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Abstract 

HAN, JIABIN, Ph.D., November 2009, Chemical Engineering 

Galvanic Mechanism of Localized Corrosion for Mild Steel in Carbon Dioxide 

Environments (165 pp.) 

Director of Dissertation: Srdjan Nešić 

 Historically, the mechanism of localized corrosion in CO2 (sweet) environments 

has been poorly understood.  This shortcoming is an obstacle in the development of 

corrosion control and protection protocols.  The purpose of this PhD project was to 

explore and understand localized sweet corrosion mechanisms through systematic study.  

An artificial pit cell was developed in order to directly measure the galvanic current 

resulting from localized corrosion propagation.  Thus, galvanic mechanisms of localized 

CO2 corrosion were elucidated.  It was found that two surfaces coexist as termed anode 

(bare surface in the pit) and cathode (surrounding surface usually covered by corrosion 

scales) with open circuit potentials (OCP) for these different surfaces being different 

under the same bulk environments.  This potential difference can be the driving force for 

localized corrosion propagation when the reactions on the two surface balance (a mixed 

potential is reached).  A “gray zone” criterion was determined through experiments and 

theory to explain localized CO2 corrosion propagation.  It was concluded that localized 

corrosion propagates when the conditions are near the saturation point for iron carbonate, 

i.e. in the “gray zone”.  Under this condition, which is neither highly supersaturated nor 

undersaturated, the pit area stays scale free while the scale remains on the surrounding 

cathode surface.  Electrochemical studies demonstrated that passivation, especially 
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spontaneous passivation, can occur on the cathode surface and that results in a higher 

open circuit potential on the cathode.  Surface analysis using GIXRD and TEM/EDX 

showed that beneath an iron carbonate film formed first a passive film is formed due to 

the local high pH conditions underneath the FeCO3 film.  The passive film was identified 

and confirmed to be magnetite, Fe3O4, under the test conditions using X-ray diffraction 

(XRD) with grazing incidence, its thickness being at the nanometer level, as detected by 

TEM/EDX.  This passive film is responsible for the spontaneous passivation of the 

surface and causes the more positive open circuit potential compared with that on the 

bare surface (pit area).  In order to confirm the passivation mechanism, a surface pH 

probe was developed.  The surface pH measurements under simulated iron carbonate 

scale showed a higher pH value, which was high enough to reach passivation as defined 

by the Pourbaix diagram.  An electrochemical model was constructed based on the 

described galvanic mechanisms of localized CO2 corrosion, having the capability to 

predict bare surface uniform corrosion, filmed surface passivation and galvanic effects 

for localized corrosion propagation, in other words, a steady state “worst case” localized 

corrosion propagation scenario. 

 

Approved: _____________________________________________________________ 

Srdjan Nešić 

Professor of Chemical and Biomolecular Engineering 
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Chapter 1:  Introduction 

1.1 Literature review 

Corrosion problems have a major impact on US economy.  A survey released in 

2002 by the US Department of Transportation showed costs as high as $276 billion per 

year.   Annual direct costs were $1.4 billion for corrosion related to oil/gas 

exploration/production and a further $5.0 billion for gas distribution [1].  Corrosion has 

received much attention from both industry and academia [2−59].  The most important form 

of corrosion in the oil and gas industry is the so called CO2 corrosion. 

1.1.1 CO2 corrosion 

The mechanism of general CO2 corrosion, by carbonic acid direct reduction, was 

first published by C. de Waard [2, 3].  Pioneering research explicitly studied and discussed 

this mechanism for fresh metal surface including the effect of environmental parameters 

[4−11], metallurgical factors [7], CO2 hydration reaction [8], anodic and cathodic reactions 

[2−5], rate controlling step [11], flow effect [12, 13], and other corrosive species including 

oxygen [14], H2S [15] and organic acid [16, 17].  The electrochemical reaction kinetic 

parameters, such as exchange current density, standard potential, activation energy and 

Tafel slopes were published [2−27].  The modeling for CO2 corrosion varied from 

completely empirical models [2, 3], semi-mechanistic models [11, 12] to purely mechanistic 

models [10, 25].  Increasingly, efforts have been expended on furthering the more 

mechanistic modeling. 

CO2 corrosion under scaling conditions can be complex [19−27].  The role of the 

corrosion product layer/film has long been debated.  The corrosion film, iron carbonate 
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for an example, not only serves as a mass transfer barrier, but also has a “covering 

effect”.  Corrosion reaction rate is reduced as more active sites are covered by the film 

[20−27].  A criterion for protectiveness of iron carbonate film was suggested by B.F.M. Pots 

using the term of scaling tendency [19].  This was defined as the ratio of iron carbonate 

precipitation rate and steel corrosion rate.  If the scaling tendency (ST) is much smaller 

(ST<<1), corrosion under film is dominant.  The film formed under this condition is 

porous and non-protective, and vice versa.  The morphology and structure of the films 

and their impacts on corrosion remain an open topic of research in sweet (CO2) as well as 

sour (H2S) conditions. 

1.1.2 Localized CO2 corrosion on mild steel 

Failure caused by localized CO2 corrosion is a problem for the oil and gas 

industry.  It has been studied by several researchers in the past in order to clarify the 

influential factors involved [30−59].  Several mechanisms were proposed to explain 

localized CO2 corrosion. 

Flow induced localized corrosion (FILC) mechanism was reported by G. Schmitt 

[39−46].  According to Schmitt, micro-turbulence can be created by a fracture of the iron 

carbonate film.  Apparently, the intensity of the turbulence can be strong enough to 

damage the film, and even further erode the substrate metal.  This mechanism strives to 

explain localized corrosion under violent flow conditions. 

Z. Xia [48] proposed that a porous iron carbonate film could be formed under 

scaling conditions.  A galvanic cell was possibly established between the steel surfaces 

with and without attached iron carbonate.  Xia also formed iron carbonate film to 
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simulate surface with attached film under artificially created local high surface pH 

through cathodic potential polarization.  This filmed surface was then connected with a 

freshly cleaned specimen to establish a galvanic cell.  The test results showed that the 

galvanic current decreased from a certain value to almost 0 A/m2 after a short period of 

time (ca. 3 hours).  This observation explained some characteristics of localized corrosion 

related to the galvanic cell.  The key information was missing on why the potential on 

surfaces with or without film were different and why the galvanic current decreased to 

zero instead of maintaining a steady level, or in other words, why the pitting corrosion 

did not steadily propagate. 

Crolet [49] proposed another possibility for localized corrosion under CO2 

environments.  The difference in species concentration and/or material properties due to 

heat treatment, replacement or welding was considered to be reasons for setting up a 

galvanic cell. 

A. Dugstad and R. Nyborg [50−53] investigated the effects of chromium 

concentration, temperature and flow rate on “mesa” type localized corrosion.  A video 

recording technique was employed to monitor “mesa” growth.  Based on the 

experimental results, an initiation and propagation model was proposed which indicated 

that several pits could initiate underneath the iron carbonate film.  The pits grew and 

merged with neighbors to form a “mesa” feature.  It was postulated that the bare surface 

in the pit and the film covered surrounding surface could establish a galvanic cell.  

Apparently the localized corrosion propagation could be explained under this assumption.  
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There were no direct measurements to support this hypothesis.  This limitation is 

common for all previous research on the galvanic effect on localized corrosion. 

A so called “gray/grey” zone criterion was first proposed by Y. Sun [55] based on 

loop experiments.  The “gray zone” is a condition near to saturation point with respect to 

iron carbonate and scaling tendency around 1, condition leading to a formation of a 

partially protective film.  Localized corrosion was highly likely in this grey zone 

according to the authors. 

From the valid literature, no systematic research was found to explain the onset 

and propagation of localized corrosion.  Experimentation and data analysis could explain 

some observations, whereas other phenomena could not be explained.  A systematic 

study was necessary and is the topic of this dissertation. 

1.2 Objectives 

To understand localized CO2 corrosion mechanisms, several fundamental 

questions have to be answered.  Is the galvanic mechanism valid?  If the galvanic 

mechanism is possible, why are different potentials developed to establish a galvanic cell 

under the same homogeneous bulk solution?  What is the role of corrosion scales in 

localized corrosion?  Why does passivation occur during scale formation?  What is the 

role of local water chemistry on passivation?  How can localized corrosion propagation 

be predicted? 

To explore these questions on localized corrosion mechanisms, a series of 

experimental designs, testing procedures and electrochemical measurements were 

explored and employed.  A direct, accurate, robust and reproducible measuring 
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technique, artificial pit, was developed to characterize localized corrosion.  The purpose 

of this was the elucidation of the localized corrosion galvanic mechanism.  Traditional 

electrochemical techniques, LPR (linear polarization resistance), EIS (electrochemical 

impedance spectroscopy), cyclic polarization and potentiodynamic polarization, were 

employed to study the electrochemical characteristics of passivation, relating to localized 

corrosion.  In order to understand the passivation mechanism of mild steel in acidic CO2 

environments, a surface pH probe was developed.  Surface analysis techniques were 

carried out to define the nature of the passive films and define its relationship to localized 

corrosion using scanning electron microscopy (SEM), energy dispersive X-ray analysis 

(EDX), X-ray diffraction with traditional and grazing angle incidence (XRD and GIXRD, 

respectively) and transmission electron microscopy (TEM) combining EDX.  Finally an 

electrochemical mechanistic model was built for prediction purposes. 

Parts of this dissertation have been published as journal or conference papers in 

the past few years (see list of references [56-61]).  Jiabin Han was the principal investigator 

on the work that was published there and the key co-author on all the published papers.  

He was the driving force behind the whole effort and takes the largest portion of the 

credit for the work as well as the publications. The other co-authors have served either as 

advisors or have helped with specific portions of the work, such as surface analysis, etc. 
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Chapter 2:  Investigation of the galvanic mechanism for localized CO2 corrosion 

propagation using artificial pit technique1 

2.1 Introduction 

Localized CO2 corrosion is the most dangerous type of internal corrosion of mild 

steel pipelines seen in the oil and gas industry.  The penetration rate of localized 

corrosion can be one or more magnitudes higher than that of uniform corrosion.  This 

process has been observed frequently in the field and was widely studied in the past. 

