolution reaction, the H+ ion reduction when it is under 

charge transfer controlled, and the rate of the H2O reduction reaction can be 

calculated in the form of a current density (𝑖) by using the following equations: 

    𝑖𝑐𝑡,𝐹𝑒 = 𝑖𝑜,𝐹𝑒𝑒
𝛼𝐹𝑒𝐹(𝐸−𝐸𝑟𝑒𝑣,𝐹𝑒)

𝑅𝑇  (12-1) 

     𝑖𝑐𝑡,𝐻+ = −𝑖𝑜,𝐻+𝑒−
𝛼
𝐻+

𝐹(𝐸−𝐸
𝑟𝑒𝑣,𝐻+

)

𝑅𝑇  
(12-2) 

     
𝑖𝑐𝑡, 𝐻2𝑂 = −𝑖𝑜,𝐻2𝑂𝑒

−
𝛼𝐻2𝑂𝐹(𝐸−𝐸𝑟𝑒𝑣,𝐻2𝑂)

𝑅𝑇  
(12-3) 

The derivation of the above equations is explained in detail in Chapter 5. 𝑖𝑐𝑡 is called 

the charge transfer current density (rate) in A/m2, 𝛼 is the electron transfer coefficient, 

𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝐸 is the potential at 

electrode/electrolyte interface with respect to a reference electrode in V, 𝐸𝑟𝑒𝑣 is the 

reversible potential or the equilibrium potential of the half reaction in V, 𝑅 is the gas 

constant (= 8.3145 J/mol/K), and 𝑇 is the solution temperature in K. Theoretically, 

𝐸𝑟𝑒𝑣 needs to be used in the charge-transfer current density equations. However, 𝐸𝑟𝑒𝑣 

of each half reaction varies with the activities of its participating species. For 

example, 𝐸𝑟𝑒𝑣 for the H+ ion reduction reaction is a function of H+ ion activity or the 

solution pH [96]. Because 𝐸𝑟𝑒𝑣 is varying, it is difficult to use it for determining the 
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reference current densities, which need to be done at a constant potential. To solve 

this problem, 𝐸𝑟𝑒𝑣 is assumed to be an arbitrary constant potential. The choice of 

potential does not change the final corrosion rate prediction results as far as it is kept 

constant for all modeling scenarios. In this study, 𝐸𝑟𝑒𝑣 for all three charge-transfer 

equations, Equation (12-1) to Equation (12-3), is -685 mV vs. Ag/AgCl, which is the 

reversible potential of X65 carbon steel at standard conditions.  

The 𝑖𝑜 in Equation (12-1) to Equation (12-3) is the exchange current density in 

A/m2 and can be calculated from the following equations for the Fe oxidation, the H+ 

ion reduction and the H2O reduction reactions, respectively: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓 (

𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(12-4) 

     

𝑖𝑜,𝐻+ = 𝑖
𝑜,𝐻+
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻+

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻+

𝑒
−
𝐸
𝑎,𝐻+

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(12-5) 

     𝑖𝑜,𝐻2𝑂

= 𝑖𝑜,𝐻2𝑂
𝑟𝑒𝑓 (

𝑎𝐻+,𝑏

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
)

𝑛
𝐻+
𝐻2𝑂

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐻2𝑂

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐻2𝑂

𝑒
−
𝐸𝑎,𝐻2𝑂

𝑅
(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(12-6) 

where, 𝑖𝑜
𝑟𝑒𝑓

 is the reference current density in A/m2 at 293.15 K and -685 mV vs. 

Ag/AgCl, 𝑎𝑏 is the bulk activity in molarity, 𝑎𝑏
𝑟𝑒𝑓

 is the reference bulk activity in 

molarity, 𝐸𝑎 is the activation energy of the electrochemical reaction, 𝑛𝐹𝑒, 𝑛𝐻
+
, and 

𝑛𝐻2𝑂 are the reaction orders for the Fe oxidation, the H+ ion reduction, and the H2O 

reduction reactions, respectively, and 𝑇𝑟𝑒𝑓 is the reference temperature (= 293.15 K). 

The values of 𝑎𝑏
𝑟𝑒𝑓

 and 𝐸𝑎 are given in Table 12-1. The reference bulk activities are 
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used just to make the activity terms in the exchange current density equations 

dimensionless and they can be any value. A different reference bulk activity results in 

a different reference current density. However, the final exchange current density 

value will be the same. All the bulk activities are calculated with the MSE model. 

Since the MSE model outputs are in mole fraction unit, they need to be converted to 

molarity unit for implementing into the above equations. For concentration unit 

conversion Equation (A-11) and for activity coefficient unit conversion Equation (P-

10) in Appendix P can be used. The activity of water in molarity unit can be obtained 

using Equation (A-12) in Appendix A. The concentration, activity coefficient, and 

activity of H3O
+ obtained from the MSE model are assumed to be equal to those for 

H+ ion. 
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Table 12-1 

The constant parameters required for the calculation of the exchange current 

densities in Equations (12-4) to (12-6).  

Parameter value Unit Ref. 

𝑎
𝐻+,𝑏

𝑟𝑒𝑓
 10-4 Molarity [314] 

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

 10-10 Molarity This study 

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

 1 Molarity This study 

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

 55.499 Molarity This study 

𝑎𝐻2𝑆,𝑏
𝑟𝑒𝑓

 0.104100 Molarity This study 

𝐸𝑎,𝐹𝑒 25398 J/mol/K This study 

𝐸𝑎,𝐻+ 59860 J/mol/K This study 

𝐸𝑎,𝐻2𝑂 24809 J/mol/K This study 

 

Table 12-2 and Table 12-3 summarize 𝑖𝑜
𝑟𝑒𝑓

 and 𝑛 values in Equation (12-4) 

and Equation (12-5) obtained from the experimental results reported in Chapters 9, 10 

and 11 for the Fe dissolution and the H+ ion reduction reactions.  

Comparing 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 values at 100 ppm and 1 bar H2S in Table 12-2 shows that 

𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 increased almost one order of magnitude when the H2S partial pressure was 

increased from 100 ppm (10-4 bar) to 1 bar. In Section 10.1.4, it was shown by 

comparing 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 values at zero and ~1 bar CO2 partial pressures that the presence of 

 
99 It is the activity of pure water in molarity unit at 20oC and 1 bar pressure. 
100 It is the activity of dissolved H2S in pure water at 20oC, ~1 bar pressure H2S(g). This number is 

obtained by the MSE model. 
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CO2 accelerated the Fe oxidation reaction. Yet, since the magnitude of changes was 

small, it was decided to ignore the CO2 acceleration effect on the anodic dissolution 

of Fe. However, for H2S corrosion magnitude of increase in 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 with increasing H2S 

partial pressure is large. Therefore, it can be concluded that the presence of H2S 

changes the rate of the anodic dissolution Fe. This needs to be considered in 𝑖𝑜,𝐹𝑒 

Equation (12-4). The new form of 𝑖𝑜,𝐹𝑒 equation for H2S corrosion with the effect of 

H2S partial pressure included is given below: 

     

𝑖𝑜,𝐹𝑒

= 𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

(
𝑎𝑂𝐻−,𝑏

𝑎𝑂𝐻−,𝑏
𝑟𝑒𝑓

)

𝑛𝑂𝐻
𝐹𝑒

(
𝑎𝐶𝑙−,𝑏

𝑎𝐶𝑙−,𝑏
𝑟𝑒𝑓

)

𝑛𝐶𝑙−
𝐹𝑒

(
𝑎𝐻2𝑂,𝑏

𝑎𝐻2𝑂,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑂
𝐹𝑒

(
𝑎𝐻2𝑆,𝑏

𝑎𝐻2𝑆,𝑏
𝑟𝑒𝑓

)

𝑛𝐻2𝑆
𝐹𝑒

𝑒
−
𝐸𝑎,𝐹𝑒
𝑅

(
1
𝑇
−

1
𝑇𝑟𝑒𝑓

)
 

(12-7) 

where, 𝑛𝐻2𝑆 is the reaction order for the Fe oxidation with respect to the H2S(aq) bulk 

activity (𝑎𝐻2𝑆,𝑏 in molarity) and 𝑎𝐻2𝑆,𝑏
𝑟𝑒𝑓

 is the reference H2S(aq) bulk activity given in Table 

12-1.  The rest of parameters have been defined earlier. 

The water reduction line101 of the PD sweeps in all the experiments was fitted 

with the same simple electrochemical model [96], used for modeling the Fe oxidation 

and the H+ ion reduction reactions, to determine the kinetic parameters required for 

modeling the H2O reduction reaction. The 𝑖𝑜
𝑟𝑒𝑓

 and 𝑛 values in Equation (12-6) 

obtained from the fitting exercise are listed in Table 12-4. The information provided 

in Table 12-4 show that increasing NaCl concentration increased the rate of the H2O 

reduction reaction. 

 
101 the short diagonal line appeared in all the PD sweeps at very negative potentials after the limiting 

current density region.    
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Table 12-2 

The kinetic parameters for the iron oxidation reaction exchange current density in Equation (12-4) obtained in the experiments at total pressure of 1 bar and NaCl concentrations between 0.1 wt.% to 20 wt.%. 

Atmosphere pgas (bar) Setup T (oC) pH NaCl  𝑛𝑂𝐻
𝐹𝑒  𝑛𝐶𝑙−

𝐹𝑒  𝑛𝐻2𝑂
𝐹𝑒  𝑖𝑜,𝐹𝑒

𝑟𝑒𝑓
 

N2 ~0.98 RDE 10 3 < 1 wt.% 1 0.48 0 0.51 

N2 ~0.98 RDE 10 3 ≥ 1 wt.% 1 -0.25 2 0.117 

N2 ~0.98 RCE 20 3 < 1 wt.% 1 0.49 0 0.061 

N2 ~0.98 RCE 20 3 ≥ 1 wt.% 1 -0.24 2 0.0143 

CO2 ~0.98 RDE 10 3 < 3 wt.% 1 0.57 0 0.82 

CO2 ~0.98 RDE 10 3 ≥ 3 wt.% 1 -0.4 2 0.30 

CO2 ~0.97 RCE 30 3.73-4.01 < 3 wt.% 1 0.19 0 0.91 

CO2 ~0.97 RCE 30 3.48-3.73 ≥ 3 wt.% 1 -0.24 2 0.61 

CO2 ~0.98 RCE 20 5 < 1 wt.% 1 0.22 0 0.21 

CO2 ~0.98 RCE 20 5 ≥ 1 wt.% 1 -0.26 2 0.084 

H2S 10-4 RCE 20 5 ≥ 1 wt.% 1 -0.4 2 0.01102 

H2S ~0.98 RCE 20 5 < 1 wt.% 1 0.06 0 0.24 

H2S ~0.98 RCE 20 5 ≥ 1 wt.% 1 -0.4 2 0.096 

 
102 This value is not corrected for the effect of H2S partial pressure. The corrected value is given in Table 12-5. 
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Table 12-3 

The kinetic parameters for the H+ ion reduction reaction exchange current density in 

Equation (12-5) obtained in the experiments at total pressure of 1 bar and NaCl 

concentrations between 0.1 wt.% to 20 wt.%. 

Atmosphere pgas (bar) Setup T (oC) pH 𝑛𝐻+
𝐻+

 𝑛𝐶𝑙−
𝐻+

 𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 

N2 ~0.98 RDE 10 3 0.5 -0.09 5.1 

N2 ~0.98 RCE 20 3 0.5 -0.31 6.9 

CO2 ~0.98 RDE 10 3 0.5 -0.23 11.9 

CO2 ~0.97 RCE 30 3.48-4.01 0.5 -0.30 7.4 

CO2 ~0.98 RCE 20 5 0.5 -0.23 5.1 

CO2 ~0.90 RCE 50 5 N/A N/A 1.3 

CO2 ~0.57 RCE 80 5 N/A N/A 1.2 

H2S 10-4 RCE 20 5 N/A N/A 0.7 

H2S ~0.98 RCE 20 5 0.5 -0.2 2.2 
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Table 12-4 

The kinetic parameters for the 𝐻2𝑂 reduction reaction exchange current density in Equation (12-6) obtained in the experiments at total pressure 

of 1 bar and NaCl concentrations between 0.1 wt.% to 20 wt.%. 

Atmosphere pgas (bar) Setup T (oC) pH 𝛼𝐻2𝑂 𝑛
𝐻+
𝐻2𝑂 𝑛𝐶𝑙−

𝐻2𝑂 𝑛𝐻2𝑂
𝐻2𝑂 𝑖𝑜,𝐻2𝑂

𝑟𝑒𝑓
 

N2 ~0.98 RDE 10 3 0.35-0.43 -0.5 1.2 2 2.0e-2 

N2 ~0.98 RCE 20 3 0.50-0.60 -0.5 1.5 2 9.2e-4 

CO2 ~0.98 RDE 10 3 0.75 N/A N/A N/A 9.0e-2 

CO2 ~0.97 RCE 30 3.48-4.01 1.0-1.3 -0.5 0.6 2 5.9e-3 

CO2 ~0.98 RCE 20 5 0.44-0.63 -0.5 0.4 2 5.6e-3 

CO2 ~0.90 RCE 50 5 0.50-0.58 N/A N/A N/A 1.1e-3 

CO2 ~0.57 RCE 80 5 0.50-0.53 N/A N/A N/A 3.4e-4 

H2S 10-4 RCE 20 5 0.32-0.45 -0.5 1 2 5.0e-2 

H2S ~0.98 RCE 20 5 0.20-0.40 -0.5 1 2 1.4e-2 
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In all the experiments, the electron transfer coefficients for the Fe oxidation 

(𝛼𝐹𝑒) and the H+ ion reduction (𝛼𝐻+) reactions were almost constant when NaCl 

concentration was increased, except 𝛼𝐻+ in the strong acid experiments. It was shown 

in Table 9-3 and Table 9-6 that 𝛼𝐻+ increased with increasing NaCl concentration in 

strong acid solutions. To account for the variation of 𝛼𝐻+ in the strong acid solutions 

with NaCl concentration in the corrosion rate prediction model, an empirical 

correlation is proposed as follows: 

    𝛼𝐻+ = 0.5 + 0.0247𝑚𝑁𝑎𝐶𝑙 (12-8) 

where, 𝑚𝑁𝑎𝐶𝑙 is NaCl molality concentration. 

Similarly, the electron transfer coefficient for the H2O reduction reaction 

(𝛼𝐻2𝑂) changed with NaCl concentration, not just in the strong acid solutions, but in  

all the experiments. In this study, 𝛼𝐻2𝑂 is expressed as a function of 𝛼𝐻+: 

    𝛼𝐻2𝑂 = 𝐹𝛼𝛼𝐻+ (12-9) 

where, 𝐹𝛼 is an empirical correction factor defined as a function of NaCl molality 

concentration (𝑚): 

For strong acid and CO2 corrosion: 

    𝐹𝛼 = −0.0378𝑚𝑁𝑎𝐶𝑙 + 1.061 (12-10) 

For H2S corrosion: 

    𝐹𝛼 = −0.0284𝑚𝑁𝑎𝐶𝑙 + 0.630 (12-11) 

Equations (12-10) and (12-11) indicate that salt affects the mechanism of the H2O 

reduction reaction. However, since this reaction does not contribute much to the 

aqueous corrosion of steel, changes its mechanism is not a concern in this study.  
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The final values of the kinetic parameters needed to calculate the charge 

transfer current densities in Equations (12-1) to (12-3) are listed Table 12-5 for each 

type of corrosion.
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Table 12-5 

The values of the kinetic parameters needed to calculate the charge transfer current densities in Equations (12-1) to (12-3) and Equation 

(12-7). 

Parameter Strong acid corrosion CO2 corrosion H2S corrosion 

𝛼𝐹𝑒 1.3 1.1 0.86 

𝛼𝐻+ Eq. (12-8) 0.5 0.39 

𝛼𝐻2𝑂 Eq. (12-10) Eq. (12-10) Eq. (12-11) 

𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 (NaCl ≤ 1 wt.%) 0.20 0.21 0.13 

𝑖𝑜,𝐹𝑒
𝑟𝑒𝑓

 (NaCl > 1 wt.%) 0.020 0.084 0.068 

𝑛𝑂𝐻
𝐹𝑒  1 1 1 

𝑛𝐶𝑙−
𝐹𝑒  (NaCl ≤ 1 wt.%) 0.48 0.50 0.06 

𝑛𝐶𝑙−
𝐹𝑒  (NaCl > 1 wt.%) -0.25 -0.3 -0.4 

𝑛𝐻2𝑂
𝐹𝑒  (NaCl ≤ 1 wt.%) 0 0 0 

𝑛𝐻2𝑂
𝐹𝑒  (NaCl > 1 wt.%) 2 2 2 

𝑛𝐻2𝑆
𝐹𝑒   0 0 0.3 

𝑖
𝑜,𝐻+
𝑟𝑒𝑓

 5.2 10 2.2 

𝑛𝐶𝑙−
𝐻+

 -0.20 -0.23 -0.25 

𝑛𝐻+
𝐻+

 0.5 0.5 0.5 

𝑖𝑜,𝐻2𝑂
𝑟𝑒𝑓

 0.001 0.051 5.5e-4 

𝑛𝐶𝑙−
𝐻2𝑂 1.35 0.5 0.5 

𝑛
𝐻+
𝐻2𝑂 -0.5 -0.5 -0.5 

𝑛𝐻2𝑂
𝐻2𝑂 2 2 2 
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12.2 Limiting Current Densities (𝒊𝑳𝒊𝒎) 

The rate of the H+ ion reduction reaction, when it is controlled by the slow 

mass transfer step in strong acid corrosion, and when it is controlled by a combination 

of the slow homogenous chemical CO2(aq) hydration reaction step and the slow mass 

transfer step in CO2 corrosion, and when it is controlled by the combination of the 

relatively slow H2S(aq) dissociation step and the slow mass transfer step in H2S 

corrosion, is expressed as a current density called the H+ ion reduction reaction 

limiting current density (𝑖𝐿𝑖𝑚). Equations have been developed for calculating 𝑖𝐿𝑖𝑚 in 

CO2 and H2S corrosion. These equations in addition to the 𝑖𝐿𝑖𝑚 equation for strong 

acid corrosion are given below: 

I) strong acid corrosion 

    𝑖𝐿𝑖𝑚 =
1000𝑛𝐹𝐷𝐻+𝑐

𝐻+,𝑏
𝑒𝑞

𝛿𝑚,𝐻+
 (12-12) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝑛 is the charge number of H+ ion (= 1), 𝐷𝐻+  is the diffusion 

coefficient of H+ ion in the solution in m2/s, 𝑐
𝐻+,𝑏
𝑒𝑞

 is the equilibrium bulk 

concentration of H+ ion in molarity (M), and 𝛿𝑚,𝐻+ is the thickness of mass transfer 

boundary layer for H+ ion in m. 𝛿𝑚,𝐻+ calculation will be explained below. The 

derivation of 𝑖𝐿𝑖𝑚 for strong acid corrosion is explained in Appendix U. 

II) CO2 corrosion 

    𝑖𝐿𝑖𝑚 = 1000𝑛𝐹√𝐷𝑒𝑓𝑓𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏
𝑒𝑞 𝑎𝐻2𝑂,𝑏

𝑒𝑞  𝑎
𝐻+,𝑏
𝑒𝑞   𝑐𝑜𝑡ℎ (

𝛿𝑚,𝐻+

𝛿𝑟
) (12-13) 

where,  

    𝐷𝑒𝑓𝑓 =
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞  

𝑎
𝐻+,𝑏
𝑒𝑞

𝐷𝐻2𝐶𝑂3
𝛾𝐻2𝐶𝑂3
𝑐  (12-14) 
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𝛿𝑟 = √
𝐷𝑒𝑓𝑓𝑎𝐻+,𝑏

𝑒𝑞

𝑘𝑓,ℎ𝑦𝑑𝑎𝐶𝑂2,𝑏
𝑒𝑞 𝑎𝐻2𝑂,𝑏

𝑒𝑞  

(12-15) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝑛 is the charge number of the H+ ion reduction reaction (= 1), 

𝐹 is the Faraday’s constant (=96485.33 C/mol), 𝐷𝐻+ and 𝐷𝐻2𝐶𝑂3 are the diffusion 

coefficients of H+ ion and H2CO3(aq) in the solution, respectively, in m2/s, 𝐷𝑒𝑓𝑓 is 

called the effective diffusion coefficient in m2/s, 𝑎
𝐻+,𝑏
𝑒𝑞

, 𝑎𝐶𝑂2,𝑏
𝑒𝑞

, 𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞

, and 𝑎𝐻2𝑂,𝑏
𝑒𝑞

 are 

the equilibrium bulk activities of H+ ion, CO2(aq), and H2CO3(aq), H2O(l) in molarity 

(M), 𝛾𝐻+
𝑐  and 𝛾𝐻2𝐶𝑂3

𝑐  are the activity coefficients for H+ ion and H2CO3(aq) in molarity 

basis, 𝑘𝑓,ℎ𝑦𝑑 is the forward reaction rate constant for the CO2 hydration reaction in 

1/M/s, 𝛿𝑚,𝐻+ is the thickness of mass transfer boundary layer for H+ ion in m and 𝛿𝑟 

is the thickness of the chemical reaction boundary layer in m. The derivation of 𝑖𝐿𝑖𝑚 

equations for CO2 corrosion is explained in Appendix V. 

The 𝑎
𝐻+,𝑏
𝑒𝑞

, 𝑎𝐶𝑂2,𝑏
𝑒𝑞

, and 𝑎𝐻2𝑂,𝑏
𝑒𝑞

 are calculated with the MSE model. The MSE 

model outputs are in the mole fraction unit. They must be converted to the molarity 

unit. The mole fraction concentration unit can be converted to the molarity unit by 

using Equation (A-11). For water, to convert from the mole fraction unit to the 

molarity unit, Equation (A-12) can be used. The mole fraction activity coefficient can 

be transformed into the molarity basis by using Equation (P-10) in Appendix P. 

Finally, the product of the molarity concentration and the molarity-based activity 

coefficient gives the activity in the molarity unit. The 𝛾𝐻+
𝑐  is considered equal to 

𝛾𝐻3𝑂+
𝑐  obtained from the MSE model. The 𝛾𝐻2𝐶𝑂3

𝑐  is assumed to be the same as 𝛾𝐶𝑂2
𝑐 . 

𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞

 can be calculated by using the equilibrium equation for the CO2(aq) hydration 

Reaction (8-2): 
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    𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞 = 𝐾ℎ𝑦𝑑𝑎𝐶𝑂2,𝑏

𝑒𝑞 𝑎𝐻2𝑂,𝑏
𝑒𝑞

 (12-16) 

where, 𝐾ℎ𝑦𝑑 is the equilibrium constant for the CO2 hydration reaction in 1/M. 

𝐾ℎ𝑦𝑑, 𝑘𝑓,ℎ𝑦𝑑, and 𝐾𝑏,ℎ𝑦𝑑 can be calculated from the equations below: 

    𝐾ℎ𝑦𝑑 =
6.62 × 10−2 exp (

−9553
𝑅𝑇 )

𝑎𝐻2𝑂,𝑏
𝑒𝑞  (12-17) 

    

𝑘𝑓,ℎ𝑦𝑑 =
5.796 × 1010 exp (

−69335
𝑅𝑇

)

𝑎𝐻2𝑂,𝑏
𝑒𝑞  

(12-18) 

    
𝑘𝑏,ℎ𝑦𝑑 = 8.755 × 1011exp (

−59782

𝑅𝑇
) 

(12-19) 

where, 𝐾ℎ𝑦𝑑 in 1/M is the equilibrium constant, 𝑘𝑓,ℎ𝑦𝑑 in 1/M/s is the forward 

reaction rate constant, and 𝑘𝑏,ℎ𝑦𝑑 in 1/s is the backward reaction rate constant for the 

CO2 hydration Reaction (8-2). 𝑎𝐻2𝑂,𝑏
𝑒𝑞

 is the equilibrium bulk activity of water in M, 𝑅 

is the gas constant (= 8.3145 J/mol/K) and 𝑇 is temperature in K. 𝐷𝐻+  and 𝐷𝐻2𝐶𝑂3 can 

be calculated based on information provided in Table 3-2, Table 3-3, and Table 3-4. 

𝛿𝑚,𝐻+ equations for different flow geometry are given in Appendix X. The equation 

for 𝐾ℎ𝑦𝑑 is taken from Kahyarian et al. [107]. The 𝑘𝑓,ℎ𝑦𝑑 equation is obtained in this 

study by using the experimental results at pH 5 and 1 wt.% NaCl at 20oC, 50oC and 

80oC. The 𝑘𝑏,ℎ𝑦𝑑 equation is derived according to the 𝑘𝑏,ℎ𝑦𝑑 = 𝑘𝑓,ℎ𝑦𝑑/𝐾ℎ𝑦𝑑 relation.  

III) H2S corrosion 

Four different equations have been developed in this study for the calculation 

of 𝑖𝐿𝑖𝑚 in weak acid solutions including H2S-satuarated solution (Appendix W). The 

two most accurate ones are presented here: 

The theoretical two-section diffusion boundary layer equation: 
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𝑖𝐿𝑖𝑚 = −

1000𝑛𝐹𝑎
𝐻+,𝑏
𝑒𝑞

𝛿𝑚,𝐻2𝑆

𝐷𝑒𝑓𝑓
+
𝛾𝐻+
𝑐 𝛿∗
𝐷𝐻+

 
(12-20) 

where, 

 
𝐷𝑒𝑓𝑓 =

𝐷𝐻+

𝛾𝐻+
𝑐 +

𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎
𝐻+,𝑏
𝑒𝑞

𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐  

(12-21) 

 𝛿𝑟 = √
𝐷𝐻+  𝑎

𝐻+,𝑏
𝑒𝑞

𝛾𝐻+
𝑐 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆,𝑏

𝑒𝑞  
 (12-22) 

 
𝛿∗ = 𝛿𝑟 tanh(

𝛿𝑚,𝐻+ − 𝛿𝑚,𝐻2𝑆

𝛿𝑟
) 

(12-23) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝑛 is the charge number of the H+ ion reduction reaction (= 1), 

𝐹 is the Faraday’s constant (=96485.33 C/mol), 𝐷𝐻+ and 𝐷𝐻2𝑆 are the diffusion 

coefficients of H+ ion and H2S(aq) in m2/s, 𝐷𝑒𝑓𝑓 is the effective diffusion coefficient in 

m2/s, 𝑎
𝐻+,𝑏
𝑒𝑞

 and 𝑎𝐻2𝑆,𝑏
𝑒𝑞

 are the equilibrium bulk activities of H+ ion and H2S(aq) in M, 

𝛾𝐻+
𝑐  and 𝛾𝐻2𝑆

𝑐  are the activity coefficients for H+ ion and H2S(aq) in molarity basis, 

𝑘𝑓,𝐻2𝑆 is the forward reaction rate constant for the H2S dissociation Reaction (8-40) in 

1/s, 𝛿𝑚,𝐻+ and 𝛿𝑚,𝐻2𝑆 are the thickness of the mass transfer boundary layers for H+ 

ion and H2S(aq), 𝛿𝑟 is the thickness of the chemical reaction boundary layer in m, and 

𝛿∗ is in m. The derivation of 𝑖𝐿𝑖𝑚 equations for H2S corrosion is explained in 

Appendix W. 

The 𝑎
𝐻+,𝑏
𝑒𝑞

 and 𝑎𝐻2𝑆,𝑏
𝑒𝑞

 are calculated with the MSE model. As mentioned 

earlier, the MSE model outputs are in the mole fraction unit, and they must be 

converted to the molarity unit. Equation (A-11) can be used to convert the mole 

fraction concentration unit to the molarity concentration. For water, to convert from 

the mole fraction unit to the molarity unit, Equation (A-12) is given. The activity 
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coefficients also need to be converted from the mole fraction basis to the molarity 

basis, using Equation (P-10) in Appendix P. Finally, the product of the molarity 

concentration and the molarity-based activity coefficient provides the activity in the 

molarity unit. The 𝛾𝐻+
𝑐  is assumed identical to 𝛾𝐻3𝑂+

𝑐  calculated from the MSE model. 

𝑘𝑓,𝐻2𝑆 is equal to 6.24 × 103 1/s [315]. 

The semi-empirical two-section diffusion boundary layer equation: 

 
𝑖𝑙𝑖𝑚 =

𝐹𝑎
𝐻+,𝑏
𝑒𝑞

𝛿𝑚,𝐻+ − 𝛿𝑚,𝐻𝑠𝑆

𝐹𝑎𝑐𝑡𝑜𝑟 (
𝐷𝐻+

𝛾𝐻+
𝑐 )

+
𝛿𝑚,𝐻𝑠𝑆

𝐷𝑒𝑓𝑓

 
(12-24) 

where, 𝐹𝑎𝑐𝑡𝑜𝑟 is an empirical factor: 

 𝐹𝑎𝑐𝑡𝑜𝑟 =
𝑎
𝐻+,𝑏
𝑒𝑞

+ 𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎
𝐻+,𝑏
𝑒𝑞  (12-25) 

other parameters have the same definition as those for the theoretical equation. 

In the following, the calculated 𝑖𝐿𝑖𝑚 values obtained by the above equations 

are compared with those measured in strong acid, CO2, and H2S corrosion 

experiments in this study. 

Figure 12-1 compares the experimental 𝑖𝐿𝑖𝑚 values obtained in the RDE and 

the RCE strong acid experiments in Sections 9.1 and 9.2 with those calculated with 

Equation (12-12). The model predictions of 𝑖𝐿𝑖𝑚 are accurate for both sets of 

experimental data over the entire range of NaCl concentrations. Most of the predicted 

𝑖𝐿𝑖𝑚 values are within the 20% of the experimental results as presented by the Parity 

plot in Figure 12-2. This indicates that all the information and models used to 

calculate 𝑖𝐿𝑖𝑚 are accurate, such as models for the solution density, the solution 

viscosity, the H+ ion diffusion coefficient, the H+ concentration, and the mass transfer 
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boundary layers. The maximum seen in the model predictions at ~ 1 wt.% NaCl is due 

to the H+ ion profile with respect to NaCl concentration (similar to Figure 10-17 C).  

The comparison presented here helps to understand better the reasons for 

possible disagreements between 𝑖𝐿𝑖𝑚 predictions and  experimental 𝑖𝐿𝑖𝑚 values for the 

CO2 and H2S corrosion.



   

Figure 12-1 

The comparison of the calculated limiting current density values with those obtained 

from the measurements in (A) the RDE strong acid corrosion experiments at 10oC, pH 

3, 1 bar N2(g), and 2000 rpm, and (B) the RCE strong acid corrosion experiments at 

20oC, pH 3, 1 bar N2(g) , and 1000 rpm. 

(A) 

 
(B) 
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Figure 12-2 

The Parity plot compares the predicted limiting current density (𝑖𝐿𝑖𝑚) values with 

those measured in strong acid (N2(g)) corrosion experiments. 

 

 

Figure 12-3 shows the comparisons between the experimental 𝑖𝐿𝑖𝑚 values 

obtained in the RDE and the RCE CO2 experiments in Sections 10.1 and 10.2 with 

those calculated with Equation (12-13). For Figure 12-3 A, the calculated 𝑖𝐿𝑖𝑚 values 

are very close to the experimental values for the entire NaCl concentration range. At 

pH 3, the CO2 buffering effect is negligible and similar 𝑖𝐿𝑖𝑚 values are expected in the 

absence and presence of CO2. This can be confirmed by comparing the experimental 

𝑖𝐿𝑖𝑚 results for strong acid corrosion in Figure 12-1 A with those reported in Figure 

12-3 A. The predicted 𝑖𝐿𝑖𝑚 values in CO2 corrosion at 10oC and pH 3 are slightly 

larger than the predicted 𝑖𝐿𝑖𝑚 values in strong acid under the same conditions. This 

shows that the buffering effect has a minor contribution in the overall 𝑖𝐿𝑖𝑚. Also, this 
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comparison proves that the 𝑖𝐿𝑖𝑚 equation for CO2 corrosion works for strong acid 

conditions as well. 

 

Figure 12-3 

The comparison of the calculated limiting current density values with those obtained 

from the measurements in (A) the RDE CO2 corrosion experiments at 10oC, pH 3, 1 

bar CO2(g), and 2000 rpm, and (B) the RCE CO2 corrosion experiments at 30oC, 

autogenous pH 3, 1 bar CO2(g) , and 1000 rpm. 

(A) 

 
(B) 
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For the CO2 corrosion experiments at 30oC and autogenous pH, the predicted 

𝑖𝐿𝑖𝑚 values in Figure 12-3 B matches very well with the experimental results up to 10 

wt.% NaCl. However, the calculated 𝑖𝐿𝑖𝑚 values at 20 wt.% NaCl deviates by ~ 0.8 

A/m2 for the measured 𝑖𝐿𝑖𝑚 at this NaCl concentration. The reason can be found out 

by looking at 𝐷𝑒𝑓𝑓 and 𝑎
𝐻+,𝑏
𝑒𝑞

 trends with NaCl concentrations as these are the only 

parameters in 𝑖𝐿𝑖𝑚 Equation (12-13) that change with NaCl concentration. The 

experiments in this study were done in an open system at a constant partial pressure of 

CO2(g), so 𝑎𝐶𝑂2,𝑏
𝑒𝑞

 was constant for all NaCl concentrations. 𝑎𝐻2𝑂,𝑏
𝑒𝑞

 in 𝑖𝐿𝑖𝑚 Equation 

(12-13) is canceled out by that in 𝑘𝑓,ℎ𝑦𝑑 Equation (12-18). At a constant solution pH, 

𝑎
𝐻+,𝑏
𝑒𝑞

 is also constant and the only parameter that changes 𝑖𝐿𝑖𝑚 with NaCl 

concentration is 𝐷𝑒𝑓𝑓. Therefore, it is expected that at a constant pH the trends for 

𝑖𝐿𝑖𝑚 and 𝐷𝑒𝑓𝑓 with NaCl concentration be similar. This can be confirmed by 

comparing the 𝑖𝐿𝑖𝑚 trend for the RCE CO2 experiments at constant pH 3 in Figure 

12-3 A by that for 𝐷𝑒𝑓𝑓 presented in Figure 12-4. However, for the case of 

autogenous solution pH, both 𝑎𝐻2𝑂,𝑏
𝑒𝑞

 and 𝐷𝑒𝑓𝑓 vary with NaCl concentration. As 

shown in Figure 12-4, 𝐷𝑒𝑓𝑓 decreases with increasing NaCl concentration. However, 

𝑎𝐻2𝑂,𝑏
𝑒𝑞

 increases continually when NaCl concentration is increased, as reported in 

Figure 10-17 C. At NaCl concentrations greater than 10 wt.%, the slope of changes in 

𝑎𝐻2𝑂,𝑏
𝑒𝑞

 with respect to NaCl concentration is greater than that for 𝐷𝑒𝑓𝑓 and because of 

that the 𝑖𝐿𝑖𝑚 value at 20 wt.% NaCl is higher than the measured 𝑖𝐿𝑖𝑚 value. This 

overprediction is not seen in the constant pH 𝑖𝐿𝑖𝑚 calculations because of the nature of 

the 𝑖𝐿𝑖𝑚 equation for CO2 corrosion. In autogenous solution pH, 𝑎𝐻2𝑂,𝑏
𝑒𝑞

 is not constant 

and therefore the errors in calculating that with the solution chemistry model 
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influence the 𝑖𝐿𝑖𝑚 predictions. The overprediction of pH values at high NaCl 

concentrations obtained by the MSE model for 1 bar CO2 and 30oC shown in Figure 

10-16 is a proof for the above argument. 

 

Figure 12-4 

Changes in the H+ ion effective diffusion coefficient (𝐷𝑒𝑓𝑓) with NaCl concentration 

in the presence of 1 CO2(g) at different solution pH and temperatures. 

 

 

Figure 12-5 compares the experimental 𝑖𝐿𝑖𝑚 values measured at 20oC, 50oC, 

and 80oC in the RCE CO2 corrosion experiments in Sections 10.3 and 10.4 with those 

calculated with Equation (12-12)(12-13). At 1 wt.% NaCl concentration, the predicted 

𝑖𝐿𝑖𝑚 values are almost the same as the measured 𝑖𝐿𝑖𝑚 values for all three temperatures. 

This is not a surprise as the 𝑘𝑓,ℎ𝑦𝑑 equation proposed in this study was calibrated with 

these three data points. There is a slight underprediction for all three temperatures at 

high NaCl concentrations. The underprediction at 20 wt.% NaCl is ~ 15% for 20oC, 
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10% for 50oC, and ~17% for 80oC. Few reasons might be behind the underprediction 

in 𝑖𝐿𝑖𝑚. 