[30−62] 

A number of environmental factors have been associated with onset of localized 

corrosion of mild steel pipelines.  These include: poor corrosion inhibition, local water 

separation in oil-water flow, differential condensation in wet gas flow, flow disturbances 

such as weld beads, flanges, the presence of bacteria, solids, organic acids, hydrogen 

sulfide, etc. However, a comprehensive mechanism of “pure” localized CO2 corrosion of 

mild steel, without these complicating factors is still not well defined.  The localized 

corrosion mechanistic scenarios “borrowed” from other mild steel and passive metal 

pitting studies, which have been invoked repeatedly in the past trying to explain localized 

CO2 corrosion, including differential aeration[28] and pit acidification,[29] do not apply.  

Differential aeration cannot be considered for obvious reasons, as most CO2 systems are 

oxygen-free.  The mechanism of pit acidification does not seem to hold either because of 

the strong buffering capacity of CO2 solutions, i.e. pH changes are much more difficult to 

achieve in this case, particularly the large changes needed to explain the pit acidification 

theory.  Furthermore, pit acidification is usually related to formation of ferric oxides and 
                                                 
1 This chapter has been published as an NACE conference paper, paper No. 07323 and in Corrosion. 
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hydroxides which are not seen in CO2 corrosion due to the absence of oxygen. Indeed, 

the morphology of localized CO2 corrosion of mild steel is rather different to the one seen 

on mild steel in neutral solutions and on passive metals (see Figure 1).  It is usually 

qualified as “mesa attack” – including large receded areas free of corrosion products 

which have corroded severely, sharply divided from surrounding protected areas covered 

with a corrosion product.  The name “mesa” is borrowed from well known geological 

formations.  

 

 
Figure 1. Section of a corroded pipe showing localized attack. Image source 
ConocoPhillips, with permission. 
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Another overlapping term which can be found in literature for this type of attack 

is: “flow induced localized corrosion” or FILC.[39−46]  The name implies that the type of 

attack is related to the corrosion product film being locally removed by flow causing the 

metal to be exposed directly to the corrosive environment.  While this is a plausible 

explanation for localized corrosion initiation, it cannot explain the process of localized 

attack propagation.  If film removal by flow was the full explanation, localized CO2 

corrosion of mild steel would not be any more severe than that of bare steel corrosion at 

any given set of conditions – and in reality it is.  Furthermore, this type of localized 

corrosion is observed under very mild flow conditions and even in stagnant solutions [47], 

therefore additional explanation is required. 

Nyborg and Dugstad [50−53] reported observations of localized corrosion initiation 

using an optical imaging technique.  According to them, given the right set of conditions 

(involving specific water chemistry and flow), localized corrosion initiates underneath a 

corrosion product layer made up predominantly from iron carbonate (FeCO3).  Larger 

pits form by merging with neighboring pits.  The unsupported “covers” of the pits made 

up from corrosion product layer are removed by flow turbulence, thereby exposing the 

bare steel to an aggressive environment, leading to localized corrosion propagation.  A 

hypothesis was made about galvanic nature of the localized corrosion propagation 

process, without any further elaboration. 

Actually, the galvanic mechanism was often invoked in connection with localized 

CO2 corrosion propagation in the past. [32−35, 37, 48, 49, 50−53]  For example Achour [37], based 

on his own observations, arbitrarily assumed a potential difference between the protected 



  29 
   
and unprotected areas to be 100 mV.  While this is possible, there are no studies which 

have clearly provided evidence in support of the apparent galvanic mechanism of 

localized CO2 corrosion propagation.  This is the subject of the present study. 

Propagation of localized corrosion is in this study hypothesized to occur when a 

galvanic cell is established by coupling two distinct areas, a bare steel surface (acting as 

an anode) and a an FeCO3 layer covered steel surface (acting as a cathode), in a 

conductive CO2 solution.  It should be noted that in the present work, the discussion will 

not be focused on mechanisms leading to localized attack initiation since there seems to 

be consensus that this happens when portions of the protective FeCO3 film are removed 

from the steel surface by chemical or mechanical means.  The focus is on localized attack 

propagation. 

 An attempt will be made here to answer two basic questions: 

What is the mechanism of the accelerated localized corrosion propagation on mild 

steel in CO2 solutions? 

Which are the key factors that influence it? 

To answer these questions, an artificial pit experimental setup was newly 

developed, as described below, which was inspired by the previously published “pencil 

pit” [63] and “artificial pit” [64] designs.  Marsh, et al [63] and Turnbull et al [64] designed an 

artificial pit (or “pencil pit” as it was called in the first publication [63]) to investigate the 

effect of inhibitors on localized corrosion.  In their designs, the anode and cathode were 

isolated from each other in order to measure galvanic coupling resulting in localized 

corrosion.  The two electrodes were physically separated: in Marsh’s, et al [63] case within 



  30 
   
a single cell, while in Turnbull’s et al.[64] case  - between two glass cells connected with a 

salt bridge.  The latter made it easier to control the separate aqueous environments, but 

also introduced experimental problems, namely: it is difficult to ensure exactly the same 

corrosive environment for the anode and cathode when in two different cells.  In both 

studies, the most serious drawback was related to the physical separation distance of the 

anode and cathode.  This gives rise to ohmic resistance in the aqueous phase during any 

galvanic current measurements.  In reality, the anode and the cathode are part of the same 

steel substrate in very close proximity. This was the first modification that was better 

accounted for in the new artificial pit design.  This new design is referred to below as the 

“artificial pit” (AP).   

2.2 Experimental design 

2.2.1 Artificial pit design 

The goal of the new artificial pit (AP) technique was to simulate a localized 

corrosion geometry including open pits (both receded and shallow) as well as occluded 

pits, using in situ measurements. The design of the new AP is shown in Figure 2, the 

main features being: 

• The cathode is a 16 cm2 round flat surface, which is approximately 1000 times 

larger than the 0.018 cm2 anode. 

• The cathode and anode are electronically insulated from each other by a thin PVC 

coating on the anode’s outer wall.  This prevents short-circuiting by direct contact 

between anode’s outer wall and cathode’s inner wall in the solution while keeping 

them as close as possible. 
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(a)     (b) 

 

 

(c)      (d) 

Figure 2.  (a) fully assembled artificial pit, (b) cutaway side view, (c) enlarged bottom 
view of cathode; center hole for anode, (d) detailed cross section view. 
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• The anode and cathode are externally connected by a zero resistance ammeter 

(ZRA).  This mimics reality where the pit bottom is directly connected to the 

surrounding steel surface. 

• The depth of the anode is adjustable.  This allows investigation of pit behavior at 

different pit depths in different scenarios of pit propagation. 

• All parts of the artificial pit are tightly compacted into one unit.  The environment 

for the anode and cathode is similar since they are located in the same glass cell.   

As shown in the design of the artificial pit, the coupling current (galvanic current) 

and the mixed potential (galvanic potential) can be monitored while the anode and 

cathode are connected externally via a ZRA.  The electrochemical characteristics for the 

disconnected anode and cathode can also be measured by available techniques including 

linear polarization resistance (LPR), electrochemical impedance spectroscopy (EIS), etc. 

2.2.2 Corrosion cell setup 

The overall AP glass cell test setup is depicted in Figure 3.  A classical three-

electrode electrochemical arrangement is used including mild steel working electrodes 

(C1008 was used for both the anode and cathode), platinum wire counter electrode and an 

external saturated Ag/AgCl reference electrode connected with the cell by using a Luggin 

capillary and a KCl salt bridge. 

2.2.3 Experimental procedure 

Two steel surfaces, serving as cathode and anode, were polished using a 200, 400 

and 600 grit sand paper in sequence.  Each was wetted with 2-propanol to prevent the 

surface from overheating during polishing.  Specimen surfaces were ultrasonicated in 2-
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propanol solvent to remove polishing debris, and then dried with a cool air blow.  The 

cathode was placed in an empty glass cell under a dry CO2 gas environment, while the 

anode was preserved in a desiccator. 

An aqueous NaCl solution was first deaerated with CO2 and heated to 80°C in 

another auxiliary glass cell.  The pH was adjusted to 6.6 by adding a deaerated 1M 

NaHCO3 solution.  CO2 purging continued an additional half hour after the addition of 

NaHCO3 solution to ensure best possible deaeration of the solution. 

After the solution was prepared in the auxiliary glass cell, the cathode was then 

submerged in the electrolyte by pumping the prepared solution across.  A deaerated dilute 

FeCl2 solution was injected into the solution to achieve a high ferrous ion (Fe2+) 

concentration and a FeCO3 supersaturation (SSFeCO3) of about 300 at the beginning of the 

experiment (actual concentration of Fe2+ was about 50 ppm), which is required for rapid 

formation of a corrosion product layer.  Typically in less than 2 days of corrosion in such 

an environment, a reproducible protective FeCO3 film was developed on the cathode, as 

the bulk Fe2+ concentration decreased to 1-2 ppm due to precipitation.  Combined LPR 

and EIS techniques were employed to measure the general corrosion rate during the 

FeCO3 layer formation process.  When the corrosion rate became stable and was less than 

0.1 mm/y, the FeCO3 layer formation process on the cathode was deemed complete. 
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Figure 3.  Glass cell arrangement for the artificial pit test cell. 
1− Ag/AgCl reference electrode, 2− wire connection to cathode, 3− wire connection to 
anode, 4− pH probe , 5− gas inflow, 6− thermocouple probe, 7− gas outflow, 8− artificial 
pit device, 9− Luggin capillary tube, 10− gas dispersion tube, 11− hot plate/stirrer. 
 

Solution conditions were then adjusted for the following AP test.  The pH was 

changed, if needed, by adding a deaerated 1M NaHCO3 or a dilute 0.01M HCl solution 

based on the desired water chemistry.  After that, the freshly polished anode wire surface 
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was inserted into the small hole in the center of the cathode.  The pit depth was adjusted 

with respect to the cathode surface by feeding the wire through a compression fitting. 

The galvanic current between anode and cathode was recorded using a Gamry® 

PC4 in a ZRA (zero resistance ammeter) mode. The anode and cathode were 

disconnected occasionally for a very short period of time (< 1 minute) to measure open 

circuit potentials and corrosion rates using the LPR technique. 

2.2.4 Test matrix 

The material used for cathode and anode was mild steel C1008 and its chemical 

composition is listed in Table 1. 

 

Table 1.  Chemical composition (weight percent) of C1008 for anode and cathode 

Al As C Co Cr Cu Mn Mo 

0.030 0.004 0.060 0.004 0.033 0.130 0.400 0.017 

Nb Ni P S Sb Si Sn Ta 

0.001 0.048 0.010 0.003 0.004 0.039 0.007 0.023 

Ti V W Zn Zr Fe   

0.004 0.002 0.023 0.003 0.002 Balance   

 

The test matrix for artificial pit experiments is listed in Table 2. All the tests were 

carried out at 80 °C.  The CO2 partial pressure for this atmospheric pressure glass cell 

system was about 0.5 bar at this temperature (the balance being water vapor pressure).  

The solution was mildly stirred by a magnetic stirring bar to achieve a uniform bulk 

solution mixing.  The pH, FeCO3 supersaturation, NaCl concentration and stirring speed 

levels were adjusted to investigate their effects on localized corrosion propagation, as 
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described below.  The simulated pit geometry studied in this work included open shallow 

and receded pits as well as occluded pits. 

 

Table 2.  Artificial pit test matrix 

General conditions 

Material C1008 

Temperature  80°C 

Partial pressure of CO2  0.53 bar 

Pit depth   <0.1 mm (shallow) 

Area ratio of cathode and anode 1000:1 

NaCl concentration   0.1, 1, 10 wt% 

Cathode preparation 

Initial pH 6.6 

Initial ferrous iron concentration  50 ppm 

Stirring speed (stir-bar)  0 rpm 

Test period  1−2 days 

Artificial pit test 

Initial ferrous iron concentration  1−2 ppm 

Adjusted pH 5.8−5.9, 6.6 

SSFeCO3  0.3−9 

NaCl concentration  0.1, 1, 10 wt% 

Stirring speed (stir-bar)  0, 400−500 rpm 

Pit depth  0 mm, 2mm 

Experiment duration   1−2 days 

 

2.3 Results and discussion 

2.3.1 Galvanic mechanism of localized CO2 corrosion propagation 

It was hypothesized above that the galvanic mechanism of localized corrosion 

propagation in a CO2 environment is driven by an open circuit potential (OCP) difference 

between a mild steel surface covered with a protective FeCO3 layer and a bare steel 
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surface exposed to the same conditions.  Let us see if this scenario is borne out by the 

measurements. 

A typical scaling process, forming protective FeCO3 on the cathode, is shown in 

Figure 4. 
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Figure 4.  Corrosion rate and open circuit potential (OCP) with time for a typical 
protective FeCO3 layer formation process on the cathode during an AP test at T=80°C, 
pH 6.6, [NaCl]=1 wt%, PCO2=0.53 bar, [Fe2+]initial=50 ppm, stagnant. 

 

During FeCO3 formation, the general corrosion rate is reduced from the original 

value of approximately 1 mm/y seen on a fresh bare steel surface to approximately 0.1 

mm/y (millimeter per year) on a FeCO3 covered surface.  Simultaneously, the OCP 

(corrosion potential) initially decreases and then increases.  The difference between the 

open circuit potentials of the FeCO3 covered surface at the end of the experiment and the 
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bare steel surface at the beginning of the experiment is typically in the range of 20 to 30 

mV under these test conditions.  This observation indicates that a galvanic cell may be 

established between the bare and protected surfaces. 
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Figure 5.  Disconnected open circuit potentials (OCP) of anode and cathode and coupled 
(mixed) potential with time at T=80 ºC, pCO2=0.53bar, pH5.9-6.1, SSFeCO3=0.3−0.9, 
[NaCl] =1 wt%, shallow pit, stagnant. 

 

When a bare steel anode was inserted, and the anode and cathode were connected 

via a ZRA, the mixed potential was continuously monitored.  In the same period the 

potential difference (galvanic potential) between the anode and cathode was measured by 

temporarily disconnecting the two.  The data obtained (Figure 5) show that when 

disconnected, the cathode OCP is consistently higher compared to the anode OCP.  The 

coupled or mixed/galvanic potential lies in between, and closer to the cathode potential 
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due to the much larger surface of the cathode, as would be expected from theory.  

Therefore it is confirmed that the FeCO3 covered surface acts as a cathode, and the bare 

steel surface becomes an anode and a galvanic cell is established between these two 

surfaces.  Since the FeCO3 covered cathode is much larger, the anode is polarized 

anodically and this should accelerate its corrosion rate. 

It is therefore expected that the OCP difference measured between the anode and 

cathode drives a significant galvanic current.  The coupled/galvanic current measured via 

a ZRA is shown in Figure 6 along with the OCP difference between the cathode and 

anode obtained in a disconnected mode.  The solid rectangles represent the magnitude of 

the “driving force” (the OCP difference between disconnected anode and cathode) and 

the line shows the resulting galvanic current density as a function of time.  It is obvious 

that when the driving force is large (i.e. OCP difference between anode and cathode is 

high), the galvanic current density is high and vice versa.  It should be noted that the 

current densities shown in Figure 6 are calculated based on the anode surface area.  One 

can conclude that this represents explicit proof for the hypothesis stated above and 

enables us to generalize that: localized CO2 corrosion propagates when a stable difference 

in corrosion potential is established between a larger-area mild steel surface covered by a 

protective FeCO3 layer and a smaller-area bare steel surface corresponding to bottom of a 

pit or a mesa corrosion surface. 
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Figure 6.  Galvanic current density calculated with respect to anode (line) and open 
circuit potential (OCP) difference between anode and cathode (points) with time at pH 
5.9, T=80°C, SSFeCO3=0.8−4, shallow pit, [NaCl]=1wt %, mildly agitated solution by a 
magnetic stirring bar at 500 rpm. 

 

2.3.2 Conditions required for steady localized CO2 corrosion propagation 

It has been known for a while that while localized corrosion of mild steel in a CO2 

environment initiates and propagates under certain conditions, in other cases it does not.  

For example Videm and A. Dugstad [32, 33] observed localized corrosion in turbulent flow 

only when the solution was nearly or slightly saturated by FeCO3.  Similar studies were 

reported by Nyborg[50, 52] and Nyborg and Dugstad[53], where they proposed a feasible 

temperature range being 60-90ºC for localized corrosion to propagate.  Achour [37] 

assumed that the pits stopped propagation when they were passivated by FeCO3 film 

formation.   Sun and Nešić[54] followed this line of argument and generalized by stating 
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that only if the corrosion condition fell into the so called “grey zone”, the localized 

corrosion propagated.[55]  The grey zone was defined as conditions constituting a solution 

which is close to saturation for FeCO3. 

 Therefore it is now possible to use the experimental tools and techniques 

discussed above and explicitly investigate if propagation of localized CO2 corrosion of 

mild steel will occur only in the so called grey zone.  In other words, it is assumed that 

when the supersaturation with respect to FeCO3 is high (SSFeCO3 >>1), the FeCO3 will 

precipitate on all the surfaces causing any active pits to “heal.”  Conversely, if the 

solution is highly undersaturated (SSFeCO3 <<1), then the FeCO3 layer on the cathode will 

dissolve, the driving force for galvanic corrosion will disappear and uniform corrosion 

will prevail.  Consequently only when the solution is near the saturation point with 

respect to FeCO3 and is therefore in the grey zone, the protective layer will neither 

dissolve from the cathode nor will it form on the anode and the galvanic cell will operate 

steadily. 

An example of localized corrosion propagation when the solution conditions are 

in the grey zone was already shown in Figure 6 where supersaturation for FeCO3 varied 

in the range: SSFeCO3=0.8−4.  Another example is shown in Figure 7, where it was 

controlled in a narrower range: SSFeCO3=0.3−0.9, i.e. the solution was continuously 

slightly undersaturated with respect to FeCO3.  In both cases the galvanic current was 

very high initially and then stabilized at a lower value as time progressed. 
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Figure 7.  Galvanic current density calculated with respect to anode (line) and open 
circuit potential (OCP) difference between anode and cathode (points) with time when 
solution is in the grey zone, i.e SSFeCO3=0.3−0.9, at T=80 ºC, pCO2=0.53bar, pH 5.9-6.1, 
[NaCl] =1 wt%, stagnant, shallow pit. 

 

To put the magnitude of this galvanic current into perspective, it is converted into 

a corrosion rate and factored into the uncoupled corrosion rates of the anode and cathode. 

The various corrosion rates of anode and cathode are compared in Figure 8.  Clearly, the 

corrosion rate of the large cathode remains virtually unaffected by the coupling, while the 

corrosion rate of the coupled anode is doubled. 
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Figure 8.  Uniform corrosion rates for an uncoupled FeCO3 covered cathode and a bare 
steel anode vs. the localized corrosion rate seen on a coupled anode at the beginning and 
end of the artificial pit test conducted in the grey zone: SSFeCO3=0.3−0.9, at T=80 ºC, 
pCO2=0.53bar, pH 5.9-6.1, [NaCl] =1 wt%, shallow pit, stagnant. 

 

One situation when the solution is not in the grey zone is depicted in Figure 9. In 

this case the FeCO3 supersaturation is maintained high (SSFeCO3= 3−9), and the galvanic 

current density, which starts very high, is rapidly reduced to zero, indicating that initial 

propagation of localized corrosion is stifled due to protective FeCO3 layer formation on 

the anode.  In this case the pit “healed” and the corrosion rates on both cathode and anode 

equalized and remained low (<0.1 mm/y). 
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Figure 9.  Galvanic current density calculated with respect to the anode (line) and OCP 
difference between anode and cathode (points) with time when solution is not in the grey 
zone, i.e the solution is supersaturated: SSFeCO3= 3−9, at T=80 ºC, pCO2=0.53bar, pH 5.6, 
[NaCl] =1wt%, stagnant. 

 

Another case operating outside the grey zone is shown in Figure 10.  When 

FeCO3 supersaturation is maintained low (SSFeCO3=0.2−0.5), the galvanic current density 

also gradually reduces to zero.  In this case, it is because the protective FeCO3 layer on 

the cathode dissolves (as visually confirmed) and the driving force for the galvanic 

coupling (potential difference) disappears.  Both the anode and the cathode experienced 

stable high uniform corrosion rates (>1 mm/y). 

In summary, it was confirmed that propagation of localized corrosion of mild 

steel in CO2 solutions will occur only when the solution is maintained in the grey zone 

i.e. when the conditions are close to saturation with respect to FeCO3.  Multiple 
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experiments have shown that this practically translates into a criterion: SSFeCO3=0.5-2 

when no significant FeCO3 dissolution nor additional precipitation is expected and the 

galvanic cell is stabilized.   
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Figure 10.  Galvanic current density calculated with respect to the anode (line) and OCP 
difference between anode and cathode (points) with time when solution is not in the grey 
zone, i.e the solution is undersaturated: SSFeCO3=0.2−0.5, at T=80 ºC, pCO2=0.53bar, pH 
5.8, [NaCl] =1wt%, solution is mildly stirred by a magnetic bar at 100 rpm. 