 

Figure 12-5 

The comparison of the calculated limiting current density values with those obtained 

from the measurements in the RCE CO2 corrosion experiments at pH 5, 1 bar CO2(g), 

and 1000 rpm at 20oC, 50oC, and 80oC. The dotted lines are just to show the trend. 

 

 

The 𝑘𝑓,ℎ𝑦𝑑 has been always expressed as a function of temperature in the 

literature [107,267,298,316]. It is possible that 𝑘𝑓,ℎ𝑦𝑑 changes with salt concentration 

as well. However, since at higher NaCl concentrations, the availability of free water 

molecules in the solution decreases, it is expected that 𝑘𝑓,ℎ𝑦𝑑 decreases with 

increasing NaCl. This results in a lower 𝑖𝐿𝑖𝑚 value and therefore does not solve the 

underprediction problem. Another possible reason is the activity coefficient and the 



499 

 

  

diffusion coefficient of H2CO3(aq) in the 𝐷𝑒𝑓𝑓 Equation (12-14). The activity 

coefficient of H2CO3(aq) is assumed to be same as that for CO2(aq). At 20oC, pH 5, 1 

bar CO2, and 20 wt.% NaCl the molality-based activity coefficient of CO2(aq) is ~ 2.3 

(Figure 10-29 A). This number is around 1.7 for 1 bar H2S(aq) (Figure 11-14 A). Both 

CO2(aq) and H2S(aq) molecules are neutrals, the same as H2CO3(aq). However, their 

molecular structures and weights are different, which are likely the reasons for their 

different activity coefficients at the similar conditions. Therefore, it would not be 

surprising if the activity coefficient of H2CO3(aq) is different from that for CO2(aq). The 

salt concentration dependency of H2CO3(aq) diffusion coefficient is also assumed to be 

same as that for CO2(aq) (Table 3-4). Therefore, uncertainty about H2CO3(aq) activity 

coefficient and diffusion coefficient values might be another reason for the observed 

underprediction in 𝑖𝐿𝑖𝑚. The last possible reason is related to the inaccuracy of the 

MSE model at high NaCl concentrations used to calculate the activities for the 𝑖𝐿𝑖𝑚 

Equation (12-13).  

The 𝑖𝐿𝑖𝑚 predictions for CO2 corrosion experiments with the proposed 𝑖𝐿𝑖𝑚 

equation show acceptable accuracy for most experimental conditions carried out in 

this study. Most 𝑖𝐿𝑖𝑚 predictions are within the 20% of the measured 𝑖𝐿𝑖𝑚 values as 

shown by Parity plot in Figure 12-6. Despite this, possible reasons for inaccuracies 

observed in the 𝑖𝐿𝑖𝑚 predictions have been discussed for different experimental 

conditions. The predictions can become more accurate by improving the solution 

chemistry models and determining H2CO3(aq) activity coefficient and diffusion 

coefficients for high salt concentrations. 
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Figure 12-6 

The Parity plot compares the predicted limiting current density (𝑖𝐿𝑖𝑚) values with 

those measured in CO2 corrosion experiments. 

  

 

Figure 12-7 compares the experimental 𝑖𝐿𝑖𝑚 values obtained in the RCE H2S 

experiments in Sections 11.2 and 11.3 with those calculated with Equations (12-20) 

and (12-24). The semi-empirical Equation (12-24) predicts 𝑖𝐿𝑖𝑚 at 100 ppm H2S(g) 

more accurately than the theoretical Equation (12-20). At 100 ppm H2S(g), 𝑎𝐻2𝑆,𝑏
𝑒𝑞

 is 

very small. This makes the second term on the 𝐷𝑒𝑓𝑓 Equation (12-21) negligible and 

the 𝐷𝑒𝑓𝑓 trend with NaCl concentration will be the mirror of the 𝛾𝐻+
𝑐  trend (similar to 

Figure 11-14 C). Therefore, the theoretical 𝑖𝐿𝑖𝑚 Equation shows a maximum at ~ 1 

wt.% NaCl. The theoretical 𝑖𝐿𝑖𝑚 Equation overpredicts considerably at 1 wt.% NaCl 

concentration. The reason for this overprediction could be due to the assumptions of 

constant 𝑎𝐻2𝑆,𝑏
𝑒𝑞

 in the outer part of the two-section mass transfer boundary layer or the 

constant 𝑎𝐻𝑆−,𝑏
𝑒𝑞

 over the entire thickness of the mass transfer boundary layer.  
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Figure 12-7 

The comparison of the calculated limiting current density values with those obtained 

from the measurements in (A) the RCE H2S corrosion experiments at 20oC, pH 5, 1 

bar total pressure, 100 ppm H2S(g), and 1000 rpm, and (B) the RCE H2S corrosion 

experiments at 20oC, pH 5, 1 bar H2S(g) , and 1000 rpm. 

(A) 

 
(B) 

 
 

For the 1 bar H2S corrosion experiments in Figure 12-7 B, both equations 

underpredict 𝑖𝐿𝑖𝑚 for the whole range of NaCl concentrations. The first speculation 

about the reason is that the 𝑘𝑓,𝐻2𝑆 value is inaccurate. However, this cannot be correct 



502 

 

  

as 𝑘𝑓,𝐻2𝑆 is not involved in the semi-empirical equation. Moreover, 𝑘𝑓,𝐻2𝑆 values up to 

108 times of the original value were tested and no significant increase was observed in 

the predicted 𝑖𝐿𝑖𝑚 values. Since the underprediction occurs for all NaCl 

concentrations, therefore the possible inaccuracies in the solution chemistry model 

and the H2S diffusion coefficient cannot be the cause. The only reason left is the 

constant 𝑎𝐻2𝑆,𝑏
𝑒𝑞

 and 𝑎𝐻𝑆−,𝑏
𝑒𝑞

 assumptions made to derive the two 𝑖𝐿𝑖𝑚 equation. 

The underprediction reported here for 𝑖𝐿𝑖𝑚 at 1 bar of H2S does not impact the 

H2S corrosion rate prediction, because the H2S corrosion process at high H2S partial 

pressures is controlled by the charge transfer processes, as shown by the Evans 

diagrams in Figure 11-21. For low H2S partial pressures (below 0.1 bar), the semi-

empirical equation showed very good accuracy when compared with the experimental 

data presented in this study and those reported by Zheng [49]. 

12.3 Corrosion Current Density (𝒊𝑪𝒐𝒓𝒓) 

The charge-transfer current density equations for the H+ ion reduction (𝑖𝑐𝑡,𝐻+), 

the Fe oxidation (𝑖𝑐𝑡,𝐹𝑒), and H2O reduction (𝑖𝑐𝑡,𝐻2𝑂) reactions are given. The limiting 

current density equations for the H+ ion reduction (𝑖𝐿𝑖𝑚) are provided. The net current 

densities for the Fe oxidation (𝑖𝐹𝑒) and the H2O reduction (𝑖𝐻2𝑂) reactions are equal to 

their charge-transfer current densities as the rate of these two reactions in carbon steel 

aqueous corrosion are controlled by the charge transfer processes: 

 𝑖𝐹𝑒 = 𝑖𝑐𝑡,𝐹𝑒 (12-26) 

 𝑖𝐻2𝑂 = 𝑖𝑐𝑡,𝐻2𝑂 (12-27) 
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For the H+ ion reduction reaction to calculate the net current density (𝑖𝐻+) as a 

function of both charge transfer and limiting current densities, the following equation 

can be used: 

 𝑖𝐻+ =
𝑖𝑐𝑡,𝐻+𝑖𝐿𝑖𝑚

𝑖𝑐𝑡,𝐻+ + 𝑖𝐿𝑖𝑚
 (12-28) 

The Equation (12-28) is theoretically valid when the reaction order with respect to the 

activity of H+ ion is one in 𝑖𝑐𝑡,𝐻+ Equation (12-5). However, it has been shown that 

Equation (12-28) matches well with the experimental results for all three types of 

corrosion, with an H+ ion reaction order of 0.5, which is used in this study [96,317]. 

Kim [318] provided an analytical equation for 𝑖𝐻+ with an H+ ion reaction order of 

0.5. 

The net current densities are calculated in small potential steps (for example 

every 1 mV) over a potential range that covers the corrosion potential (𝐸𝑐𝑜𝑟𝑟 or OCP). 

For example, the OCP of X65 carbon steel in an aqueous solution is usually between -

600 to -800 mV vs. Ag/AgCl reference electrode. All the current densities are in A/m2 

in this study. The calculated net current densities are commonly two straight lines (in 

semi-log potential vs. log(i) scale) for the Fe oxidation and the H2O reduction 

reactions and an L-shape curve for the H+ ion reduction reaction, as shown in Figure 

12-8. 
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Figure 12-8 

An example of the net current densities for Fe oxidation, H+ ion reduction, and H2O 

reduction reactions as functions of the electrode potential for natural occurring 

corrosion of carbon steel in aqueous solutions.  

 

 

The corrosion current density can be obtained by implementing the charge 

balance equation at the metal surface [314]103: 

 ∑𝑖𝑎

𝑛𝑎

1

=∑𝑖𝑐

𝑛𝑐

1

 (12-29) 

where, 𝑛𝑎 and 𝑖𝑎 are the total number of anodic reactions and their corresponding net 

current densities, and 𝑛𝑐 and 𝑖𝑐 are the total number of cathodic reactions and their 

corresponding net current densities. The only anodic reaction in aqueous corrosion of 

carbon steel is Fe oxidation and the cathodic reactions are the H+ ion reduction and 

 
103 The cathodic current is considered positive in this argument. It is also common to assume the 

cathodic current as a negative current (See Equation (2-3). 
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the H2O reduction reactions. Therefore Equation (12-29) will be as follows for the 

case of aqueous corrosion of carbon steel: 

 𝑖𝐹𝑒 = 𝑖𝐻+ + 𝑖𝐻2𝑂 (12-30) 

To obtain the net cathodic current density, 𝑖𝐻+ and 𝑖𝐻2𝑂 need to be added up at any 

given potential over the entire potential range of interest. For 𝑖𝐹𝑒, since it is only one 

current density there is no need to do that. The corrosion current density (𝑖𝐶𝑜𝑟𝑟) is the 

current density at which the net anodic current density is equal to the net cathodic 

current density. Or, in other words, 𝑖𝐶𝑜𝑟𝑟 is the current density at which the 

subtraction of the net cathodic current density from the net anodic current density or 

vice versa is equal to zero. The corresponding electrode potential at which the 

corrosion current density occurs is the corrosion potential (𝐸𝑐𝑜𝑟𝑟) or the open circuit 

potential (OCP).  

Figure 12-9 shows an example of the net anodic and the net cathodic current 

density curves. 𝑖𝐶𝑜𝑟𝑟 and 𝐸𝑐𝑜𝑟𝑟 are the corresponding current density and the electrode 

potential at which the two curves intersect. Figure 12-9 shows the summation of 

curves presented in Figure 12-8. 

. 
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Figure 12-9 

An example of the net anodic and cathodic current densities as functions of the 

electrode potential for natural occurring corrosion of carbon steel in aqueous 

solutions. 𝑖𝐶𝑜𝑟𝑟 and 𝐸𝑐𝑜𝑟𝑟 are the corrosion current density and the corrosion 

potential, respectively. 

 

Finally, the calculated corrosion current density (𝑖𝐶𝑜𝑟𝑟) can be converted to a 

corrosion rate (𝐶𝑅) in mm/y by using the equation below: 

 𝐶𝑅 = 3.1536 × 1010
𝑀

𝑛𝐹𝑑
𝑖𝐶𝑜𝑟𝑟 ≅ 1.16 𝑖𝐶𝑜𝑟𝑟 (12-31) 

where, 𝑖𝐶𝑜𝑟𝑟 is A/m2, 𝑀 is the molecular weight of carbon steel (= 55.85×10-3 

kg/mol), 𝑛 is the number of electrons exchanged within the dissolution reaction (= 2), 

𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝑑 is the density of carbon steel (= 

7870 kg/m3).  



507 

 

  

12.4 Corrosion Rate Prediction Model Performance: Calculated Corrosion Rates 

vs. Measured Corrosion Rates 

In this section the accuracy of the final corrosion rate prediction model is 

evaluated at different experimental conditions and NaCl concentrations. In Figure 

12-10 to Figure 12-17, the corrosion rates measured at different NaCl concentrations 

in each set of experiments are compared at the same conditions with those calculated 

with the corrosion rate prediction model developed in this study. Also, the predicted 

PD sweeps at 1 wt.% and 20 wt.% NaCl concentrations are overlapped with the 

experimental sweeps at these NaCl concentrations to evaluate the performance of the 

model in capturing the effect of salt concentration on various kinetic features of the 

PD sweeps. 

Generally, the predicted corrosion rates match very well with the measured 

ones for all sets of experiments. For those sets of experiments for which a maximum 

in the corrosion rate was observed at low NaCl concentrations, such as those in Figure 

12-12, Figure 12-13, and Figure 12-14, the corrosion prediction model can capture the 

trend perfectly. 

The predicted PD sweeps are also well-matched with the experimental PD 

sweeps. The only considerable deviation in the PD sweeps is related to the H2O 

reduction reaction line. The reason for this deviation is the use of a single parameter 

for all types of corrosion.  
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Figure 12-10 

The comparison of the calculated corrosion rate values and the PD sweeps with those 

obtained from the measurements in the RDE strong acid corrosion experiments at 

10oC, pH 3, ~1 bar N2(g), and 2000 rpm. 

(A) 

 
(B) 
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Figure 12-11 

The comparison of the calculated corrosion rates and the PD sweeps with those 

obtained from the measurements in the RCE strong acid corrosion experiments at 

20oC, pH 3, ~1 bar N2(g) , and 1000 rpm. 

(A) 

 
(B) 
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Figure 12-12 

The comparison of the calculated corrosion rates and the PD sweeps with those 

obtained from the measurements in the RDE CO2 corrosion experiments at 10oC, pH 

3, ~1 bar CO2(g) , and 2000 rpm. 

(A) 

 
(B) 
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Figure 12-13 

The comparison of the calculated corrosion rates and the PD sweeps with those 

obtained from the measurements in the RCE CO2 corrosion experiments at 30oC, 

autogenous pH, ~1 bar CO2(g) , and 1000 rpm. 

(A) 

 
(B) 

 



512 

 

  

Figure 12-14 

The comparison of the calculated corrosion rates and the PD sweeps with those 

obtained from the measurements in the RCE CO2 corrosion experiments at 20oC, pH 

5, ~1 bar CO2(g) , and 1000 rpm. 

(A) 

 
(B) 
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Figure 12-15 

The comparison of the calculated corrosion rates with those obtained from the 

measurements in the RCE CO2 corrosion experiments at pH 5, 1 bar total pressure, 

1000 rpm, and (A) 50oC and pCO2(g) ≅ 0.9 bar and (B) 80oC and pCO2(g) ≅ 0.57 bar. 

(A) 

 
(B) 
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Figure 12-16 

The comparison of the calculated corrosion rates and the PD sweeps with those 

obtained from the measurements in the RCE H2S corrosion experiments at 20oC, pH 

5, 1 bar total pressure, 100 ppm (10-4 bar) H2S(g), and 1000 rpm. 

(A) 

 
(B) 
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Figure 12-17 

The comparison of the calculated corrosion rates and the PD sweeps with those 

obtained from the measurements in the RCE H2S corrosion experiments at 20oC, pH 

5, ~1 bar H2S(g), and 1000 rpm. 

(A) 

 
(B) 
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Figure 12-18 compares the calculated corrosion rates with the measured 

corrosion rates in this study in the form of a parity plot. For most of the data points, 

the errors in the predictions are less than 20%. For a better analysis of the corrosion 

rate prediction model performance the magnitude of the prediction errors is calculate 

for each data point. 

 

Figure 12-18 

A parity plot compares the calculated corrosion rates with those measured in this 

study in N2-saturated solutions (strong acid corrosion), CO2-saturated solution (CO2 

corrosion), and H2S-saturated solutions (H2S corrosion). Totally, 37 data points are 

compared. 
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The average absolute errors104 in the corrosion rate predictions for each type of 

corrosion rate data are presented in Figure 12 19. The corrosion rate prediction model 

performed better on CO2 corrosion rate data followed by H2S corrosion rate data. The 

corrosion rate predictions for strong acid corrosion has the least accuracy among the 

three. Although a broad range of conditions has been investigated in this study, it is 

possible to have different average errors if other conditions are entered into the model. 

However, the “Total” column, which covers the errors in the corrosion rate 

predictions for the all the experimental data, shows that the total average of the 

absolute errors in the corrosion rate predictions is around 13.5%. The standard 

deviation of the absolute errors for all the corrosion rate predictions in this study is 

14.5%. This magnitude of absolute error can be considered quite pleasing when the 

complexity and the extent of information required to develop this corrosion rate 

prediction model are taken into account.  

 

 
104 Absolute error% = 100 × |measured corrosion rate-calculated corrosion rate| / measured corrosion 

rate 



   

Figure 12-19 

The average absolute errors obtained by comparing the corrosion rate predictions with 

the experimental corrosion rate data measured in this study for three types of corrosion. 

“Total” considers the errors in the corrosion rate predictions for the all the experimental 

data. 

 

 

Figure 12-20 shows the scatters of errors obtained by the corrosion rate prediction 

model for each type of corrosion by a box and whisker plot. The scatters of errors are 

similar for CO2 and H2S corrosion rate predictions. The calculated corrosion rates for 

strong acid corrosion are more scattered than the other two with a maximum error of ~ 

70%.  The 70% error is related to the corrosion rate prediction in the strong acid RCE 

experiments at 20 wt.% NaCl, which seems to be very close to the measured corrosion 

rate shown Figure 12-11. The next largest error is around 40% for the CO2 RCE 

experiments at 30oC, autogenous pH, and 20 wt.% NaCl. 
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The column “Total” in Figure 12-20 considers the errors in the corrosion rate 

predictions for all the experimental data in this study, i.e., strong acid, CO2, and H2S 

corrosion all together. The “Total” column shows that the median of errors for the 

corrosion rate prediction model is approximately 8%. This mean that for half of the 

experimental conditions, the corrosion rate model was able to predict the corrosion rate 

with an accuracy of around 8%, which is an indication of the acceptable performance of 

the corrosion rate prediction model. 

 

Figure 12-20 

The box and whisker plot (min, quartile 1, median, quartile 3 and max) of the corrosion 

rate prediction errors for three types of experimental corrosion data measured in this 

study. “Total” considers the errors for all the measured data in this study. 
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In summary, the average absolute accuracy of the corrosion rate prediction model 

is 13.5%. The median of the absolute errors is ~ 8% and the standard deviation of 

absolute errors is 14.5%. 

12.5 Corrosion Rate Prediction Model Validation Range and Limitations 

The corrosion rate prediction model developed in this study is valid for the H2O-

NaCl-CO2-H2S system, temperatures above the water freezing point and below the water 

boiling point, pressures up to few bars, solution pH values from 1.0 up to 6.5, and NaCl 

concentrations between zero to 20 wt.% (~4.3 m). The model is applicable to CO2 and 

H2S partial pressures between 0 bar to 1 bar as well. It is expected that the model works 

for higher pressures up to the critical pressure of CO2(g) (~ 73 bar). 

In the proposed models, there are a few factors which are not taken into 

consideration. These factors need to be pointed out here to avoid any confusion or misuse 

of the model: 

1. The current model is only valid for prediction uniform corrosion of carbon steel. 

It does not cover scenarios when corrosion product surface layers such as iron 

carbonate or iron sulfides are present or localized corrosion is expected. However, 

the model provides a solid foundation for constructing models for such scenarios. 

2. The model is valid for the H2O-NaCl-CO2-H2S system. The effects of oxygen, 

dissolved ferrous ion, elemental sulfur, and other dissolved species are not 

considered. 

3.  The model is only applicable to the water-rich phase. It is not designed for the 

dense gas-rich phase (dissolution of water phase into the dense gas phase). 
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4. The model is only valid for single-phase liquid flows. For multiphase flows 

appropriate empirical mass transfer correlations need to be integrated into the 

model. to couple with the current model. 

5. The accuracy of the model at very low NaCl concentrations, between (0 wt.% to 

0.1 wt.%) might be not as good as that for higher NaCl concentrations. 
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 Overall Summary and Conclusions 

In the present dissertation study, the effect of salt (NaCl) concentration on 

aqueous uniform strong acid, CO2, and H2S corrosion of carbon steel is investigated. The 

key parameters in the corrosion process that are influenced by changing salt 

concentration are identified: transport phenomena (solution density, solution viscosity 

and diffusion coefficients of dissolved species), solution chemistry, and electrochemistry 

of underlying reactions. Models are reproduced or developed for accounting for the effect 

of salt concentration on transport phenomena and solution chemistry. The effect of salt 

concentration on electrochemistry of the corrosion processes was studied by preforming 

eight sets of experiments at different salt concentrations, with key conditions as follows: 

Strong acid corrosion: 

1. N2-saturated solution, RDE, 10oC, ~1 bar pN2(g), pH 3, 2000 rpm, 0.1-20 wt.% 

NaCl 

2. N2-saturated solution, RCE, 20oC, ~1 bar pN2(g), pH 3, 1000 rpm, 0.1-20 wt.% 

NaCl 

CO2 corrosion: 

3. CO2-saturated solution, RDE, 10oC, ~1 bar pCO2(g), pH 3, 2000 rpm, 1-20 wt.% 

NaCl 

4. CO2-saturated solution, RCE, 30oC, ~1 bar pCO2(g), autogenous pH, 1000 rpm, 0-

20 wt.% NaCl 

5. CO2-saturated solution, RCE, 20oC, ~1 bar pCO2(g), pH 5, 1000 rpm, 0.1-20 wt.% 

NaCl 
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6. CO2-saturated solution, RCE, 50oC and 80oC, total pressure of 1 bar, pH 5, 1000 

rpm, 1 wt.% and 20 wt.% NaCl 

H2S corrosion: 

7. H2S-N2 saturated solution, RCE, 20oC, total pressure of 1 bar, 100 ppm H2S(g), pH 

5, 1000 rpm, 1 wt.% and 20 wt.% NaCl 

8. H2S-saturated solution, RCE, 20oC, ~1 bar pH2S(g), pH 5, 1000 rpm, 0.1-20 wt.% 

NaCl 

The experimental results are used to quantify the effect of salt concentration on 

kinetic parameters needed for the development of an electrochemical model. The 

electrochemical model is completed with implementing the new limiting current density 

equations proposed in this study for the first time. Ultimately, the models for transport 

phenomena and solution chemistry are coupled with the electrochemical model to build 

the final corrosion rate prediction model. The major conclusions derived in this study are 

summarized and the performance of the corrosion rate prediction model is briefly 

described below: 

1. Increase in salt concentration, increases solution density; and generally, increases 

solution viscosity; decreases diffusion coefficient of dissolved species.  

2. The Smolyakov equation is chosen for correcting the diffusion coefficients for the 

effect of temperature. The square root equation (Kohlrausch law) is used for 

correcting the diffusion coefficients for the effect of salt concentration. The 

coefficients in both equations are modified in this study for correcting diffusion 
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coefficients of dissolved species important in aqueous corrosion of carbon steel, 

such as H+ ion, carbonic acid (H2CO3(aq)) and hydrogen sulfide (H2S(aq)).  

3. Gas solubility, including CO2(g) and H2S(g) solubilities, decreases when salt is 

added to the solution. This is called the salting-out effect. Very accurate models 

have been reproduced for salting out of CO2(g) and H2S(g) in aqueous NaCl 

solutions valid for a wide range of temperatures, pressures, and NaCl 

concentrations. 

4. Increasing salt concentration changes interspecies interactions in the solutions. 

Also, it decreases the number of free water molecules in the solution. In the 

solution chemistry models (or water chemistry models or thermodynamic 

speciation equilibrium models), the changes in interspecies interactions are 

accounted for by activity coefficients. The change in number of free water 

molecules is considered by water activity or osmotic coefficient. 

5. Two types of solution chemistry models are reproduced in this study and 

compared with one another: ionic strength-based models and activity coefficient-

based models. The first group is simpler to reproduce; this only sometimes results 

in more accurate predictions of equilibrium concentrations and solution pH. 

However, the second group is often more accurate and has a broader validity 

range in terms of temperature, pressure, number of dissolved species, and 

concentration of dissolved species. The activity coefficient-based models can be 

valid for compositions extending from very dilute solutions, such as pure water, to 

fused salts. 
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6. The comparison of the solution chemistry models shows that the mixed solvent 

electrolyte (MSE) model is the most accurate model available in the literature for 

the H2O-NaCl-CO2-H2S systems. The MSE model is chosen for the solution 

chemistry calculations in this study.  

7. The pH measurements at 1 bar total pressure and temperatures below 80oC 

showed that the autogenous pH of aqueous CO2- and H2S-saturated solutions 

decreased with increasing NaCl concentration. However, when the solution was 

saturated with N2 gas, the autogenous pH of solution increased. The reason for the 

decrease in the solution pH is attributed to the changes in the interactions between 

different species in the solution with increasing salt concentration. The solution 

chemistry models could predict the behavior of solution pH in CO2- and H2S-

saturated solutions. However, the increasing trend of pH in N2-saturated solutions 

could not be captured with these models.  

8. The analysis of the PD sweeps in all sets of experiments showed that with 

increasing NaCl concentration the rate of the cathodic H+ ion reduction reaction 

decreased continually, while the rate of the cathodic water reduction reaction 

generally increased. The rate of anodic dissolution of Fe in the active region 

increased at lower NaCl concentrations and then switched trend and decreased at 

higher NaCl concentrations. 

9. The results of the experimental sets #1 and #2 in N2-saturated solutions showed 

that with increasing NaCl concentration, the uniform strong acid corrosion rate 

decreased steadily; both cathodic (H+ reduction) and anodic (iron dissolution) 
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charge transfer reactions were retarded; the limiting current density (𝑖𝐿𝑖𝑚) for H+ 

ion reduction decreased. Salt concentration seemed to have no effect on the 

mechanism of active dissolution of iron. However, it apparently altered the 

mechanism of H+ ion reduction at the steel surface. 

10. The results of the experimental sets #3 to #6 in CO2-saturated solutions showed 

that the uniform CO2 corrosion rate first increased between 1 wt.% and 3 wt.% 

and then switched trend and decreased continually between 3 wt.% and 20 wt.%. 

The increase in the CO2 corrosion rate at low NaCl concentrations was due to the 

acceleration of the active dissolution reaction of iron. The decrease in the CO2 

corrosion rate at higher NaCl concentrations was attributed to retardation of both 

iron dissolution and charge transfer controlled reactions as well as the decrease in 

𝑖𝐿𝑖𝑚. At low temperatures (e.g., 20oC) and low solution pH values (e.g., 3), the 

charge transfer iron dissolution and H+ ion reduction reactions controlled the rate 

of the CO2 corrosion process. However, at higher temperature (e.g., 50oC) and 

higher pH values the CO2 corrosion process was under mixed control (charge 

transfer, mass transfer, and chemical reaction control). At 80oC and pH 5, and 1 

wt.%, the CO2 corrosion process was purely controlled by 𝑖𝐿𝑖𝑚, i.e., a 

combination of mass transfer and chemical reaction control. 

11. The results of the experimental sets #7 to #8 in H2S-saturated solutions indicated 

that the uniform H2S corrosion rate decreased monotonously with increasing NaCl 

concentration. Below 1 wt.%, NaCl, the decrease in the rate of the cathodic H+ ion 

reduction reaction and above 1 wt.% NaCl in addition to that the decrease in the 
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rate of the iron dissolution reaction were the reasons for the decrease in the H2S 

corrosion rate with NaCl concentration. 

12. The analysis of PD sweeps suggested that in H2S corrosion the mechanisms of 

cathodic H+ ion reduction and anodic iron dissolution differ somewhat from those 

that occurring in strong acid and CO2 corrosion. However, H2S corrosion 

mechanisms at 1 bar H2S(g) were unaffected by salt concentration. Additionally, 

the Evans diagrams demonstrated that the H2S corrosion process at ~ 1 bar H2S(g) 

was under pure charge transfer control for the entire range of NaCl 

concentrations. 

13. The comparison of the exchange current density results in N2-saturated solutions 

(pCO2 = 0 bar) and CO2-saturated solutions (pCO2 ≅ 1 bar) at 10oC and pH 3 

indicated that the rates of both charge transfer cathodic H+ ion reduction and 

anodic iron dissolution reactions increased slightly with increasing NaCl 

concentration. This suggests that the presence of CO2 influenced the charge 

transfer cathodic H+ ion reduction and the anodic iron dissolution reactions. 

However, since the increase was within the experimental and the fitting procedure 

errors, this conclusion needs further investigation and is recommended as a 

priority for future work. 

14. The comparison of the exchange current density results obtained for H2S 

corrosion at two partial pressures of 10-4 bar and ~1 bar showed that the charge 

transfer H+ ion reduction reaction was influenced very little by the presence of 

H2S. However, the rate of the anodic iron dissolution increased almost 10 times 
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when pH2S was increased from 10-4 bar to ~1 bar. Therefore, it is concluded that 

the presence of H2S accelerates the anodic dissolution of iron, and this effect is 

included in the final corrosion rate prediction model. 

15. Simple limiting current density equations were developed for CO2 and H2S 

corrosion, considering H+ ion reduction as the only cathodic reaction. The 

equations are applicable to ideal, near ideal and non-ideal solutions with an 

acceptable accuracy. 

16. The corrosion rate prediction model is valid for the H2O-NaCl-CO2-H2S system, 

temperatures above the water freezing point and below the water boiling point, 

pressures up to a few bars, solution pH values from 1.0 up to 6.5, and NaCl 

concentrations between 0 wt.% to 20 wt.% (~4.3 m). The model is also applicable 

to CO2 and H2S partial pressures between 0 bar to 1 bar. It is expected that the 

model works for higher pressures up to the critical pressure of CO2(g) (~ 73 bar). 

17. The corrosion rate prediction model could predict the experimental corrosion rates 

measured in this study with an average absolute accuracy of 13.5%.
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 Recommendations for Future Work 

Some recommendations for future work are listed as follows: 

• Include more species such as Ca2+, Mg2+, Ba2+, Fe2+, 𝑆𝑂4
2−, N2, CH4, O2, and iron 

complexes into the solution chemistry model. 

• Improve the accuracy of the solution chemistry model for H2S containing 

solutions by performing more pH measurement experiments at high temperatures, 

high pressures over a wide range of salt concentration. 

• Although the major dissolved salt in groundwater is sodium chloride, it would be 

interesting to understand the effect of other ions such as Ca2+, Mg2+, Ba2+ and 

𝑆𝑂4
2− on aqueous corrosion of carbon steel. 

• Experiments at high partial pressures of CO2 at different NaCl concentrations to 

improve the accuracy of the corrosion rate prediction model at these conditions. 

• Experiments at high temperatures in H2S-containing solutions to enhance the 

accuracy of the corrosion rate prediction model at these conditions. 
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Appendix A: Conversion between Concentration Units for Dissolved Species and 

Water 

The definition of the weight percent unit used in this study: 

    𝑤𝑡 =
𝑚𝑠

𝑚𝑠 +𝑚𝑤
× 100 

(A-1) 

where, 𝑚𝑠 is the mass of salt and 𝑚𝑤 is the mass of water.  

The following unit conversions are for aqueous NaCl solutions. The equations are 

valid for other single salt solutions as well. However, for more than one dissolved salt (a 

pair of anion/cation), the additional anion/cation concentrations need to be accounted for 

in the conversion formulas.  

NaCl weight percent (𝑤𝑡) to NaCl molality (𝑚𝑁𝑎𝐶𝑙): 

    𝑚𝑁𝑎𝐶𝑙 =
1000𝑤𝑡

𝑀𝑁𝑎𝐶𝑙(100 − 𝑤𝑡)
 

(A-2) 

where, 𝑀𝑁𝑎𝐶𝑙 is the molecular weight of NaCl (= 58.4428 g/mol). 

NaCl weight percent (𝑤𝑡) to NaCl molarity (𝑐𝑁𝑎𝐶𝑙): 

    𝑐𝑁𝑎𝐶𝑙 =
𝑤𝑡 ∙ 𝜌𝑠𝑜𝑙
100𝑀𝑁𝑎𝐶𝑙

 
(A-3) 

where, 𝜌𝑠𝑜𝑙 is the solution density in kg/m3. 𝜌𝑠𝑜𝑙 for aqueous NaCl solutions can be 

calculated with the Batzle and Wang [26] model explained in Section 3.1. 

NaCl molality (𝑚𝑁𝑎𝐶𝑙) to NaCl molarity (𝑐𝑁𝑎𝐶𝑙): 

    𝑐𝑁𝑎𝐶𝑙 =
𝑚𝑁𝑎𝐶𝑙𝜌𝑠𝑜𝑙

1000 +𝑚𝑁𝑎𝐶𝑙𝑀𝑁𝑎𝐶𝑙
 

(A-4) 

NaCl molarity (𝑐𝑁𝑎𝐶𝑙) to NaCl molality (𝑚𝑁𝑎𝐶𝑙): 
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    𝑚𝑁𝑎𝐶𝑙 =
1000𝑐𝑁𝑎𝐶𝑙

𝜌𝑠𝑜𝑙 − 𝑐𝑁𝑎𝐶𝑙𝑀𝑁𝑎𝐶𝑙
 

(A-5) 

H2O molarity concentration (𝑐𝑤): 

    𝑐𝑤 =
(100 − 𝑤𝑡)𝜌𝑠𝑜𝑙

100𝑀𝑤
 

(A-6) 

For molarity concentration of other species (in general, species 𝑖) in the solution, 

it is necessary to assume that the concentrations of these species are low enough that they 

don’t change the density of the aqueous NaCl. For example, for H2O-NaCl-CO2-H2S 

mixtures, the concentration of dissolved species such as CO2(aq), H2S(aq), H
+ ion, HCO3

− 

ion, HS- ion, etc. are usually low that they do not influence the solution density. 

Molality of species 𝑖 (𝑚𝑖) to molarity of species 𝑖 (𝑐𝑖): 

    𝑐𝑖 =
𝑚𝑖𝜌𝑠𝑜𝑙

1000 + 𝑚𝑁𝑎𝐶𝑙𝑀𝑁𝑎𝐶𝑙
 

(A-7) 

NaCl mole fraction (𝑥𝑁𝑎𝐶𝑙) to NaCl molality (𝑚𝑁𝑎𝐶𝑙): 

    𝑚𝑁𝑎𝐶𝑙 =
1000𝑥𝑁𝑎𝐶𝑙
𝑥𝑤𝑀𝑤

 
(A-8) 

where, 𝑥𝑤 is the mole fraction of water and 𝑀𝑤 is the molecular weight of water (= 18.01 

g/mol). 

Mole fraction of species 𝑖 (𝑥𝑖) to molality of species 𝑖 (𝑚𝑖)
105: 

    𝑚𝑖 =
1000𝑥𝑖
𝑥𝑤𝑀𝑤

 
(A-9) 

NaCl mole fraction (𝑥𝑁𝑎𝐶𝑙) to NaCl molarity (𝑐𝑁𝑎𝐶𝑙): 

    𝑐𝑁𝑎𝐶𝑙 =
𝑥𝑁𝑎𝐶𝑙𝜌𝑠𝑜𝑙

𝑥𝑤𝑀𝑤 + 𝑥𝑁𝑎𝐶𝑙𝑀𝑁𝑎𝐶𝑙
 

(A-10) 

 
105 The derivation is given in Appendix P. 
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Mole fraction of species 𝑖 (𝑥𝑖) to molarity of species 𝑖 (𝑐𝑖) 

    𝑐𝑖 =
𝑥𝑖𝜌𝑠𝑜𝑙

(𝑥𝑤𝑀𝑤 + 𝑥𝑁𝑎𝐶𝑙𝑀𝑁𝑎𝐶𝑙)
 

(A-11) 

Other conversions can be obtained using the above formulas. 

Conversion of the H2O activity from the mole fraction basis to the molarity basis: 

    𝑎𝑤
𝑐 =

1000𝑥𝑤𝜌𝑤𝛾𝐻2𝑂
𝑥,∗

𝑀𝑤
 

(A-12) 

where, 𝜌𝑤 is the density of water in  g/cm3. Models for calculating 𝜌𝑤 are given in 

Appendix B. 𝛾𝐻2𝑂
𝑥,∗

 is the unsymmetrical mole fraction basis activity coefficient of water in 

dilute reference state. 𝛾𝐻2𝑂
𝑥,∗

 is explained in the MSE model and in Appendices O and P.