 

2.3.3 Environmental factors affecting propagation of localized corrosion 

Since FeCO3 supersaturation (SSFeCO3) is found to be one of the key factors that 

determines propagation of localized corrosion when a galvanic cell is established, let us 

take a closer look at which environmental factors affect it most.  SSFeCO3 is defined as the 

ratio of the concentration product of iron and carbonated ions and the solubility product: 



  46 
   

spK
COFe ]][[

SS
2
3

2

FeCO3

−+

=  

where [Fe2+] is the actual concentration of iron ion, [CO3
2-] is the actual concentration of 

the carbonate ion, and Ksp is the solubility product for FeCO3.  To put it simply, the 

SSFeCO3 expresses the degree of departure from thermodynamic equilibrium for FeCO3. 

Ferrous ion, Fe2+, is a product of iron dissolution i.e. corrosion and its 

concentration [Fe2+] can readily be measured.  The carbonate ion, CO3
2-, is assumed to be 

in equilibrium with the other carbonic species in solution i.e. one can write 

−=−
2
3

][ 2
3 CO

cCO where −2
3CO

c  is the equilibrium concentration. It is influenced by the 

amount of dissolved CO2 and pH and can be readily calculated from simple water 

chemistry models. [ 20, 23]  The pertinent chemical reactions and their equilibrium 

constants are here briefly reproduced in Table 3 and Table 4 for the convenience of 

reader, where K represents the equilibrium constant for a given reaction and c the 

equilibrium concentration of a given species. 

 

Table 3.  Chemical reactions for the CO2 aqueous environment [ 20, 23] 
 Reaction Equilibrium constant 

Carbon dioxide dissolution 
2)(2 COCO solK

g ⎯⎯→←  2/
2

pCOcK cosol =  

Carbon dioxide hydration 
3222 COHOHCO hyK⎯⎯→←+  232

/ COCOHhy ccK =  

Carbonic acid dissociation −+ +⎯⎯→← 332 HCOHCOH caK  
323

/ COHHCOHca cccK −+=  

Bicarbonate anion dissociation −+− +⎯⎯→← 2
33 COHHCO biK  −−+=

3
2
3

/
HCOCOHbi cccK  

Water dissociation −+ +⎯⎯→← OHHOH waK
2  −+=

OHHwa ccK  

FeCO3 precipitation 
)(3

2
3

2
s

K FeCOCOFe sp⎯⎯→←+ −+
−+= 2

3
2 COFesp ccK  
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Table 4.  Values of the equilibrium constants for the reactions listed in Table 3 [ 20, 23] 

)075.01006.81065.527.2( 263

10
00258.1

5.14 ITT
sol

ffK ×+×−×+− −−

×=  mol/bar 

31058.2 −×=hyK  

)1180.04772.01007.31052.810594.141.6( 5.05263

106.387 IIpTT
ca

ffK ×+×−×−×+×−− −−−

×=  molar 

)3466.0166.110624.210331.11097.461.10( 5.05253

10 IIpTT
bi

ffK ×+×−×−×+×−− −−−

=  molar 

)4788.70737549.03868.29( 2

10 KK TT
waK ×+×−−=  molar2 

Tf is the temperature in Fahrenheit, TK is absolute temperature, I is ionic strength in molar 
and p is the pressure in psi. 
 

The solubility product (Ksp) of FeCO3 has been the subject of some controversy 

and many different expression exist [65-76].  Here the latest equation [76] that accounts for 

both the effects of temperature and ionic strength was used: 

IIT
T

TK K
K

Ksp ×−×+×+−×−−= 657.0518.2)log(5724.241963.2041377.03498.59log 5.0  

where TK is the temperature in Kelvin. Ionic strength (I) is defined as [77]: 

∑ −−++ +=
i

iiii zmzmI )(
2
1 22

 

where mi is the species molarity i, zi is the charge of the species i, symbol + or – indicates 

the positive or negative charge carried by an ion. The equilibrium equations listed above 

can be used to determine the actual concentration of the bicarbonate ion ][ 2
3
−CO , required 

for calculation of supersaturation SSFeCO3. 
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By looking at the expression for SSFeCO3 above, it appears that the key factors that 

affect it are the concentrations of ferrous ion, [Fe2+] and the bicarbonate ion [CO3
2-]. The  

Fe2+ concentration [Fe2+] is usually known, and in the field it is typically present in the 

concentration range of a few ppm (0 – 10 ppm), while in the lab its concentration can be 

set and controlled to a desired value.  Clearly large concentrations of Fe2+ will lead to 

supersaturation and precipitation of FeCO3, particularly at higher temperatures (>60oC) 

when the kinetics is fast.  This fact was used in the present study where rapid formation 

of FeCO3 layers was enabled by manipulating the concentration of Fe2+.  On the other 

hand the concentration of the bicarbonate ion [CO3
2-] is determined primarily by pH and 

partial pressure of CO2.  So let us look at the effect of pH first. 

Before we proceed, it should be noted that the present analysis relies primarily on 

thermodynamic considerations.  Clearly, the kinetics of FeCO3 film formation is another 

important factor that lies beyond the scope of this discussion.  While FeCO3 

supersaturation SSFeCO3 is one of the key factors determining the kinetics, the other one is 

temperature.  Only at high temperature (>50oC) FeCO3 forms fast enough to overpower 

the undermining corrosion process and form a protective layer.  Therefore, the galvanic 

mechanism of localized corrosion considered here does not carry over to lower 

temperatures and all the experiments in this study were conducted at 80oC.  

2.3.3.1 Effect of pH 

As the pH increases (H+ concentration decreases), the CO3
2- concentration 

increases as can be easily understood by inspecting the equilibrium reactions listed in 

Table 3.  In Figure 11 the calculated effect of pH on solubility of FeCO3 is shown for a 
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given set of operating conditions.  Similar graphs for other conditions can be created by 

solving the equilibrium equations given above.  Also in Figure 11 the calculated effect of 

pH on the grey zone is shown, where propagation of localized corrosion can be expected.  

Practical limits for grey zone are taken to be 0.5<SSFeCO3<2, as discussed above.  If one 

assumes that the range for Fe2+ concentration is 0 – 10 ppm in the field, then under these 

conditions the graph suggests that it is unlikely to get FeCO3 precipitation and localized 

corrosion propagation below pH5.6.  One can judge in this case that the localized attack 

is possible in the range of pH5.7 to 6.4.  Above pH6.6 it appears that, for almost any Fe2+ 

concentration, FeCO3 will precipitate and low uniform corrosion rates will prevail. 
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Figure 11.  Calculated pH effect on solubility of FeCO3 and the “grey zone” at T=80ºC, 
pCO2=0.53bar, [NaCl]=1 wt%. 
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This was confirmed by conducting AP tests where all parameters were identical 

other then the pH (Figure 12).  The first case at pH5.9 where significant galvanic current 

and localized corrosion was obtained was already discussed at great lengths above.  In an 

identical experiment conducted at pH6.6 clearly the galvanic current rapidly vanished and 

no localized corrosion could be observed.  Very low general corrosion rates were 

obtained on both anode and cathode (<0.1 mm/y). 
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Figure 12.  Galvanic current density calculated with respect to the anode with time for 
different pH at T=80°C, pCO2=0.53bar, SSFeCO3≈0.5−4, shallow pit, [NaCl]= 1wt %, 
stagnant. 
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2.3.3.2 Effect of CO2 partial pressure 

The effect of CO2 partial pressure on solubility of FeCO3 and indirectly on 

localized corrosion propagation likelihood can also be deduced by looking at the reaction 

equilibria presented above.  All other conditions being the same, higher partial pressure 

of CO2 leads to higher dissolved CO2 concentration and eventually to higher 

concentrations of the CO3
2- ion.  This means that the solubility of FeCO3 decreases with 

increasing partial pressure of CO2 as shown in Figure 13. 
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Figure 13.  Calculated effect of CO2 partial pressure on solubility of FeCO3 and the “grey 
zone” at T=80 ºC, pH 6.0, [NaCl]=1wt%. 

 

It can be seen that at these conditions, FeCO3 will readily form as the partial 

pressure of CO2 exceeds 2 bar for any measurable Fe2+ concentration (> 1 ppm) and can 



  52 
   
hardly be avoided at even higher partial pressures of CO2.  The grey zone conditions can 

be practically met only in the lower range of partial pressures of CO2 which are most 

common for field conditions (< 2 bar).  At higher partial pressures of CO2 the grey zone 

is feasible only for very low Fe2+ concentration (< 1 ppm), giving way to protective 

FeCO3 film formation, suggesting a very low likelihood of both uniform and localized 

attack at these conditions. 

2.3.3.3 Effect of salt 

Another factor that does not appear explicitly in the expression for SSFeCO3 above, 

but needs to be considered, is the effect of salt (NaCl).  Typical concentrations seen in the 

field brine are 1–3 wt% while condensed water seen in wet gas lines has no salt.  

However, cases with up to 20 wt% of salt in the brine are not uncommon.  In a recent 

study no effect of salt on general CO2 corrosion was found across a broad concentration 

range.  However, the effect of Cl- ion concentration on localized CO2 corrosion has been 

reported in the literature,[45, 54, 55] with lower pit density [45] and higher localized corrosion 

rate [54, 55] observed at higher NaCl concentration.  In the first approximation, the effect of 

salt can be included in this analysis by looking at the effect it has on reaction equilibria 

shown above, by considering a change in ionic strength of the solution.  This is 

summarized in Figure 14 where the calculated effect of NaCl concentration on the 

solubility of FeCO3 and the grey zone is shown, for a given set of operating conditions.  It 

can be seen that the solubility FeCO3 increases with increasing salt concentration, making 

it more difficult to form protective FeCO3 layers.  It also shows that the “grey zone” 
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widens as the salt concentration increases, making it more likely to get localized 

corrosion propagation as the concentration of NaCl increases. 
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Figure 14.  Salt effect on the “grey zone” width at T=80 ºC, pCO2=0.53 bar, pH 6.0. 

 

To verify this observation, a series of AP tests were conducted at various salt 

concentrations.  The results are summarized in Figure 15, where a significant effect of 

salt concentration on the galvanic current is evident.  The highest localized attack was 

obtained for the highest NaCl concentration.  No localized attack was obtained for the 

lowest NaCl concentration, what could also be in part attributed to the lower conductivity 

of the solution. 
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Figure 15.  Galvanic current density calculated with respect to the anode for different 
NaCl concentrations at pH 5.9−6.0, T=80°C, shallow pit, SSFeCO3=0.2−4, ω=400rpm. 

 

2.3.3.4 The effect of flow 

Fluid flow was already mentioned as one of the key factors in initiation of 

localized CO2 corrosion of mild steel.  In this study, the focus is on localized corrosion 

propagation and the role of mixing introduced by turbulent flow.  To study this effect, 

another series of tests was conducted with vigorous stirring using a rotating magnet (at 

500 rpm) and the results were compared with the stagnant test in the same environment.  

It is recognized here that this is not the best way to introduce controlled flow conditions; 

however, it was the only way easily achievable given the constraints of the equipment 

used.  The galvanic current density comparison (stagnant vs. 500 rpm) is depicted in 
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Figure 16.  A significant increase in the galvanic current density under stirred flow 

condition is observed (although the effect seems to diminish over time).  The large 

difference in the galvanic current can be easily explained by the fact that any 

accumulation of corrosion products on the anode was minimized by the flow, because of 

turbulent mixing sweeping away any corrosion products generated in the vicinity of the 

anode and thereby stabilizing the galvanic cell. 

 

Figure 16.  Galvanic current density calculated with respect to the anode for a stagnant 
and stirred solution using a rotating magnet at pH 5.8-5.9, SSFeCO3=0.3−4, T=80°C, 
shallow pit, [NaCl]=1wt %. 

 
In another series of tests, the anode was receded within the cathode by 2 mm, in 

order to create a quiet environment shielded from the bulk flow which was agitated by 

the rotating magnet (Figure 17).  These results are compared with others obtained in 
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experiments conducted under similar conditions in Figure 15.  As expected, the receded 

pit behaved similar to a shallow pit under stagnant condition.  

 

Figure 17.  Galvanic current density calculated with respect to the anode for a receded pit 
(depth=2 mm) and shallow pit (depth<0.1 mm) at pH 5.8−5.9, T=80°C, SSFeCO3=0.2−4 
[NaCl] =1%wt. 

 

In summary these results indicate that once a bare steel surface is exposed to 

turbulent flow, localized corrosion propagation proceeds very fast initially, due to a 

galvanic coupling with the FeCO3 covered surface.  However, as the pit recedes, the 

propagation rate slows down to mass transfer limitations.  At some point the propagation 

may stop altogether if protective FeCO3 reforms on the steel surface.  Conversely if flow 

and water chemistry conditions remain favorable, rapid pit propagation may continue 

until the point of line failure. 
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Chapter 3:  Role of passivation in localized CO2 corrosion of mild steel2 

3.1 Introduction 

It has already been established that the open circuit potential (OCP) on the scaled 

surface is higher than that of the bare steel surface and that this results in a galvanic cell 

being established between these two surfaces, which are connected via the steel substrate.  

As a consequence, the bare pit surface (anode) is polarized positively and the surrounding 

cathode surface is negatively polarized at the equilibrium potential (called: galvanic 

potential, mixed potential or connected potential).  The contribution of the cathode to the 

equilibrium potential is often dominant because the ratio of cathode area to anode area is 

large in reality (>1000) and is approximately 1000 for artificial pit used here.  As a result, 

the anode is corroded much faster, having been positively polarized. 

However the origin of the potential difference between the anode and cathode of 

the galvanic cell remains unexplained.  Possible explanations from electrochemical 

theory are reviewed below. 

It has frequently been stated that the role of iron carbonate scale is to provide a 

diffusion barrier and a blocking effect to the corrosion reactants moving to the reaction 

site.  If for example the transfer of protons in the cathodic reaction is retarded, the 

cathodic current becomes diffusion limited.  This scenario (#1) is illustrated 

schematically in Figure 18.  The open circuit potential decreases with film formation 

compared to corrosion of the bare steel surface.  However, this is was found to be the 

case for the beginning of the process of iron carbonate scale formation but ultimately the 

opposite happened: the potential increased (see Figure 4).  
                                                 
2 This chapter has been published as an NACE conference paper, paper No. 08332. 
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Figure 18  Scenario #1: Open circuit potential decreases for film covered surface where 
cathodic reaction is mass transfer controlling due to diffusion barrier. 

 

On the other hand, it can be assumed that the corrosion process remains under 

electrochemical charge transfer control, while the role of the iron carbonate scale is to 

partially cover/block the active sites for anodic and cathodic reactions – equally.  This 

results in scenario #2, depicted schematically in Figure 19, where both the anodic and 

cathodic reactions are retarded proportionally due to scale formation.  The open circuit 
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potentials would remain the same before and after film formation. This was obviously not 

the case (see Figure 4) and this scenario can be discarded as unrealistic. 
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Figure 19.  Scenario #2:  Open circuit potential remains constant for filmed and bare steel 
surfaces where both the anodic and cathodic reactions are similarly reduced due to film 
formation. 

 

Let us consider scenario #3:  charge transfer control of the electrochemical 

reactions persists during scale formation but somehow the cathodic reactions are reduced 

more than the anodic reactions.  This scenario is depicted schematically in Figure 20.  

The open circuit potentials decrease under scaling conditions what is similar to what is 
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seen in scenario #1, nevertheless it is now much harder to explain why this selective 

retardation of the cathodic charge transfer would occur. 
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Figure 20.  Scenario #3:  Decrease in the open circuit potential due to the scale reducing 
the cathodic reactions more than the anodic reaction. 

 

Another possibility: scenario #4: both reactions remain under charge transfer 

control but the anodic reaction is selectively more retarded under scale forming 

conditions as schematically depicted in Figure 21.  In this case, the open circuit potentials 

increases under scaling conditions compared with non scaling conditions. This is a 
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plausible scenario, given the observed behavior, but it remain hard to explain why this 

selective retardation is happening. 
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Figure 21.  Scenario #4:  Increase in the open circuit potential due to the scale reducing 
the anodic reaction more than the cathodic reactions. 

 

Another scenario (#5) includes steel surface passivation, and is similar to the 

previous scenario, but offers an explanation why the open circuit potential increase after 

scale formation: due to formation of a very thin but protective layer that slows down 

anodic dissolution of iron (such as in stainless steels).  Thus, the anodic reaction reaches 
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a limiting - passive current as demonstrated in Figure 22.  The open circuit potential 

(point B) becomes higher under the passivation than if it were under active charge 

transfer control at a bare surface (point A). It is hypothesized that this can happen due to 

the change of local electrolyte condition at the steel surface beneath the FeCO3 scale 
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Figure 22.  Scenario #5:  Open circuit potential increases for passivated surface compared 
with bare surface. 

 

As seen from the analysis above based on simple electrochemical theory, the 

potential can increase under scaling conditions only if the anodic reactions are reduced 

more than the cathodic ones, the most plausible reason for this being when the actively 
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corroding steel surface becomes passivated.  Therefore the objective is now to verify if 

the mechanism for the potential increase during scale formation is caused by passivation 

or some other way. 

To achieve this goal, a series of tests were conducted using electrochemical 

methods including potentiodynamic polarization, linear polarization resistance, cyclic 

polarization on the active and passive surfaces and immersion tests to create a passivated 

surface without external electrochemical stimuli. 

3.2 Experimental design 

3.2.1 Setup 

A typical three-electrode glass cell was used for the electrochemical polarization 

tests (Figure 23).  The temperature was controlled automatically by the heating plate.  

The cylindrical rotating cylinder electrode (out wall surface area=5.2 cm2) was polarized 

potentiodynamically using Gamry® electrochemical measurement equipment. 

3.2.2 Procedure 

Sodium chloride electrolyte (1 wt% or 10 wt%) was heated to the designated 

temperature and purged with carbon dioxide for at least three hours.  After the 

temperature was achieved, the pH was adjusted by solid NaHCO3 (ACROS, ACS 

analytical grade 99.7%) or its 1M solution and 0.1 M HCl.  Extra deaeration was 

necessary to remove the dissolved oxygen added with the NaHCO3/HCl.  The cylindrical 

electrode coupon made of C1018 (chemical composition shown in Table 5) or X65 

(chemical composition shown in Table 6) mild steel was polished sequentially by 240, 
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400, 600 grit sand paper. The coupons were cooled by flushing with 2-propanol during 

polishing, ultrasonicated in 2-propanol then blow dried. 
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Figure 23.  Three electrode electrochemical glass cell 3 [18]. 

1.− condenser, 2.− reference electrode, 3.− pH probe, 4.− Luggin capillary, 5.− platinum 
ring, 6.− working electrode, 7.− thermo probe, 8.− gas bubbler, 9.− magnetic stirrer bar, 
10.− hotplate. 
 
                                                 
3 Figure reproduced from ICMT image library with permission. 
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Table 5.  The chemical composition (weight percent) for C1018 carbon steel 
Al As B C Ca Co Cr Cu 

0.080 0.060 0.001 0.200 0.001 0.011 0.061 0.028 

Mn Mo Nb Ni P Pb S Sb 

0.900 0.018 0.014 0.044 0.017 0.032 0.012 <0.001 

Si Sn Ta Ti V Zr Fe  

0.044 0.011 0.023 0.005 0.004 0.007 balance  

 

The coupons were then immersed into the prepared electrolyte.  The solution pH 

and ferrous ion concentration were continuously monitored during the tests.  Open circuit 

potential (OCP) and polarization resistance were frequently measured.  The anodic and 

cathodic Tafel slopes, 40mV and 120mV respectively, were used to calculate the 

corrosion rate from the polarization resistance measured by LPR and EIS. 

 

Table 6.  The chemical composition (weight percent) for X65 carbon steel 
Al As B C Ca Co Cr Cu 

0.00322 0.005 0.0003 0.05 0.004 0.006 0.042 0.019 

Mn Mo Nb Ni P Pb S Sb 

1.32 0.031 0.046 0.039 0.013 0.02 0.002 0.011 

Si Sn Ta Ti V Zr Fe  

0.31 0.001 0.007 0.002 0.055 0.003 balanced  

 

For the potentiodynamic sweep polarization, cathodic polarization started first 

from the stable open circuit potential.  Anodic polarization was executed after the open 

circuit potential was attained.   Most of the specimen were polarized in less than 20 

minutes right after immersion. 
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For the cyclic polarization experiments, the potential sweep always began from 

the initial open circuit potential and increased in the positive direction and then reversed 

back to initial open circuit potential at scanning rates of 0.2 mV/s, 1 mV/s and 5 mV/s. 