   

Appendix B: Density of Pure Water 

There are several models in the literature for estimating the density of pure water 

at different pressures and temperatures [26,25,46,319–321]. Two models are explained in 

this section. The first model is by Hu and Duan [320], which is used for calculating the 

equilibrium dissociation constant of water in Appendix G. The second model is by 

Helgeson and Kirkham [321], which is applied in calculations related to the Born 

functions in Appendix F. The Hu and Duan model [320] is a straightforward model in the 

form of a single equation with empirical coefficients. On the other hand, the Helgeson 

and Kirkham model [321] is a complex model that involves several equations and 

requires iteration to obtain the water density. However, the Helgeson and Kirkham model 

[321] is reproduced because it is used in the HKF equation of state, which is an important 

part of the MSE speciation model reproduced in this study. 

The Hu and Duan [320] water density model is an empirical model, which is 

reformatted in this study as follows: 

    𝑉𝑤 =∑𝑘𝑖𝑃
𝑖−1

4

𝑖=1

 (B-1) 

 𝑘𝑖 = {
𝑎𝑖1𝑇

3 + 𝑎𝑖2𝑇
2 + 𝑎𝑖3𝑇 + 𝑎𝑖4 + 𝑎𝑖5𝑇

−1     (𝑖 = 1, 2)

𝑎𝑖1𝑇
3 + 𝑎𝑖2𝑇

2 + 𝑎𝑖3                                     (𝑖 = 3, 4)
 (B-2) 

where, 𝑉𝑤 is the molar volume of liquid water in cm3/mol, 𝑃 is total pressure in bar, 𝑇 is 

temperature in K, 𝑘𝑖 are fit parameters as a function of temperature, and 𝑎𝑖# are constants 

listed in Table B-1. The density of water in g/cm3 can be obtained by 𝑀𝑤/𝑉𝑤, where 𝑀𝑤 

is the molecular weight of water (= 18.015 g/mol). Hu and Duan [320] claimed that their 

model is capable of reproducing the accurate complex IAPWS water density formulation 
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by Wagner and Pruss [322] with an average deviation of 0.005% in a range from 0oC to 

200oC and 0 bar to 2000 bar. 

 

Table B-1 

The coefficients used in Equation (B-2) for calculating the density of pure water 

according to Hu and Duan model [320]. 

𝑎𝑖# Value 𝑎𝑖# Value 

𝑎11 3.27225e-7 𝑎24 3.5986e-2 

𝑎12 -4.2095e-4 𝑎25 -3.55071e0 

𝑎13 2.32594e-1 𝑎31 2.57241e-14 

𝑎14 -4.1692e1 𝑎32 -1.24336e-11 

𝑎15 5.71292e3 𝑎33 5.42707e-7 

𝑎21 -2.32306e-10 𝑎41 -4.42028e-18 

𝑎22 2.91138e-7 𝑎42 2.10007e-15 

𝑎23 -1.49662e-4 𝑎43 -8.11491e-11 

 

The Helgeson and Kirkham [321] water density model is a semi-empirical model 

that allows estimating water density by using the Helmholtz free energy. The Helgeson 

and Kirkham model [321] has the following form: 

    𝑃 =  𝜌𝑤𝑅𝑇 (1 + 𝜌𝑤𝑄 + 𝜌𝑤
2 (

𝜕𝑄

𝜕𝜌𝑤
)
𝑇

) (B-3) 
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where, 𝑃 is total pressure in bar, which is one of the model inputs, 𝜌𝑤 is the density of 

water in g/cm3, which needs to be determined, 𝑇 is temperature in K and it is the other 

model input, 𝑄 is a function of temperature and density in cm3/g, and (𝜕𝑄/𝜕𝜌𝑤)𝑇 is the 

derivative of 𝑄 with respect to 𝜌𝑤 at the constant temperature of 𝑇 in g2/cm6. According 

to Helgeson and Kirkham [321], 𝑄 and (𝜕𝑄/𝜕𝜌𝑤)𝑇 are expressed in terms of 

intermediate functions as below to ease the calculation procedure: 

 𝑄 = 𝑥∑𝑦𝑗𝑧𝑗

7

𝑗=1

 (B-4) 

 (
𝜕𝑄

𝜕𝜌𝑤
)
𝑇

= 𝑥∑𝑦𝑗 (
𝜕𝑧𝑗

𝜕𝜌𝑤
)
𝑇

7

𝑗=1

 (B-5) 

where, 

 𝑥 = 𝜏 − 𝜏𝑐 (B-6) 

 𝑦𝑗 = (𝜏 − 𝜏𝑎𝑗)
𝑗−2 (B-7) 

 𝑧𝑗 = 𝑢𝑗 + 𝜈𝑤𝑗 (B-8) 

 (
𝜕𝑧𝑗

𝜕𝜌𝑤
)
𝑇

= (
𝜕𝑢𝑗

𝜕𝜌𝑤
)
𝑇

+ 𝜈 (
𝜕𝑤𝑗

𝜕𝜌𝑤
)
𝑇

+ 𝑤𝑗 (
𝜕𝜈

𝜕𝜌𝑤
)
𝑇

 (B-9) 

where, 

 𝜈 = exp (−4.8𝜌𝑤) (B-10) 

 𝑤𝑗 =∑𝐴𝑖𝑗𝜌𝑤
𝑖−9

10

𝑖=9

 (B-11) 

 𝑢𝑗 =∑𝐴𝑖𝑗(𝜌𝑤 − 𝜌𝑎𝑗)
𝑖−1

8

𝑖=1

 (B-12) 
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 (
𝜕𝜈

𝜕𝜌𝑤
)
𝑇

= −4.8𝜈 (B-13) 

 (
𝜕𝑤𝑗

𝜕𝜌𝑤
)
𝑇

= 𝐴10𝑗 (B-14) 

 (
𝜕𝑢𝑗

𝜕𝜌𝑤
)
𝑇

=∑(𝑖 − 1)𝐴𝑖𝑗(𝜌𝑤 − 𝜌𝑎𝑗)
𝑖−2

8

𝑖=1

 

(B-15) 

where, 𝜏 = 1000/𝑇 (dimensionless), 𝜏𝑐 = 1000/𝑇𝑐 = 1.544912 (dimensionless), 𝜏𝑎𝑗 =

𝜏𝑐 for 𝑗 = 1106 and 𝜏𝑎𝑗 = 2.5 for 𝑗 > 1 (dimensionless), 𝜌𝑎𝑗 = 0.634 g/cm3 for 𝑗 = 1 and 

𝜌𝑎𝑗 = 1 g/cm3 for 𝑗 > 1, and 𝐴𝑖𝑗 coefficients107 are listed in Table B-2.  

To find the density of water (𝜌𝑤) at input conditions of constant pressure (𝑃) and 

constant temperature (𝑇), the following procedure is recommended: 

1) Consider an initial guess for 𝜌𝑤  

2) Compute 𝑃 in Equation (B-3) 

3) Compare the calculated 𝑃 with the input 𝑃 

4) If they are equal, then the initial guess is the desired 𝜌𝑤.  

5) Otherwise, restart the procedure, until the condition in Step 4 is satisfied. 

In this study, the “fsolve” MATLAB solver is used for the iterative procedure and 

calculating the water density. Molal volume108 (cm3/mol) of water at different 

temperature and pressure are provided in Table 3 of Helgeson and Kirkham [321]. 

 
 106 It is incorrectly written 𝑗 = 𝑖 in the original publication [321].  
107 The unit for 𝐴𝑖𝑗 coefficients depends on the 𝜌 exponent in Equations (B-11) and (B-12). 
108 Molal volume of pure water is the same as molar volume of that. Molar volume times molar mass gives 

density. 
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Table B-2 

The 𝐴𝑖𝑗 coefficients used in Equations (B-11), (B-12), (B-14), and (B-15) for calculating the density of pure water based on the 

Helgeson and Kirkham model [321]. 

𝑖 𝑗 = 1 𝑗 = 2 𝑗 = 3 𝑗 = 4 𝑗 = 5 𝑗 = 6 𝑗 = 7 

1 29.492937 -5.1985860 6.8335354 -0.1564104 -6.3972405 -3.9661401 -0.69048554 

2 -132.13917 7.7779182 -26.149751 -0.72546108 26.409282 15.453061 2.7407416 

3 274.64632 -33.301902 65.326396 -9.2734289 -47.740374 -29.142470 -5.1028070 

4 -360.93828 -16.254622 -26.181978 4.3125840 56.323130 29.568796 3.9636085 

5 342.18431 -177.31074 0 0 0 0 0 

6 -244.50042 127.48742 0 0 0 0 0 

7 155.18535 137.46153 0 0 0 0 0 

8 5.9728487 155.97836 0 0 0 0 0 

9 -410.30848 337.31180 -137.46618 6.7874983 136.87317 79.847970 13.041253 

10 -416.05860 -209.88866 -733.96848 10.401717 645.81880 399.17570 71.531353 
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Appendix C: Isothermal Compressibility (𝜷) and Isobaric Thermal Expansion (𝜶) 

Coefficients of Water 

The isothermal compressibility (𝛽109) is a measure of the relative change in the 

volume (𝑉) of a fluid or a solid due to a pressure (𝑃) change at a constant temperature 

(𝑇). 𝛽 always has a positive value. This means that the volume of a system decreases 

with an increase in pressure [323]. The common definition of 𝛽 is as follows [323]: 

    𝛽 ≡ −
1

𝑉
(
𝜕𝑉

𝜕𝑃
)
𝑇
 

(C-1) 

The unit for 𝛽 is 1/bar. At a constant mass, since the density (𝜌𝑤) is inversely 

proportional to the volume, Helgeson and Kirkham [321] utilized the definition below for 

𝛽: 

    𝛽−1 = −𝜌𝑤 (
𝜕𝑃

𝜕𝜌𝑤
)
𝑇

 (C-2) 

 Differentiating Equation  (B-3) with respect to 𝜌𝑤 at a constant 𝑇 results in an 

expression that can be used to calculate 𝛽: 

    𝛽−1 = 𝑃 + 𝜌𝑤
2𝑅𝑇 (𝑄 + 3𝜌𝑤

2 (
𝜕𝑄

𝜕𝜌𝑤
)
𝑇

+ 𝜌𝑤
2 (

𝜕2𝑄

𝜕𝜌𝑤2
)
𝑇

) (C-3) 

where, 𝑅 is the gas constant (= 4.6151 cm3∙bar/g/K). It is assumed that 𝑃 (bar) and 𝑇 (K) 

are known as inputs. 𝑄 (cm3/g), (𝜕𝑄/𝜕𝜌𝑤)𝑇, and 𝜌𝑤 (g/cm3) for water can be obtained 

from Appendix B. Thus, only the second derivative of 𝑄 remains in Equation (C-3) to be 

 
109 It is usually shown by 𝜅 [323]. However, 𝛽 is used in this study to be consistent with notations used in 

the Helgeson and Kirkham publication [321]. 
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able to calculate 𝛽. The second derivative of 𝑄 can be calculated using the following 

equation [321]: 

    (
𝜕2𝑄

𝜕𝜌𝑤2
)
𝑇

= 𝑥∑𝑦𝑗 (
𝜕2𝑧𝑗

𝜕𝜌𝑤2
)
𝑇

7

𝑗=1

 (C-4) 

where, 

 (
𝜕2𝑧𝑗

𝜕𝜌𝑤2
)
𝑇

= (
𝜕2𝑢𝑗

𝜕𝜌𝑤2
)
𝑇

+ 2(
𝜕𝜈

𝜕𝜌𝑤
)
𝑇

(
𝜕𝑤𝑗

𝜕𝜌𝑤
)
𝑇

+ 𝑤𝑗 (
𝜕2𝜈

𝜕𝜌𝑤2
)
𝑇

 (C-5) 

 (
𝜕2𝑢𝑗

𝜕𝜌𝑤2
)
𝑇

=∑(𝑖 − 1)(𝑖 − 2)𝐴𝑖𝑗(𝜌𝑤 − 𝜌𝑎𝑗)
𝑖−3

8

𝑖=1

 (C-6) 

 (
𝜕2𝜈

𝜌𝑤2
)
𝑇

= −4.8 (
𝜕𝜈

𝜕𝜌𝑤
)
𝑇

 (C-7) 

𝑥, 𝑦𝑗, (𝜕𝜈/𝜕𝜌𝑤)𝑇, 𝑤𝑗, (𝜕𝑤𝑗/𝜕𝜌𝑤)𝑇, 𝜌𝑎𝑗, and 𝐴𝑖𝑗 are already given in Appendix B. 

Values of 𝛽 at different temperatures and pressures are given in Table 8 of Helgeson and 

Kirkham [321]. 

The isobaric thermal expansion (𝛼) describes the volume (𝑉) of a fluid or a solid 

in response to temperature (𝑇) change at constant pressure (𝑃). 𝛼 is usually positive, 

which indicates that the volume of the system increases with increasing temperature. 

However, some systems show negative 𝛼 values. For example, water has a negative 𝛼 

between 0oC to 3.98oC [323]. 𝛼 is usually formulated as below: 

    𝛼 ≡
1

𝑉
(
𝜕𝑉

𝜕𝑇
)
𝑃

 (C-8) 

The unit for 𝛼 is 1/K. Similar to 𝛽, Helgeson and Kirkham [321] used a definition based 

on density (𝜌𝑤): 
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    𝛼 = −
1

𝜌𝑤
(
𝜕𝜌𝑤
𝜕𝑇

)
𝑃

 (C-9) 

The following equation is suggested by Helgeson and Kirkham [321] to calculate 

𝛼 for water: 

    𝛼 =
𝛽𝑃

𝑇
+ 𝜌𝑤𝑅𝑇𝛽

[
 
 
 

𝜌𝑤 (
𝜕𝑄

𝜕𝑇
)
𝜌𝑤

+ 𝜌𝑤
2 (

𝜕 (
𝜕𝑄
𝜕𝜌𝑤

)
𝑇

𝜕𝑇
)

𝜌𝑤]
 
 
 

 (C-10) 

where, 

    (
𝜕𝑄

𝜕𝑇
)
𝜌𝑤

=
𝑄

𝑥
(
𝜕𝑥

𝜕𝑇
)
𝑃
+ 𝑥∑𝑧𝑗 (

𝜕𝑦𝑗

𝜕𝑇
)
𝑃

7

𝑗=1

 (C-11) 

 (

𝜕 (
𝜕𝑄
𝜕𝜌𝑤

)
𝑇

𝜕𝑇
)

𝜌𝑤

=
1

𝑥
(
𝜕𝑄

𝜕𝜌𝑤
)
𝑇

(
𝜕𝑥

𝜕𝑇
)
𝑃
+ 𝑥∑(

𝜕𝑦𝑗

𝜕𝑇
)
𝑃

(
𝜕𝑧𝑗

𝜕𝜌𝑤
)
𝑇

7

𝑗=1

 (C-12) 

where, 

 (
𝜕𝑥

𝜕𝑇
)
𝑃
= −

𝜏

𝑇
 (C-13) 

 (
𝜕𝑦𝑗

𝜕𝑇
)
𝑃

= −
(𝑗 − 2)𝜏𝑦𝑗

𝑇(𝜏 − 𝜏𝑎𝑗)
 (C-14) 

The rest of the functions, and parameters are given in Appendix B. Values of 𝛼 for water 

at different temperatures and pressures are provided in Table 7 of Helgeson and Kirkham 

[321]. 
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Appendix D: Dielectric Constant (Relative Permittivity) of Water 

The dielectric constant—also called the relative permittivity—of water can be 

calculated by using the following equation suggested by Johnson and Norton [324]: 

    𝜀 =∑𝑘𝑖ϼ
𝑖−1

5

𝑖=1

  

where, ϼ = 𝜌𝑤/(1
𝑔

𝑐𝑚3
), in which, 𝜌𝑤 is the density of pure water in g/cm3. 𝑘𝑖 parameters 

are functions of temperature, given below: 

    𝑘1 = 1 (D-1) 

 𝑘2 = 𝑒1Ϯ
−1 (D-2) 

 𝑘3 = 𝑒2Ϯ
−1 + 𝑒3 + 𝑒4Ϯ (D-3) 

 𝑘4 = 𝑒5Ϯ
−1 + 𝑒6Ϯ + 𝑒7Ϯ

2 (D-4) 

 𝑘5 = 𝑒8Ϯ
−2 + 𝑒9Ϯ

−1 + 𝑒10 (D-5) 

where, Ϯ = 𝑇/𝑇𝑟𝑒𝑓, 𝑇 is temperature in K, 𝑇𝑟𝑒𝑓 is the reference temperature (= 298.15 K) 

and 𝑒𝑖 coefficients are presented in Table D-1. The values of dielectric constant of water 

at different temperatures and pressures are listed in Table C2 of Shock et al. [325]. 
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Table D-1 

The 𝑒𝑖 coefficients used in Equations (D-2) to (D-5) for calculating the dielectric 

constant of water [324]. 

𝑒𝑖 Value 

𝑒1 0.1470333593e2 

𝑒2 0.2128462733e3 

𝑒3 -0.1154445173e3 

𝑒4 0.1955210915e2 

𝑒5 -0.8330347980e2 

𝑒6 0.3213240048e2 

𝑒7 -0.6694098645e1 

𝑒8 -0.3786202045e2 

𝑒9 0.6887359646e2 

𝑒10 -0.2729401652e2 
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In Addition, the dielectric of water can be calculated by using Bradley and Pitzer 

equation [326]: 

    𝐷 = 𝐷1000 + 𝐶𝑙𝑛 (
𝐵 + 𝑃

𝐵 + 1000
) 

(D-6) 

 

where, 𝑃 is total pressure in bar, and 𝐷1000, 𝐶, and 𝐵 are temperature dependent 

parameters according to the equations below: 

 𝐷1000 = 𝑎1exp (𝑎2𝑇 + 𝑎3𝑇
2) (D-7) 

 

 𝐶 = 𝑎4 +
𝑎5

𝑎6 + 𝑇
 (D-8) 

 

 𝐵 = 𝑎7 +
𝑎8
𝑇
+ 𝑎9𝑇 (D-9) 

 

𝑇 in Equations (D-7) to (D-9) is temperature in K, and 𝑎𝑖 constants can be found in Table 

D-2. 

Another model for calculating the dielectric of water has been proposed by 

Helgeson and Kirkham [321]. 
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Table D-2 

Constants used in Equations (D-7) to (D-9) for calculating the dielectric of water [326]. 

 𝑖 𝑎𝑖 

1 3.4279e2 

2 -5.0866e-3 

3 9.4690e-7 

4 -2.0525e0 

5 3.1159e3 

6 -1.8289e2 

7 -8.0325e3 

8 4.2142e6 

9 2.1417e0 
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Appendix E: Conventional Born Coefficient (𝝎) 

The conventional Born coefficients 𝜔 and  𝜔𝑃𝑟,𝑇𝑟 for the arbitrary aqueous ion, 𝑗 

can be calculated using the following equations [325]: 

 
𝜔𝑗 = 𝜂𝑍𝑗 (

𝑍𝑗

𝑟𝑒,𝑗,𝑃𝑟,𝑇𝑟 + |𝑍𝑗|𝑔
−

1

3.082 + 𝑔
) (E-1) 

 

 
𝜔𝑗,𝑃𝑟,𝑇𝑟 = 𝜂𝑍𝑗 (

𝑍𝑗

𝑟𝑒,𝑗,𝑃𝑟,𝑇𝑟
−

1

3.082
) (E-2) 

 

where, 𝜂 is the Born constant (=1.066027× 105 Å ∙cal/mol) [327], 𝑍𝑗 refers to the charge 

number of ion 𝑗, 𝑟𝑒,𝑗,𝑃𝑟,𝑇𝑟 stands for the effective electrostatic radius of the ion 𝑗 at 𝑃𝑟 and 

𝑇𝑟 [327], 𝑔 is a function of temperature and pressure independent of the identity of ion 𝑗, 

related to the solvent contribution to the effective electrostatic radius of ion 𝑗 in Å. The 

equations to determine 𝑟𝑒,𝑗,𝑃𝑟,𝑇𝑟 are given in Shock et al. [328,329]. The 𝑟𝑒,𝑗,𝑃𝑟,𝑇𝑟 values 

for a large group of ions are provided in Shock and Helgeson [328]. The 𝑔 function can 

be calculated from Appendix C of Tanger and Helgeson publication [330] and/or Shock 

et al. [325]. For temperatures below 150oC and pressures below 500 bar, 𝑔 function and 

its partial derivatives are almost equal to zero (𝑔 ≈ 0) [325,330]. Therefore, for most 

aqueous corrosion studies where operating temperatures and pressures are below the 

above ranges, 𝜔𝑗 and 𝜔𝑗,𝑃𝑟,𝑇𝑟 will be equal. For neutral species, 𝜔𝑗 is independent of 

temperature and pressure, i.e., 𝑔 = 0, and consequently, 𝜔𝑗 and 𝜔𝑗,𝑃𝑟,𝑇𝑟 are equal [325]. 

The values of 𝜔𝑗 and 𝜔𝑗,𝑃𝑟,𝑇𝑟 can be obtained by regression of the experimental data or 

sometimes by a correlation with respect to the standard partial molal entropy (𝑆̅𝑜) [329]. 
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Appendix F: Born Function Y  

The Born theory is rough and approximate model for estimating ion-solvent 

interactions during the dissolution process. In the Born model, the ion is considered as a 

rigid sphere with a charge 𝑧 and solvent is assumed to be a structureless continuum. The 

ion-solvent interaction is described in terms of the free energy of solvation by calculating 

the work needs to be done to transfer the charges sphere from vacuum into the 

continuum. A comprehensive description of the Born theory is given by Bockris and 

Reddy [20]. Several functions have been defined as Born functions which describe the 

changes in the dielectric constant of solvent with respect to temperature and pressure. 

These functions are 𝑄, 𝑌, 𝑈, 𝑁, and 𝑋. The Born function, 𝑄 captures changes in the 

dielectric constant of solvent with a pressure change at a constant temperature. 𝑈 and 𝑁 

are two derivatives of 𝑄 function. The Born function, 𝑌 is related to variations in the 

dielectric constant of solvent in response to a temperature change at a constant pressure. 

𝑋 is a derivative of 𝑌 Born function. The formulation for Born functions and their values 

at different temperatures and pressures are described in Helgeson and Kirkham 

[321,330].  

The Born function, 𝑌 has the following form [321,330]: 

    𝑌 ≡ −(
𝜕 (

1
𝜀)

𝜕𝑇
)

𝑃

=
1

𝜀2
(
𝜕𝜀

𝜕𝑇
)
𝑃

 
(F-1) 

where, 𝜀 is the dielectric constant of water and can be calculated from Appendix D. The 

derivative of 𝜀 with respect to temperature (𝑇) can be derived by using Equation (F-2)110: 

 
110 Equation C8 of Shock et al. [325] for (𝜕𝜀/𝜕𝑇)𝑃 is missing 𝑖 as the exponent of 𝜌. 
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     (
𝜕𝜀

𝜕𝑇
)
𝑃
=∑𝜌𝑖−1 ((

𝜕𝑘𝑖
𝜕𝑇

)
𝑃
− 𝛼(𝑖 − 1)𝑘𝑖)

5

𝑖=1

 (F-2) 

where, 𝜌 is the density of solvent, water in this study, which is mentioned in Appendix B, 

Ϯ , 𝑘𝑖, and the corresponding 𝑒𝑖 coefficients are defined in Appendix D, and 𝛼 is the 

isobaric thermal expansion coefficient of solvent. For water as the solvent, 𝛼 calculation 

is explained in Appendix C. The (𝜕𝐾𝑖/𝜕𝑇)𝑃 terms corresponded to 𝑘𝑖 functions given in 

Equations (F-3) to (F-7) are as follows111: 

     (
𝜕𝑘1(Ϯ)

𝜕𝑇
)
𝑃

= 0 (F-3) 

 (
𝜕𝑘2(Ϯ)

𝜕𝑇
)
𝑃

= −
𝑒1Ϯ

−2

𝑇𝑟𝑒𝑓
 (F-4) 

 (
𝜕𝑘3(Ϯ)

𝜕𝑇
)
𝑃

=
−𝑒2Ϯ

−2 + 𝑒4
𝑇𝑟𝑒𝑓

 (F-5) 

 (
𝜕𝑘4(Ϯ)

𝜕𝑇
)
𝑃

=
−𝑒5Ϯ

−2 + 𝑒6 + 2𝑒7Ϯ

𝑇𝑟𝑒𝑓
 (F-6) 

 (
𝜕𝑘5(Ϯ)

𝜕𝑇
)
𝑃

=
−2𝑒8Ϯ

−3 − 𝑒9Ϯ
−2

𝑇𝑟𝑒𝑓
 (F-7) 

 
111 Equations C11, C13, C15, and C17 for (𝜕𝐾1/𝜕𝑇)𝑃, (𝜕𝐾2/𝜕𝑇)𝑃, (𝜕𝐾3/𝜕𝑇)𝑃, (𝜕𝐾4/𝜕𝑇)𝑃, respectively, 

in Shock et al. [325] are missing 𝑇𝑟𝑒𝑓  in the denominator. 
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Appendix G: Equilibrium Dissociation Constant for Water (𝑲𝒘) 

The equation for dissociation constant of water proposed by Marshall and Franck 

[269] is as follows: 

    𝑙𝑜𝑔𝐾𝑤 = 𝑎1 +
𝑎2
𝑇
+
𝑎3
𝑇2

+
𝑎4
𝑇3

+ (𝑎5 +
𝑎6
𝑇
+
𝑎7
𝑇2
)𝑙𝑜𝑔𝜌𝑤 

(G-1) 

where, 𝐾𝑤 is in (mol/kgH2O)2, 𝜌𝑤 is the density of pure water in g/cm3 and can be 

obtained from Appendix B, 𝑇 is the solution temperature in K, and 𝑎1 parameters are 

listed in Table G-1. To convert the unit to (mol/lit)2, multiply the calculated 𝐾𝑤 by 𝜌𝑤
2 .  

 

Table G-1 

The coefficients used in Equation (G-1) for calculating the equilibrium dissociation 

constant for water. 

𝑖 1 2 3 4 5 6 7 

𝑎𝑖 -4.098 -3245.2 2.2362e5 -3.984e7 13.957 -1262.3 8.5641e5 

 

A simpler equation proposed by Kharaka et al. [278] can be used as well: 

    𝑙𝑜𝑔𝐾𝑤 = −29.3868 + 0.0737549𝑇 − 7.47881 × 10−5𝑇2 (G-2) 

where 𝐾𝑤 is in (mol/lit)2, and 𝑇 is the solution temperature in K. 

There are models [245,255,270,331] that consider the effect of salt concentration on 

dissociation constant of water. 
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Appendix H: Water Vapor Pressure in Aqueous NaCl Solutions 

The Atkinson model [128] is proposed as a statistical model for water vapor 

pressure calculation in the H2O-NaCl systems. It is valid from -21.2oC to 1500oC and for 

all compositions from pure water (0 wt.% NaCl) to pure NaCl (100 wt.% NaCl). 

Atkinson suggested three equations as a function of temperature and NaCl concentration 

for three temperature ranges of -21.2oC to 300oC, 300oC to 484oC, and 484oC to 1500oC. 

Each equation has a different set of coefficients estimated by fitting the equation with 

experimental data. For aqueous corrosion studies, the first temperature range will be 

sufficient, and therefore, the corresponding equation and coefficients for this temperature 

range are listed below: 

    

𝑙𝑜𝑔𝑝𝑤 = 𝛽11 + 𝛽12Ϣ+ 𝛽14Ϣ
3 + 𝛽15Ϣ

4 + 𝛽16Ϣ
5 + 𝛽17Ϣ

6

+ 𝛽18Ϣ
7 + 𝛽21Ŧ + 𝛽31Ŧ

2 + 𝛽41Ŧ
3 + 𝛽51Ŧ

4

+ 𝛽61Ŧ
5 + 𝛽71Ŧ

6 + 𝛽81Ŧ
7+ 𝛽22ŦϢ+ 𝛽23ŦϢ

2

+ 𝛽24ŦϢ
3 + 𝛽26ŦϢ

5 + 𝛽27ŦϢ
6 +  𝛽32Ŧ

2Ϣ

+  𝛽33Ŧ
2Ϣ2 +  𝛽34Ŧ

2Ϣ3 +  𝛽35Ŧ
2Ϣ4 +  𝛽36Ŧ

2Ϣ5

+  𝛽42Ŧ
3Ϣ+  𝛽43Ŧ

3Ϣ2 +  𝛽44Ŧ
3Ϣ3 +  𝛽45Ŧ

3Ϣ4

+  𝛽53Ŧ
4Ϣ2 +  𝛽54Ŧ

4Ϣ3 +  𝛽62Ŧ
5Ϣ 

(H-1) 

 

where, 𝑝𝑤 is the water vapor pressure in bar, Ŧ is the solution temperature in K divided 

by 100 (𝑇/100), Ϣ is NaCl weight percent divided by 100 (wt.%/100)112, and 𝛽𝑖𝑗 are fit 

coefficients listed in Table H-1. For the other two temperature ranges, the reader is 

referred to the original publication [128]. By comparing the model with the experimental 

 
112 For example, if NaCl concentration in the solution is 3.5 wt.%, Ϣ = 3.5/100 
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data, Atkinson showed that for 90% of the cases the prediction error is within ±5% of the 

experimental data [128]. Another model for calculating the water vapor pressure above 

aqueous NaCl solutions is proposed by Shibue [332]. This model is valid for 0oC to 

370oC and NaCl concentrations up to 30 wt.% [332].
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Table H-1 

The coefficients used in Equation (H-1) for calculating the water vapor pressure in aqueous NaCl solutions [128]. 

𝑖 𝑗 = 1 𝑗 = 2 𝑗 = 3 𝑗 = 4 𝑗 = 5 𝑗 = 6 𝑗 = 7 𝑗 = 8 

1 -27.2444260945847 -3.43823854919821 - 49.6470810423974 284.920532084465 -671.468924936888 -306.420824097701 -476.3912831617690 

2 19.6752698743832 2.94599944070388 -5.05958726370657 -78.057932502234 - 272.541674619991 191.281847960897 - 

3 -6.03987279418686 -1.02712250242286 5.3605248349362 18.9371135629599 -27.5731923399911 -43.6261697756668 - - 

4 1.05318996126294 0.132241696257544 -1.43460393380215 -0.517812895404853 4.28981312806579 - - - 

5 -0.107523830798341 - 0.115824432759682 -0.147543794540513 - - - - 

6 0.0063216048751384 -0.000792743415349166 - - - - - - 

7 -0.00020139101441089 - - - - - - - 

8 0.0000029370853393422 - - - - - - - 
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Appendix I: Debye-Huckel Parameters or Debye-Huckel Limiting Slope Parameters 

The Debye-Huckel parameter for osmotic coefficient in molality basis, 𝐴𝜙, is 

defined as below [137,139]: 

    𝐴𝜙 =
1

3
(
2𝜋𝑁𝑜𝜌𝑤
1000

)
0.5

(
𝑒2

𝐷𝑘𝐵𝑇
)

1.5

 (I-1) 

 

where, 𝐴𝜙 is in (mol/kgH2O)-0.5, 𝜋 is the Pi number (= 3.14159), 𝑁𝑜 is the Avogadro’s 

number in 1/mol (= 6.022045×1023), 𝜌𝑤 is the density of pure water in g/cm3, 𝑒 is the 

charge of electron in g0.5∙cm1.5/s (= 4.803242×10-10), 𝐷 is the dielectric of water 

(dimensionless), 𝑘𝐵 is the Boltzmann constant in g∙cm2/s2/K (= 1.38066×10-16), and 𝑇 is 

temperature in K. 1000 in Equation (I-1) has apparently a unit of g/kg. 𝜌𝑤 can be 

calculated by the models given in Appendix B. Models for obtaining the dielectric of 

water (𝐷) are provided in Appendix D. 𝐴𝜙 at 25oC and 1 atm is 0.39145 [137]. There are 

simpler equations in the literature for 𝐴𝜙 calculation [125,333].  

The Debye-Huckel parameter for osmotic coefficient in mole fraction basis, 𝐴𝑥, is 

given by: 

    𝐴𝑥 =
1

3
(2𝜋𝑁𝑜𝑑𝑤)

0.5 (
𝑒2

4𝜋𝜀𝑜𝐷𝑘𝐵𝑇
)

1.5

 (I-2) 

where, 𝐴𝑥 is dimensionless, 𝜋 is the Pi number (= 3.14159), 𝑁𝑜 is the Avogadro’s 

number in 1/mol (= 6.022045×1023), 𝑑𝑤 is molar density of water in mol/m3, 𝑒 is the 

charge of electron in C (= 1.602177×10-19), 𝜀𝑜 is the dielectric constant of vacuum in 

C2/J/m (= 8.8541878×10-12), 𝐷 is the dielectric of water (dimensionless), 𝑘𝐵 is the 

Boltzmann constant in J/K (= 1.38066×10-23), and 𝑇 is temperature in K. The dielectric 



578 

 

  

of water (𝐷) can be determined by the models given in Appendix D. 𝑑𝑤 can be obtained 

by using the following equation: 

    𝑑𝑤 = 106 ∙
𝜌𝑤
𝑀𝑤

 
(I-3) 

where, 𝜌𝑤 is the density of water in g/cm3 presented in Appendix B, and 𝑀𝑤 is the 

molecular weight of water in g/mol (= 18.015). 𝐴𝑥 has a value of 2.916 at 25oC and 1 

atm. 

 Comparing 𝐴𝜙 and 𝐴𝑥 equations indicates the relationship between the charge of 

electron with two different units used in Equation (I-1) and (I-2): 

    √4𝜋𝜀𝑜 × 10−9 × 4.803242 × 10−10  = 1.602177 × 10−19 
(I-4) 

𝐴𝜙 and 𝐴𝑥 can be converted to each other by using the equation below: 

    𝐴𝑥 = (
1000

𝑀𝑤
)
0.5

𝐴𝜙 
(I-5) 

Another form of the Debye-Huckel limiting slope is the Debye-Huckel coefficient 

for activity coefficient, 𝐴𝛾. The relation between 𝐴𝜙 and 𝐴𝛾 is as follows: 

    𝐴𝛾 = 3𝐴𝜙 
(I-6) 

𝐴𝛾 is in (mol/kgH2O)-0.5. 𝐴𝛾 at 25oC and 1 atm is equal to 1.1743. Sometimes a value of 

0.51 is reported for 𝐴𝛾 at 25oC and 1 atm [118]. This is due to using a different definition 

for 𝐴𝛾, which is proposed by Helgeson and Kirkham [137,165]. According to their 

definition: 

    𝐴𝛾,10 =
𝐴𝜙

𝑙𝑛10
 

(I-7) 

Therefore, 𝐴𝛾,10 is equal to 0.51 at 25oC and 1 atm. 
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Appendix J: An Equation of State and Fugacity Coefficient of Pure CO2, H2S, H2O, 

and CH4 

The fugacity coefficients of pure CO2, H2S, H2O, and CH4 at pressure, 𝑃 (bar), 

and temperature, 𝑇 (K), can be calculated by using an equation of state developed by 

Duan et al. [243]. First, the reduced pressure, 𝑃𝑟, and the reduced temperature, 𝑇𝑟, are 

obtained according to Equations (J-1) and (J-2). The critical pressure, 𝑃𝑐 (bar), and the 

critical temperature, 𝑇𝑐 (K) for the above compounds are listed in Table J-1. Next, the 

reduced volume, 𝑉𝑟, is obtained in an iterative procedure by solving Equation (J-3) with 

the coefficients listed in Table J-2. The “fzero” solver in MATLAB was used to solve 

Equation (J-3) for 𝑉𝑟. 𝑍 in Equations (J-3) is the compressibility factor (dimensionless). 

Finally, the fugacity coefficient for each gas is determined by plugging 𝑇𝑟, 𝑉𝑟, 𝑍, and 

appropriate 𝑎𝑖 coefficients into Equation (J-4). Duan et al. [334] suggested an equation 

for the fugacity coefficient of CO2 that does not require an iteration procedure to solve. 

However, a similar equation is not provided for H2S, H2O, and CH4.  