Spontaneous passivation was achieved when the open circuit potential increased 

and stabilized without any external electrochemical stimuli after the coupon was 

immersed in the corrosion environment.  Spontaneous passivation potential was in some 

cases 400 mV higher than the open circuit potential for the fresh metal surface.  Once 

spontaneous passivation was achieved, deaerated 0.01 M hydrochloric acid was added in 

order to decrease pH and induce depassivation. 

3.2.3 Test matrix 

 

Table 7.  Potentiodynamic sweep polarization test matrix 

Coupon material C1018 

Coupon area  /cm2 5.4 

Temperature  /°C  80 

Partial pressure of CO2 /bar  0.53 

pH 3−6, 7, 8 

NaCl concentration /(wt%) 1, 10 

Ferrous iron concentration  /ppm 0, 2, 11 

Flow 0 

Polarization speed /(mV/s) 0.2 

Anodic polarization range  /(V vs. OCP) 0.2, 0.6−0.8 

Cathodic polarization range  /(V vs. OCP) -0.2 

 



  67 
   

The test matrix for potentiodynamic polarization testing is listed in Table 7.  

Environmental factors including NaCl concentration, pH and ferrous iron concentration 

were investigated. The salt concentration was controlled at 1 wt% and 10 wt%.  The pH 

was controlled between 4 and 8.  Fe2+ concentration was in the range of 0−11ppm. 

 

Table 8.  spontaneous polarization tests matrix 
Coupon material C1018 

Coupon area  / cm2 5.4 

Temperature  / °C 25, 50, 80 

Partial pressure of CO2 / bar  0.53 

pH 6.6, 7.1, 7.8, 8.0 

NaCl concentration / wt% 1 

Ferrous iron concentration  / ppm Initial =0 

Solution stirring 0 

 

Table 9.  Cyclic polarization test matrix 
Coupon material C1018 

Coupon area  /cm2 5.4 

Temperature  /°C  80 

Partial pressure of CO2 /bar  0, 0.1 

pH 7, 8 

NaCl concentration /(wt%) 1 

Initial Fe2+ concentration  /ppm 0 

Flow 0 

Polarization speed /(mV/s) 0.2, 1 and 5 

Anodic polarization range  /(V vs. OCP) 0.2, 0.6−0.8 

Cathodic polarization range  /(V vs. OCP) -0.2 
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From spontaneous passivation tests, the pH and temperature effects on 

spontaneous passivation were studied mainly in deaerated 1 wt% NaCl electrolyte with 

CO2.  The conditions are summarized in Table 8. The conditions shown in Table 8 for 

depassivation only differ from those used for the spontaneous passivation in that the 

temperature and initial pH are fixed at 80°C and 7.8, respectively. Stepwise reduction in 

pH used to initiate depassivation was achieved by addition of hydrochloric acid with mild 

solution rotation in order to ensure uniform mixing.  Table 9 summarizes the conditions 

for cyclic polarization tests. 

3.3 Results and discussion 

3.3.1 Passivation observation from potentiodynamic polarization tests 

The potentiodynamic sweeps were carried out for the active surface in the range 

of bulk pH 4 to pH 7 at salt concentrations of 1 wt% (Figure 24) and 10 wt% (Figure 25). 

For both salt concentration levels, steel passivation was observed above pH 7 

within the 200 mV anodic polarization range.  The passivation current density and 

potential were smaller for pH 8 than those at pH 7.  This indicates that passivation 

preferably occurred at a higher pH.  This fact can facilitate the understanding of the 

localized corrosion mechanism previously observed which suggests that passivation can 

happen under locally high pH conditions between the iron carbonate scale and the steel 

surface even if the bulk pH is not high enough to initiate passivation.  It is necessary to 

mention that many of the following tests were carried out under high pH, ca. 7-8, in order 

to speed up the measurements and simulate the locally higher pH beneath the iron 

carbonate scale. 
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Figure 24.  Potentiodynamic polarization sweep curves starting from the open circuit 
potential on active surfaces at [NaCl] =1%wt, T=80°C, pCO2=0.53 bar, stagnant flow. 
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Figure 25.  Potentiodynamic polarization sweep curves starting from the open circuit 
potential on active surfaces at [NaCl] =10%wt, T=80°C, pCO2=0.53 bar, stagnant flow. 
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pH effect on passivation 

The polarization sweep curves at pH7 and pH8 are shown in Figure 26.  From the 

results, the active surface at pH 8 is passivated at a lower anodic overpotential and 

current density.   

 

 

Figure 26.  Potentiodynamic polarization sweep curves starting from open circuit 
potential on active surfaces at [NaCl] =1%wt, T=80°C, pCO2=0.53 bar, stagnant flow 
condition. 
 

Salt effect on passivation 

 Two sweep tests were run at the same conditions except for the salt concentration 

levels to investigate the effect on corrosion mechanisms as shown in Figure 27.  No 

significant passivation difference was observed for the pitting potential and passive 
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current density between the two tests, which seems to be going against the prevailing  

literature which suggest that Cl− affects the pitting CO2 corrosion.  This could be 

explained by the water chemistry used in the present experiments.  To achieve solution 

pH of 7, a large amount of sodium bicarbonate (200 grams) was added.  The contribution 

to the ionic strength by NaCl (1 wt%) was  offset by the already present NaHCO3 (20 

wt%).  Therefore it is not surprising that little effect of NaCl concentration on the 

passivation or localized corrosion was observed. 

 

 

Figure 27.  Potentiodynamic polarization sweep curves starting from open circuit 
potential on active surfaces at pH 7, T=80°C, pCO2=0.53 bar, stagnant flow condition. 
 

Ferrous iron concentration effect on passivation 

Sets of electrochemical characteristics for passive potentials are demonstrated 

from the potentiodynamic sweep curves as depicted in Figure 28 and Figure 29 under 



  72 
   
different levels of Fe2+ concentration (0 ppm and 1 ppm at pH 7, 0 ppm and 11 ppm at pH 

8).  The passive current density and passivation potential at 0 and 11 ppm iron 

concentration show the same magnitude indicating that ferrous ions do not have a 

significant effect on the passive or trans-passive potentials when they are polarized 

starting from the fresh active surface. 

 

 

Figure 28.  Potentiodynamic polarization sweep curves starting from open circuit 
potential on active surfaces at pH 7, T=80°C, pCO2=0.53 bar, stagnant flow condition. 
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Figure 29.  Potentiodynamic polarization sweep curves starting from open circuit 
potential on active surfaces at pH 8, T=80°C, pCO2=0.53 bar, stagnant flow condition. 
 

Scale effect on passivation 

 Corrosion product scale, mainly composed of iron carbonate, can be formed 

throughout the corrosion process in undersaturated conditions in the bulk, once 

supersaturation at the steel surface is achieved, irrespective of whether anodic potential is 

applied or not.  The effect of scales on the passivation was investigated and presented 

below. 

Potentiodynamic polarization was applied before and after forming an iron 

carbonate scale (see Figure 30).  Comparison of these two polarization curves show that 

both the anodic and cathodic reactions are retarded by the scale.  The passivation 

potential for the scaled surface is lower (ca. 60mV) than that for the bare surface.  The 

current needed to reach passivation is also lower for the scaled surface than that for the 
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fresh steel surface.  These observations suggest that iron carbonate scale assists the 

passivation, in other words, passivation is preferentially established under scale formation 

conditions. 

 

 

Figure 30.  Comparison of potentiodynamic polarization sweep curves starting from open 
circuit potential on active and scaled surfaces at pH 7, T=80°C, pCO2=0.53 bar, stagnant 
flow condition. 
 

In another series of experiments, the steel coupons were immersed in the solution 

without an external applied potential or current.  Initially an iron carbonate scale was 

formed on the surface, the corrosion potential decreased initially and a protective film 

was formed.  Subsequently the potential increased ( due to self-polarization) to a potential 

which was 400 mV higher than the initial corrosion potential as recorded in Figure 31.  

This is clearly a spontaneous passivation process. 
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Figure 31.  Potential change during the film formation at pH≈8.0, T=80°C, PCO2=0.53 
bar, stagnant flow condition. 
 

The polarization sweep, as shown in Figure 32, was carried out when a 

spontaneous passive film was formed after 20 hours, which was indicated by an increased 

and stabilized open circuit potential around -400 mV vs. saturated Ag/AgCl reference 

electrode and corrosion rate was in the magnitude of 0.01 mm/y.  Notice that the open 

circuit potential for bare steel was at -800 mV vs. reference electrode with a corrosion 

rate around 2-3 mm/y.   
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Figure 32.  Comparison of potentiodynamic polarization sweep curves starting from open 
circuit potential on active and filmed surfaces at pH 8, T=80°C, pCO2=0.53 bar, stagnant 
flow condition. 
 

3.3.2 Passivation observation from cyclic polarization tests 

Polarization technique, cyclic polarization, was applied to investigate the passive 

film properties under mildly alkaline conditions, in a simulation of the local environment 

beneath the iron carbonate scale.  The scan rate was varied from 0.2mV/s to 5mV/s.  The 

tests were run under dilute NaOH or NaHCO3 solutions (for comparison) deaerated by 

pure nitrogen, pure carbon dioxide or their mixtures at 80°C and pH 8−9. 
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Figure 33.  Cyclic polarization curve of mild steel at different scan rate in CO2 purged 
NaHCO3 solution under T=80°C, pH 8. 

 

Surface passivation (as characterized by the inflection where the current or 

current density began to decrease as the potential is forced to be more positive) was 

found consistently under the CO2 purged NaHCO3 environments for all the polarization 

rates tested from 0.2mV/s to 5mV/s as shown in Figure 33.  From this figure, it can be 

seen that the metal was passivated during the first half of the polarization sweep in which 

the potential was changed in the more positive direction.  During the second half of each 

cyclic polarization, the potential was changed in the more negative direction following 

the end of the first half of the scan cycle.  The film appears to have survived the reverse 

scan as no significant reduction peaks were observed. 
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In the NaOH solution purged by nitrogen (without CO2), passivation was only 

observed at the lowest polarization rate of 0.2mV/s as shown in Figure 34.  The 

passivation potential was much higher than that at the same polarization rate in a CO2 

system with same bulk pH.  This indicates that the passivation is more difficult to achieve 

under the alkaline solutions without the presence of CO2. 
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Figure 34.  Cyclic polarization curve of mild steel at different polarization rate in 
deaerated NaOH solution under T=80°C, pH 8. 

 

In summary, the observations made using the potentiodynamic polarization 

sweeps support the assumption that mild steel passivation is preferentially achieved at 

higher pH, i.e., due to the locally increased pH beneath the iron carbonate scale.  In order 
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to find further compelling evidence for this hypothesis, spontaneous passivation process 

was investigated next and the results are presented below. 

3.3.3 Spontaneous passivation observations 

It has been clearly shown that the passivation of mild steel in CO2 solutions can 

be achieved by anodic polarization, i.e., by accelerating the anodic reaction.  Therefore, a 

new series of experiments was done to establish if this will also happen spontaneously, in 

a process without any external electrochemical stimuli including applied current or 

potential.  This is a more realistic scenario closely related with the observations of 

localized corrosion and is termed “self-passivation” or “spontaneous passivation” and 

will be discussed in the following sections. 

The effect of pH on spontaneous passivation 

 To carry out a spontaneous passivation test, freshly ground steel was immersed in 

the electrolyte and allowed to corrode without external polarization i.e. at its open circuit 

potential.  An open circuit potential increase was observed after a few hours of 

immersion at pH 8 as depicted in Figure 35.  This spontaneous passivation phenomenon 

was also observed in the pH range from 7.1 to 8.1, however the time to reach 

spontaneous passivation was longer at lower pH, which not surprising as more time is 

needed to accumulate sufficient ferrous iron to form a corrosion scale and a passive film.  

The stabilized spontaneous passivation potential tended to decrease at lower pH values as 

depicted in Figure 35. 
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Figure 35.  The open circuit potential during spontaneous passivation is affected by pH at 
T=80°C, PCO2=0.53 bar, NaCl=1 wt%, stagnant flow condition. 
 

These experiments can be seen as direct proof of the hypothesis made at the 

beginning of this chapter suggesting that spontaneous passivation will occur and increase 

the potential of the iron carbonate covered steel surface. Let us recall what the 

implications are for spontaneous passivation for localized corrosion?  Consider an 

experiment where carbon steel has been completely spontaneously passivated at a pH of 

7.1, as in Figure 35.  The open circuit potential is around −0.550 V vs. a saturated 

Ag/AgCl reference electrode.  If the iron carbonate scale and the passive film are 

partially damaged, the open circuit potential for the bare metal surface would be equal to 

the initial potential of the bare surface immediately after immersion (≈−0.730 V vs. 

saturated Ag/AgCl RE).  A galvanic cell would be established between these two 

surfaces.  The potential difference (ca. 200 mV) can, in theory, cause localized corrosion 
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rates to become thousands of times greater than the uniform corrosion rate of a bare metal 

surface, these extreme numbers estimated without consideration of IR drop, mass transfer 

and pit geometry. 

The effect of temperature on spontaneous passivation 

The spontaneous passivation curves at different temperature (25°C and 80°C) are 

shown in Figure 36.  The time to reach spontaneous passivation is longer at lower 

temperatures, as expected.  No significant difference was observed for spontaneous 

passivation potential. 

 

 

Figure 36.  Temperature effect on the open circuit potential during spontaneous 
passivation at pH 7.5, PCO2=0.53 bar, NaCl=1 wt%, stagnant flow condition. 
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3.3.4 Role of CO2/FeCO3 in spontaneous passivation 

 From the potentiodynamic polarization experiments, preliminary results suggested 

that CO2 was necessary to assist in the passivation of the steel.  Its effect on the 

spontaneous passivation was investigated in the following series of experiments. 

Role of CO2/FeCO3 on the spontaneous passivation 

The passivation tests were carried out in electrolyte saturated with CO2, N2 and 

the mixture of gases at 80°C and pH 8 for N2 purged NaOH solution and CO2 purged 

NaHCO3 solution.  The spontaneous passivation test results, as demonstrated in Figure 37, 

show that spontaneous passivation was observed even with a 7% molar fraction of CO2 in 

the gas phase, but was not observed when pure N2 was used as the purge gas. 

 

Figure 37.  Open circuit potential vs. time for mild steel in NaOH system under T=80°C, 
pH8, PN2=0.45 bar, PCO2=0.07 bar compared with CO2 purged solution. 
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Figure 38.  Open circuit potential vs. time of mild steel in NaOH system at pH8, 
PN2=0.52 bar, applied anodic current density=6 A/m2 [57] compared with CO2 purged 
solution. 

 

A possible reason for the lack of spontaneous passivation in the absence of CO2 

could be that the corrosion rate is different for these two systems although under same pH.  

This is due to one extra cathodic reaction, the direct reduction of carbonic acid, which 

leads to a much higher corrosion rate in a CO2 system compared to a N2 system, and 

generates much more ferrous ions required for scaling and passivation.  As measured, the 

corrosion rate under the CO2 purged solution can reach 2−3 mm/yr, which is one 

magnitude higher than the corrosion rate under N2 purged electrolyte.  In an attempt to 

prove this hypothesis, an anodic current was applied to the steel sample in N2 purged 
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solution, which resulted in a corrosion rate almost three times higher than that in the CO2 

saturated electrolytes.  However the hypothesis had to be discarded as spontaneous 

passivation was not achieved (Figure 38) even with accelerated corrosion in a N2 purged 

solution. 

The steel surface was not spontaneously passivated even at a pH of 9.5 in the 

nitrogen purged NaOH alkaline solution as depicted in Figure 39.  Thus, this argument 

suggests that formation of passive films is closely related with the presence of CO2 in 

solution. 

 

Figure 39.  Open circuit potential vs. time for mild steel in NaOH system at pH 9.5, 
PN2=0.52 bar compared with CO2 purged solution. 

 

The role of FeCO3 in Passivation and Depassivation? 
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From the above discussion on the role of iron carbonate scale in passivation, it 

appears that FeCO3 scale is closely related to mild steel passivation.  We can go one step 

further and boldly assume that the passive film is made up from iron carbonate. One  can 

than assume that passivation can only be achieved when the saturation point for iron 

carbonate is greater than unity and should dissolve away if the solution becomes 

undersaturated wrt. iron carbonate. The first part of this hypothesis was proven many 

times over and described in the text above but let us investigate the second half of the 

hypothesis by inducing depassivation by decreasing pH on a steel surface where an iron 

carbonate scale already formed and passivation was observed. 

 

 

-0.8

-0.7

-0.6

-0.5

-0.4

-0.3

-0.2

0 20 40 60 80

Elapsed time  /hour

O
pe

n 
ci

rc
ui

t p
ot

en
tia

l v
s.

 
sa

tu
ra

te
d 

A
g/

A
gC

l R
E 

 / 
V self-passivation Depassivation

Rp=17Ω

Rp=3000Ω

Rp=360Ω

 

Figure 40.  Case1:  The spontaneous passivation (at initial pH 7.8, T=80°C, PCO2=0.53 
bar, [NaCl] =1%wt, stagnant solution) and depassivation by decreasing pH from pH 7.8 
to pH 5.4. 
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A typical potential profile in a spontaneous passivation and depassivation test 

called “Case 1”, is depicted in Figure 40.  This case shows that after passivation was 

achieved, depassivation was directly related to the pH decrease as indicated by the 

decrease in open circuit potential. 
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Figure 41.  Case 1: relation between supersaturation of FeCO3 and depassivation at 
T=80°C, PCO2=0.53 bar, [NaCl] =1 wt%, stirring speed 300rpm. 
 

A more detailed version of the same graph with passivation/depassivation is given 

in Figure 41 where values for pH and FeCO3 supersaturation (calculated from the model 

by W. Sun, et al. 76) were added, both of which directly relate to FeCO3 

formation/dissolution.  Note that during depassivation the solution conditions with 

respect to FeCO3 actually remained supersaturated (saturation >>1) as the pH was 

decreased and passivation was gradually lost.  This implies that the ferrous carbonate 
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scale did not dissolve, but the mild steel surface depassivated.  The survival of iron 

carbonate scales was confirmed by scanning electron microscopy. 
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Figure 42.  Case 2: relation between supersaturation of FeCO3 and initiation point of 
passivation at T=80°C, PCO2=0.53 bar, [NaCl] =1%wt, stirring speed 300rpm. 

 

It can be argued that in the previous experiment iron carbonate was near the 

saturation point and could have dissolved due to slight fluctuations in solution conditions 

or an error in our ability to predict saturation conditions accurately.  To check this 

possibility, another previously scaled and passivated surface was depassivated by 

carefully and slowly decreasing the pH as depicted in Figure 42 (called Case 2).  In this 

experiment the steel surface lost passivation in the pH range of 6.4 to 6.6.  The 

subsequent repassivation in the same range of pH clearly suggests this range should be 

considered the initiation point of the passive film while the calculation of iron carbonate 
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supersaturation (SS=8-23) shows the bulk solution supersaturation value is well above 

unity.  For this condition, iron carbonate that was formed should remain in place. 

Repeated observations, including previously described depassivation and 

depassivation/repassivation, were obtained in the “Case 3” example as shown in Figure 

43.  Depassivation was evidenced at iron carbonate supersaturation around 8 after pH was 

decreased from original 7.7 to 6.9.  Sustained depassivation was observed in the region of 

iron carbonate supersaturation from 8 down to 1.  These observations confirmed that 

passivation did not exclusively depend on iron carbonate scale as concluded from 

previously presented “Case 1” and “Case 2”. 
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Figure 43.  Case3: relation between supersaturation of FeCO3, corrosion potential, and 
depassivation at T=80°C, PCO2=0.53 bar, [NaCl] =1%wt, mildly stirred. 
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In summary, all the depassivation experimental results clearly confirmed that passivation 

occurs only after iron carbonate scale was formed however also that depassivation can 

happen with this FeCO3 scale intact i.e. while the bulk solution is still supersaturated.  

This suggests that the passive film in CO2 environments is not made up only from iron 

carbonate.   