 𝑃𝑟 =
𝑃

𝑃𝑐
 

(J-1) 

 𝑇𝑟 =
𝑇

𝑇𝑐
 

(J-2) 

 

𝑍 =
𝑃𝑟𝑇𝑟
𝑉𝑟

= 1 +

𝑎1 +
𝑎2
𝑇𝑟2

+
𝑎3
𝑇𝑟
3

𝑉𝑟
+

𝑎4 +
𝑎5
𝑇𝑟2

+
𝑎6
𝑇𝑟
3

𝑉𝑟2
+

𝑎7 +
𝑎8
𝑇𝑟2

+
𝑎9
𝑇𝑟
3

𝑉𝑟4

+

𝑎10 +
𝑎11
𝑇𝑟2

+
𝑎12
𝑇𝑟
3

𝑉𝑟
5 +

𝑎13

𝑇𝑟
3𝑉𝑟2

(𝑎14 +
𝑎15
𝑉𝑟2

) exp (−
𝑎15
𝑉𝑟2

) 

(J-3) 
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𝑙𝑛𝜑(𝑇, 𝑃) = 𝑍 − 1 − 𝑙𝑛𝑍 +

𝑎1 +
𝑎2
𝑇𝑟2

+
𝑎3
𝑇𝑟
3

𝑉𝑟
+

𝑎4 +
𝑎5
𝑇𝑟2

+
𝑎6
𝑇𝑟
3

2𝑉𝑟2

+

𝑎7 +
𝑎8
𝑇𝑟2

+
𝑎9
𝑇𝑟
3

4𝑉𝑟4
+

𝑎10 +
𝑎11
𝑇𝑟2

+
𝑎12
𝑇𝑟
3

5𝑉𝑟
5

+
𝑎13

2𝑇𝑟
3𝑎15

[𝑎14 + 1 − (𝑎14 + 1 +
𝑎15
𝑉𝑟2

) exp (−
𝑎15
𝑉𝑟2

)] 

(J-4) 

 

Table J-1 

Critical pressure (𝑃𝑐) and critical temperature (𝑇𝑐) for CO2, H2S, and 𝐻2𝑂 [243,335–

338]. 

Critical properties Unit CO2 H2S H2O CH4 

𝑃𝑐 bar 73.825 89.70 220.64 46.41 

𝑇𝑐 Kelvin 304.2 373.4 647.14 190.6 

The critical values are chosen according to the National Institute of Standards and 

Technology (NIST) Chemistry WebBook.
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Table J-2 

The 𝑎𝑖 coefficients used in an equation of state for CO2, H2S, H2O, and H2O, Equation (J-

3), as well as in Equation (J-4) for calculating the fugacity coefficient of pure CO2, H2S, 

H2O, and CH4 [243,256]. 

𝑎𝑖 CO2 H2S H2O CH4 

𝑎1 8.99288497e-2 1.51743382e1 8.6444922e-2 8.72553928e-2 

𝑎2 -4.94783127e-1 -7.06584137e1 -3.96918955e-1 -7.52599476e-1 

𝑎3 4.77922245e-2 2.22560492e1 -5.73334886e-2 3.7519887e-1 

𝑎4 1.03808883e-2 -2.97785078e2 -2.93893e-4 1.07291342e-2 

𝑎5 -2.82516861e-2 9.45572292e2 -4.15775512e-3 5.4962636e-3 

𝑎6 9.49887563e-2 2.49770630e2 1.99496791e-2 -1.84772802e-2 

𝑎7 5.2060088e-4 1.42719562e3 1.18901426e-4 3.18993183e-4 

𝑎8 -2.93540971e-4 -3.11004493e3 1.55212063e-4 2.11079375e-4 

𝑎9 -1.77265112e-3 4.82481431e4 -1.06855859e-4 2.01682801e-5 

𝑎10 -2.51101973e-5 -8.17715100e5 -4.93197687e-6 -1.65606189e-5 

𝑎11 8.93353441e-5 2.71307041e4 -2.73739155e-6 1.19614546e-4 

𝑎12 7.88998563e-5 -8.02424647e5 2.65571238e-6 -1.08087289e-4 

𝑎13 -1.66727022e-2 -4.20778924e2 8.96079018e-3 4.48262295e-2 

𝑎14 1.398 1 4.02 7.5397e-1 

𝑎15 2.96e-2 200 2.57e-2 7.7167e-2 
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Appendix K: Calculation of Fugacity Coefficients of Gaseous Species in a Gas 

Mixture with Soave-Redlich-Kwong (SRK) Equation of State 

 The Soave-Redlich-Kwong (SRK) equation of state can provide an acceptable 

description of the liquid-vapor equilibrium behavior of systems composed of 

hydrocarbons and related compounds such as N2(g), CO2(g), and H2S(g). The SRK equation 

of state has been widely used for process designs in the oil and gas industry [339]. The 

SRK equation of state is given below: 

    𝑃 =
𝑅𝑇

𝜐 − 𝑏
−

𝛼

𝜐(𝜐 + 𝑏)
 

(K-1) 

where, 𝑃 is pressure, 𝑅 is the gas constant, 𝑇 is temperature in K, 𝜐 is the specific 

volume, 𝑏 is a volume constant depends on the gas type, and 𝛼 is called the attractive 

parameter, which depends on temperature and the gas type [248,340]. 

The SRK equation can be expressed in a cubic form in terms of compressibility 

factor (𝑍) of the gas mixture [248]: 

    𝑍3 − 𝑍2 + (𝐴 − 𝐵 − 𝐵2)𝑍 − 𝐴𝐵 = 0 
(K-2) 

where, 𝐴 and 𝐵 are dimensionless coefficients for the gas mixture formulated below 

[248]: 

    𝐴 =
𝑎𝑃

𝑅2𝑇2
 

(K-3) 

 𝐵 =
𝑏𝑃

𝑅𝑇
 

(K-4) 
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where, 𝑃 is total pressure in atm, 𝑅 is the gas constant in cm3∙atm/K/mol (= 82.05746), 

and 𝑎 and 𝑏 are mixed-component parameters113, which can be calculated using the 

classical quadratic mixing rules: 

 𝑎𝑖𝑗 = (𝑎𝑖𝑎𝑗)
0.5
(1 − 𝑘𝑖𝑗) (K-5) 

    𝑎 =∑∑𝑦𝑖𝑦𝑗

𝑛

𝑗=1

𝑛

𝑖=1

𝑎𝑖𝑗 (K-6) 

 𝑏 =∑𝑦𝑖𝑏𝑖

𝑛

𝑖=1

 
(K-7) 

where, 𝑛 is the number of gaseous species114 in the gas mixture, 𝑦𝑖 is the mole fraction of 

gaseous species 𝑖, 𝑎𝑖𝑗 is the mixing rule for mixed-component parameter 𝑎, 𝑘𝑖𝑗 is a binary 

correction factor (dimensionless) for the mixing rule 𝑎𝑖𝑗, and 𝑎𝑖 and 𝑏𝑖 are pure-

component parameters [241,248,339]. The mixing rules consider the interactions between 

different gas molecule types in the gas mixture. 𝑘𝑖𝑗 is defined as a function of 

temperature [241]: 

    𝑘𝑖𝑗 = 𝑘𝑖𝑗
(0)

+
𝑘𝑖𝑗
(1)

𝑇
 (K-8) 

where, 𝑇 is temperature in K, and 𝑘𝑖𝑗
(0)

 and 𝑘𝑖𝑗
(1)

 are the binary mixing-rule parameters115 

listed in Table K-1 for the H2O-CO2-H2S gas mixture. 𝑎𝑖 and 𝑏𝑖 are pure-component 

parameters116, which can be calculated by using the equations below [248]: 

 
113 In cm6∙atm/mol2and cm3/mol, respectively. 
114 Three gaseous species in this study: CO2(g), H2S(g), and H2O(g) 
115 𝑘𝑖𝑗

(0)
 is dimensionless and 𝑘𝑖𝑗

(1)
 is in K. 

116 In cm6∙atm/mol2and cm3/mol, respectively. 
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    𝑎𝑖 = 0.42747
𝑅2𝑇𝑐

2

𝑃𝑐
𝛼𝑖 (K-9) 

 𝑏𝑖 = 0.08664
𝑅𝑇𝑐
𝑃𝑐

 
(K-10) 

where, 𝑇𝑐 is the critical temperature in K, 𝑃𝑐 is the critical pressure in atm, and 𝛼𝑖 is the 

attractive parameter (dimensionless) for gaseous species 𝑖. 𝑇𝑐, 𝑃𝑐, and 𝛼𝑖 values for CO2, 

H2S, and H2O are presented in Table K-2 [248]. The acentric factor (𝜔𝑖) (dimensionless) 

used in the 𝛼𝑖 equation is a measure of the non-sphericity or centricity of molecules of 

gaseous species i. 𝜔𝑖 values or CO2(g), H2S(g), and H2O(g) are given in Table K-2. 

 To calculate the fugacity coefficients of gaseous species in an open system at a 

given temperature (𝑇), total pressure (𝑃), and mole fractions of gaseous species (𝑦𝑖)
117, 

first, 𝐴 and 𝐵 coefficients in Equations (K-3) and (K-4) need to be determined by using 

Equations (K-5) to (K-10). Then, the SRK equation of state, Equation (K-2), will be 

solved for 𝑍. The Cardano’s method is used here to solve the cubic SRK equation of state 

[271]. The steps to this method are listed below [271]: 

1) Match Equation (K-2) with the general form of a cubic equation with real 

coefficients as follows: 

    𝑍3 + 𝑏2𝑍
2 + 𝑏1𝑍 + 𝑏0 = 0 

(K-11) 

2) Form the following relations: 

 𝑏2 = −1 
(K-12) 

 
117 The mole fraction (𝑦𝑖) and mole percent (= 𝑦𝑖 × 100) and partial pressure (𝑝𝑖 = 𝑦𝑖 × 𝑃) are equivalent.  

The mole fraction of H2O(g) can be obtained from a water vapor pressure model (Appendix H). Therefore, 

for an open H2O-CO2-H2S system, if the mole fraction of CO2 or H2S is known the other one can be 

calculated from ∑𝑦𝑖 = 1 equation (𝑦𝐻2𝑂 + 𝑦𝐻2𝑆 + 𝑦𝐶𝑂2 = 1). 
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    𝑏1 = 𝐴 − 𝐵 − 𝐵2 
(K-13) 

 𝑏0 = −𝐴𝐵 
(K-14) 

3) Calculate new parameters 𝑝 and 𝑞: 

 𝑝 = 𝑏1 −
𝑏2
2

3
 (K-15) 

    𝑞 = 𝑏0 −
𝑏1𝑏2
3

+
2𝑏2

3

27
 (K-16) 

4) Calculate the discrimant 𝑑 

    𝑑 = (
𝑝

3
)
3

+ (
𝑞

2
)
2

 
(K-17) 

5) If 𝑑 > 0, all three real roots are the same and equal to 𝑍: 

    𝑍 = √−
𝑞

2
+ 𝑑0.5

3
+ √−

𝑞

2
− 𝑑0.5

3
−
𝑏2
3

 
(K-18) 

6) Otherwise, if 𝑑 ≤ 0, there will be three different real roots: 

    1𝑠𝑡𝑅𝑜𝑜𝑡 = 2√
−𝑝

3
cos (

𝜙

3
) −

𝑏2
3

 
(K-19) 

 2𝑛𝑑𝑅𝑜𝑜𝑡 = 2√
−𝑝

3
cos (

𝜙 + 2𝜋

3
) −

𝑏2
3

 
(K-20) 

 3𝑟𝑑𝑅𝑜𝑜𝑡 = 2√
−𝑝

3
cos (

𝜙 + 4𝜋

3
) −

𝑏2
3

 
(K-21) 

where, 

    𝜙 = arccos(−
𝑞

2
√−

27

𝑝3
) 

(K-22) 

7) If 𝑑 ≤ 0, 𝑍 is equal to the maximum value of the three roots: 

    𝑍 = 𝑚𝑎𝑥𝑖𝑚𝑢𝑚 (1𝑠𝑡𝑅𝑜𝑜𝑡, 2𝑛𝑑𝑅𝑜𝑜𝑡, 3𝑟𝑑𝑅𝑜𝑜𝑡) 
(K-23) 
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 After calculating 𝑍, the following equation can be used to obtain the fugacity 

coefficient (𝜑) of gaseous species in the gas mixture [341,342]: 

    𝑙𝑛𝜑𝑖 =
𝑏𝑖
𝑏
(𝑍 − 1) − ln(𝑍 − 𝐵) +

𝐴

𝐵
(
𝑏𝑖
𝑏
− 2

∑ 𝑦𝑗𝑎𝑖𝑗
𝑛
𝑗=1

𝑎
) ln (1 +

𝐵

𝑍
) 

(K-24) 
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Table K-1 

The binary parameters for the mixing-rule correction factor of the H2O-CO2-H2S gas mixture [241]. 

Species 𝑖 Species 𝑗 𝑘𝑖𝑗
(0)

 𝑘𝑖𝑗
(1)

 

H2O(g) CO2(g) 0.195736 47.0126 

H2O(g) H2S(g) 0.239679 0 

CO2(g) H2O(g) 0.195736 47.0126 

CO2(g) H2S(g) 0.0865454 0 

H2S(g) H2O(g) 0.239679 0 

H2S(g) CO2(g) 0.0865454 0 

Since  ∑ ∑ 𝑦𝑖𝑦𝑗(𝑎𝑖𝑎𝑗)
0.5
(1 − 𝑘𝑖𝑗)

𝑛
𝑗=1

𝑛
𝑖=1 = ∑ ∑ 𝑦𝑗𝑦𝑖(𝑎𝑗𝑎𝑖)

0.5
(1 − 𝑘𝑗𝑖)

𝑛
𝑗=1

𝑛
𝑖=1 , therefore, 𝑘𝑖𝑗 = 𝑘𝑗𝑖.  

 

Table K-2 

The critical temperature (𝑇𝑐), the critical pressure (𝑃𝑐), the attractive parameter (𝛼), and the acentric factor (𝜔) for gaseous species in the H2O-CO2-H2S gas mixture [241]. 

Species 𝑇𝑐 (K)§ 𝑃𝑐 (atm)† 𝛼‡ 𝜔⁎ 

CO2(g) 304.2 72.86 [1 + (0.480 + 1.574𝜔 − 0.176𝜔2)(1 − 𝑇𝑟
0.5)]2 0.231 

H2S(g) 373.4 88.527 [1 + (0.480 + 1.574𝜔 − 0.176𝜔2)(1 − 𝑇𝑟
0.5)]2 0.0827 

H2O(g) 647.14 217.755 [1 + 1.318711(1 − 𝑇𝑟
0.5) + 2.304407(1 − 𝑇𝑟

0.5)2]2 0.348 

𝑇𝑟 is reduced temperature (dimensionless) and equal to 𝑇𝑟 = 𝑇/𝑇𝑐 

𝛼 for H2O(g) does not depend on 𝜔. 
§ [282,335,337] 

† [336–338] 

‡ [241,248] 

⁎ [241,343]
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Appendix L: Modified Pitzer Equations and the Corresponding Parameters for 

H2O-NaCl-CO2 Systems 

The modified Pitzer semi-empirical equations for calculating activity coefficients 

of species in an aqueous solution in addition to the osmotic coefficient of water as solvent 

are listed below [139,142,143,136]: 

 

    

𝑙𝑛𝛾𝑋
𝑚 = 𝑧𝑋

2𝐹 +∑𝑚𝑐(2𝐵𝑐𝑋 + 𝑍𝐶𝑐𝑋)

𝑁𝑐

𝑐=1

+∑𝑚𝑎 (2Ф𝑋𝑎 +∑𝑚𝑐𝜓𝑋𝑎𝑐

𝑁𝑐

𝑐=1

)

𝑁𝑎

𝑎=1

+ ∑ ∑ 𝑚𝑐𝑚𝑐′𝜓𝑐𝑐′𝑋

𝑁𝑐

𝑐′=𝑐+1

𝑁𝑐−1

𝑐=1

+ |𝑧𝑋|∑∑𝑚𝑐𝑚𝑎𝐶𝑐𝑎

𝑁𝑎

𝑎=1

𝑁𝑐

𝑐=1

+ 2∑𝑚𝑛𝜆𝑛𝑋

𝑁𝑛

𝑛=1

+ 6∑∑𝑚𝑛𝑚𝑐𝜁𝑛𝑐𝑋

𝑁𝑐

𝑐=1

𝑁𝑛

𝑛=1

 

(L-1) 

    

𝑙𝑛𝛾𝑀
𝑚 = 𝑧𝑀

2 𝐹 +∑𝑚𝑎(2𝐵𝑀𝑎 + 𝑍𝐶𝑀𝑎)

𝑁𝑎

𝑎=1

+∑𝑚𝑐 (2Ф𝑀𝑐 +∑𝑚𝑎𝜓𝑀𝑐𝑎

𝑁𝑎

𝑎=1

)

𝑁𝑐

𝑐=1

+ ∑ ∑ 𝑚𝑎𝑚𝑎′𝜓𝑎𝑎′𝑀

𝑁𝑎

𝑎′=𝑎+1

𝑁𝑎−1

𝑎=1

+ |𝑧𝑀|∑∑𝑚𝑐𝑚𝑎𝐶𝑐𝑎

𝑁𝑎

𝑎=1

𝑁𝑐

𝑐=1

+ 2∑𝑚𝑛𝜆𝑛𝑀

𝑁𝑛

𝑛=1

+ 6∑∑𝑚𝑛𝑚𝑎𝜁𝑀𝑛𝑎

𝑁𝑎

𝑎=1

𝑁𝑛

𝑛=1

 

(L-2) 
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𝑙𝑛𝛾𝑁
𝑚 = 2∑𝑚𝑛𝜆𝑁𝑛

𝑁𝑛

𝑛=1

+ 2∑𝑚𝑐𝜆𝑁𝑐 + 2∑𝑚𝑎𝜆𝑁𝑎 +

𝑁𝑎

𝑎=1

∑∑𝑚𝑐𝑚𝑎𝜁𝑁𝑐𝑎

𝑁𝑎

𝑎=1

𝑁𝑐

𝑐=1

𝑁𝑐

𝑐=1

 

(L-3) 

 

(∅ − 1) =
2

∑ 𝑚𝑖𝑖
{−

𝐴𝜙𝐼𝑚
1.5

1 + 𝑏𝐼𝑚
0.5

+∑∑𝑚𝑐𝑚𝑎(𝐵𝑐𝑎
𝜑
+ 𝑍𝐶𝑐𝑎)

𝑁𝑎

𝑎=1

𝑁𝑐

𝑐=1

+ ∑ ∑ 𝑚𝑐𝑚𝑐′ (Ф𝑐𝑐′
𝜑

+∑𝑚𝑎𝜓𝑐𝑐′𝑎

𝑁𝑎

𝑎=1

)

𝑁𝑐

𝑐′=𝑐+1

𝑁𝑐−1

𝑐=1

+ ∑ ∑ 𝑚𝑎𝑚𝑎′ (Ф𝑎𝑎′
𝜑

+∑𝑚𝑐𝜓𝑎𝑎′𝑐

𝑁𝑐

𝑐=1

)

𝑁𝑎

𝑎′=𝑎+1

𝑁𝑎−1

𝑎=1

+∑∑𝑚𝑛𝑚𝑐𝜆𝑛𝑐

𝑁𝑐

𝑐=1

+

𝑁𝑛

𝑛=1

∑∑𝑚𝑛𝑚𝑎𝜆𝑛𝑎

𝑁𝑎

𝑎=1

𝑁𝑛

𝑛=1

+∑∑∑𝑚𝑛𝑚𝑐𝑚𝑎𝜁𝑛𝑐𝑎

𝑁𝑎

𝑎=1

𝑁𝑐

𝑐=1

𝑁𝑛

𝑛=1

} 

(L-4) 

    
𝑎𝐻2𝑂 = exp(−

𝑀𝐻2𝑂 ∙ ∅

1000
∙∑𝑚𝑖

𝑖

) 
(L-5) 

In Equations (L-1) to (L-5)118, 𝑋, 𝑎, and 𝑐′ refer to anions, 𝑀, 𝑐, and 𝑐′ refer to cations, 

and 𝑁 and 𝑛 refer to neutral species, 𝑖, 𝑧𝑖 denote the species of interest and its 

 
118 Equation (L-4) is reported incorrectly in Li and Duan [136] and Kahyarian and Nesic [107] publications. 
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corresponding charge, 𝑁𝑎, 𝑁𝑐, and 𝑁𝑛 are the total number of anions, cations, and 

neutral119 species in the solutions, respectively, 𝑚 is molality concentration, 𝛾𝑖
𝑚 

represents the molality-based activity coefficient of species 𝑖, 𝑀𝐻2𝑂 is the molecular 

weight of pure water in g/mol, ∅ and 𝑎𝐻2𝑂 are the molal osmotic coefficient and activity 

of water (both dimensionless), 𝐴𝜙 is the Debye-Huckel parameter for osmotic coefficient 

(explained in Appendix I), and 𝑏 is equal to 1.2 (mol/kgH2O)-0.5 [277]. 𝐹, 𝐶𝑀𝑋, and 𝑍 are 

defined in the following forms [142,143]: 

 

𝐹 = −𝐴𝜙 (
𝐼𝑚
0.5

1 + 𝑏𝐼𝑚
0.5 +

2

𝑏
ln(1 + 𝑏𝐼𝑚

0.5)) +∑∑𝑚𝑐𝑚𝑎𝐵𝑐𝑎
′

𝑁𝑎

𝑎=1

𝑁𝑐

𝑐=1

+ ∑ ∑ 𝑚𝑐𝑚𝑐′Φ𝑐𝑐′
′

𝑁𝑐

𝑐′=𝑐+1

𝑁𝑐−1

𝑐=1

+ ∑ ∑ 𝑚𝑎𝑚𝑎′Φ𝑎𝑎′
′

𝑁𝑎

𝑎′=𝑎+1

𝑁𝑎−1

𝑎=1

 

(L-6) 

 
𝐶𝑀𝑋 =

𝐶𝑀𝑋
𝜑

2|𝑧𝑀𝑧𝑥|0.5
 

(L-7) 

 𝑍 =∑|𝑧𝑖|𝑚𝑖

𝑖

 
(L-8) 

𝐼𝑚 is the solution ionic strength in molality basis. ∑𝑚𝑖 in Equations (L-4), (L-5), and (L-

8) covers all species: cations, anions, and neutral [142]. Other parameters in Equations 

(L-1) to (L-7) are the Pitzer interaction parameters, which will be explained in the 

following text. A brief description and example(s) of each parameter are given in Table 

L-1.

 
119 Neutral in the Pitzer equations includes all neutral species except the solvent. For example, in H2O-

NaCl-CO2 system, the only neutrals species is CO2(aq). 
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Table L-1 

A summary of Pitzer interaction parameters and examples for the H2O-NaCl-CO2 system [136,142,143]. 

Pitzer parameter Virial coefficient order Interactions between Example(s) 

𝐵𝑀𝑋, 𝐵𝑀𝑋
𝜑

, 𝐵𝑀𝑋
′  Second cation-anion H-Cl, Na-OH 

𝐶𝑀𝑋
𝜑

 Third cation-anion H-OH, H-HCO3 

𝜃𝑖𝑗 Second cation-cation, anion-anion Na-H, OH-Cl, Cl-HCO3 

Ф𝑖𝑗, Φ𝑖𝑗
𝜑

, Φ𝑖𝑗
′  Second cation-cation, anion-anion Na-H, Cl-HCO3, HCO3-CO3 

𝜓𝑖𝑗𝑘 Third cation-cation-anion, anion-anion-cation H-Na-HCO3, Cl-CO3-Na  

𝜆𝑛𝑖 Second neutral-cation, neutral-anion CO2-HCO3, CO2-Na, CO2-H 

𝜁𝑛𝑖𝑗 Third neutral-cation-anion CO2-Na-Cl 

𝜆𝑁𝑛 Second neutral-neutral  CO2-CO2 

𝑀: cation; 𝑋: anion; 𝑁 and 𝑛: neutral; 𝑖, 𝑗, and 𝑘: either cations or anions
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The tree types of second order virial coefficients, 𝐵, are functions of ionic strength and 

are defined as follows [142,143]: 

 𝐵𝑀𝑋
𝜙

= 𝛽𝑀𝑋
(0)

+ 𝛽𝑀𝑋
(1)
𝑒−𝛼1√𝐼𝑚 + 𝛽𝑀𝑋

(2)
𝑒−𝛼2√𝐼𝑚  

(L-9) 

 𝐵𝑀𝑋 = 𝛽𝑀𝑋
(0)

+ 𝛽𝑀𝑋
(1)𝑔(𝛼1√𝐼𝑚) + 𝛽𝑀𝑋

(2)𝑔(𝛼2√𝐼𝑚) (L-10) 

 
𝐵𝑀𝑋
′ = 𝛽𝑀𝑋

(1) 𝑔
′(𝛼1√𝐼𝑚)

𝐼𝑚
+ 𝛽𝑀𝑋

(2) 𝑔
′(𝛼2√𝐼𝑚)

𝐼𝑚
 (L-11) 

where, function 𝑔 and  𝑔′ are defined as below [142,143]: 

 
𝑔(𝑥) =

2(1 − (1 + 𝑥)𝑒−𝑥)

𝑥2
 

(L-12) 

 

𝑔(𝑥) = −2
(1 − (1 + 𝑥 +

𝑥2

2
) 𝑒−𝑥)

𝑥2
 (L-13) 

With 𝑥 = 𝛼1√𝐼𝑚 or 𝑥 = 𝛼2√𝐼𝑚. If either of cation (𝑀) or anion (𝑋) is univalent (e.g., 

Na-Cl and H-CO3 pairs), 𝛼1 = 2. For 2-2 or higher valence pairs (e.g., Ca-CO3), 𝛼1 =

1.4. For all types of electrolytes, 𝛼2 = 12. The unit for 𝛼1 and 𝛼2 are (mol/kgH2O)-0.5 

[143]. 𝛽𝑀𝑋
(2)

 value is considered zero for all the pairs in the H2O-NaCl-CO2 system [136]. 

The values of 𝛽𝑀𝑋
(0)

, 𝛽𝑀𝑋
(1)

 and 𝐶𝑀𝑋
𝜑

 for the existing pairs in the H2O-NaCl-CO2 

system are given in Table L-2 to Table L-7. 
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Table L-2 

The Pitzer second virial parameter for the H-Cl pair. 

𝑐𝑖 𝛽(0) 𝛽(1) 𝐶𝜑 

𝑐1 0.17690 0.2973 7.24e-4 

𝑐2 -9.14e-2 16.147 0 

𝑐3 0 -1.7631e-2 0 

𝑐4 -4.034e-4 0 -6.072e-5 

𝑐5 6.20e-5 7.20e-4 0 

𝛽𝑀𝑋
(0)

= 𝛽𝑋𝑀
(0)

, 𝛽𝑀𝑋
(1)

= 𝛽𝑋𝑀
(1)

, 𝐶𝑀𝑋
𝜑

= 𝐶𝑋𝑀
𝜑

, 𝑇 in K, and 𝑃 in MPa 

𝑃𝑎𝑟(𝑇, 𝑃) = 𝑐1 + 𝑐2 ln(𝜌𝑤/997) + 𝑐3(𝜌𝑤 − 997) + 𝑐4(𝑇 − 298.15) + 𝑐5(𝑃 − 1) 
𝜌𝑤 is the density of pure water in kg/m3 at temperature 𝑇 and pressure 𝑃 (given in 

Appendix B).  

The coefficients and the equation are taken from [344].  

The 𝑐5 values for 𝛽(0) and 𝛽(1) are reported incorrectly in the Pitzer [277] and in the Li 

and Duan publications [136] probably due to a confusion in unit conversation from MPa 

to bar. If their coefficients are used and the unit for pressure is in bar instead of MPa, the 

last term in the 𝑃𝑎𝑟 equation should be (𝑃 − 10).  
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Table L-3 

The Pitzer second virial parameter for the Na-Cl pair. 

𝑐𝑖 𝛽(0) 𝛽(1) 𝐶𝜑 𝑐𝑖 𝛽(0) 𝛽(1) 𝐶𝜑 

𝑐1 -6.5681518e2 1.1931966e2 -6.1084589e0 𝑐12 8.6340233e-10 0 8.6926600e-11 

𝑐2 2.4869130e1 -4.8309327e-1 4.0217793e-1 𝑐13 -4.1785962e-13 0 0 

𝑐3 5.3812753e-5 0 2.2902837e-5 𝑐14 -1.5793660e0 -4.2345814 3.5310414e-1 

𝑐4 -5.5887470e-8 0 0 𝑐15 2.2022821e-3 0 -4.3314252e-4 

𝑐5 6.5893263e-12 0 0 𝑐16 -1.3105503e-7 0 0 

𝑐6 -4.4640952e0 0 -7.5354649e-1 𝑐17 -6.3813683e-11 0 0 

𝑐7 1.1109914e-2 1.4068095e-3 1.5317673e-4 𝑐18 9.7065780e0 0 -9.1871455e-2 

𝑐8 -2.6573399e-7 0 -9.0550901e-8 𝑐19 -2.6860396e-2 0 5.1904777e-4 

𝑐9 1.7460070e-10 0 0 𝑐20 1.5344744e-5 0 0 

𝑐10 1.0462619e-14 0 0 𝑐21 -3.2153983e-9 0 0 

𝑐11 -5.3070129e-6 0 -1.5386008e-8     

 𝛽𝑀𝑋
(0)

= 𝛽𝑋𝑀
(0)

, 𝛽𝑀𝑋
(1)

= 𝛽𝑋𝑀
(1)

, 𝐶𝑀𝑋
𝜑

= 𝐶𝑋𝑀
𝜑

, 𝑇 in K, and 𝑃 in bar. 

𝑃𝑎𝑟(𝑇) = 𝑐1/𝑇 + 𝑐2 + 𝑐3𝑃 + 𝑐4𝑃
2 + 𝑐5𝑃

3 + 𝑐6 ln 𝑇 + (𝑐7 + 𝑐8𝑃 + 𝑐9𝑃
2 + 𝑐10𝑃

3)𝑇 + (𝑐11 + 𝑐12𝑃 + 𝑐13𝑃
2)𝑇2 + (𝑐14 + 𝑐15𝑃 + 𝑐16𝑃

2 + 𝑐17𝑃
3)/(𝑇 − 227) + (𝑐18 + 𝑐19𝑃 + 𝑐20𝑃

2 + 𝑐21𝑃
3)/(680 − 𝑇) 

The coefficients and the equation are taken from [345]. 

The 𝑐6 value for 𝐶𝜑 is reported incorrectly in the Pitzer [277] and in the Li and Duan publications [136]. 
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Table L-4 

The Pitzer second virial parameter for the Na-OH pair. 

𝑐𝑖 𝛽(0) 𝛽(1) 𝐶𝜑 𝑐𝑖 𝛽(0) 𝛽(1) 𝐶𝜑 

𝑐1 2.7682478e2 4.6286977e2 -1.6686897e1 𝑐7 7.1788733e-6 0 -1.0553037e-6 

𝑐2 -2.8131778e-3 0 4.0534778e-4 𝑐8 -4.0218506e-5 -1.0795894e-4 2.3765786e-6 

𝑐3 -7.3755443e3 -1.0294181e4 4.5364961e2 𝑐9 -5.8847404e-9 0 8.9893405e-10 

𝑐4 3.7012540e-1 0 -5.1714017e-2 𝑐10 1.1931122e1 0 -6.8923899e-1 

𝑐5 -4.9359970e1 -8.5960581e1 2.9680772e0 𝑐11 2.4824963e0 0 -8.1156286e-2 

𝑐6 1.0945106e-1 2.3905969e-1 -6.5161667e-3 𝑐12 -4.8217410e-3 0 0 

 𝛽𝑀𝑋
(0)

= 𝛽𝑋𝑀
(0)

, 𝛽𝑀𝑋
(1)

= 𝛽𝑋𝑀
(1)

, 𝐶𝑀𝑋
𝜑

= 𝐶𝑋𝑀
𝜑

, 𝑇 in K, and 𝑃 in bar 

𝑃𝑎𝑟(𝑇, 𝑃) = 𝑐1 + 𝑐2𝑃 + (𝑐3 + 𝑐4𝑃)/𝑇 + 𝑐5 ln 𝑇 + (𝑐6 + 𝑐7𝑃)𝑇 + (𝑐8 + 𝑐9𝑃)𝑇
2 + 𝑐10/(𝑇 − 227) + (𝑐11 + 𝑐12𝑃)/(647 − 𝑇) 

The coefficients and the equation are taken from [346].  

𝑐2 value for 𝛽(0) is reported in incorrectly in the Li and Duan publication [136]. 
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Table L-5 

The Pitzer second virial parameter for the Na-CO3 and the Na-HCO3 pairs. 

 Na-CO3 Na-HCO3 

𝑐𝑖 𝛽(0) 𝛽(1) 𝐶𝜑 𝛽(0) 𝛽(1) 𝐶𝜑 

𝑐1 5.153e-1 2.044e0 -9.14e-2 6.61e-2 -4.116e0 0 

𝑐2 -5.991e-4 -4.303e-3 0 0 6.309e-3 0 

𝑐3 0 0 0 0 9.240e2 0 

𝑐4 -2.581e1 -2.545e1 6.482e0 0 -5.202e1 0 

𝑐5 -2.659e0 3.618e2 8.048e0 0 -8.026e1 0 

𝑐6 0 0 0 3.75951e-8 0 0 

𝑐7 8.750e-5 0 -2.890e-5 0 1.634e-4 0 

𝑐8 -2.660e-8 0 0 0 -1.390e-7 0 

 𝛽𝑀𝑋
(0)

= 𝛽𝑋𝑀
(0)

, 𝛽𝑀𝑋
(1)

= 𝛽𝑋𝑀
(1)

, 𝐶𝑀𝑋
𝜑

= 𝐶𝑋𝑀
𝜑

, 𝑇 in K, and 𝑃 in bar 

𝑃𝑎𝑟(𝑇, 𝑃) = 𝑐1 + 𝑐2𝑇 + 𝑐3/𝑇 + 𝑐4/(𝑇 − 210) + 𝑐5/(647 − 𝑇) + 𝑐6(𝑇 − 443)3/3
+ 𝑐7(𝑃 − 1) + 𝑐8(𝑃 − 1)2/2 

The coefficients and the equation are taken from [347].  

 



597 

 

  

Table L-6 

The Pitzer second virial parameter, 𝜆, for the CO2-CO2 and the CO2-Na pairs and the 

Pitzer third virial parameter, 𝜁, for the  CO2-Na-Cl triplet. 

𝑐𝑖 𝜆𝐶𝑂2−𝐶𝑂2 𝜆𝐶𝑂2−𝑁𝑎 𝜁𝐶𝑂2−𝑁𝑎−𝐶𝑙 

𝑐1 -8.603471564e-1 -2.739092216e-1 -1.665719188e-2 

𝑐2 3.297141654e-3 7.399855859e-4 1.3916186e-6 

𝑐3 6.309267405e1 5.55213285e1 0 

𝑐4 -4.0989605e-6 0 0 

𝑐5 1.529493614e1 0 0 

𝑐6 6.506644253e-3 0 0 

𝑐7 -9.63797714e-4 0 0 

𝑐8 -3.238222665e-1 5.683638727e-3 -1.873812115e-3 

𝑐9 1.599113719e-2 -8.009093476e-4 -1.577400757e-3 

𝑐10 0 0 0 

𝑐11 -1.8867333e-5 -1.74562027e-5 0 

𝜆𝑁𝑀 = 𝜆𝑀𝑁, 𝜁𝑁𝑀𝑋 = 𝜁𝑁𝑋𝑀 = 𝜁𝑀𝑁𝑋 = 𝜁𝑀𝑋𝑁 = 𝜁𝑋𝑁𝑀 = 𝜁𝑋𝑀𝑁, 𝑇 in K, and 𝑃 in bar 

𝜆𝐶𝑂2−𝐶𝑙 = 0 

𝑃𝑎𝑟(𝑇, 𝑃) = 𝑐1 + 𝑐2𝑇 + 𝑐3/𝑇 + 𝑐4𝑇
2 + 𝑐5/(630 − 𝑇) + 𝑐6𝑃 + 𝑐7𝑃𝑙𝑛𝑇 + 𝑐8𝑃/𝑇

+ 𝑐9𝑃/(630 − 𝑇) + 𝑐10𝑃
2/(630 − 𝑇)2 + 𝑐11𝑇𝑙𝑛𝑃 

The coefficients and the equation are taken from [136].  
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Table L-7 

The Pitzer second virial parameter for the CO2-HCO3 and the CO2-CO3 pairs. 

𝑐𝑖 𝜆𝐶𝑂2−𝑁𝑎 + 𝜆𝐶𝑂2−𝐻𝐶𝑂3 

𝑐1 0.35284 

𝑐2 -27.85446 

𝑐3 19.56109 

𝜆𝑁𝑀 = 𝜆𝑀𝑁, 𝜆𝑁𝑋 = 𝜆𝑋𝑁, 𝑇 in K, and 𝑃 in bar 

𝜆𝐶𝑂2−𝐶𝑂3 = 2𝜆𝐶𝑂2−𝐻𝐶𝑂3 

𝑃𝑎𝑟(𝑇, 𝑃) = 𝑐1 + 𝑐2/(𝑇 − 210) + 𝑐3/(𝑃 − 100) 
The coefficients and the equation are taken from [136].  

 

 

All three types of Pitzer second virial coefficients, Ф are functions of ionic 

strength. The equations for these coefficients are given below: 

 Φ𝑖𝑗
𝜑
= 𝜃𝑖𝑗 + 𝜃𝑖𝑗 

𝐸 (𝐼𝑚) + 𝐼 𝜃𝑖𝑗
′ (𝐼𝑚) 

𝐸  
(L-14) 

 Ф𝑖𝑗 = 𝜃𝑖𝑗 + 𝜃𝑖𝑗 
𝐸 (𝐼𝑚) (L-15) 

 Φ𝑖𝑗
′ = 𝜃𝑖𝑗

′ (𝐼𝑚) 
𝐸  

(L-16) 

𝜃𝑖𝑗 coefficients are given in Table L-8. 𝜃𝑖𝑗 
𝐸  and 𝜃𝑖𝑗

′
 
𝐸  are a function of ionic strength and 

the electrolyte pair. Pitzer [348] proposed the following equations, using the cluster-

integral method [349,350], for computing 𝜃𝑖𝑗 
𝐸  and 𝜃𝑖𝑗

′
 
𝐸 : 

 
𝜃𝑖𝑗 

𝐸 =
𝑧𝑖𝑧𝑗

4𝐼𝑚
(𝐽(𝑥𝑖𝑗) −

1

2
𝐽(𝑥𝑖𝑖) −

1

2
𝐽(𝑥𝑗𝑗)) 

(L-17) 

 
𝜃𝑖𝑗
′

 
𝐸 = −

𝜃𝑖𝑗 
𝐸

𝐼𝑚
+
𝑧𝑖𝑧𝑗

8𝐼𝑚2
(𝑥𝑖𝑗𝐽

′(𝑥𝑖𝑗) −
1

2
𝑥𝑖𝑖𝐽

′(𝑥𝑖𝑖) −
1

2
𝑥𝑗𝑗𝐽

′(𝑥𝑗𝑗)) 
(L-18) 

where, 𝑥𝑖𝑗 is a dimensionless parameter defined to simplify the integration calculations: 
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 𝑥𝑖𝑗 = 6𝑧𝑖𝑧𝑗𝐴
𝜙𝐼𝑚

0.5 
(L-19) 

𝜃𝑖𝑗 
𝐸  and 𝜃𝑖𝑗

′
 
𝐸  are zero for 1-1 pairs such as H-Na, OH-Cl, Cl-HCO3. They become 

important for 2-1, 3-1, and 4-1 mixing pairs [277]. 

The integral function 𝐽 and its derivative, 𝐽′ can be calculated from one of the 

following equations [348]: 

• If 0.1 ≤ 𝑥𝑖𝑗 ≤ 80 

 

𝐽(𝑥) = −
𝑥2(𝑙𝑛𝑥)𝑒−10𝑥

2

6
+ (∑𝑐𝑘𝑥

−𝑘

6

𝑘=1

)

−1

 (L-20) 

 
𝐽′(𝑥) =

𝑥𝑒−10𝑥
2
((20𝑥2 − 2) ln(𝑥) − 1)

6
+
𝑥5∑ 𝑘𝑐𝑘𝑥

(6−𝑘)6
𝑘=1

(∑ 𝑐𝑘𝑥
(6−𝑘)6

𝑘=1 )2
 

(L-21) 

• For other 𝑥𝑖𝑗 values 

 𝐽(𝑥) = 𝑥[4 + 𝑐1𝑥
−𝑐2 exp(−𝑐3𝑥

𝑐4)]−1 
(L-22) 

 
𝐽′(𝑥) =

𝑥𝑐2 exp(𝑐3𝑥
𝑐4) [4𝑥𝑐2 exp(𝑐3𝑥

𝑐4) + 𝑐1𝑐3𝑐4𝑥
𝑐4 + 𝑐1𝑐2 + 𝑐1]

[4𝑥𝑐2 exp(𝑐3𝑥𝑐4) + 𝑐1]2
 

(L-23) 

The values for 𝐽 and 𝐽′ at different 𝑥𝑖𝑗 are given by Pitzer [348]. The derivative functions, 

𝐽′ are derived in this study. Other methods have been proposed for calculating the integral 

function 𝐽 and its derivative [277]. The 𝑐𝑘 coefficients in Equations (L-20) to (L-23) are 

listed in Table L-9. 

The rest of Pitzer parameters needed to build the Li and Duan model for the H2O-

NaCl-CO2 system are given in Table L-10. 
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Table L-8 

The Pitzer second virial parameter, 𝜃, for the OH-Cl and the H-Na pairs and the Pitzer 

third virial parameter, 𝜓, for the OH-Cl-Na and the H-Na-Cl triplets. 

𝑐𝑖 𝜃𝑂𝐻−𝐶𝑙 𝜃𝐻−𝑁𝑎 𝜓𝑂𝐻−𝐶𝑙−𝑁𝑎 𝜓𝐻−𝑁𝑎−𝐶𝑙 

1 1.10485703e-1 4.81363462e-2 1.27601977e1 -1.45623335e-2 

2 0 0 3.66503385e-3 0 

3 0 0 0 3.59308925 

4 0 0 0 0 

5 -4.93613455e1 -4.05430635 -3.55227032e2 0 

6 0 0 -2.2105122 0 

7 0 0 3.23085637e-3 0 

8 0 0 -2.71988632e1 0 

𝜓𝑋𝑋𝑀 = 𝜓𝑀𝑋𝑋 = 𝜓𝑋𝑀𝑋, 𝜓𝑀𝑀𝑋 = 𝜓𝑋𝑀𝑀 = 𝜓𝑀𝑋𝑀, 𝑇 in K, and 𝑃 in bar. 

𝑃𝑎𝑟(𝑇) = 𝑐1 + 𝑐2𝑇 + 𝑐3𝑇
2 + 𝑐4𝑇

3 + 𝑐5/𝑇 + 𝑐6𝑙𝑛𝑇 + 𝑐7/(𝑇 − 263) + 𝑐8/(680 − 𝑇) 
The coefficients and the equation are taken from [351]. 

The 𝑃𝑎𝑟 equation in the Li and Duan publication [136] is reported differently.
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Table L-9 

Coefficients used in Equations (L-20) to (L-23) for calculating the integral function 𝐽 and 

its derivative 𝐽′. 

𝑘 𝑐𝑘 in Equations (L-20) and (L-21)  𝑐𝑘 in Equations (L-22) and (L-23) 

1 4.118 4.581 

2 7.247 0.7237 

3 -4.408 0.0120 

4 1.837 0.528 

5 -0.251 N/A 

6 0.0164 N/A 

The coefficient are taken from [348]. 

The equations for 𝐽′, the derivative of the integral function, are derived in this study. 

 

 



   

Table L-10 

A part of Pitzer parameters used in the Li and Duan model for the H2O-NaCl-CO2 system 

[136]. 

Parameter Value Parameter Value Parameter Value 

𝜆𝐶𝑂2−𝐻 0 𝜓𝑂𝐻−𝐶𝑙−𝐻 0 𝜓𝐻𝐶𝑂3−𝐶𝑂3−𝑁𝑎
a 0.002 

𝜆𝐶𝑂2−𝑂𝐻 0 𝜓𝑂𝐻−𝐻𝐶𝑂3−𝐻 0 𝜁𝐶𝑂2−𝐻−𝑂𝐻 0 

𝜃𝑂𝐻−𝐻𝐶𝑂3 0 𝜓𝑂𝐻−𝐻𝐶𝑂3−𝑁𝑎 0 𝜁𝐶𝑂2−𝐻−𝐶𝑙 0 

𝜃𝑂𝐻−𝐶𝑂3
a 0.1 𝜓𝑂𝐻−𝐶𝑂3−𝐻 0 𝜁𝐶𝑂2−𝐻−𝐻𝐶𝑂3 0 

𝜃𝐶𝑙−𝐻𝐶𝑂3
b 0.0359 𝜓𝑂𝐻−𝐶𝑂3−𝑁𝑎

a -0.017 𝜁𝐶𝑂2−𝐻−𝐶𝑂3 0 

𝜃𝐶𝑙−𝐶𝑂3
b -0.053 𝜓𝐶𝑙−𝐻𝐶𝑂3−𝐻 0 𝜁𝐶𝑂2−𝑁𝑎−𝑂𝐻 0 

𝜃𝐻𝐶𝑂3−𝐶𝑂3
a -0.04 𝜓𝐶𝑙−𝐻𝐶𝑂3−𝑁𝑎

b, c -0.0143 𝜁𝐶𝑂2−𝑁𝑎−𝐻𝐶𝑂3 0 

𝜓𝐻−𝑁𝑎−𝑂𝐻 0 𝜓𝐶𝑙−𝐶𝑂3−𝐻 0 𝜁𝐶𝑂2−𝑁𝑎−𝐶𝑂3 0 

𝜓𝐻−𝑁𝑎−𝐻𝐶𝑂3 0 𝜓𝐶𝑙−𝐶𝑂3−𝑁𝑎
c 0.016   

𝜓𝐻−𝑁𝑎−𝐶𝑂3 0 𝜓𝐻𝐶𝑂3−𝐶𝑂3−𝐻 0   

a[142], b[234], c[169] 
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Appendix M: Revised Helgeson-Kirkham-Flowers (HKF) Equation of State for 

Aqueous Ions and Electrolytes 

The revised HKF equation of state allows to calculate the apparent standard-state 

partial molal enthalpy (∆𝑓�̅�
𝑜) and Gibbs free energy (∆𝑓�̅�

𝑜) of an aqueous species at a 

specific pressure and temperature using the standard partial molal volume (�̅�𝑜), the 

standard partial molal constant pressure heat capacity (𝐶�̅�
𝑜), and the standard partial molal 

entropy (𝑆̅𝑜) of that aqueous species [328–330]. Each of �̅�𝑜, 𝐶�̅�
𝑜, and 𝑆̅𝑜 parameters has 

two parts: the solvation part and the nonsolvation part. The solvation part depends on the 

dielectric constant of water, the conventional Born coefficient, and the Born function Q. 

The nonsolvation part depends on the characteristic of individual aqueous species [328]. 

The revised HKF equation of state for ∆𝑓�̅�
𝑜 at pressure, 𝑃, and temperature, 𝑇, is 

defined as below [329]: 

 ∆𝑓�̅�
𝑜(𝑇, 𝑃) ≡ ∆𝑓�̅�𝑃𝑟,𝑇𝑟

𝑜 + �̅�𝑃,𝑇
𝑜 − �̅�𝑃𝑟,𝑇𝑟

𝑜  
(M-1) 
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�̅�𝑃,𝑇
𝑜 − �̅�𝑃𝑟,𝑇𝑟

𝑜 = −𝑆�̅�𝑟,𝑇𝑟
𝑜 (𝑇 − 𝑇𝑟) − 𝑐1 [𝑇𝑙𝑛 (

𝑇

𝑇𝑟
) − 𝑇 + 𝑇𝑟]

− 𝑐2 {[(
1

𝑇 − Θ
) − (

1

𝑇𝑟 − Θ
)] (

Θ − 𝑇

Θ
)

−
𝑇

Θ2
ln (

𝑇𝑟(𝑇 − Θ)

𝑇(𝑇𝑟 − Θ)
)} + 𝑎1(𝑃 − 𝑃𝑟)

+ 𝑎2 ln (
Ψ + 𝑃

Ψ + 𝑃𝑟
)

+ (
1

𝑇 − Θ
) [𝑎3(𝑃 − 𝑃𝑟) + 𝑎4 ln (

Ψ + 𝑃

Ψ + 𝑃𝑟
)]

+ 𝜔𝑃,𝑇 (
1

𝜀
− 1) − 𝜔𝑃𝑟,𝑇𝑟 (

1

𝜀𝑃𝑟,𝑇𝑟
− 1)

+ 𝜔𝑃𝑟,𝑇𝑟𝑌𝑃𝑟,𝑇𝑟(𝑇 − 𝑇𝑟) 

(M-2) 

where, ∆𝑓�̅�𝑃,𝑇
𝑜  is the apparent standard partial molal Gibbs free energy of formation of an 

aqueous species at pressure 𝑃 (bar) and temperature 𝑇 (K) in cal/mol; 𝑃𝑟 is a reference 

pressure (= 1 bar); 𝑇𝑟 is a reference temperature (= 298.15 K); ∆𝑓�̅�𝑃𝑟,𝑇𝑟
𝑜  is the standard 

partial molal Gibbs free energy of formation of the species from the elements in their 

stable form at 𝑃𝑟 and 𝑇𝑟 in cal/mol; �̅�𝑃,𝑇
𝑜 − �̅�𝑃𝑟,𝑇𝑟

𝑜  corresponds to the difference in the 

standard partial molal Gibbs free energy of formation of an aqueous species at 𝑃 and 𝑇 

and that at 𝑃𝑟 and 𝑇𝑟 in cal/mol, 𝑆�̅�𝑟,𝑇𝑟
𝑜  is the standard partial molal entropy at 𝑃𝑟 and 𝑇𝑟 in 

cal/mol/K; 𝑐𝑖 stands for temperature- and pressure- independent integral constants for the 

nonsolvation part (Δ𝐶�̅�,𝑛
𝑜 ) of 𝐶�̅�

𝑜, 𝑎𝑖 represents temperature- and -pressure independent 

integral constants for the nonsolvation part (Δ�̅�𝑛
𝑜) of �̅�𝑜, Θ is a temperature constant 

characteristic of solvent (= 228 K), Ψ is a pressure constant characteristic of solvent (= 
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2600 bar), 𝜔𝑃,𝑇 is the conventional Born coefficient at 𝑃 and 𝑇 in cal/mol, 𝜔𝑃𝑟,𝑇𝑟 is the 

conventional Born coefficient at 𝑃𝑟 and 𝑇𝑟 in cal/mol; 𝜀 is the relative permittivity of 

water at 𝑃 and 𝑇; 𝜀𝑃𝑟,𝑇𝑟 is the dielectric constant of water at 𝑃𝑟 and 𝑇𝑟; and 𝑌 is one of the 

Born functions at 𝑃𝑟 and 𝑇𝑟 in 1/K [329]. 

In the MSE model proposed by Springer et al. [241], 𝜔𝑗,𝑃𝑟,𝑇𝑟 values are 

determined by regression of the experimental data. As explained in Appendix E, 𝜔𝑗 and 

𝜔𝑗,𝑃𝑟,𝑇𝑟 values are equal. 𝜔𝑗,𝑃𝑟,𝑇𝑟 values for different species are listed in Table M-1. The 

dielectric of water (𝜀) can be calculated using the equations in Appendix D. 𝑌𝑃𝑟,𝑇𝑟 is the 

Born function 𝑌 at 𝑃𝑟 and 𝑇𝑟. The calculation procedure for the Born function 𝑌 is 

explained in Appendix F. 

 The apparent120 standard-state121 partial molal Gibbs free energy of species 𝑖 

(∆𝑓�̅�𝑖
𝑜) is equal to the molality based standard-state chemical potential of species 𝑖 [125]: 

 𝜇𝑖
𝑜,𝑚 = (

𝜕𝐺

𝜕𝑛𝑖
)𝑃,𝑇,𝑛𝑗≠𝑖 = ∆𝑓�̅�𝑖

𝑜 (M-3) 

 
120 The partial differentiation in Equation (M-3) means adding one type of ions, while keeping constant the 

concentrations for all other ions. This is not physically possible. Therefore, it is not feasible to measure the 

properties of a single ion independent of other ions. Therefore, what is measured is always the sum of the 

properties of an anion and a cation. To get numerical values of the standard-state properties of single ions, 

the properties of one ion are given fixed values. By convention, the standard state chemical potential of the 

hydrogen ion H+ is 0 J/mol [125]. Thus, the standard-state properties of other ions are called apparent. 
121 Standard-state means for pure ion 𝑖 (mole fraction of ion 𝑖 is equal to one). It is not possible to have 

“pure ion 𝑖”. Therefore, the standard-state is a hypothetical state to have the same definition for all ions 

identical to that for water [125].  
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Table M-1 

The HKF parameters for the H2O-NaCl-CO2-H2S system. 

Species ∆𝑓�̅�𝑃𝑟,𝑇𝑟
𝑜   

(cal/mol) 

𝑆�̅�𝑟,𝑇𝑟
𝑜  

(cal/mol/K) 

𝑎1 

cal/mol/bar 

𝑎2 

cal/mol 

𝑎3 

cal∙K/mol/bar 

𝑎4 

cal∙K/mole 

𝑐1 

cal/mol/K 

𝑐2 

cal∙K/mol 

𝜔𝑃𝑟,𝑇𝑟 

cal/mol 

Ref 

𝐻3𝑂(𝑎𝑞)
+  -56686.1855 16.7290 0.451232 -21.2711 -8.64735 20487 14.6773 16976 -13672.5 [241] 

𝑁𝑎(𝑎𝑞)
+  -62591 13.96 0.1839 -228.5 3.256 -27260 18.18 -29810 33060 [328] 

𝑂𝐻(𝑎𝑞)
−  -37595 -2.6 -0.03899 434.6 13.37 -57770 4.15 -103460 172460 [328] 

𝐶𝑙(𝑎𝑞)
−  -31379 13.56 0.4032 480.1 5.563 -28470 -4.40 -57140 145600 [328] 

𝐻𝐶𝑂3(𝑎𝑞)
−  -140282 23.53 0.75621 115.05 1.2346 -28266 12.9395 -47579 127330 [328] 

𝐶𝑂3(𝑎𝑞)
2−  -126191a -11.95 0.28524 -398.44 6.4142 -26143 -3.3206 -171917 339140 [328] 

𝐻𝑆(𝑎𝑞)
−  2856a 16.3 0.50119 497.99 3.4765 -29849 3.42 -62700 144100 [328] 

𝑆(𝑎𝑞)
2−  21957.8991a -2.7 0.25121 -164.77 -2.5371 -27109 -6.41 -179770 329520 [241] 

𝐶𝑂2(𝑎𝑞) -92250 28.1 1.08886 0 -24.7708 0 40.0325 88004 -2000 [241] 

𝐻2𝑆(𝑎𝑞) -6636.95 31.7 0.694808 0 0 0 34.5689 -25509 0 [241] 

a This value is reported incorrectly in the Springer et al. publication [241].
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Appendix N: Molal Gibbs Free Energy of Formation of Liquid Water 

Since water acts as the solvent in aqueous systems, the apparent standard-state 

partial molal122 Gibbs free energy of formation of liquid water cannot be calculated with 

the HKF equation of state (Appendix M), which is for dissolved aqueous species. The 

apparent molal Gibbs free energy of formation of liquid water (∆𝑓�̅�𝑤
𝑜) from its elements 

at pressure, 𝑃, and temperature, 𝑇, can be calculated from the equation below: 

 

∆𝑓�̅�𝑤
𝑜(𝑇, 𝑃) = [∆𝐺𝑡𝑟𝑖𝑝𝑙𝑒 + 𝜓 − 𝑆𝑡𝑟𝑖𝑝𝑙𝑒(𝑇 − 𝑇𝑡𝑟𝑖𝑝𝑙𝑒) +

0.1𝑃

𝜌𝑤

− 𝑃𝑡𝑟𝑖𝑝𝑙𝑒 × 𝑉𝑡𝑟𝑖𝑝𝑙𝑒]𝑀𝑤 

(N-1) 

where, ∆𝑓�̅�𝑤
𝑜  is in J/mol. ∆𝐺𝑡𝑟𝑖𝑝𝑙𝑒 corresponds to the standard-state Gibbs free energy of 

formation of liquid water from its elements in their stable form at 298.15 K and 1 bar 

(∆𝑓�̅�𝑤,𝑃𝑟,𝑇𝑟
𝑜 ) minus the change in the Gibbs free energy of liquid water caused by 

increasing the temperature and pressure from 273.16 K and 0.006113 bar at the triple 

point123  to those at standard conditions124 (𝐺𝑃𝑟,𝑇𝑟 − 𝐺𝑡𝑟𝑖𝑝𝑙𝑒). ∆𝐺𝑡𝑟𝑖𝑝𝑙𝑒 is equal to -13073 

J/g. 𝑆𝑡𝑟𝑖𝑝𝑙𝑒 stands for the molal third law entropy of liquid water at the triple point (= 

3.5144 J/g/K). 𝑇𝑡𝑟𝑖𝑝𝑙𝑒 is temperature at the triple point (= 273.16 K). 𝑃𝑡𝑟𝑖𝑝𝑙𝑒 is pressure at 

the triple point (= 0.006113 bar). 𝑉𝑡𝑟𝑖𝑝𝑙𝑒 is the volume of water at the triple point (= 

0.10002 J/g/bar). 𝑃 is pressure in bar. 𝜌𝑤 is the density of water in g/cm3 (Appendix B). 

 
122 Molar is usually used in the literature. However, in the Helgeson and Kirkham publication [321] molal 

is used instead. Both units transfer the same meaning, which is when 1 mole of water is added to the 

system. 
123 The triple point of a substance is the temperature and the pressure at which its three states of solid, 

liquid, and gas coexist in a thermodynamic equilibrium. 
124  ∆𝐺𝑡𝑟𝑖𝑝𝑙𝑒 = ∆𝑓�̅�𝑃𝑟,𝑇𝑟

𝑜,𝑤
−(𝐺𝑃𝑟,𝑇𝑟 − 𝐺𝑡𝑟𝑖𝑝𝑙𝑒) 
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𝑀𝑤 is the molecular weight of water (= 18.0153 g/mol) [321]. 𝜓 is a Helmholtz free 

energy function in J/g, which has the following form [321]:   

 𝜓 = 𝜓𝑜 + 𝑅𝑇(𝑙𝑛𝜌𝑤 + 𝜌𝑤𝑄) (N-2) 

where, 𝑅 is the gas constant (= 0.46151 J/g/K), 𝑇 is temperature in K, 𝑄 is in cm3/g and 

explained in Appendix B, and:  

 𝜓𝑜 = (∑
𝐶𝑖
𝜏𝑖−1

6

𝑖=1

) + 𝐶7𝑙𝑛𝑇 +
𝐶8𝑙𝑛𝑇

𝜏
 (N-3) 

where, 𝜏 = 1000/𝑇 (dimensionless) and 𝐶𝑖 coefficients are listed in Table N-1 [321]. 

 The apparent standard-state partial molal Gibbs free energy of formation of liquid 

water (∆𝑓�̅�𝑤
𝑜) is identical to the standard-state mole-fraction based chemical potential of 

water, 𝜇𝑤
𝑜  [125]: 

 𝜇𝑤
𝑜 = (

𝜕𝐺

𝜕𝑛𝑤
)𝑃,𝑇,𝑛𝑖≠𝑤 = ∆𝑓�̅�𝑤

𝑜  (N-4) 

It is noteworthy to mention that 𝜇𝑤
𝑜  is identical to the molality based standard-state 

chemical potential of water (𝜇𝑤
𝑜,𝑚

). 

 



609 

 

  

Table N-1 

𝐶𝑖 coefficients used in Equation (N-3) for calculating the Helmholtz function 𝜓𝑜 [321]. 

𝐶𝑖 Values 𝐶𝑖 Values 

𝐶1 1857.065 𝐶5 -20.5516 

𝐶2 3229.12 𝐶6 4.85233 

𝐶3 -419.465 𝐶7 46.0 

𝐶4 36.6649 𝐶8 -1011.249 
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Appendix O: Unsymmetrical Chemical Potential (𝝁∗) and Unsymmetrical Activity 

Coefficient (𝜸∗) 

 The chemical potential of water (𝜇𝑤) is defined as follows: 

 𝜇𝑤 = 𝜇𝑤
𝑜 + 𝑅𝑇𝑙𝑛(𝑥𝑤𝛾𝑤

𝑥) 
(O-1) 

where, 𝜇𝑤
𝑜  is the standard-state chemical potential of water125, 𝑅 is the gas constant, 𝑇 is 

temperature, 𝑥𝑤 is the mole fraction of water, and 𝛾𝑤
𝑥 is the mole-fraction based activity 

coefficient. When 𝑥𝑤 approaches 1, it follows that 𝛾𝑤
𝑥 = 1[125]. The reference in this 

case is pure water reference state (or sometimes called pure fused salt reference state) 

[135,289]. 

 For convenience, Equation (O-1) is applied to aqueous dissolved species as well: 

 𝜇𝑖 = 𝜇𝑖
𝑜 + 𝑅𝑇𝑙𝑛(𝑥𝑖𝛾𝑖

𝑥) (O-2) 

where, 𝑖 is an arbitrary aqueous species, 𝜇𝑖
𝑜 is the mole fraction based standard-state 

chemical potential of species 𝑖, 𝑥𝑖 is the mole fraction of species 𝑖, and 𝛾𝑖
𝑥 is the mole 

fraction-based activity coefficient of species 𝑖. Using the same reference state as that for 

water means that when 𝑥𝑖 comes close to 1, 𝛾𝑖
𝑥 = 1. However, this is not physically 

possible as pure aqueous species 𝑖 does not exist. Thus, a different reference state is 

required for aqueous dissolved species to be able to use the same chemical potential 

definition for all components [125]. This reference state is infinite dilution. In this 

reference state, the activity coefficient of the arbitrary aqueous species 𝑖 becomes 1 when 

 
125 Since water acts as the solvent in aqueous solutions, the thermodynamic relationships involving the 

chemical potential (𝜇
𝑤

), activity and activity coefficient (usually osmotic coefficient instead of activity 

coefficient in molality basis) are given in mole fraction basis [289]. The molality based standard-state 

chemical potential of water is equal to the mole fraction based standard-state chemical potential (𝜇
𝑤
𝑜 =

𝜇
𝑤
𝑜,𝑚). 
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𝑥𝑖 → 0 [125,289]. This can be achieved by normalizing the activity coefficient at a 

relevant concentration, 𝛾𝑖
𝑥, with the activity coefficient at infinite dilution, 𝛾𝑖

𝑥,∞
, and 

defining a new activity coefficient as below [125]: 

  𝛾𝑖
𝑥,∗ =

𝛾𝑖
𝑥

𝛾𝑖
∞ (O-3) 

It is obvious that at infinite dilution 𝛾𝑖
𝑥,∗ = 1. 𝛾𝑖

𝑥,∗
 is called the (rational) unsymmetrical 

activity coefficient. The term “unsymmetrical” indicates that the activity coefficient has a 

value of 1 at infinite dilution rather than in the pure state. On the other hand, 𝛾𝑖
𝑥 is called 

a “symmetrical” activity coefficient because it is equal to 1, when species 𝑖 is 

hypothetically in its pure state (𝑥𝑖 = 1) [125].  

The new activity coefficient, can be integrated into Equation (O-2) to fix the 

problem with the reference state and to be able to use a similar formulation for the 

chemical potential to that for water [125]: 

 

𝜇𝑖 = 𝜇𝑖
𝑜 + 𝑅𝑇𝑙𝑛(𝑥𝑖𝛾𝑖

𝑥) 

= 𝜇𝑖
𝑜 + 𝑅𝑇𝑙𝑛𝛾𝑖

𝑥,∞ + 𝑅𝑇𝑙𝑛(𝑥𝑖𝛾𝑖
𝑥,∗) 

= 𝜇𝑖
𝑜,∗ + 𝑅𝑇𝑙𝑛(𝑥𝑖𝛾𝑖

𝑥,∗) 

(O-4) 

where, the (rational) unsymmetrical mole fraction based standard-state chemical potential 

is defined by [125]: 

 𝜇𝑖
𝑜,∗ ≡ 𝜇𝑖

𝑜 + 𝑅𝑇𝑙𝑛𝛾𝑖
𝑥,∞

 (O-5) 
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Appendix P: Conversion between Mole Fraction-Based Standard-State Chemical 

Potential (𝝁𝒊
𝒐,∗

) and Activity Coefficient (𝜸𝒊
𝒙,∗

), Molality Based Standard-State 

Chemical Potential (𝝁𝒊
𝒐,𝒎

) and Activity Coefficient (𝜸𝒊
𝒎), and Molarity-Based 

Standard State Chemical Potential (𝝁𝒊
𝒐,𝒄

) and Activity Coefficient (𝜸𝒊
𝒄) 

The relation between mole fraction (𝑥𝑖) and molality concentration (𝑚𝑖) of the 

arbitrary dissolved species 𝑖 can be written as below126: 

 

𝑥𝑖 =
𝑛𝑖
𝑛𝑇

=
𝑛𝑖

∑ 𝑛𝑗𝑗 + 𝑛𝑤
=

𝑛𝑖
∑ 𝑛𝑗𝑗 + 𝑛𝑤

×
𝑀𝑤

𝑀𝑤
=

𝑛𝑖𝑀𝑤

𝑛𝑤𝑀𝑤(1 +
∑ 𝑛𝑗𝑗

𝑛𝑤
)

=
𝑚𝑖

1000
×

𝑀𝑤𝑛𝑤
𝑛𝑤 + ∑ 𝑛𝑗𝑗

=
𝑚𝑖

1000
×𝑀𝑤 ×

𝑛𝑤
𝑛𝑤 + ∑ 𝑛𝑗𝑗

=
𝑚𝑖𝑀𝑤𝑥𝑤
1000

 

(P-1) 

 

where, 𝑛𝑇 is the total number of moles, 𝑛𝑖 is the number of moles of species 𝑖, ∑ 𝑛𝑗𝑗  is 

the total number of moles of dissolved species, 𝑛𝑤 is the number of moles of water, and 

𝑀𝑤 is the molecular weight of water (= 18.015 g/mol). 

The chemical potential (𝜇𝑖) of the arbitrary aqueous species 𝑖 in infinite dilution 

reference state in the mole fraction (𝑥𝑖) basis can be expressed as below: 

 𝜇𝑖 = 𝜇𝑖
𝑜,∗ + 𝑅𝑇𝑙𝑛(𝑥𝑖𝛾𝑖

𝑥,∗) (P-2) 

 

where, 𝜇𝑖
𝑜,∗

 is the unsymmetrical mole fraction based standard-state chemical potential 

and 𝛾𝑖
𝑥,∗

 is the unsymmetrical mole fraction-based activity coefficient of species 𝑖 in 

dilute reference state127. 

 
126 𝑚𝑖 =

1000𝑛𝑖

𝑛𝑤𝑀𝑤
 

127 See Appendix O for details about the derivation of unsymmetrical properties. 
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If molality concentration is introduced from Equation (P-1) into Equation (P-2), 

the following equations can be obtained: 

 

𝜇𝑖 = 𝜇𝑖
𝑜,∗ + 𝑅𝑇𝑙𝑛(𝑥𝑖𝛾𝑖

𝑥,∗) 

= 𝜇𝑖
𝑜,∗ + 𝑅𝑇𝑙𝑛 (

𝑚𝑖𝑀𝑤𝑥𝑤𝛾𝑖
𝑥,∗

1000
) 

= 𝜇𝑖
𝑜,∗ +  𝑅𝑇𝑙𝑛 (

𝑀𝑤𝑚𝑜

1000
) + 𝑅𝑇𝑙𝑛 (

𝑚𝑖𝑥𝑤𝛾𝑖
𝑥,∗

𝑚𝑜
) 

(P-3) 

 

where, 𝑚𝑜 = 1 mol/g is added to the final equation to make the terms in the natural 

logarithm dimensionless. However, 𝑚𝑜 is usually omitted from the equation for 

simplicity: 

 𝜇𝑖 = 𝜇𝑖
𝑜,∗ +  𝑅𝑇𝑙𝑛 (

𝑀𝑤

1000
) + 𝑅𝑇𝑙𝑛(𝑚𝑖𝑥𝑤𝛾𝑖

𝑥,∗) 
(P-4) 

The unsymmetrical molality based activity coefficient of species 𝑖 (𝛾𝑖
𝑚) is defined 

as [125]: 

 𝛾𝑖
𝑚 ≡ 𝑥𝑤𝛾𝑖

𝑥,∗
 

(P-5) 

and the molality based standard-state chemical potential of species 𝑖 (𝜇𝑖
𝑜,𝑚

) is defined as: 

 

𝜇𝑖
𝑜,𝑚 ≡ 𝜇𝑖

𝑜,∗ +  𝑅𝑇𝑙𝑛 (
𝑀𝑤𝑚𝑜

1000
) 

= 𝜇𝑖
𝑜,∗ +  𝑅𝑇𝑙𝑛 (

𝑀𝑤

1000
) 

(P-6) 
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Plugging Equations (P-5) and (P-6) into Equation (P-4) allows to express 𝜇𝑖 in terms of 

molality based standard-state chemical potential and the molality base activity 

coefficient128 [125]: 

 

𝜇𝑖 = 𝜇𝑖
𝑜,𝑚 + 𝑅𝑇𝑙𝑛 (

𝑚𝑖𝛾𝑖
𝑚

𝑚𝑜
) 

= 𝜇𝑖
𝑜,𝑚 + 𝑅𝑇𝑙𝑛(𝑚𝑖𝛾𝑖

𝑚) 

(P-7) 

𝜇𝑜,𝑚 is usually reported in the literature as the standard-state chemical potential of 

electrolyte species [125]. Equation (P-6) can be presented in the opposite way to obtain 

𝜇𝑖
𝑜,∗

 from 𝜇𝑖
𝑜,𝑚

 [241]: 

 

𝜇𝑖
𝑜,∗ = 𝜇𝑖

𝑜,𝑚 +  𝑅𝑇𝑙𝑛 (
1000

𝑀𝑤𝑚𝑜
) 

= 𝜇𝑖
𝑜,𝑚 +  𝑅𝑇𝑙𝑛 (

1000

𝑀𝑤
) 

(P-8) 

The molarity based standard chemical potential of species 𝑖 (𝜇𝑖
𝑜,𝑐

) can be related 

to mole fraction and molality based standard-state chemical potentials using the 

following equations: 

 

𝜇𝑖
𝑜,𝑐 = 𝜇𝑖

𝑜,𝑚 +  𝑅𝑇𝑙𝑛 (
1000𝑐𝑜
𝑚𝑜

1

𝜌𝑤
) 

= 𝜇𝑖
𝑜,∗ +  𝑅𝑇𝑙𝑛 (

𝛾𝑖
∞𝑀𝑤𝑐𝑜
1000𝜌𝑤

) 

(P-9) 

where, 𝑐𝑜 is a factor to make the natural logarithm dimensionless and equal to 1 mol/lit, 

𝜌𝑤 is the density of in kg/lit, and 𝛾𝑖
∞ is the symmetrical pure liquid reference state at 

 
128 The chemical potential of a species is independent of the reference state and the concentration unit. 

Therefore, the chemical potential (𝜇
𝑖
) in the mole fraction basis is equal to that in the molality basis. 



615 

 

  

infinite dilution (see Equation (8-95) and Appendix O). The relationship between the 

molarity-based activity coefficient and the molality-based and the mole fraction-based 

activity coefficients is given below: 

 

𝛾𝑖
𝑐 =

𝑚𝑖𝜌𝑤
𝑐𝑖

𝛾𝑖
𝑚 

=
𝑚𝑖𝜌𝑤
𝑐𝑖

𝑥𝑤𝛾𝑖
𝑥,∗

 
(P-10) 

where, 𝑐𝑖 is the molarity concentration of species 𝑖, mol/lit. 
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Appendix Q: Chemical Potential of Pure Gas 𝒊 in the Ideal Gas State (𝝁𝒊
𝒈(𝒐)

) 

The molality based chemical potential of pure gas 𝑖 in the ideal gas state, 𝜇𝑖
𝑔(𝑜)

 

can be computed by using the heat capacity at constant pressure (𝐶𝑃) of pure gas 𝑖. 𝐶𝑃 is 

commonly expressed by a virial equation as a function of temperature: 

 𝐶𝑃 = 𝑎 + 𝑏𝑇 +
𝑐

𝑇2
+ 𝑑𝑇2 + 𝑒𝑇3 

(Q-1) 

where, the virial coefficients are specific to individual gas species. 𝐶𝑃 unit here is 

J/mol/K. The virial coefficients for CO2 and H2S gases are listed in Table Q-1. To 

calculate 𝜇𝑖
𝑔(𝑜)

, which is equivalent to the Gibbs free energy of formation (∆𝑓�̅�
𝑜), the two 

equations below are integrated [352]: 

 (
𝜕𝑆̅𝑜

𝜕𝑇
)
𝑃

=
𝐶𝑃
𝑇

 
(Q-2) 

 (
𝜕∆𝑓�̅�

𝑜

𝜕𝑇
)
𝑃

= −𝑆̅𝑜 
(Q-3) 

𝑆̅𝑜 obtained from the integration of Equation (Q-2) is implemented into Equation (Q-3) to 

calculate ∆𝑓�̅�
𝑜. The standard-state molar entropy (𝑆�̅�𝑟,𝑇𝑟

𝑜 ) and the standard-state molar 

Gibbs free energy of formation (∆𝑓�̅�𝑃𝑟,𝑇𝑟
𝑜 ) at 1 bar and 25oC listed in Table Q-1 are 

utilized to obtained the integration constants for Equations (Q-2) and (Q-3), respectively 

[352]. The integrated equations are presented in the footnote of Table Q-1.
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Table Q-1 

The standard-state molar Gibbs free energy of formation, the standard-state molar entropy, and the virial coefficients for the heat 

capacity at constant pressure for calculating the molar Gibbs free energy of formation of CO2 and H2S gases [241]. 

Gas ∆𝑓�̅�𝑃𝑟,𝑇𝑟
𝑜  

J/mol 

𝑆�̅�𝑟,𝑇𝑟
𝑜  

J/mol/K 

𝑎 

J/mol/K 

𝑏  

J/mol/K2 

𝑐 

J∙ 𝐾/mol 

𝑑 

J/mol/K3 

𝑒 

J/mol/K4 

CO2(g) -394360 213.783 26.2022 0.051162 -169772 -2.9058e-5 6.20044e-9 

H2S(g) -33560 205.79 25.1348 0.026135 133554 -5.72502e-6 0 

Reference pressure, 𝑃𝑟, (= 1 bar), reference temperature, 𝑇𝑟, (= 298.15). 

𝑆̅𝑜 = 𝑎𝑙𝑛𝑇 + 𝑏𝑇 −
𝑐

2𝑇2
+
𝑑𝑇2

2
+
𝑒𝑇3

3
+ (𝑆�̅�𝑟,𝑇𝑟

𝑜 − 𝑎𝑙𝑛𝑇𝑟 − 𝑏𝑇𝑟 +
𝑐

2𝑇𝑟2
−
𝑑𝑇𝑟

2

2
−
𝑒𝑇𝑟

3

3
) 

𝜇𝑖
𝑔(𝑜)

= ∆𝑓�̅�
𝑜 = ∆𝑓�̅�𝑃𝑟,𝑇𝑟

𝑜 − 𝑎𝑇(𝑙𝑛𝑇 − 1) −
𝑏𝑇2

2
−

𝑐

2𝑇
−
𝑑𝑇3

6
−
𝑒𝑇4

12
− (𝑆�̅�𝑟,𝑇𝑟

𝑜 − 𝑎𝑙𝑛𝑇𝑟 − 𝑏𝑇𝑟 +
𝑐

2𝑇𝑟2
−
𝑑𝑇𝑟

2

2
−
𝑒𝑇𝑟

3

3
)𝑇

+ 𝑎𝑇𝑟(𝑙𝑛𝑇𝑟 − 1) +
𝑏𝑇𝑟

2

2
+

𝑐

2𝑇𝑟
+
𝑑𝑇𝑟

3

6
+
𝑒𝑇𝑟

4

12
+ (𝑆�̅�𝑟,𝑇𝑟

𝑜 − 𝑎𝑙𝑛𝑇𝑟 − 𝑏𝑇𝑟 +
𝑐

2𝑇𝑟2
−
𝑑𝑇𝑟

2

2
−
𝑒𝑇𝑟

3

3
)𝑇𝑟 

The units for 𝜇𝑖
𝑔(𝑜)

 and 𝑆̅𝑜 are J/mol and J/mol/K, respectively.



   

Appendix R: The Thermodynamic Equilibrium Constants for Vapor/Liquid and 

Dissociation Equilibria in H2O-CO2-H2S System  

For the following vapor/liquid equilibria: 

    𝐶𝑂2(𝑔)
𝐾𝑠𝑜𝑙
𝐶𝑂2

↔  𝐶𝑂2(𝑎𝑞) 
(R-1) 

    
𝐻2𝑆(𝑔)

𝐾𝑠𝑜𝑙
𝐻2𝑆

↔  𝐻2𝑆(𝑎𝑞) 
(R-2) 

The equilibrium constants can be computed by: 

    

𝐾𝑠𝑜𝑙
𝐶𝑂2 = exp(

𝜇𝐶𝑂2(𝑔)
𝑔(𝑜)

− 𝜇𝐶𝑂2(𝑎𝑞)
𝑙(𝑜),𝑚

𝑅𝑇
) 

=
𝑥𝐶𝑂2(𝑎𝑞)𝛾𝐶𝑂2(𝑎𝑞)

𝑥,∗

𝑃𝑦𝐶𝑂2(𝑔)𝜑𝐶𝑂2(𝑔)

∙
1000

𝑀𝑤
 

(R-3) 

 

𝐾𝑠𝑜𝑙
𝐻2𝑆 = exp(

𝜇𝐻2𝑆(𝑔)
𝑔(𝑜)

− 𝜇𝐻2𝑆(𝑎𝑞)
𝑙(𝑜),𝑚

𝑅𝑇
) 

=
𝑥𝐻2𝑆(𝑎𝑞)𝛾𝐻2𝑆(𝑎𝑞)

𝑥,∗

𝑃𝑦𝐻2𝑆(𝑔)𝜑𝐻2𝑆(𝑔)

∙
1000

𝑀𝑤
 

(R-4) 

where, 𝜇𝑖
𝑙(𝑜),𝑚

 and 𝜇𝑖
𝑔(𝑜)

 are the molality based standard-state chemical potential of 

species 𝑖 in the liquid phase and the molality based chemical potential of pure gas 𝑖 in the 

ideal gas state, respectively. 𝜇𝑖
𝑙(𝑜),𝑚

 and 𝜇𝑖
𝑔(𝑜)

calculations are explained in Appendices 

M, N, and Q. 𝑅 is the gas constant (= 8.3145 J/mol/K), and 𝑇 is temperature in K. 

 For the dissociation equilibria: 

    𝐶𝑂2(𝑎𝑞) + 2𝐻2𝑂(𝑙)
𝐾1
𝐶𝑂2

↔  𝐻3𝑂(𝑎𝑞)
+ + 𝐻𝐶𝑂3(𝑎𝑞)

−  (R-5) 
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𝐻𝐶𝑂3(𝑎𝑞)

− + 𝐻2𝑂(𝑙)
𝐾2
𝐶𝑂2

↔  𝐻3𝑂(𝑎𝑞)
+ + 𝐶𝑂3(𝑎𝑞)

2−  (R-6) 

    
𝐻2𝑆(𝑎𝑞) + 𝐻2𝑂(𝑙)

𝐾1
𝐻2𝑆

↔  𝐻3𝑂(𝑎𝑞)
+ + 𝐻𝑆(𝑎𝑞)

−  (R-7) 

    
𝐻𝑆(𝑎𝑞)

− + 𝐻2𝑂(𝑙)
𝐾2
𝐻2𝑆

↔  𝐻3𝑂(𝑎𝑞)
+ + 𝑆(𝑎𝑞)

2−  (R-8) 

    2𝐻2𝑂(𝑙)
𝐾𝑤
↔ 𝐻3𝑂(𝑎𝑞)

+ + 𝑂𝐻(𝑎𝑞)
−  (R-9) 

The equations to calculate the equilibrium constants are as follows: 

 

𝐾1
𝐶𝑂2 = exp(

𝜇𝐶𝑂2(𝑎𝑞)
𝑙(𝑜),𝑚 + 2𝜇𝑤

𝑙(𝑜),𝑚 − 𝜇
𝐻3𝑂(𝑎𝑞)

+
𝑙(𝑜),𝑚

− 𝜇𝐻𝐶𝑂3(𝑎𝑞)
−

𝑙(𝑜),𝑚

𝑅𝑇
) 

=
(𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ ) ∙ (𝑥𝐻𝐶𝑂3(𝑎𝑞)

− 𝛾𝐻𝐶𝑂3(𝑎𝑞)
−

𝑥,∗ )

(𝑥𝐶𝑂2(𝑎𝑞)𝛾𝐶𝑂2(𝑎𝑞)
𝑥,∗ ) ∙ (𝑥𝑤𝛾𝑤

𝑥,∗)2
∙
1000

𝑀𝑤
 

(R-10) 

 

𝐾2
𝐶𝑂2 = exp(

𝜇𝐻𝐶𝑂3−
𝑙(𝑜),𝑚

+ 𝜇𝐻2𝑂
𝑙(𝑜),𝑚

− 𝜇
𝐻3𝑂

+
𝑙(𝑜),𝑚

− 𝜇
𝐶𝑂3

2−
𝑙(𝑜),𝑚

𝑅𝑇
) 

=
(𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ ) ∙ (𝑥𝐶𝑂3(𝑎𝑞)

2− 𝛾
𝐶𝑂3(𝑎𝑞)

2−
𝑥,∗ )

(𝑥𝐻𝐶𝑂3(𝑎𝑞)
− 𝛾𝐻𝐶𝑂3(𝑎𝑞)

−
𝑥,∗ ) ∙ (𝑥𝑤𝛾𝑤

𝑥,∗)
∙
1000

𝑀𝑤
 

(R-11) 

 

𝐾1
𝐻2𝑆 = exp(

𝜇𝐻2𝑆(𝑎𝑞)
𝑙(𝑜),𝑚 + 𝜇𝑤

𝑙(𝑜),𝑚 − 𝜇
𝐻3𝑂(𝑎𝑞)

+
𝑙(𝑜),𝑚

− 𝜇𝐻𝑆(𝑎𝑞)
−

𝑙(𝑜),𝑚

𝑅𝑇
) 

=
(𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ ) ∙ (𝑥𝐻𝑆(𝑎𝑞)

− 𝛾𝐻𝑆(𝑎𝑞)
−

𝑥,∗ )

(𝑥𝐻2𝑆(𝑎𝑞)𝛾𝐻2𝑆(𝑎𝑞)
𝑥,∗ ) ∙ (𝑥𝑤𝛾𝑤

𝑥,∗)
∙
1000

𝑀𝑤
 

(R-12) 
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𝐾2
𝐻2𝑆 = exp(

𝜇𝐻𝑆(𝑎𝑞)
−

𝑙(𝑜),𝑚 + 𝜇𝑤
𝑙(𝑜),𝑚 − 𝜇

𝐻3𝑂(𝑎𝑞)
+

𝑙(𝑜),𝑚
− 𝜇

𝑆(𝑎𝑞)
2−
𝑙(𝑜),𝑚

𝑅𝑇
) 

=
(𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ ) ∙ (𝑥𝑆(𝑎𝑞)

2− 𝛾
𝑆(𝑎𝑞)
2−
𝑥,∗ )

(𝑥𝐻𝑆(𝑎𝑞)
− 𝛾𝐻𝑆(𝑎𝑞)

−
𝑥,∗ ) ∙ (𝑥𝑤𝛾𝑤

𝑥,∗)
∙
1000

𝑀𝑤
 

(R-13) 

 

𝐾𝑤 = exp(
2𝜇𝑤

𝑙(𝑜),𝑚 − 𝜇
𝐻3𝑂

+
𝑙(𝑜),𝑚

− 𝜇𝑂𝐻(𝑎𝑞)
−

𝑙(𝑜),𝑚

𝑅𝑇
) 

=
(𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ ) ∙ (𝑥𝑂𝐻(𝑎𝑞)

− 𝛾𝑂𝐻(𝑎𝑞)
−

𝑥,∗ )

(𝑥𝑤𝛾𝑤
𝑥,∗)2

∙ (
1000

𝑀𝑤
)
2

 

(R-14) 

The 
1000

𝑀𝑤
 term comes into the equations when the chemical potentials are converted from 

mole fraction basis to molality basis according to Equation (P-6). 𝜇𝑖
𝑙(𝑜),𝑚

 calculation is 

explained in Appendices M and N.
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Appendix S: Derivation of Long-Range Contribution of Mole-Fraction Based 

Activity Coefficient (𝜸𝑳𝑹
𝒙 ) from Excess Gibbs Free Energy (𝑮𝑳𝑹

𝑬 ) 

Pitzer [141] proposed the following equation for the contribution of long-range 

electrostatic ionic interactions to the excess Gibbs free energy: 

 
𝐺𝑖,𝐿𝑅
𝐸

𝑅𝑇
= −(∑𝑛𝑖

𝑖

)(
1000

𝑀𝑤
)

1
2
(
4𝐴𝜙𝐼𝑥

𝜌
) ln (1 + 𝜌𝐼𝑥

1
2) (S-1) 

Using 𝐴𝜙 and 𝐴𝑥 conversion by Equation (I-5), the above equation can be written as 

below: 

 
𝐺𝑖,𝐿𝑅
𝐸

𝑅𝑇
= −(∑𝑛𝑖

𝑖

)(
4𝐴𝑥𝐼𝑥
𝜌

) ln (1 + 𝜌𝐼𝑥

1
2) (S-2) 

Equation (S-2) is in symmetrical pure liquid reference state, i.e., when 𝑥𝑖 approaches 1, 

𝐼𝑥 = 0, and therefore, 𝐺𝑖,𝐿𝑅
𝐸 = 0. To switch to an infinitely dilute reference state as it is 

desirable for electrolyte solutions (𝑥𝑖 → 0, 𝛾𝑖 = 1) , the natural logarithm expression on 

the right-hand side of Equation (S-2) is divided (normalized) by ∑ 𝑥𝑘𝑘  [1 + 𝜌(𝐼𝑥,𝑘
𝑜 )

1

2] 

factor [135,289]: 

 
𝐺𝑖,𝐿𝑅
𝐸

𝑅𝑇
= −(∑𝑛𝑖

𝑖

)(
4𝐴𝑥𝐼𝑥
𝜌

) ln

(

 
 1 + 𝜌𝐼𝑥

1
2

∑ 𝑥𝑘𝑘 [1 + 𝜌(𝐼𝑥,𝑘
𝑜 )

1
2]
)

 
 

 (S-3) 

where, 𝐼𝑥,𝑖
𝑜  is the ionic strength of the system in pure condition and 𝐼𝑥,𝑖

𝑜 = (1/2)𝑧𝑖
2. 

Following Equation (8-78) and taking the derivative of Equation (S-3) with 

respect to 𝑛𝑖 gives: 
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𝑙𝑛𝛾𝑖
𝑥 = (

𝜕𝐺𝑖,𝐿𝑅
𝐸

𝑅𝑇
𝜕𝑛𝑖

)

𝑇,𝑃.𝑛𝑗≠𝑖

= −𝐴𝑥

[
 
 
 
 
2𝑧𝑖

2

𝜌
ln

(

 
 1 + 𝜌𝐼𝑥

1
2

∑ 𝑥𝑘 [1 + 𝜌(𝐼𝑥,𝑘
0 )

1
2]𝑘
)

 
 
+
𝐼𝑥

1
2(𝑧𝑖

2 − 2𝐼𝑥)

1 + 𝜌𝐼𝑥

1
2

]
 
 
 
 

−
4𝐴𝑥𝐼𝑥
𝜌

{
 
 

 
 

ln

(

 
 1 + 𝜌𝐼𝑥

1
2

∑ 𝑥𝑘 [1 + 𝜌(𝐼𝑥,𝑘
0 )

1
2]𝑘
)

 
 
(∑𝑛𝑙

𝑙

) [
1

2𝑑𝑠

𝜕𝑑𝑠
𝜕𝑛𝑖

−
3

2𝜀𝑠

𝜕𝜀𝑠
𝜕𝑛𝑖

]

−
1 + 𝜌(𝐼𝑥,𝑖

0 )
1
2

∑ 𝑥𝑘 [1 + 𝜌(𝐼𝑥,𝑘
0 )

1
2]𝑘

+ 1

}
 
 

 
 

 

(S-4) 

where, 𝑑𝑠 is the molar density of solution in mol/m3 and 𝜀𝑠 is the dielectric constant of 

solution [135]. 𝜀𝑠 can be obtained from a formulation proposed by Wang and Anderko 

[353]. 

The following two equations assist in performing the derivation of Equation (S-

3): 

 

𝜕𝐺𝑖,𝐿𝑅
𝐸 /𝑅𝑇 

𝜕𝑛𝑖
=

𝐺𝑖,𝐿𝑅
𝐸 /𝑅𝑇

𝜕𝑛𝑖
∑ 𝑛𝑖𝑖

∙ ∑ 𝑛𝑖𝑖

=
𝐺𝑖,𝐿𝑅
𝐸 /𝑅𝑇

𝜕𝑥𝑖
∙

1

∑ 𝑛𝑖𝑖
 (S-5) 

 
𝜕𝐼𝑥
𝜕𝑛𝑖

=
𝜕𝐼𝑥
𝜕𝑥𝑖

∙
1

∑ 𝑛𝑖𝑖
= (

1

2
𝑧𝑖
2 − 𝐼𝑥) ∙

1

∑ 𝑛𝑖𝑖
 (S-6) 
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In this study, it is assumed that 𝑑𝑠 and 𝜀𝑠 are for pure water and do not change 

with solution composition. Therefore, 𝐴𝑥 does not change with solution composition and 

Equation (S-4) reduces to Equation (8-81). 
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Appendix T: Calculation of pH Based on Hydronium Ion (𝑯𝟑𝑶(𝒂𝒒)
+ ) Concentration  

For the following reaction: 

 𝐻3𝑂(𝑎𝑞)
+ ↔ 𝐻(𝑎𝑞)

+ +𝐻2𝑂(𝑙) (T-1) 

It is assumed that the molar Gibbs free energy of reaction (∆𝑟�̅�) is equal to zero. 

Therefore: 

 𝑎
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗ = 𝑎

𝐻(𝑎𝑞)
+

𝑥,∗ 𝑎𝑤
𝑥,∗

 (T-2) 

Where, 𝑎
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗

, 𝑎
𝐻(𝑎𝑞)
+

𝑥,∗
, and 𝑎𝑤

𝑥,∗
 are the mole fraction based activity of 𝐻3𝑂(𝑎𝑞)

+ , 𝐻(𝑎𝑞)
+ , 

and water in infinitely dilute reference state, respectively. 

The activity of 𝐻(𝑎𝑞)
+  in molality basis (𝑎

𝐻(𝑎𝑞)
+

𝑚 ) is related to 𝑎
𝐻(𝑎𝑞)
+

𝑥,∗
 by:129 

 𝑎
𝐻(𝑎𝑞)
+

𝑚 =
1000𝑎

𝐻(𝑎𝑞)
+

𝑥.∗

𝑀𝑤
 (T-3) 

where, 𝑀𝑤 is the molecular weight of water in g/mol. Combining Equations (T-2) and (T-

3) results in: 

 𝑎
𝐻(𝑎𝑞)
+

𝑚 =
1000

𝑀𝑤
∙
𝑎
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗

𝑎𝑤
𝑥

 (T-4) 

The definition of pH is as follows: 

 𝑝𝐻 ≡ −𝑙𝑜𝑔10 (𝑎𝐻(𝑎𝑞)
+

𝑚 ) (T-5) 

Plugging Equation (T-4) into Equation (T-5) provides the pH equation with respect to 

𝐻3𝑂(𝑎𝑞)
+  activity: 

 
129 From Equations (P-1) and (P-5) in Appendix P, 𝑥𝐻+ = 𝑚𝐻+𝑀𝑤𝑥𝑤/1000 and 𝛾

𝐻+
𝑥,∗ = 𝛾𝐻+

𝑚 /𝑥𝑤. 

Multiplying these two equations gives Equation (T-3). 
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𝑝𝐻 = −𝑙𝑜𝑔10(
𝑎
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗

𝑎𝑤
𝑥,∗ ) − 𝑙𝑜𝑔10 (

1000

𝑀𝑤
) 

= −𝑙𝑜𝑔10(
𝑥𝐻3𝑂(𝑎𝑞)

+ 𝛾
𝐻3𝑂(𝑎𝑞)

+
𝑥,∗

𝑥𝑤𝛾𝑤
𝑥,∗ ) − 𝑙𝑜𝑔10 (

1000

𝑀𝑤
) 

(T-6) 
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Appendix U: Cathodic Limiting Current Density in Strong Acid Aqueous Solutions 

In strong acid aqueous corrosion, the main cathodic reaction is the H+ ion 

reduction reaction. Unlike weak acid corrosion, no homogenous chemical reaction is 

involved in the cathodic reaction in strong acid corrosion. The overall cathodic reaction 

in strong acid corrosion has the following form: 

 𝐻(𝑎𝑞)
+ + 𝑒− →

1

2
 𝐻2(g) (U-1) 

In the limiting current density situations, which usually occur at high temperatures and/or 

high solution pH values, the rate of H+ ion reduction reaction is controlled only by 

diffusion of H+ ions from the bulk to the surface. The diffusion occurs due to a chemical 

potential gradient between the bulk solution and the metal surface. As explained in 

Chapter 2, the rate of diffusion of species 𝑖 in the absence of convection can be expressed 

in terms of a flux density (𝑁) in mol/m2/s as follows: 

where, 𝑢𝑖 is the mobility of species 𝑖 in m2∙mol/J/s, 𝑐𝑖 is the concentration of species 𝑖 in 

mol/m3,and 𝜇𝑖 is the chemical potential of species 𝑖 J/mol. Since aqueous corrosion 

occurs uniformly across the metal surface, the gradient (∇) of chemical potential for two 

directions (assume 𝑦 and 𝑧) parallel to the metal surface will be zero. Therefore, Equation 

(U-2) can be written in one dimensional domain in 𝑥 direction, normal to the metal 

surface. 

Expanding the chemical potential term gives [20]: 

 𝑁𝑖 = −𝑢𝑖𝑐𝑖∇𝜇𝑖 (U-2) 

 𝑁𝑖 = −𝑢𝑖𝑐𝑖
𝑑𝜇𝑖
𝑑𝑥

 (U-3) 
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where, 𝛾𝑖
𝑐 is the molarity-based activity coefficient of species 𝑖 in the infinite dilution 

reference state (Appendix P), 𝜇𝑖
𝑜 is the molarity based standard-state chemical potential 

of species 𝑖. According to Nernst-Einstein equation, the 𝑢𝑖𝑅𝑇 term is equal to the 

diffusion coefficient 𝐷𝑖 (in m2/s) [20]. The 𝛾𝑖
𝑐𝑐𝑖 term is equal to activity of species 𝑖 (𝑎𝑖) 

in mol/m3. Thus, the flux density transforms to the final form of: 

Then, the conservation of mass (the Nernst-Planck equation) at steady-state 

conditions can be used across a diffusion boundary layer to calculate the H+ ion reduction 

reaction limiting current density. The Nernst-Plank equation in the steady-state 

conditions in one dimensional domain in 𝑥 direction is as follows [21]: 

where, the first term indicates the net input rate of species 𝑖 into the diffusion boundary 

layer, and 𝑅𝑖 denotes the rate at which species 𝑖 produced by a homogenous chemical 

reaction in mol/m3/s.  

 

𝑁𝑖 = −𝑢𝑖𝑐𝑖
𝑑

𝑑𝑥
(𝜇𝑖

𝑜 + 𝑅𝑇𝑙𝑛(𝛾𝑖
𝑐𝑐𝑖)) 

= −𝑢𝑖𝑐𝑖
𝑅𝑇

𝛾𝑖
𝑐𝑐𝑖

𝑑

𝑑𝑥
(𝛾𝑖

𝑐𝑐𝑖) 

= −𝑢𝑖
𝑅𝑇

𝛾𝑖
𝑐

𝑑

𝑑𝑥
(𝛾𝑖

𝑐𝑐𝑖) 

(U-4) 

 𝑁𝑖 = −
𝐷𝑖
𝛾𝑖
𝑐

𝑑𝑎𝑖
𝑑𝑥

 
(U-5) 

 −
𝑑𝑁𝑖
𝑑𝑥

+ 𝑅𝑖 = 0 
(U-6) 
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Since, there is no chemical reaction in strong acid corrosion, 𝑅𝑖 in Equation (U-6) 

is equal to zero130. Plugging Equation (U-5) into Equation (U-6) and change species 𝑖 to 

H+ ion give: 

𝐷𝐻(𝑎𝑞)
+  and 𝛾

𝐻(𝑎𝑞)
+

𝑐  are assumed to be constant in the diffusion boundary layer. Equation 

(U-7) can be solved analytically by using appropriate boundary conditions as follows: 

At the metal surface (𝑥 = 0),  

where, 𝑎𝐻(𝑎𝑞),𝑠
+  is the activity of H+ ion at the surface; 

And, at the edge of diffusion boundary layer for H+ ion (𝑥 = 𝛿𝑚,𝐻+): 

where, 𝑎𝐻(𝑎𝑞),𝑏
+  is the equilibrium activity of H+ ion in the bulk solution. 𝛿𝑚,𝐻+ unit is in 

m. 

Integrating Equation (U-7) two times with respect to 𝑥 and applying the boundary 

conditions: 

 
130 The contribution of water dissociation reaction in producing H+ ion is negligible (𝐾𝐻2𝑂 ≅10-14 at 25oC), 

and therefore it is ignored in the calculations. Consequently, the activities of H2O(l) and OH- ion are 

assumed to be zero in the diffusion boundary layer. 

 −
𝑑

𝑑𝑥
(−

𝐷𝐻(𝑎𝑞)
+

𝛾
𝐻(𝑎𝑞)
+

𝑐

𝑑𝑎𝐻(𝑎𝑞)
+

𝑑𝑥
) = 0 (U-7) 

 𝑎𝐻(𝑎𝑞)
+ = 𝑎𝐻(𝑎𝑞),𝑠

+  (U-8) 

 𝑎𝐻(𝑎𝑞)
+ = 𝑎𝐻(𝑎𝑞),𝑏

+  (U-9) 

 𝑎𝐻(𝑎𝑞)
+ = (

𝑎𝐻(𝑎𝑞),𝑏
+ − 𝑎𝐻(𝑎𝑞),𝑠

+

𝛿𝑚,𝐻+
) 𝑥 + 𝑎𝐻(𝑎𝑞),𝑠

+  (U-10) 
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Then, the net flux density of H+ ion (𝐻(𝑎𝑞)
+ ) can be obtained by using Equations 

(U-5) and (U-10): 

The H+ ion flux density is related to the current density by the equation below 

[21,354]131: 

 𝑖 = −𝑛𝐹𝑁𝐻(𝑎𝑞)
+  (U-12)  

where, 𝑛 is the number of electron transferred in H+ ion reduction (= 1) and 𝐹 is the 

Faraday’s constant (= 96485.33 C/mol). 

In limiting current controlling situations, the activity of H+ ion at the metal 

surface approaches zero (𝑎𝐻(𝑎𝑞),𝑠
+ ≈ 0) as all the H+ ions arrive at the metal surface by 

slow diffusion are consumed almost instantaneously at the surface by a fast charge 

transfer process. Therefore, the current density at the surface in these situations is called 

the limiting current density (𝑖𝐿𝑖𝑚) and is equal to: 

  𝑖𝐿𝑖𝑚 =
𝐹𝐷𝐻(𝑎𝑞)

+

𝛾
𝐻(𝑎𝑞)
+

𝑐

𝑎𝐻(𝑎𝑞),𝑏
+

𝛿𝑚,𝐻+
 (U-13)  

Equation (U-13) can be written in the following form if 𝛾
𝐻(𝑎𝑞)
+

𝑐  is removed from the 

equation: 

 𝑖𝐿𝑖𝑚 = 𝐹𝐷𝐻(𝑎𝑞)
+

𝑐𝐻(𝑎𝑞),𝑏
+

𝛿𝑚,𝐻+
 (U-14)  

 
131 The general equation is explained in Chapter 2. Since H+ is consumed at the surface, 𝑖 and 𝑁 are 

opposite in sign [354]. 

 𝑁𝐻(𝑎𝑞)
+ = −

𝐷𝐻(𝑎𝑞)
+

𝛾
𝐻(𝑎𝑞)
+

𝑐 (
𝑎𝐻(𝑎𝑞),𝑏

+ − 𝑎𝐻(𝑎𝑞),𝑠
+

𝛿𝑚,𝐻+
) (U-11) 
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where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝐷𝐻(𝑎𝑞)
+  is m2/s, 

𝑎𝐻(𝑎𝑞),𝑏
+  and 𝑐𝐻(𝑎𝑞),𝑏

+  are in mol/m3, 𝛾
𝐻(𝑎𝑞)
+

𝑐  is dimensionless, and 𝛿𝑚,𝐻+ is in m. A factor of 

1000 needs to be multiplied to the right-hand side of Equations (U-13) and (U-14) for the 

molarity unit. 
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Appendix V: Cathodic Limiting Current Density in CO2 Saturated Aqueous 

Solutions 

Accurate calculation of the limiting current density becomes important in CO2 

corrosion, when the rate of the CO2 corrosion process is close to the limiting current 

density. This occurs more at high pH values (> pH 5) and/or high temperatures. Examples 

were shown in Figure 10-42 for CO2 corrosion experiments at pH 5 and 50oC and 80oC. 

In CO2-saturated solutions, dissolved CO2(aq) reacts with water and forms carbonic 

acid according to: 

 𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙) 

𝑘𝑓,𝐶𝑂2
→    

𝑘𝑏,𝐶𝑂2
↔      𝐻2𝐶𝑂3(𝑎𝑞) (V-1) 

𝐻2𝐶𝑂3(𝑎𝑞) subsequently dissociates partially through a relatively fast reaction and forms 

bicarbonate: 

 𝐻2𝐶𝑂3(𝑎𝑞) 

𝑘𝑓,𝐻2𝐶𝑂3
→      

𝑘𝑏,𝐻2𝐶𝑂3
↔        𝐻𝐶𝑂3(𝑎𝑞)

− + 𝐻(𝑎𝑞)
+  (V-2) 

𝐻𝐶𝑂3(𝑎𝑞)
−  is a much weaker acid (𝐾𝐻𝐶𝑂3− ≈ 10−11 M at 25oC) compared to H2CO3(aq) 

(with a (𝐾𝐻2𝐶𝑂3 ≈ 3 × 10−5 M at 25oC), so its dissociation and its contribution in 

buffering in aqueous CO2 solutions can be ignored. 

The H+ ions, produced by the homogenous dissociation Reaction (V-2), diffuse to 

the metal surface: 

  𝐻(𝑎𝑞)
+  

𝑑𝑖𝑓𝑓𝑢𝑠𝑖𝑜𝑛
→        𝐻+|𝑠𝑢𝑟𝑓𝑎𝑐𝑒 (V-3) 

where they are reduced to evolve dissolved hydrogen gas according to: 
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 𝐻+|𝑠𝑢𝑟𝑓𝑎𝑐𝑒 + 𝑒− →
1

2
 𝐻2(g) (V-4) 

The overall hydrogen evolution reaction in aqueous CO2 solution is then obtained as a 

summation of all these steps: 

 𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙) + 𝑒− → 𝐻𝐶𝑂3(𝑎𝑞)
− +

1

2
 𝐻2(𝑔)   (V-5) 

In the past, it was assumed that in addition to the hydrogen ion reduction Reaction 

(V-4), there is a parallel hydrogen evolution reaction— the so-called direct reduction of 

carbonic acid:  

 𝐻2𝐶𝑂3(𝑎𝑞) + 𝑒− → 𝐻𝐶𝑂3(𝑎𝑞)
−  +

1

2
 𝐻2(𝑔)     (V-6) 

 As mentioned in the main text in Section 5.2.2, the direct reduction of carbonic 

acid is shown to be insignificant in aqueous CO2 corrosion. The main cathodic reaction in 

saturated CO2 solutions is the H+ ion reduction Reaction (V-4) and H2CO3(aq) only acts as 

a source of H+ ions for the main cathodic reaction. Therefore, the simple method of 

assuming two limiting current densities [96,212,355] (one for the H+ ion reduction 

reaction and one for the direct reduction of H2CO3(aq)) for calculating the total limiting 

current density in CO2 corrosion does not agree with the recent theories 

[213,356,214,208]. 

To be able to calculate the total limiting current density with only one reaction 

(H+ ion reduction reaction), it is necessary to account simultaneously for co-diffusion of 

all participating species and the buffering by chemical Reactions (V-1) and (V-2) in the 

mass transfer boundary layer. This requires solving a system of six nonlinear differential 
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equations for six species132: H+ ion, H2CO3(aq), HCO3
− ion, CO2(aq), OH- ion and H2O(l), 

which involves complex numerical computations as reported in similar studies by Remita 

et al. [213], Tran et al. [214], and Kahyarian et al. [207,208]. Additionally, the numerical 

method does not result in an explicit expression for the limiting current density. 

However, with some assumptions the calculations can become much simpler and the total 

limiting current density can be expressed as explicit expressions. 

The assumptions made here for calculating the cathodic H+ ion reduction reaction 

limiting current density in CO2-saturated aqueous solutions are as follows: 

1. Mass transfer by convection can be ignored as the aqueous solution is chemically 

and thermally uniform.  

2. Mass transfer by migration can be ignored as there is no external electrical field in 

naturally occurring corrosion. And, according to the mixed potential theory no 

potential gradient exists over the metal surface in natural uniform corrosion that 

causes migration of species. 

3. Diffusion only occurs in one-dimensional along the 𝑥-axis perpendicular to the 

metal surface. The diffusion in the other two directions is considered zero. 

4. The activities of water (𝑎𝐻2𝑂(𝑙)) and aqueous carbon dioxide (𝑎𝐶𝑂2(𝑎𝑞)) are 

constant across the mass transfer (diffusion) boundary layer and equal to the 

equilibrium bulk values.  

 𝑎𝐻2𝑂(𝑙) ≈ 𝑎𝐻2𝑂(𝑙),𝑏
𝑒𝑞 ≡  𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 (V-7) 

 
132 𝐶𝑂3

2− ion can be ignored as its activity is very small in conditions encountered in aqueous CO2 

corrosion. 
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 𝑎𝐶𝑂2(𝑎𝑞) ≈ 𝑎𝐶𝑂2(𝑎𝑞),𝑏
𝑒𝑞 ≡  𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 (V-8) 

This means that diffusion of H2O(l) and CO2(aq) can be ignored in the calculations. 

5. The activity of the bicarbonate, 𝑎𝐻𝐶𝑂3(𝑎𝑞)
−  ion in the mass transfer boundary layer  

is constant and equal to the equilibrium bulk value. 

 𝑎𝐻𝐶𝑂3(𝑎𝑞)
− ≈ 𝑎𝐻𝐶𝑂3(𝑎𝑞)

− ,𝑏
𝑒𝑞 ≡  𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 (V-9) 

This assumption may seem unreasonable, as from the dissociation Reaction (V-2) 

for every H2CO3(aq) consumed, one H+ ion and one HCO3(aq)
−  are produced or vice 

versa. Therefore, any changes in their activities because of Reactions (V-2) must 

be the same: 

 |Δ𝑎𝐻2𝐶𝑂3| = |Δ𝑎𝐻𝐶𝑂3−| = |Δ𝑎𝐻+| (V-10) 

However, substantial amount of dissolved CO2 exists in the solution that pushes 

Reactions (V-1) and (V-2) to the right and since the latter is much faster than the 

former, most of H2CO3(aq) molecules are converted to HCO3(aq)
− . Thus, 𝑎𝐻𝐶𝑂3(𝑎𝑞)

−  is 

considerably higher than 𝑎𝐻2𝐶𝑂3(𝑎𝑞). Moreover, in the limiting current density 

controlling situations, the solution pH in the mass transfer boundary layer is 

always higher than pH 7 due to the fast consumption of H+ ion at the metal 

surface. This indicates that 𝑎𝐻(𝑎𝑞)
+  is very small. Consequently, 𝑎𝐻𝐶𝑂3(𝑎𝑞)

− is much 

larger than both 𝑎𝐻(𝑎𝑞)
+  and 𝑎𝐻2𝐶𝑂3(𝑎𝑞) in the mass transfer boundary layer. 

Therefore, for any given change in the activity (Δ𝑎),  

 
|Δ𝑎𝐻𝐶𝑂3−|

𝑎𝐻𝐶𝑂3−
≪
Δ𝑎𝐻+

𝑎𝐻+
 (V-11) 
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|Δ𝑎𝐻𝐶𝑂3−|

𝑎𝐻𝐶𝑂3−
≪

Δ𝑎𝐻2𝐶𝑂3
𝑎𝐻2𝐶𝑂3

 (V-12) 

So, the assumption about 𝑎𝐻𝐶𝑂3− being constant in the mass transfer boundary 

layer is reasonably accurate. This assumption allows to ignore the contribution of 

HCO3(aq)
−  ion diffusion in the 𝑖𝐿𝑖𝑚 calculation process. 

6. Similar to assumption # 5, due to the high solution pH in the mass transfer 

boundary layer in the limiting current density controlling situations, the activity of 

OH- ion (𝑎𝑂𝐻(𝑎𝑞)
− ) is relatively high there as well, and its variation, and thereby its 

diffusion can be ignored in the calculations. 

7. The dissociation Reaction (V-2) is near equilibrium in the mass transfer boundary 

layer as it is much faster than the CO2 hydration Reaction (V-1). 

8. 𝐷𝐻(𝑎𝑞)
+  and 𝐷𝐻2𝐶𝑂3(𝑎𝑞) are constant throughout the mass transfer boundary layer. 

9. 𝛾𝐻+
𝑐  and 𝛾𝐻2𝐶𝑂3

𝑐  are constant throughout the mass transfer boundary layer. 

Consequently, only two species remain that their activities change in the mass 

transfer boundary layer: H+ ion and H2CO3(aq). The limiting current density can be 

calculated by solving the steady-state one-dimensional Nernst-Planck (mass 

conservation) equations [21] for the two remaining species as follows: 

 
𝑑

𝑑𝑥
(
𝐷𝐻+

𝛾𝐻+
𝑐

𝜕𝑎𝐻+

𝜕𝑥
) + 𝑘𝑓,𝐻2𝐶𝑂3 𝑎𝐻2𝐶𝑂3 − 𝑘𝑏,𝐻2𝐶𝑂3 𝑎𝐻+𝑎𝐻𝐶𝑂3− = 0 (V-13) 

 𝑑

𝑑𝑥
(
𝐷𝐻2𝐶𝑂3
𝛾𝐻2𝐶𝑂3
𝑐

𝜕𝑎𝐻2𝐶𝑂3
𝜕𝑥

) + 𝑘𝑓,𝐶𝑂2  𝑎𝐶𝑂2𝑎𝐻2𝑂 − 𝑘𝑏,𝐶𝑂2𝑎𝐻2𝐶𝑂3  

−  𝑘𝑓,𝐻2𝐶𝑂3 𝑎𝐻2𝐶𝑂3 + 𝑘𝑏,𝐻2𝐶𝑂3 𝑎𝐻+𝑎𝐻𝐶𝑂3− = 0 

(V-14) 
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The first terms in parentheses in both equations account for the molecular diffusion, 

while the other terms are related to production and consumption of species by the two 

chemical reactions. The use of activity and activity coefficient instead of concentration in 

the Nernst-Planck equation has been already explained in Appendix U. 𝛾𝑐 is the molarity-

based activity coefficient in infinite dilution reference state (Appendix P).  

The first step to solve Equations (V-13) and (V-14) simultaneously is to add them 

up, so that some of the chemical reaction kinetic terms cancel out: 

 

𝑑

𝑑𝑥
(
𝐷𝐻+

𝛾𝐻+
𝑐

𝜕𝑎𝐻+

𝜕𝑥
) +

𝑑

𝑑𝑥
(
𝐷𝐻2𝐶𝑂3
𝛾𝐻2𝐶𝑂3
𝑐

𝜕𝑎𝐻2𝐶𝑂3
𝜕𝑥

) + 𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2𝑎𝐻2𝑂

− 𝑘𝑏,𝐶𝑂2 𝑎𝐻2𝐶𝑂3 = 0 

(V-15) 

Applying assumptions # 4, # 7, and # 8 results in: 

 

𝐷𝐻+

𝛾𝐻+
𝑐

𝑑2𝑎𝐻+

𝑑𝑥2
+
𝐷𝐻2𝐶𝑂3
𝛾𝐻2𝐶𝑂3
𝑐

𝑑2𝑎𝐻2𝐶𝑂3
𝑑𝑥2

+ 𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏
𝑒𝑞

𝑎𝐻2𝑂
𝑒𝑞

− 𝑘𝑏,𝐶𝑂2 𝑎𝐻2𝐶𝑂3 = 0 

(V-16) 

The dissociation Reaction (V-2) is always near equilibrium in the mass transfer boundary 

layer because it is faster than the hydration Reaction (V-1). Following the equilibrium 

equation for Reaction (V-2): 

 
𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞 =

𝑎𝐻𝐶𝑂3−,𝑏
𝑒𝑞  

𝐾1
𝑎
𝑏,𝐻+
𝑒𝑞

 (V-17) 

 𝑎𝐻2𝐶𝑂3 ≈
𝑎𝐻𝐶𝑂3−,𝑏
𝑒𝑞  

𝐾1
𝑎𝐻+ (V-18) 

where, 𝐾1 is the equilibrium constant for Reaction (V-2). In transformation from 

Equation to (V-17) to Equation (V-18), assumption # 5 has been used. 
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Differentiating Equation (V-18) two times with respect to 𝑥 and using Equation (V-17) 

give: 

 
𝑑2𝑎𝐻2𝐶𝑂3
𝑑𝑥2

 ≈
𝑎𝐻𝐶𝑂3−,𝑏
𝑒𝑞  

𝐾1

𝑑2𝑎𝐻+

𝑑𝑥2
=
𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞  

𝑎
𝐻+,𝑏
𝑒𝑞  

𝑑2𝑎𝐻+

𝑑𝑥2
 (V-19) 

Plugging Equations (V-18) and (V-19) into Equation (V-15) results in: 

 

(
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝐷𝐻2𝐶𝑂3
𝛾𝐻2𝐶𝑂3
𝑐

𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞  

𝑎
𝐻+,𝑏
𝑒𝑞 )

𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏

𝑒𝑞

−
𝑘𝑏,𝐶𝑂2𝑎𝐻𝐶𝑂3−.𝑏

𝑒𝑞  

𝐾1
𝑎𝐻+  = 0 

(V-20) 

The terms in the parentheses on the left-hand side of Equation (V-20) are defined 

as an effective diffusion coefficient, which accounts for the H+ ion diffusion coefficient in 

the presence of CO2(aq): 

  𝐷𝑒𝑓𝑓 =
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝐷𝐻2𝐶𝑂3
𝛾𝐻2𝐶𝑂3
𝑐

𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞  

𝑎
𝐻+,𝑏
𝑒𝑞  (V-21) 

For Reaction (V-1) at equilibrium, the forward reaction rate is equal to the backward 

reaction rate: 

 𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏
𝑒𝑞 𝑎𝐻2𝑂,𝑏

𝑒𝑞 = 𝑘𝑏,𝐶𝑂2 𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞

 (V-22) 

Plugging Equations (V-21) and (V-22) into Equation (V-20) gives: 

 𝐷𝑒𝑓𝑓
𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑏,𝐶𝑂2 𝑎𝐻2𝐶𝑂3,𝑏

𝑒𝑞 (1 −
𝑎𝐻𝐶𝑂3−.𝑏
𝑒𝑞  

𝐾1𝑐𝑏,𝐻2𝐶𝑂3
𝑒𝑞 𝑎𝐻+) = 0 (V-23) 

Recalling Equation (V-17), the term attached to 𝑎𝐻+ is equal to the equilibrium bulk 

activity of H+ ion. Therefore: 
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 𝐷𝑒𝑓𝑓
𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑏,𝐶𝑂2 𝑎𝐻2𝐶𝑂3,𝑏

𝑒𝑞 (1 −
𝑎𝐻+  

𝑎
𝐻+,𝑏
𝑒𝑞 ) = 0 (V-24) 

Equation (V-24) can also be presented in the following form, using Equation (V-22): 

 𝐷𝑒𝑓𝑓
𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏

𝑒𝑞 𝑎𝐻2𝑂,𝑏
𝑒𝑞 (1 −

𝑎𝐻+  

𝑎
𝐻+,𝑏
𝑒𝑞 ) = 0 (V-25) 

After some rearrangement of Equation (V-25): 

 

𝑑2

𝑑𝑥2
(
𝑎𝐻+

𝑎
𝐻+,𝑏
𝑒𝑞 ) =

1

𝐷𝑒𝑓𝑓 𝑎𝐻+,𝑏
𝑒𝑞

𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏
𝑒𝑞 𝑎𝐻2𝑂,𝑏

𝑒𝑞

(
𝑎𝐻+  

𝑎
𝐻+,𝑏
𝑒𝑞 − 1) = 0 

(V-26) 

A new parameter called the chemical reaction boundary layer is defined to simplify 

Equation (V-26): 

 𝛿𝑟 = √
𝐷𝑒𝑓𝑓 𝑎𝐻+,𝑏

𝑒𝑞

𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏
𝑒𝑞 𝑎𝐻2𝑂,𝑏

𝑒𝑞 ≡ √
𝐷𝑒𝑓𝑓 𝑎𝐻+,𝑏

𝑒𝑞

𝑘𝑏,𝐶𝑂2 𝑎𝐻2𝐶𝑂3,𝑏
𝑒𝑞  (V-27) 

This results in the following equation: 

 
𝑑2

𝑑𝑥2
(
𝑎𝐻+

𝑎
𝐻+,𝑏
𝑒𝑞 ) =

1

𝛿𝑟2
(
𝑎𝐻+  

𝑎
𝐻+,𝑏
𝑒𝑞 − 1) = 0 (V-28) 

To further simply (V-28), a non-dimensional concentration ratio 𝑢 is defined: 

 𝑢 =
𝑎𝐻+

𝑎
𝑏,𝐻+
𝑒𝑞  (V-29) 

Applying Equation (V-29) to Equation (V-28) gives the final simplified equation: 

 
𝑑2𝑢

𝑑𝑥2
 =

(𝑢 − 1)

𝛿𝑟2
 (V-30) 



639 

 

  

Equation (V-30) is a second order linear homogeneous differential equation, 

which can be solved analytically by choosing the appropriate boundary conditions as 

follows: 

At the metal surface (𝑥 = 0), 

 𝑢 = 𝑢𝑠 (V-31) 

where, 𝑢𝑠 = 𝑎𝐻+,𝑠/𝑎𝑏,𝐻+
𝑒𝑞

; 

At the edge of the diffusion boundary layer (𝑥 = 𝛿𝑚,𝐻+),  

 𝑎𝐻+ = 𝑎
𝐻+,𝑏
𝑒𝑞

 ⇒ 𝑢 = 1 (V-32) 

The solution of Equation (V-30) with the above boundary conditions has the following 

form: 

 𝑢(𝑥) = (1−𝑢𝑠) [
𝑒𝑥𝑝 (

𝑥
𝛿𝑟
)

𝑒𝑥𝑝 (
2𝛿𝑚,𝐻+

𝛿𝑟
) − 1

+
𝑒𝑥𝑝 (−

𝑥
𝛿𝑟
)

𝑒𝑥𝑝 (−
2𝛿𝑚,𝐻+

𝛿𝑟
) − 1

] + 1 (V-33) 

Similar to Equation (U-5), the flux density of H+ ions at the metal surface (𝑥 = 0) is 

obtained as: 

 

𝑁|𝑥=0 = −𝐷𝑒𝑓𝑓
𝑑𝑎𝐻+

𝑑𝑥
|
𝑥=0

 

≡ −𝐷𝑒𝑓𝑓𝑎𝐻+,𝑏
𝑒𝑞 𝑑𝑢(𝑥)

𝑑𝑥
|
𝑥=0

 

(V-34) 

So that: 

 𝑁|𝑥=0 =
(1−𝑢𝑠)𝐷𝑒𝑓𝑓 𝑎𝐻+,𝑏

𝑒𝑞

𝛿𝑟
 
1 + 𝑒𝑥𝑝 (

2𝛿𝑚,𝐻+

𝛿𝑟
)

1 − 𝑒𝑥𝑝 (
2𝛿𝑚,𝐻+

𝛿𝑟
)
 (V-35) 

Or, in terms of activities: 
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𝑁|𝑥=0 =
(𝑎

𝐻+,𝑏
𝑒𝑞

− 𝑎𝐻+,𝑠)𝐷𝑒𝑓𝑓 

𝛿𝑟
 
1 + 𝑒𝑥𝑝 (

2𝛿𝑚,𝐻+

𝛿𝑟
)

1 − 𝑒𝑥𝑝 (
2𝛿𝑚,𝐻+

𝛿𝑟
)

 

= −
(𝑎

𝐻+,𝑏
𝑒𝑞

− 𝑎𝐻+,𝑠)𝐷𝑒𝑓𝑓 

𝛿𝑟
𝑐𝑜𝑡ℎ (

𝛿𝑚,𝐻+

𝛿𝑟
)  

(V-36) 

In limiting current controlling situations, when the rate of the overall 

electrochemical Reaction (V-6) is limited by the slow hydration Reaction (V-1), all the 

𝐻+ ions arrive at the metal surface are consumed almost instantaneously by the fast 

charge transfer Reaction (V-4); hence, the activity of 𝐻+ ions at the metal surface 

approaches zero: 𝑎𝐻+ ≈ 0. Thus, in limiting current case, 𝑎𝐻+,𝑠 can be assumed zero in 

Equation (V-36). Using Equation (U-12) the limiting current density for the diffusion of 

H+ ions with buffering due the presence of CO2(aq) can be obtained: 

 𝑖𝐿𝑖𝑚 =
 𝐹𝐷𝑒𝑓𝑓𝑎𝑏,𝐻+

𝑒𝑞

𝛿𝑟
𝑐𝑜𝑡ℎ (

𝛿𝑚,𝐻+

𝛿𝑟
) =

 𝐹𝐷𝑒𝑓𝑓𝑎𝑏,𝐻+
𝑒𝑞

𝛿𝑟𝑡𝑎𝑛ℎ (
𝛿𝑚,𝐻+

𝛿𝑟
)
  (V-37) 

Or in another form using, 𝛿𝑟 definition: 

 𝑖𝐿𝑖𝑚 = 𝐹√𝐷𝑒𝑓𝑓𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏
𝑒𝑞 𝑎𝐻2𝑂,𝑏

𝑒𝑞  𝑎
𝐻+,𝑏
𝑒𝑞   𝑐𝑜𝑡ℎ (

𝛿𝑚,𝐻+

𝛿𝑟
) (V-38) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝐷𝑒𝑓𝑓 is in m2/s, 

𝑘𝑓,𝐶𝑂2 is in m3/mol/s, 𝑎𝐻+,𝑏, 𝑎𝐶𝑂2,𝑏, 𝑎𝐻2𝑂,𝑏 are in mol/m3, and 𝛿𝑚,𝐻+ and 𝛿𝑟 are in m. In 

many cases, the 𝑐𝑜𝑡ℎ(𝛿𝑚,𝐻+ 𝛿𝑟⁄ ) term, which accounts for the effect of flow, is almost 

equal to 1; examples are stagnant solutions, low flow rates and high temperatures. 

Equation (V-38) without the 𝑐𝑜𝑡ℎ(𝛿𝑚,𝐻+ 𝛿𝑟⁄ ) term will be similar to 𝑖𝐿𝑖𝑚 equation 

proposed by Vetter [175] for acetic acid containing solutions.  
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At zero partial pressure of CO2(g) or 𝑎𝐶𝑂2,𝑏
𝑒𝑞 = 0, 𝛿𝑟 comes close to infinity, which 

makes 𝑖𝐿𝑖𝑚 equation for CO2 corrosion, Equation (V-37), to transform to that for strong 

acid corrosion, Equation (U-13). This shows that the 𝑖𝐿𝑖𝑚 equation for CO2 corrosion 

works for very small partial pressures of CO2(g). 

Equation (V-38) in molarity unit is: 

 𝑖𝐿𝑖𝑚 = 1000𝐹√𝐷𝑒𝑓𝑓𝑘𝑓,𝐶𝑂2 𝑎𝐶𝑂2,𝑏
𝑒𝑞 𝑎𝐻2𝑂,𝑏

𝑒𝑞  𝑎
𝐻+,𝑏
𝑒𝑞   𝑐𝑜𝑡ℎ (

𝛿𝑚,𝐻+

𝛿𝑟
) (V-39) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝐷𝑒𝑓𝑓 is in m2/s, 

𝑘𝑓,𝐶𝑂2 is in 1/M/s, 𝑎𝐻+,𝑏, 𝑎𝐶𝑂2,𝑏, 𝑎𝐻2𝑂,𝑏 are in molarity, and 𝛿𝑚,𝐻+ and 𝛿𝑟 are in m. 

Assuming ideal or near ideal conditions where the activity coefficients of aqueous 

species and the activity of water are close to unity, Equation (V-39) simplifies to: 

 𝑖𝐿𝑖𝑚 = 𝐹√106𝐷𝑒𝑓𝑓𝑘𝑓,𝐶𝑂2 𝑐𝐶𝑂2,𝑏
𝑒𝑞

 𝑐
𝐻+,𝑏
𝑒𝑞

  𝑐𝑜𝑡ℎ (
𝛿𝑚,𝐻+

𝛿𝑟
) (V-40) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝐷𝑒𝑓𝑓 is in m2/s, 

𝑘𝑓,𝐶𝑂2 is in 1/s, 𝑐𝐻+,𝑏 and 𝑐𝐶𝑂2,𝑏 are in molarity, and 𝛿𝑚,𝐻+ and 𝛿𝑟 are in m.
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Appendix W: Cathodic Limiting Current Density in H2S Saturated Aqueous 

Solutions (Applicable to Other Weak Acids) 

The limiting current density becomes important in electrochemical systems when 

the rate of an electrochemical reaction is affected by a homogenous chemical step 

producing species that subsequently diffuse and participate in a charge transfer step at the 

metal surface. An example is the corrosion process in H2S-satuared aqueous solutions or 

solutions containing others weak acids such as acetic acid and formic acid when the rate 

of the H+ ion reduction reaction is controlled by a combination of a preceding chemical 

dissociation reaction and H+ diffusion to the metal surface. In this situation, the overall 

rate of the corrosion process will be equal to the H+ ion reduction rate or in other words 

the limiting current density. The experimental result of this study in Chapter 11 and those 

reported by Yougui [49] and Navabzadeh Esmaeely [357] show that the controlling effect 

of the limiting current density on the overall H2S corrosion rate becomes significant at 

low partial pressures of H2S (< 10-4 bar). At high partial pressures of H2S(g) the cathodic 

reaction is controlled by the rate of the charge transfer process. The effects of high 

solution pH values and high temperatures on the rate of the H+ ion reduction reaction 

seem to be much less comparing to the H2S partial pressure.  

Four different equations will be presented in this section for the limiting current 

density in H2S-saturated aqueous solutions, which are applicable to other weak acid 

aqueous solutions such as acetic acid and formic acid solutions as well. All the equations 

are derived based on activities of species instead of their concentrations, which makes the 

limiting current density equations suitable for all ideal, near ideal and nonideal systems. 
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In H2S containing aqueous solutions, the following homogenous chemical 

dissociation reaction occurs: 

 𝐻2𝑆(𝑎𝑞) 

𝑘𝑓,𝐻2𝑆
→    

𝑘𝑏,𝐻2𝑆
↔     𝐻(𝑎𝑞)

+ + 𝐻𝑆(𝑎𝑞)
−   (W-1) 

 

where 𝑘𝑓,𝐻2𝑆 and 𝑘𝑏,𝐻2𝑆 are respectively the forward and backward reaction rate for this 

reaction, called the H2S(aq) dissociation reaction. Then, the produced H+ ions diffuse to 

the metal surface: 

 𝐻(𝑎𝑞)
+  

𝑑𝑖𝑓𝑓𝑢𝑠𝑖𝑜𝑛
→        𝐻+|𝑠𝑢𝑟𝑓𝑎𝑐𝑒 (W-2) 

 

The H+ ions at the surface are reduced and dissolved H2 gas is produced: 

 𝐻+|𝑠𝑢𝑟𝑓𝑎𝑐𝑒 + 𝑒− →
1

2
 𝐻2(g) (W-3) 

 

The overall cathodic reaction in H2S corrosion has the following form: 

 𝐻2𝑆(𝑎𝑞) + 𝑒− →
1

2
 𝐻2(g) (W-4) 

 

When the charge transfer Reaction (W-3) proceeds at very high rates, the 

combination of the slower preceding steps, i.e., the chemical dissociation Reaction (W-1) 

and the diffusion step, Reaction (W-2), becomes rate limiting. The chemical dissociation 

reaction for H2S(aq) (𝑘𝑓,𝐻2𝑆 = 6.24 × 103 1/s [315]) is faster than carbonic acid 

dissociation reaction (𝑘𝑓,𝐻2𝑆 = 0.037 1/s [298]) and slower than acetic acid dissociation 

reaction (𝑘𝑓,𝐻2𝑆 = 8.7 × 105 1/s [358]). This means that the H2S dissociation reaction is 

relatively slow. 

Until several years ago, it was assumed that in H2S containing aqueous solutions 

in addition to the H+ ion reduction Reaction (W-3), there is a parallel hydrogen evolution 

reaction known as the direct reduction of H2S(aq) [226,219,225,228,229,227,49]:  
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 𝐻2𝑆(𝑎𝑞) + 𝑒− → 𝐻𝑆(𝑎𝑞)
−  +

1

2
 𝐻2(𝑔)     (W-5) 

However, recent studies showed that the direct reduction of weak acids including 

H2S is insignificant in aqueous corrosion of mild steels [230,356,359]. The main cathodic 

reaction in weak acid solutions is the H+ ion reduction Reaction (W-4) and in the case of 

H2S saturated aqueous solutions, H2S(aq) role is to only to provide more H+ ions for the 

main cathodic reaction. Thus, the common method of assuming two limiting current 

densities [49,96,317,360]: one for H+ ion reduction reaction and one for the direct 

reduction of H2S(aq), for calculating the total limiting current density in H2S corrosion is 

not acceptable. 

Being able to calculate the total limiting current density with only one reaction 

(H+ ion reduction reaction) requires accounting for co-diffusion of all participating 

species and the buffering by the chemical Reaction (W-1) in the mass transfer boundary 

layer. For this, solving a system of five nonlinear differential equations for five 

species133: H+ ion, H2S(aq), HS- ion, OH- ion and H2O(l) is required, which involves 

complex numerical computations as reported by Kahyarian et al. [207,230]. Furthermore, 

the numerical method does not result in an explicit expression for the limiting current 

density. With some assumptions the calculations can be simplified and the total limiting 

current density can be expressed as explicit expressions. 

The following assumptions are made for calculating the cathodic H+ ion reduction 

reaction limiting current density in H2S-saturated aqueous solutions: 

 
133 𝑆(𝑎𝑞)

2−  ion can be ignored as its activity is extremely small in conditions experienced in aqueous H2S 

corrosion. 
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1. Mass transfer by convection can be ignored as the aqueous solution is chemically 

and thermally uniform.  

2. Mass transfer by migration can be ignored as there is no external electrical field in 

naturally occurring corrosion. And, according to the mixed potential theory no 

potential gradient exists over the metal surface in natural uniform corrosion. 

3. Diffusion only occurs in one-dimensional along the 𝑥-axis perpendicular to the 

metal surface. The diffusion in the other two directions is considered zero. 

4. The activity of water (𝑎𝐻2𝑂(𝑙)) is constant across the mass transfer (diffusion) 

boundary layer and equal to the equilibrium bulk values. This implies that 

diffusion of 𝑎𝐻2𝑂(𝑙) can be ignored in the calculations. 

 𝑎𝐻2𝑂(𝑙) ≈ 𝑎𝐻2𝑂(𝑙),𝑏
𝑒𝑞 ≡  𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 (W-6) 

5. The activity of the bisulfide ion (𝑎𝐻𝑆(𝑎𝑞)
− ) in the mass transfer boundary layer is 

constant and equal to the equilibrium bulk value. 

 𝑎𝐻𝑆(𝑎𝑞)
− ≈ 𝑎𝐻𝑆(𝑎𝑞)

− ,𝑏
𝑒𝑞 ≡  𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 (W-7) 

This may appear to be erroneous, as from the dissociation Reaction (W-1) for 

every H+ ion produced (or consumed), one HS- ion is also produced (or 

consumed). Therefore, any changes in their activities because of Reactions (W-1) 

to (W-3) must be the same. 

 Δ𝑎𝐻𝑆− = Δ𝑎𝐻+ (W-8) 

Equation (W-8) argument seems to be contradicting the assumption that 𝑎𝐻𝑆(𝑎𝑞)
−  

remains constant as 𝑎𝐻+ changes. However, in the limiting current controlling 
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situations, where the pH in the mass transfer boundary layer is always greater than 

pH 7, 𝑎𝐻𝑆− ≫ 𝑎𝐻+. Therefore, for any given Δ𝑎𝐻+ that produces a significant 

change in 𝑎𝐻+, the corresponding Δ𝐻𝑆− produces a very small change in 𝑎𝐻𝑆−. So, 

our assumption about  𝑎𝐻𝑆− being constant in the boundary layer is reasonably 

accurate. 

 
Δ𝑎𝐻𝑆−

𝑎𝐻𝑆−
≪
Δ𝑎𝐻+

𝑎𝐻+
 (W-9) 

The constant 𝑎𝐻𝑆−  assumption means that the variation in 𝑎𝐻𝑆− in the mass 

transfer boundary layer can be ignored, and thereby allows to disregard the 

contribution of HS- ion diffusion in the calculation process. 

6. Similar to assumption # 5, due to the high solution pH in the mass transfer 

boundary layer in the limiting current density controlling situations, the activity of 

OH- ion (𝑎𝑂𝐻(𝑎𝑞)
− ) is relatively high there as well, and its variation and thereby its 

diffusion can be ignored in the calculations. 

7. 𝐷𝐻(𝑎𝑞)
+  and 𝐷𝐻2𝑆(𝑎𝑞) are constant across the mass transfer boundary layer from the 

bulk to the metal surface. 

8. 𝛾𝐻+
𝑐  and 𝛾𝐻2𝑆

𝑐  are constant across the mass transfer boundary layer from the bulk 

solution to the metal surface. 

Considering these assumptions, only two species remain that their activities 

change across the mass transfer boundary layer: H+ ion and H2S(aq). The limiting current 

density can be calculated by solving the steady-state one-dimensional Nernst-Planck 

(mass conservation) equations [21] for H+ ion and H2S(aq) as follows: 
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𝑑

𝑑𝑥
(
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑𝑎𝐻+

𝑑𝑥
) + 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆 − 𝑘𝑏,𝐻2𝑆 𝑎𝐻𝑆−  𝑎𝐻+ = 0 (W-10) 

 𝑑

𝑑𝑥
(
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐

𝑑𝑎𝐻2𝑆

𝑑𝑥
) − 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆 + 𝑘𝑏,𝐻2𝑆 𝑎𝐻𝑆−  𝑎𝐻+ = 0 

(W-11) 

The first terms in parentheses for both equations account for the molecular diffusion, 

while the other terms are related to production and consumption of species by H2S 

chemical dissociation reaction. The use of activity and activity coefficient instead of 

concentration in the Nernst-Planck equation has been demonstrated in Appendix U. 𝛾𝑐 is 

the molarity-based activity coefficient in infinite dilution reference state (Appendix P). 

Four different approaches haven been used in the present study to solve the 

coupled Equations (W-10) and (W-11). In the first two approaches, a single-section mass 

transfer boundary layer is considered, while in the last two approaches the mass transfer 

boundary layer is assumed to have two sections. 

The first approach to solve the coupled Equations is to assume a single boundary 

layer (𝛿𝑚) across which the activity of both H+ ion and H2S change. The calculation 

procedure in this approach is very similar to that presented for the CO2 corrosion limiting 

current density in Appendix V. Equations (W-10) and (W-11) are added to cancel out the 

terms related to the H2S dissociation reaction. In this approach, it is assumed that the H2S 

dissociation Reaction (W-12) is near equilibrium and this assumption is used to covert 

the second order derivative of 𝑎𝐻2𝑆 to that for 𝑎𝐻+. Then, the simple second order linear 

homogeneous differential Equation (W-12) is solved with two boundary conditions of at 

𝑥 = 0, 𝑎𝐻+ = 𝑎𝐻+,𝑠 and at 𝑥 = 𝛿𝑚, 𝑎𝐻+ = 𝑎
𝐻+,𝑏
𝑒𝑞

, where 𝑎𝐻+,𝑠 and 𝑎
𝐻+,𝑏
𝑒𝑞

 are the activity 

of H+ ion at the metal surface and in the bulk solution, respectively.  
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 (
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝐷𝐻2S

𝛾𝐻2𝑆
𝑐

𝑎𝐻2𝑆,𝑏
𝑒𝑞  

𝑎
𝐻+,𝑏
𝑒𝑞 )

𝑑2𝑎𝐻+

𝑑𝑥2
= 0 (W-12) 

Then, the H+ ion flux at 𝑥 = 0 is calculated and finally by using Equation of (U-12) the 

limiting current density can be obtained: 

 𝑖𝐿𝑖𝑚 =
𝐹 

𝛿𝑚
(
𝐷𝐻+

𝛾𝐻+
𝑐 𝑎

𝐻+,𝑏
𝑒𝑞

+
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐 𝑎𝐻2𝑆,𝑏

𝑒𝑞 ) (W-13) 

Where, 𝛿𝑚 in Equation (W-13) can be either the H+ diffusion boundary layer (𝛿𝑚,𝐻+) or 

the H2S(aq) diffusion boundary layer (𝛿𝑚,𝐻2𝑆), as these two are different in thickness due 

to a larger diffusion coefficient of H+ ion compared to that for H2S(aq) (Table 3-2). 𝛿𝑚,𝐻+ 

is about two times of 𝛿𝑚,𝐻2𝑆 in thickness134. If 𝛿𝑚,𝐻+ is used in Equation (W-13), there 

will be underpredictions for 𝑖𝐿𝑖𝑚 at high pH values and high H2S partial pressures. On the 

other hand, if 𝛿𝑚,𝐻2𝑆 is used in Equation (W-13), 𝑖𝐿𝑖𝑚 will be overpredicted at low pH 

values and low H2S partial pressures. Moreover, if 𝛿𝑚,𝐻2𝑆 is used and the partial pressure 

of H2S is equal to zero (i.e., 𝑎𝐻2𝑆,𝑏
𝑒𝑞 = 0), Equation (W-13) does not transform to 𝑖𝐿𝑖𝑚 

Equation (U-13) for the strong acid solutions. 

In the second approach, a different mathematical approach is used to solve the co-

diffusion mass balance equations. This approach is similar to that used by Rieger [354]. 

Rieger assumed ideal conditions and identical diffusion coefficients for the diffusing 

species. However, in this study, activities are used instead of concentrations and the 

diffusion coefficient of each diffusing species is implemented in 𝑖𝐿𝑖𝑚 calculations. To 

 
134 The thickness of the diffusion boundary layer is proportional to the cubic root of the diffusion 

coefficient. 
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solve the coupled Equations (W-10) and (W-11) two variables are defined: 𝐴 as the total 

activity of H+ ion, H2S(aq) and HS- ion, and 𝐴′ as the measure of departure of the H2S 

dissociation Reaction (W-1) from equilibrium: 

 𝐴 =
𝐷𝐻+

𝛾𝐻+
𝑐 𝑎𝐻+ +

𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐 𝑎𝐻2𝑆 +

𝐷𝐻𝑆−

𝛾𝐻𝑆−
𝑐 𝑎𝐻𝑆−  (W-14) 

 𝐴′ = 𝐾1𝑎𝐻2𝑆 − 𝑎𝐻+𝑎𝐻𝑆−  (W-15) 

where, 𝐾1 is the equilibrium constant for the H2S dissociation Reaction (W-1) and equal 

to 𝑘𝑓,𝐻2𝑆/𝑘𝑏,𝐻2𝑆. 

Equations (W-10) and (W-11) are added up to cancel out the chemical reaction 

terms: 

 
𝑑

𝑑𝑥
(
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑𝑎𝐻+

𝑑𝑥
) +

𝑑

𝑑𝑥
(
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐

𝑑𝑎𝐻2𝑆

𝑑𝑥
) = 0 (W-16) 

Since 𝑎𝐻𝑆− is assumed to be constant across the mass transfer boundary layer, its second 

derivative is equal to zero. Therefore, Equation (W-16) can be written as below: 

 
𝑑

𝑑𝑥
(
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑𝑎𝐻+

𝑑𝑥
) +

𝑑

𝑑𝑥
(
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐

𝑑𝑎𝐻2𝑆

𝑑𝑥
) +

𝑑

𝑑𝑥
(
𝐷𝐻𝑆−

𝛾𝐻𝑆−
𝑐

𝑑𝑎𝐻𝑆−

𝑑𝑥
) = 0 (W-17) 

Using assumption # 8, Equation (W-17) will be equivalent to: 

 
𝑑2𝐴

𝑑𝑥2
= 0 (W-18) 

The second derivative of 𝐴′ has the following form: 

 
𝑑2𝐴′

𝑑𝑥2
= 𝐾1

𝑑2𝑎𝐻2𝑆

𝑑𝑥2
− 𝑎𝐻𝑆−

𝑑2𝑎𝐻+

𝑑𝑥2
− 𝑎𝐻+

𝑑2𝑎𝐻𝑆−

𝑑𝑥2
− 2

𝑑𝑎𝐻+

𝑑𝑥

𝑑𝑎𝐻𝑆−

𝑑𝑥
 (W-19) 

𝑎𝐻𝑆− is assumed to be constant. Thus, the last two terms in Equation (W-19) are equal to 

zero: 
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𝑑2𝐴′

𝑑𝑥2
= 𝐾1

𝑑2𝑎𝐻2𝑆

𝑑𝑥2
− 𝑎𝐻𝑆−

𝑑2𝑎𝐻+

𝑑𝑥2
 (W-20) 

From Equation (W-10) and (W-11) and using the definition of 𝐴′, the following 

equations can be derived: 

 
𝑑2𝑎𝐻2𝑆

𝑑𝑥2
=
𝑘𝑏,𝐻2𝑆𝛾𝐻2𝑆

𝑐 𝐴′

𝐷𝐻2𝑆
 (W-21) 

 𝑑2𝑎𝐻+

𝑑𝑥2
= −

𝑘𝑏,𝐻2𝑆𝛾𝐻+
𝑐 𝐴′

𝐷𝐻+
 

(W-22) 

Plugging Equations (W-21) and (W-22) into Equation (W-20) gives: 

 
𝑑2𝐴′

𝑑𝑥2
= (

𝑘𝑓,𝐻2𝑆𝛾𝐻2𝑆
𝑐

𝐷𝐻2𝑆
+
𝑘𝑏,𝐻2𝑆𝛾𝐻+

𝑐 𝑎𝐻𝑆−

𝐷𝐻+
)𝐴′ (W-23) 

A new parameter called the chemical reaction boundary layer is defined (𝛿𝑟): 

 
𝛿𝑟 = √

1

𝑘𝑓,𝐻2𝑆𝛾𝐻2𝑆
𝑐

𝐷𝐻2𝑆
+
𝑘𝑏,𝐻2𝑆𝛾𝐻+

𝑐 𝑎𝐻𝑆−
𝐷𝐻+

 
(W-24) 

where, 𝛿𝑟 is in m. Finally, the second mass balance equation becomes: 

 
𝑑2𝐴′

𝑑𝑥2
=
𝐴′

𝛿𝑟2
 (W-25) 

The first mass balance Equation (W-18) can be solved by the following boundary 

conditions: 

At 𝑥 = 𝛿𝑚 ⇒  𝐴 = 𝐴𝑒𝑞 =
𝐷
𝐻+

𝛾
𝐻+
𝑐 𝑎

𝐻+
𝑒𝑞

+
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐 𝑎𝐻2𝑆

𝑒𝑞 +
𝐷𝐻𝑆−

𝛾𝐻𝑆−
𝑐 𝑎𝐻𝑆−

𝑒𝑞
; 

At 𝑥 = 0 ⇒  𝐴 = 𝐴𝑠 =
𝐷
𝐻+

𝛾
𝐻+
𝑐 𝑎𝐻+,𝑠 +

𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐 𝑎𝐻2𝑆,𝑠 +

𝐷𝐻𝑆−

𝛾𝐻𝑆−
𝑐 𝑎𝐻𝑆−

𝑒𝑞
;  

where, 𝑒𝑞 and 𝑠 mean the equilibrium bulk and the surface activities, respectively. The 

solution of Equation (W-18) then is: 
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  𝐴 = 𝐴𝑠 + (
𝐴𝑒𝑞 − 𝐴𝑠

𝛿𝑚
) 𝑥 (W-26) 

The second mass balance Equation (W-25) can be solved by the boundary 

conditions below: 

At 𝑥 = 𝛿𝑚 ⇒ 𝐴′ = 𝐴′,𝑒𝑞 = 𝐾𝑎𝐻2𝑆
𝑒𝑞 − 𝑎

𝐻+
𝑒𝑞
𝑎𝐻𝑆−
𝑒𝑞 = 0; 

At 𝑥 = 0 ⇒ 𝐴′ = 𝐴𝑠
′ = 𝐾𝑎𝐻2𝑆,𝑠 − 𝑎𝐻+,𝑠𝑎𝐻𝑆−

𝑒𝑞
;  

The solution to Equation (W-25) is: 

 𝐴′ = 𝐴𝑠
′
𝑒
𝛿𝑚−𝑥
𝛿𝑟 − 𝑒

−
𝛿𝑚−𝑥
𝛿𝑟

𝑒
𝛿𝑚
𝛿𝑟 − 𝑒

−
𝛿𝑚
𝛿𝑟

 (W-27) 

From the definitions of 𝐴 and 𝐴′, equations for the activities of H+ ion and H2S 

can be obtained as functions of 𝐴 and 𝐴′: 

 𝑎𝐻+ =

𝐾1 (𝐴 −
𝐷𝐻𝑆−
𝛾𝐻𝑆−
𝑐 𝑎𝐻𝑆−

𝑒𝑞 ) −
𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝐴′

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝐾1

 (W-28) 

 

𝑎𝐻2𝑆 =

𝑎𝐻𝑆−
𝑒𝑞 (𝐴 −

𝐷𝐻𝑆−
𝛾𝐻𝑆−
𝑐 𝑎𝐻𝑆−

𝑒𝑞 ) +
𝐷𝐻+

𝛾𝐻+
𝑐 𝐴′

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝐾1

 (W-29) 

The fluxes for H+ ion and H2S at the surface are equal to: 

 

𝑁𝐻+|𝑥=0 = −
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑𝑎𝐻+

𝑑𝑥
|
𝑥=0

 

= −

𝐷𝐻+

𝛾𝐻+
𝑐

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝐾1

[𝐾1
𝑑𝐴

𝑑𝑥
|
𝑥=0

−
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐

𝑑𝐴′

𝑑𝑥
|
𝑥=0

] 

(W-30) 
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𝑁𝐻2𝑆|𝑥=0 = −

𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐

𝑑𝑎𝐻2𝑆

𝑑𝑥
|
𝑥=0

 

= −

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝐾1

[𝑎𝐻𝑆−
𝑒𝑞 𝑑𝐴

𝑑𝑥
|
𝑥=0

+
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑𝐴′

𝑑𝑥
|
𝑥=0

] 

(W-31) 

From Equations (W-26) and (W-27) for 𝐴 and 𝐴′, the derivatives with respect to 𝑥 

at 𝑥 = 0 can be calculated as follows: 

 
𝑑𝐴

𝑑𝑥
|
𝑥=0

=
𝐴𝑒𝑞 − 𝐴𝑠

𝛿𝑚
 (W-32) 

 𝑑𝐴′

𝑑𝑥
|
𝑥=0

= −
𝐴𝑠
′

𝛿𝑟tanh (
𝛿𝑚
𝛿𝑟
)
 

(W-33) 

Implementing Equations (W-32) and (W-33) into Equations (W-30) and (W-31) gives: 

 

𝑁𝐻+|𝑥=0 = −

𝐷𝐻+

𝛾𝐻+
𝑐

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝐾1

[𝐾1 (
𝐴𝑒𝑞 − 𝐴𝑠

𝛿𝑚
)

+
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐 (

𝐴𝑠
′

𝛿𝑟 tanh (
𝛿𝑚
𝛿𝑟
)
)] 

(W-34) 

 

𝑁𝐻2𝑆|𝑥=0
= −

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝐾1

[𝑎𝐻𝑆−
𝑒𝑞 (

𝐴𝑒𝑞 − 𝐴𝑠
𝛿𝑚

)

−
𝐷𝐻+

𝛾𝐻+
𝑐 (

𝐴𝑠
′

𝛿𝑟 tanh (
𝛿𝑚
𝛿𝑟
)
)] 

(W-35) 
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Since the direct reduction of H2S(aq) is insignificant in aqueous H2S corrosion of 

carbon steel, the H2S(aq) flux at the surface (𝑥 = 0), 𝑁𝐻2𝑆|𝑥=0 is equal to zero. This gives 

the following equation: 

 𝐴𝑠
′ =

𝛾𝐻+
𝑐 𝑎𝐻𝑆−

𝑒𝑞

𝐷𝐻+
(
𝐴𝑒𝑞 − 𝐴𝑠

𝛿𝑚
) 𝛿𝑟 tanh (

𝛿𝑚
𝛿𝑟
) (W-36) 

Substituting Equation (W-36) into the H+ ion flux at the surface, Equation (W-34), results 

in: 

 

𝑁𝐻+|𝑥=0 = −
𝐴𝑒𝑞 − 𝐴𝑠

𝛿𝑚
 

= −

𝐴𝑒𝑞 −
𝐷𝐻+

𝛾𝐻+
𝑐 𝑎𝐻+,𝑠 −

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻2𝑆,𝑠 −

𝐷𝐻𝑆−
𝛾𝐻𝑆−
𝑐 𝑎𝐻𝑆−

𝑒𝑞

𝛿𝑚
 

(W-37) 

From the definition of 𝐴′ at the surface, 𝑥 = 0: 

 𝐴𝑠
′ = 𝐾1𝑎𝐻2𝑆,𝑠 − 𝑎𝐻+,𝑠𝑎𝐻𝑆−

𝑒𝑞
 (W-38) 

By equating Equations (W-36) and (W-38) for 𝐴𝑠
′  and solving for 𝑎𝐻2𝑆,𝑠: 

 

𝑎𝐻2𝑆,𝑠

=

𝐷𝐻+

𝛾𝐻+
𝑐 𝑎

𝐻+
𝑒𝑞
𝑎𝐻𝑆−
𝑒𝑞 +

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻2𝑆

𝑒𝑞 𝑎𝐻𝑆−
𝑒𝑞 + (𝜆 − 1)

𝐷𝐻+

𝛾𝐻+
𝑐 𝑎𝐻+,𝑠𝑎𝐻𝑆−

𝑒𝑞

𝜆𝐾1
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
 

(W-39) 

where, 𝜆 is called the kinetic parameter and is defined as:  

 
𝜆 =

𝛿𝑚

𝛿𝑟 tanh (
𝛿𝑚
𝛿𝑟
)
 

(W-40) 

Substituting Equation (W-39) into Equation (W-37) gives: 
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𝑁𝐻+|𝑥=0

= −

𝜆𝐾1
𝐷𝐻+

𝛾𝐻+
𝑐 𝐴𝑒𝑞 − 𝜆

𝐷𝐻+

𝛾𝐻+
𝑐 (

𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝐾1)𝑎𝐻+,𝑠 − 𝜆𝐾1

𝐷𝐻+

𝛾𝐻+
𝑐

𝐷𝐻𝑆−
𝛾𝐻𝑆−
𝑐 𝑎𝐻𝑆−

𝑒𝑞

𝛿𝑚 (
𝐷𝐻2𝑆
𝛾𝐻2𝑆
𝑐 𝑎𝐻𝑆−

𝑒𝑞
+
𝐷𝐻+

𝛾𝐻+
𝑐 𝜆𝐾1)

 

(W-41) 

In the limiting current situation, 𝑎𝐻+,𝑠 is equal to zero at the surface. Using 

Equation (U-12), the H+ ion flux in Equation (W-41) can be converted to the limiting 

current density: 

 𝑖𝐿𝑖𝑚 =
1000𝐹𝐷𝐻+

𝛾𝐻+
𝑐

(

 
 
𝜆𝐾1 (

𝐷𝐻𝑠𝑆
𝛾𝐻𝑠𝑆
𝑐 𝑎𝐻𝑠𝑆,𝑏

𝑒𝑞 +
𝐷𝐻+

𝛾𝐻+
𝑐 𝑎

𝐻+,𝑏
𝑒𝑞

)

(
𝐷𝐻𝑠𝑆
𝛾𝐻𝑠𝑆
𝑐 𝑎𝐻𝑆−,𝑏

𝑒𝑞 +
𝐷𝐻+

𝛾𝐻+
𝑐 𝜆𝐾1)𝛿𝑚

)

 
 

 (W-42) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝑎𝑏
𝑒𝑞

 is the equilibrium bulk activity in M, the molarity-based 

activity coefficients (𝛾𝑐) are dimensionless, 𝐾1 is the equilibrium constant for the H2S 

dissociation reaction in M, diffusion coefficients (𝐷𝑖) are in m2/s, and 𝛿𝑚 is in m. 𝛿𝑚 in 

Equation (W-42) can be either 𝛿𝑚,𝐻+ or 𝛿𝑚,𝐻2𝑆. A factor of 1000 is multiplied to the 

right-hand side of Equation (W-42) for conversion from mol/m3 unit to the molarity unit. 

If 𝛿𝑚,𝐻+ is used in Equation (W-42), 𝑖𝐿𝑖𝑚 will be underpredicted at high pH 

values and high H2S partial pressures. On the other hand, if 𝛿𝑚,𝐻2𝑆 is used in Equation 

(W-42), there will be overpredictions for 𝑖𝐿𝑖𝑚 at low pH values and low H2S partial 

pressures. Another problem is that when 𝛿𝑚,𝐻2𝑆 is used and the partial pressure of H2S is 

equal to zero (i.e., 𝑎𝐻2𝑆,𝑏
𝑒𝑞 = 0), Equation (W-42) does not transform to 𝑖𝐿𝑖𝑚 Equation (U-

13) for the strong acid solutions. Despite this, the accuracy of Equation (W-42) is better 

than that for Equation (W-13). 
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For ideal and near ideal conditions where activity coefficients are close to one and 

concentrations can be used instead of activities, Equation (W-42) is simplified to: 

 𝑖𝐿𝑖𝑚 = 1000𝐹𝐷𝐻+ (
𝜆𝐾1 (𝐷𝐻𝑠𝑆𝑐𝐻𝑠𝑆,𝑏

𝑒𝑞 + 𝐷𝐻+𝑐
𝐻+,𝑏
𝑒𝑞

)

(𝐷𝐻𝑠𝑆𝑐𝐻𝑆−,𝑏
𝑒𝑞 + 𝐷𝐻+𝜆𝐾1)𝛿𝑚

) (W-43) 

where, 𝑐𝑏
𝑒𝑞

 is the equilibrium bulk concentration in M. 

To void problems originated from the choice between 𝛿𝑚,𝐻+ and 𝛿𝑚,𝐻2𝑆 in 

Equations (W-13) and (W-42), a diffusion boundary layer with two sections is assumed 

that works for both low and high H2S partial pressures as well as low and high pH values. 

The schematic of the two-section diffusion boundary layer and the activity profile of H+ 

ion and H2S(aq) is depicted in Figure W-1. The two mass balance equations are solved for 

each part. 
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Figure W-1 

The schematic of a two-section diffusion boundary layer used for calculating the limiting 

current density in aqueous H2S corrosion. 

 

 

In the outer part, i.e., between 𝛿𝑚,𝐻2𝑆 and  𝛿𝑚,𝐻+, it is assumed that 𝑎𝐻2𝑆 variation 

is negligible; so, 𝜕𝑎𝐻2𝑆 𝜕𝑥⁄ ≈ 0 and 𝜕2𝑎𝐻2𝑆 𝜕𝑥2⁄ ≈ 0 and the only species diffusing are 

the H+ ions. Therefore, for that outer part of the mass transfer boundary layer only the H+ 

ion diffusion equation needs to be solved: 

 
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆 − 𝑘𝑏,𝐻2𝑆 𝑎𝐻𝑆−  𝑎𝐻+ = 0 (W-44) 

Assumptions # 7 and # 8 have been applied to Equation (W-44). Since both 𝑎𝐻2𝑆 and 

𝑎𝐻𝑆− are assumed to be constant in the outer part of the diffusion boundary layer, they are 

equal to their equilibrium values in the bulk solution: 
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 𝑎𝐻2𝑆 ≈ 𝑐𝐻2𝑆,𝑏
𝑒𝑞 ≡ 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 (W-45) 

 𝑎𝐻𝑆− ≈ 𝑎𝐻𝑆−,𝑏
𝑒𝑞 ≡ 𝑐𝑜𝑛𝑠𝑡𝑎𝑛𝑡 (W-46) 

Therefore, Equation (W-44) can be written as below: 

 
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆,𝑏

𝑒𝑞 − 𝑘𝑏,𝐻2𝑆 𝑎𝐻𝑆−,𝑏
𝑒𝑞  𝑎𝐻+ = 0 (W-47) 

The equilibrium equation for Reaction (W-1) is used to simplify Equation (W-47): 

  𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆,𝑏
𝑒𝑞 = 𝑘𝑏,𝐻2𝑆 𝑎𝐻𝑆−,𝑏

𝑒𝑞 𝑎
𝐻+,𝑏
𝑒𝑞

 (W-48) 

So, Equation (W-48) can be presented as: 

 
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆,𝑏

𝑒𝑞

(

 
 
1 −

1

𝐾𝐻2𝑆 𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎𝐻𝑆−,𝑏
𝑒𝑞

 𝑎𝐻+

)

 
 
= 0 (W-49) 

where, 𝐾𝐻2𝑆 is the equilibrium constant for Reaction (W-1) and equal to (𝑘𝑓,𝐻2𝑆/𝑘𝑏,𝐻2𝑆). 

The term in the denominator is the equilibrium bulk activity of H+ ions 𝑎
𝑏,𝐻+
𝑒𝑞

. Thus: 

 
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑2𝑎𝐻+

𝑑𝑥2
+ 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆,𝑏

𝑒𝑞 (1 −
𝑎𝐻+

𝑎
𝐻+,𝑏
𝑒𝑞  ) = 0 (W-50) 

Both sides of Equation (W-50) are divided by 𝑎
𝐻+,𝑏
𝑒𝑞

, and dimensionless activity ratio (u) 

is defined: 

 𝑢 =
𝑎𝐻+

𝑎
𝐻+,𝑏
𝑒𝑞  (W-51) 

The diffusion Equation (W-50) takes the following form: 

 
𝜕2𝑢

𝜕𝑥2
 =

(𝑢 − 1)

𝛿𝑟2
 (W-52) 

where, 𝛿𝑟 is defined as the chemical reaction boundary layer and is equal to: 
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 𝛿𝑟 = √
𝐷𝐻+  𝑎

𝐻+,𝑏
𝑒𝑞

𝛾𝐻+
𝑐 𝑘𝑓,𝐻2𝑆 𝑎𝐻2𝑆,𝑏

𝑒𝑞  
 (W-53) 

Equation (W-52) is a linear, 2nd order, non-homogenous, differential equation that 

can be solved by using the following boundary conditions: 

At 𝑥 = 𝛿𝑚,𝐻2𝑆 ⇒  𝑢 = 𝑢∗; 

where, 𝑢∗ = 𝑎𝐻+,∗ 𝑎
𝐻+,𝑏
𝑒𝑞⁄  is the non-dimensional activity of H+ ions at the edge of the 

H2S mass transfer boundary layer. 

And, at 𝑥 = 𝛿𝑚,𝐻+ ⇒  𝑢 = 1. 

The general solution of Equation (W-52) is as follows: 

 𝑢 = 𝑐1𝑒
𝑥
𝛿𝑟 + 𝑐2𝑒

−
𝑥
𝛿𝑟 + 1 (W-54) 

After finding the 𝑐1 and 𝑐2 constants by applying the boundary conditions, the final 

solution is derived: 

 

𝑢 = (𝑢∗ − 1) [
𝑒
𝑥
𝛿𝑟

𝑒
𝛿𝑚,𝐻2𝑆

𝛿𝑟 − 𝑒

2𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆

𝛿𝑟,𝐻+

+
𝑒
−
𝑥
𝛿𝑟

𝑒
−
𝛿𝑚,𝐻2𝑆

𝛿𝑟 − 𝑒
−
2𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆

𝛿𝑟

] + 1 

(W-55) 

Plugging back 𝑎𝐻+ into Equation (W-55) gives: 
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𝑎𝐻+ = 𝑎
𝐻+,𝑏
𝑒𝑞

− (𝑎
𝐻+,𝑏
𝑒𝑞

−𝑎𝐻+,∗) [
𝑒
𝑥
𝛿𝑟

𝑒

𝛿𝑚,𝐻2𝑆

𝛿𝑟, − 𝑒
2𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆

𝛿𝑟

+
𝑒
−
𝑥
𝛿𝑟

𝑒
−
𝛿𝑚,𝐻2𝑆

𝛿𝑟 − 𝑒
−
2𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆

𝛿𝑟

] 

(W-56) 

The flux of H+ ion at 𝑥 = 𝛿𝑚,𝐻2𝑆 is equal to: 

 

𝑁𝑥=𝛿𝑚,𝐻2𝑆
= −

𝐷𝐻+

𝛾𝐻+
𝑐

𝑑𝑎𝐻+

𝑑𝑥
|
𝑥=𝛿𝑚,𝐻2𝑆

 

=
𝐷𝐻+

𝛾𝐻+
𝑐

(𝑎
𝐻+,𝑏
𝑒𝑞

−𝑎𝐻+,∗)

𝛿𝑟
[
 
 
 𝑒

𝛿𝑚,𝐻2𝑆

𝛿𝑟

𝑒
𝛿𝑚,𝐻2𝑆

𝛿𝑟 − 𝑒

2𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆

𝛿𝑟 

−
𝑒
−
𝛿𝑚,𝐻2𝑆

𝛿𝑟,𝐻+

𝑒
−
𝛿𝑚,𝐻2𝑆

𝛿𝑟,𝐻+ − 𝑒
−
2𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆

𝛿𝑟,𝐻+ ]
 
 
 
 

(W-57) 

After some simplifications of the terms inside the brackets: 

 

𝑁𝑥=𝛿𝑚,𝐻2𝑆
=
𝐷𝐻+

𝛾𝐻+
𝑐

(𝑎
𝐻+,𝑏
𝑒𝑞

−𝑎𝐻+,∗)

𝛿𝑟
[

1

1 − 𝑒

2(𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆)

𝛿𝑟

−
1

1 − 𝑒
−
2(𝛿𝑚,𝐻+−𝛿𝑚,𝐻2𝑆)

𝛿𝑟

] 

(W-58) 

The terms inside the brackets are equal to −coth (
𝛿
𝑚,𝐻+

−𝛿𝑚,𝐻2𝑆

𝛿𝑟
). Therefore: 

 𝑁𝑥=𝛿𝑚,𝐻2𝑆
= −

𝐷𝐻+

𝛾𝐻+
𝑐

(𝑎
𝐻+,𝑏
𝑒𝑞

−𝑎𝐻+,∗)

𝛿𝑟
coth (

𝛿𝑚,𝐻+ − 𝛿𝑚,𝐻2𝑆

𝛿𝑟
) (W-59) 
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A new parameter is defined as follows: 

 𝛿∗ = 𝛿𝑟 tanh(
𝛿𝑚,𝐻+ − 𝛿𝑚,𝐻2𝑆

𝛿𝑟
) (W-60) 

Applying 𝛿∗ to Equation (W-59) results in the final equation for H+ ion flux at 𝑥 =

𝛿𝑚,𝐻2𝑆: 

 𝑁𝑥=𝛿𝑚,𝐻2𝑆
= −

𝐷𝐻+

𝛾𝐻+
𝑐

(𝑎
𝐻+,𝑏
𝑒𝑞

−𝑎𝐻+,∗)

𝛿∗
 (W-61) 

In the inner part of the mass transfer boundary layer, i.e., between the metal 

surface and 𝛿𝑚,𝐻𝐴𝑐 (Figure W-1), both H+ and H2S(aq) species diffuse, and their activities 

change with distance from the surface. Adding the two mass balance Equations (W-10) 

and (W-11) for the two species together, eliminates the chemical reaction terms: 

 
𝑑

𝑑𝑥
(
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑𝑎𝐻+

𝑑𝑥
) +

𝑑

𝑑𝑥
(
𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐

𝑑𝑎𝐻2𝑆

𝑑𝑥
) = 0 (W-62) 

The equilibrium equation for Reaction (W-1) can be used to estimate the second 

derivative of 𝑎𝐻𝐴𝑐 in the inner part of the mass transfer boundary layer: 

 
𝑑2𝑎𝐻2𝑆

𝑑𝑥2
≈
𝑎𝐻𝑆−,𝑏
𝑒𝑞

𝐾𝐻2𝑆

𝑑2𝑎𝐻+

𝑑𝑥2
=
𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎
𝐻+,𝑏
𝑒𝑞

𝑑2𝑎𝐻+

𝑑𝑥2
 (W-63) 

Substituting Equation (W-63) into (W-62) and using assumptions # 7 and # 8 to pull out 

the 𝐷/𝛾𝑐 terms from the parentheses give: 

 (
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎
𝐻+,𝑏
𝑒𝑞

𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐 )

𝑑2𝑎𝐻+

𝑑𝑥2
= 0 (W-64) 

The terms in the parentheses are defined as the effective diffusion (𝐷𝑒𝑓𝑓): 
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 𝐷𝑒𝑓𝑓 =
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎
𝐻+,𝑏
𝑒𝑞

𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐  (W-65) 

𝐷𝑒𝑓𝑓 indicates the diffusion coefficient of H+ in the presence of H2S buffering effect. 

Therefore, the final mass balance equation will be as follows: 

 𝐷𝑒𝑓𝑓
𝑑2𝑎𝐻+

𝑑𝑥2
= 0 (W-66) 

Equation (W-66) is a linear 2-order homogenous differential equation that can be solved 

analytically with the following boundary conditions: 

At 𝑥 = 0 ⇒ 𝑎𝐻+ = 𝑎𝐻+,𝑠; 

where, 𝑎𝐻+,𝑠 is the activity of H+ ion at the metal surface. 

At 𝑥 = 𝛿𝑚,𝐻2𝑆  ⇒ 𝑎𝐻+ = 𝑎𝐻+,∗; 

The final solution of Equation (W-66) has the following form: 

 𝑎𝐻+ = 𝑎𝐻+,𝑠 +
𝑎𝐻+,∗ − 𝑎𝐻+,𝑠

𝛿𝑚,𝐻2𝑆
𝑥 (W-67) 

The H+ ion flux at 𝑥 = 𝛿𝑚,𝐻2𝑆 can be obtained from Equation (W-67): 

 

𝑁𝑥=𝛿𝑚,𝐻2𝑆
= −𝐷𝑒𝑓𝑓

𝑑𝑎𝐻+

𝑑𝑥
|
𝑥=𝛿𝑚,𝐻2𝑆

 

= −
𝐷𝑒𝑓𝑓

𝛿𝑚,𝐻2𝑆
(𝑎𝐻+,∗ − 𝑎𝐻+,𝑠) 

(W-68) 

The H+ ion fluxes at 𝑥 = 𝛿𝑚,𝐻2𝑆 calculated by Equations (W-61) and (W-68) must be 

equal. Using this constrain, 𝑎𝐻+,∗ can be derived as follows: 
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 𝑎𝐻+,∗ =

𝐷𝑒𝑓𝑓
𝛿𝑚,𝐻2𝑆

𝑎𝐻+,𝑠 +
𝐷𝐻+

𝛾𝐻+
𝑐 𝛿∗

𝑎
𝐻+,𝑏
𝑒𝑞

𝐷𝑒𝑓𝑓
𝛿𝑚,𝐻2𝑆

+
𝐷𝐻+

𝛾𝐻+
𝑐 𝛿∗

 (W-69) 

The H+ ion flux at the surface can be calculated by plugging 𝑎𝐻+,∗ from (W-69) into 

Equation (W-68): 

 
𝑁𝑥=0 = −

1

𝛿𝑚,𝐻2𝑆

𝐷𝑒𝑓𝑓
+
𝛾𝐻+
𝑐 𝛿∗
𝐷𝐻+

(𝑎
𝐻+,𝑏
𝑒𝑞

− 𝑎𝐻+,𝑠) 
(W-70) 

In limiting current controlling situations, 𝑎𝐻+,𝑠 can be assumed zero in 

Equation(W-70). Using Equation (U-12), the limiting current density (𝑖𝐿𝑖𝑚) for the 

diffusion of H+ ions with buffering due the presence of H2S(aq) can be obtained by: 

 
𝑖𝐿𝑖𝑚 =

𝐹𝑎
𝐻+,𝑏
𝑒𝑞

𝛿𝑚,𝐻2𝑆

𝐷𝑒𝑓𝑓
+
𝛾𝐻+
𝑐 𝛿∗
𝐷𝐻+

 
(W-71) 

where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝑎
𝐻+,𝑏
𝑒𝑞

 is in 

mol/m3, 𝐷𝐻+ and 𝐷𝑒𝑓𝑓 are in m2/s, and 𝛿𝑚,𝐻2𝑆 and 𝛿∗ are in m. 𝛿𝑚 equations for different 

flow geometries are given in Appendix X. 𝛿∗ is given in Equation (W-60). 𝐷𝑒𝑓𝑓 can be 

calculated using Equation (W-65). 

Equation (W-71) in molarity unit is: 

 
𝑖𝐿𝑖𝑚 =

1000𝐹𝑎
𝐻+,𝑏
𝑒𝑞

𝛿𝑚,𝐻2𝑆

𝐷𝑒𝑓𝑓
+
𝛾𝐻+
𝑐 𝛿∗
𝐷𝐻+

 
(W-72) 
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where, 𝑖𝐿𝑖𝑚 is in A/m2, 𝐹 is the Faraday’s constant (= 96485.33 C/mol), 𝑎
𝐻+,𝑏
𝑒𝑞

 is in M, 

𝐷𝐻+  and 𝐷𝑒𝑓𝑓 are in m2/s, and 𝛿𝑚,𝐻2𝑆 and 𝛿∗ are in m. The 1000 factor is added to 

Equation (W-72) for conversion from mol/m3 to molarity. 

A unique feature of Equation (W-71) is that it works for strong acid solutions too. 

At zero H2S partial pressure (i.e., strong acid solutions), 𝑎𝐻2𝑆,𝑏
𝑒𝑞

 is equal to zero and 𝛿𝑟 

approaches infinity. Therefore, 𝐷𝑒𝑓𝑓 = 𝐷𝐻+/𝛾𝐻+
𝑐  and 𝛿∗ = 𝛿𝑚,𝐻+ − 𝛿𝑚,𝐻2𝑆. Substituting 

new 𝐷𝑒𝑓𝑓 and 𝛿∗ equations into Equation (W-71) results in 𝑖𝐿𝑖𝑚 equation for strong acid 

solutions, Equation (U-13). 

For ideal and near ideal solutions, the activity coefficients are close to one, and 

therefore concentration can be used instead of activity in 𝑖𝐿𝑖𝑚 equations. Thus, for ideal 

and near ideal solutions, Equation (W-71) can be written as below: 

 
𝑖𝐿𝑖𝑚 =

1000𝐹𝑐
𝐻+,𝑏
𝑒𝑞

𝛿𝑚,𝐻2𝑆

𝐷𝑒𝑓𝑓
+

𝛿∗
𝐷𝐻+

 
(W-73) 

where, 

 𝛿𝑟 = √
𝐷𝐻+  𝑐

𝐻+,𝑏
𝑒𝑞

𝑘𝑓,𝐻2𝑆 𝑐𝐻2𝑆,𝑏
𝑒𝑞  

 (W-74) 

 
𝐷𝑒𝑓𝑓 = 𝐷𝐻+ +

𝑐𝐻2𝑆,𝑏
𝑒𝑞

𝑐
𝐻+,𝑏
𝑒𝑞 𝐷𝐻2𝑆 

(W-75) 

The fourth limiting current density equation developed in this study is a semi-

empirical equation. It is a two-section boundary layer equation. For the outer part of the 

mass transfer boundary layer (i.e., between 𝛿𝑚,𝐻𝑠𝑆 and 𝛿𝑚,𝐻+), it is assumed that no 
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chemical H2S dissociation reaction occurs and only H+ ions diffuse across this part of the 

layer. This assumption gives a mass balance equation as follows: 

  
𝐷𝐻+

𝛾𝐻+
𝑐

𝑑2𝑎𝐻+

𝑑𝑥2
= 0 (W-76) 

Equation (W-76) can be solved effortlessly by using the same boundary conditions as 

those chosen for Equation (W-47). For the inner part, both H+ ion diffusion and the 

buffering due the chemical H2S dissociation reaction are assumed to occur concurrently. 

For this part of the layer, Equation (W-62) with the same boundary conditions can be 

solved. 

Following the same procedure used for the derivation of the two-section boundary 

layer Equation (W-71) and including an empirical factor in the final equation gives the 

final 𝑖𝐿𝑖𝑚 equation as below: 

 
𝑖𝑙𝑖𝑚 =

1000𝐹𝑎
𝐻+,𝑏
𝑒𝑞

𝛿𝑚,𝐻+ − 𝛿𝑚,𝐻𝑠𝑆

𝐹𝑎𝑐𝑡𝑜𝑟 (
𝐷𝐻+

𝛾𝐻+
𝑐 )

+
𝛿𝑚,𝐻𝑠𝑆

𝐷𝑒𝑓𝑓

 
(W-77) 

where, 

 𝐷𝑒𝑓𝑓 =
𝐷𝐻+

𝛾𝐻+
𝑐 +

𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎
𝐻+,𝑏
𝑒𝑞

𝐷𝐻2𝑆

𝛾𝐻2𝑆
𝑐  (W-78) 

 
𝐹𝑎𝑐𝑡𝑜𝑟 =

𝑎
𝐻+,𝑏
𝑒𝑞

+ 𝑎𝐻2𝑆,𝑏
𝑒𝑞

𝑎
𝐻+,𝑏
𝑒𝑞  

(W-79) 

𝐹𝑎𝑐𝑡𝑜𝑟 is an empirical factor that added to Equation (W-77) for accurate estimation of 

𝑖𝐿𝑖𝑚. Without the 𝐹𝑎𝑐𝑡𝑜𝑟, Equation (W-77) would underpredicts 𝑖𝐿𝑖𝑚 values. 
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The four equations presented in this section for 𝑖𝐿𝑖𝑚 in weak acid solutions are 

summarized in Table W-1. Figure W-2 compares the performance of different 𝑖𝐿𝑖𝑚 

equations in H2S containing solutions in the form of a parity plot. Most calculated 𝑖𝐿𝑖𝑚 

values are within the 40% error region. For a better comparison between the 𝑖𝐿𝑖𝑚 

equations the average absolute error and the scatter of absolute errors are plotted in 

Figure W-3. The experimental data used for these comparisons cover an H2S partial 

pressure range of 0 to ~ 1 bar, a temperature range of 20oC to 80oC, a pH range of 2 to 5, 

NaCl concentrations between 1 wt.% to 20 wt.%, and RCE rotational speeds between 200 

to 4000 rpm [49].  

 

Table W-1 

A summary of equations proposed for calculating 𝑖𝐿𝑖𝑚 in weak acid solutions. 

Equation # Description Applicability 

(W-13) Theoretical one-section boundary layer  Weak acids 

(W-42) Theoretical one-section boundary layer  Weak acids 

(W-72) Theoretical two-section boundary layer Strong and weak acids 

(W-77) Semi-empirical two-section boundary layer strong and weak acids  
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Figure W-2 

The Parity plot compares the predicted limiting current density (𝑖𝐿𝑖𝑚) values with those 

measured in H2S containing solutions. Experimental measurements, totally 25, are taken 

from [49] and the present study. Old model refers to the summation of limiting current 

densities when the direct reduction of H2S is considered as another cathodic reaction. 

𝛿𝑚,𝐻2𝑆 is used in Equation (W-42). 

 

 

The semi-empirical Equation (W-77) shows a better performance comparing to 

the other two equations. It has a lower average absolute error, and the scatter of the 

absolute errors is smaller for that in comparison to the other two equations. The old 

model preforms better than all the equations proposed in this study. However, the old 

model has this problem that considers the direct reduction of H2S as one of the cathodic 

reaction, which is believed to be insignificant in aqueous H2S corrosion of carbon steel. 
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Figure W-3 

(A) the average absolute errors and (B) the box and whisker plot (min, quartile 1, 

median, quartile 3 and max) of errors obtained by comparing the predicted 𝑖𝐿𝑖𝑚 values 

with those measured in H2S containing solutions. Experimental measurements, totally 25, 

are taken from [49] and the present study. Old model refers to the summation of limiting 

current densities when the direct reduction of H2S is considered as another cathodic 

reaction. 𝛿𝑚,𝐻2𝑆 is used in Equation (W-42). 

(A) 

 
(B) 
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Appendix X: Mass Transfer (Diffusion) Boundary Layer (𝜹𝒎) Equations for Various 

Flow Geometries 

1. Rotating disk in a laminar flow regime [290,293]: 

 𝛿𝑚,𝑖 =
4.975

𝑟𝑝𝑚0.5
(
𝜇𝑠𝑜𝑙
𝜌𝑠𝑜𝑙

)
1/6

𝐷𝑖
1/3

 
(X-1) 

2. Rotating cylinder in a turbulent flow regime [294]: 

 𝛿𝑚,𝑖 =
99.64

𝑑0.4𝑟𝑝𝑚0.7
(
𝜇𝑠𝑜𝑙
𝜌𝑠𝑜𝑙

)
0.344

𝐷𝑖
0.356 

(X-2) 

where, 𝛿𝑚,𝑖 is the thickness of mass transfer boundary layer for species 𝑖 in m, 𝜇𝑠𝑜𝑙 is the 

dynamic viscosity of solution in kg/m/s, 𝜌𝑠𝑜𝑙 is the solution density in kg/m3, 𝑟𝑝𝑚 is the 

rotational speed in revolutions per minute, 𝑑 is the rotating cylinder diameter in m, and 

𝐷𝑖  is the diffusion coefficient of species 𝑖 dissolved in the solution in m2/s. 

3. Pipe in a turbulent flow regime [361]: 

 𝛿𝑚,𝑖 =
60.606𝑑0.14𝜇𝑠𝑜𝑙

0.53𝐷𝑖
0.33

𝑉0.86𝜌
𝑠𝑜𝑙
0.53

 
(X-3) 

where, 𝛿𝑚,𝑖 is the thickness of mass transfer boundary layer for species 𝑖 in m, 𝜇𝑠𝑜𝑙 is the 

dynamic viscosity of solution in kg/m/s, 𝜌𝑠𝑜𝑙 is the solution density in kg/m3, 𝐷𝑖  is the 

diffusion coefficient of species 𝑖 dissolved in the solution in m2/s, 𝑑 is the pipe diameter 

in m, and 𝑉 is the average flow velocity in the pipe in m/s. 

4. Thin duct channel in a turbulent flow regime [362]135:  

 
𝛿𝑚,𝑖 =

𝐻

5+ 0.015 [𝐻𝑎𝑉𝑎𝐷𝑖
−𝑏 (

𝜇𝑠𝑜𝑙
𝜌
𝑠𝑜𝑙
)
𝑏−𝑎

]

 

(X-4) 

 
135 Assume that the width is much larger than the height (H). 



669 

 

  

where, 

 𝑎 = 0.88 −
0.24

4 +
𝜇𝑠𝑜𝑙
𝜌𝑠𝑜𝑙𝐷𝑖

 
(X-5) 

 
𝑏 =

1

3
+ 0.5 exp (−0.6

𝜇𝑠𝑜𝑙
𝜌𝑠𝑜𝑙𝐷𝑖

) 
(X-6) 

where, 𝛿𝑚,𝑖 is the thickness of mass transfer boundary layer for species 𝑖 in m, 𝜇𝑠𝑜𝑙 is the 

dynamic viscosity of solution in kg/m/s, 𝜌𝑠𝑜𝑙 is the solution density in kg/m3, 𝐷𝑖  is the 

diffusion coefficient of species 𝑖 dissolved in the solution in m2/s, 𝐻 is the height of the 

thin channel in m, and 𝑉 is the average flow velocity in the thin channel in m/s.  

The solution density (𝜌
𝑠𝑜𝑙

) can be calculated using Equation (3-2) [26]. Models 

for the solution viscosity (𝜇𝑠𝑜𝑙) are provided in Section 3.2. The diffusion coefficient (𝐷𝑖) 

can be calculated based on information provided in Table 3-2, Table 3-3, and Table 3-4. 
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