Attention must be drawn to the fact that the polarization resistance increased from 

17 Ω for the bare surface, corresponding to a corrosion rate 2 mm/yr, to 3000 Ω for the 

passivated surface, corresponding to a corrosion rate of 0.01 mm/yr.  After the 

depassivation, the passive film was lost while iron carbonate scale still remained.  The 

polarization resistance became 360 Ω corresponding to a corrosion rate 0.1 mm/y.  This 

observation indicates that protective iron carbonate scale can retard corrosion kinetics 

somewhat but also demonstrates the super-protectivity of the passive film. 
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Chapter 4:  Chemistry and structure of the passive film on mild steel in CO2 

corrosion environments4 

4.1 Introduction 

 Previous chapters have revealed the galvanic mechanism of localized CO2 

corrosion.  It was argued that the potential difference between the bare steel anode and 

the iron carbonate covered cathode drives the localized corrosion propagation.  Further 

investigation discovered a passive film which can be formed under the iron carbonate 

scale and is responsible for the higher potential on the cathode surface. However, while 

this passive film was indirectly identified via electrochemical measurements, it is not 

entirely clear what is the nature and makeup of this passive film.  This chapter will 

present the investigation of the chemistry and the structure of the passive film in CO2 

corrosion. 

 Grazing incidence X-ray diffraction (GIXRD) is an important characterization 

method for identification of thin films on a surface.  The penetration depth in an 

asymmetric (2θ) GIXRD analysis is well controlled and is based on incident angle 

compared to conventional symmetric (θ/θ) X-ray diffraction. [81, 82, 83]  GIXRD enhances 

diffraction from the outer thin layer of the analyzed surface, and minimizes diffraction 

from the substrate. 

 The transmission electron microscope (TEM) or scanning transmission electron 

microscope (STEM) can image surfaces at sub-nanometer resolution. [78]  Combining 

with EDX analysis elemental chemistry information can be obtained. 

                                                 
4 This chapter has been published as an ICC 17th conference paper (paper No. 2511) and in Industrial & 
Engineering Chemistry Research, 48 (13), 2009. 
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In principle, the methodology outlined herein could be applied to study the 

reactivity of any metal surface.  The study outlined in this section shows how GIXRD 

combined with electrochemical measurements can be used to explain reactivity and 

corrosion of a mild steel surface in a typical corrosion environment.  TEM together with 

EDX can be used to determine the fine structure and chemistry of complex layered 

scales.  The system involved passive film formation on mild steel in CO2 saturated 

electrolyte, a typical sweet corrosion environment. 

Generally, passivation can be distinguished from immunity by an electrochemical 

definition.  For noble metals such as platinum and gold, the bare metal surface maintains 

absolute resistance to corrosion up to relatively high potentials.  This differs from what is 

observed for normally actively corroding metals such as: aluminum and titanium, where 

corrosion resistance is obtained at higher potentials due to formation of a thin compact 

passivating film.  In this work spontaneous passivation has been observed for mild steel 

in CO2 aqueous media as described above. [57]  The conditions correspond to an actively 

corroding metal under typical CO2 aqueous environments, as acknowledged by the open 

literature 18.  The process of passivation occurs spontaneously, when compared with 

passivation artificially achieved by external application of potential or current, [85, 87] as 

described in the definition of passivation vide supra. 

In the literature, ferrous oxide [FeO], ferrous hydroxide [Fe(OH)2], magnetite 

[Fe3O4] or ferric hydroxide [Fe(OH)3] have been proposed to be responsible for the 

passivation of the metal in H2O−iron environments, under both aerobic and anaerobic 

conditions. [85]  FeCO3, also known as siderite, was proposed as a phase which had “the 
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potential to form passive films” in the H2O−CO2−Fe system by Heuer (1999). [87]  

Carbonate containing compounds including Fe2(OH)2CO3 and Fe2O2CO3, were proposed 

to be passive layer forming by De Marco and coworkers (2007). [89]  Guo and Tomae 

(1999) observed trace Fe3O4 / Fe(OH)2 in the dominant FeCO3 scale. [86]. 

In the current study, phase composition and the structure of the spontaneous 

passive film formed on mild steel exposed to CO2 saturated solutions were expected to be 

identified with the aid of GIXRD and TEM/EDX, in order to help advance the 

understanding of phenomena that underpin passivation in this corrosion environment. 

4.2 Experimental procedures 

The spontaneous passivation tests were conducted in a three electrode 

electrochemical glass cell [18] as depicted in Figure 23.  Mild/carbon steel coupons were 

used to produce the working electrode.  Potential was measured with reference to the 

saturated Ag/AgCl reference electrode.  The counter electrode was made out of a 

platinum ring.  This setup is a universal apparatus for electrochemical study of metal 

reactivity, at ambient pressure and temperatures that do not exceed solution boiling 

points. 

Sodium chloride electrolyte (1 wt. %) was prepared, heated to 80°C and deaerated 

with sparging by carbon dioxide.  The pH of the solution was adjusted to pH 8.0 by 

addition of solid NaHCO3 (ACROS, ACS analytical grade 99.7%) in order to speed up 

the formation of FeCO3 scale and passive film.  Mild steel, X65 (composition shown in 

Table 6), corrosion coupons were polished sequentially by 200, 400 and 600 grit silicon 

carbide abrasive paper.  This sample was used for GIXRD/XRD analysis.  The sample 
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used for TEM/EDX analysis was similar – carbon steel C1018 (composition shown in 

Table 5).  During sample cross section preparation for TEM, the sample was finished 

with 1 μm diamond paste.  During polishing the coupons were simultaneously cooled by 

flushing with 2-propanol, then ultrasonicated in 2-propanol and blow dried.  The coupons 

were prepared as describe in Chapter 3.  The test conditions are listed in Table 10 under 

pH=8, T=80 C and 1 wt% NaCl saturated with CO2.  The corrosion resistance was 

measured using the Linear Polarization Resistance (LPR) technique via a Gamry Inc. 

PC4 potentiostat. 

 

Table 10.  Test matrix for the passivation experiments 

Material C1018, X65 

Temperature  /°C 80 

pH 8.0 

Purged Gases CO2 

NaCl concentration  / wt% 1 

Flow conditions  /rpm 300 (stirring bar) 

Gas partial pressure  /bar 0.53 

 

After a very brief period of bare steel surface corrosion, solid FeCO3, was the 

initially formed corrosion product at the steel surface.  The open circuit potential 

decreases as this diffusion barrier develops.  The corrosion rate also decreases due to 

surface coverage by this scale which limits the supply of the corrosion reactants.  

Subsequently spontaneous passivation was achieved as evidenced by the increased open 

circuit potential. 57  The spontaneous passivation potential could be up to 400 mV higher 
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than the initial open circuit potential for the bare metal surface.  Coupons were removed 

from solution before and after passivation, as identified by differences in the measured 

corrosion potentials.  They were immediately flushed with 2-propanol to dehydrate them 

until they cooled from 80°C to room temperature, in order to avoid oxidation of wet films 

at elevated temperature.  If salt precipitation (NaHCO3 or NaCl) was observed on coupon 

surfaces during the cooling and drying process, they were quickly rinsed with CO2 

deaerated deionized water, then immediately flushed with 2-propanol.  This removed any 

deposited salts and water from the surface.  Any remaining 2-propanol was blown from 

the surface with dry air.  Samples were then stored in desiccators under a nitrogen 

atmosphere prior to analysis.  The sample surface was analyzed by XRD and GIXRD 

using a Rigaku Ultima III X-ray diffractometer. 

(S)TEM with EDX analysis was done on a FEITecnai F20 with an EDAX EDX 

unit.  The FEI TIA software was used to collect EDX spectral profiles.  The cross-section 

of the surface was prepared using standard Focused Ion Beam (FIB) techniques using ex-

situ liftout (Figure 44 a-d).  To improve conductivity, the sample was coated with gold; a 

thick layer of platinum was deposited to both smooth the FeCO3 surface and protect the 

cross-section during the FIB milling process.  After thinning to electron transparency 

(Figure 44 a), the cross-sectional membrane was lifted out of the trench (Figure 44 b,c,d) 

and placed on a 20nm carbon support film on a copper TEM grid. 
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(a) 

 
(b) 

 
(c) 

 
(d) 

Figure 44.  A crystal slice was cut from the bulk surface by FIB. 

 

4.3 Results and discussion 

4.3.1 Spontaneous passivation  

The passivation process as idicated by the slower corrosion rate and the open 

circuit potential history sample during spontaneous passivation is depicted in Figure 45 

and Figure 46.  The open circuit potential steadily increased to a -450 mV.   
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Figure 45.  Open circuit potential history for spontaneous passivation. 
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Figure 46.  Open circuit potential history during initial FeCO3 formation before 
passivation. 
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After ca. 60 hours of immersion, spontaneous passivation is observed as indicated 

by an open circuit potential increase [57] as depicted in Figure 45.  The open circuit 

potential increases to a value of -0.470 V vs. reference electrode and the corrosion 

resistance further increases to 1370 Ω.  This corresponds to a passivated surface. 

Coupons were prepared for XRD and GIXRD analysis before and after 

passivation (2.7 and 65 hours immersion, respectively), as indicated by the boxes in 

Figure 45. 

4.3.2 XRD and GIXRD analysis results 

4.3.2.1 Conventional X-ray diffraction 

 

Figure 47.  XRD and SEM of non-passivated steel surface after 2.7 hours immersion. 
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Figure 48.  XRD and SEM of passivated steel surface after 65 hours immersion. 

 

Acquired energy dispersive X-ray fluorescence (EDX) spectra were consistent 

with the formation of iron carbonate crystals.  The continuously increasing incidence 

angle results in deeper penetration into the substrate beneath the film.  Thus a strong 

diffraction signal from the substrate steel is observed. 

4.3.2.2 Grazing incidence X-ray diffraction 

XRD with grazing incidence was employed together with the SEM to more 

thoroughly determine the identity of the passive film.  Both SEM images before and after 

passivation show that the top phase is iron carbonate.  The GIXRD from the sample 

before passivation shows that only iron carbonate peaks are present, as shown in Figure 
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49.  The diffraction pattern only represents the outer layer, therefore diffraction from the 

steel substrate has been eliminated.  This can be seen by comparison with Figure 47 and 

Figure 48. 

 

 

Figure 49.  GIXRD and SEM of non-passivated steel surface after 2.7 hours immersion. 
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Figure 50.  GIXRD and SEM of passivated metal surface after 65 hours immersion. 
 

After the sample was passivated, an extra phase Fe3O4 (magnetite) [90] along with 

the dominant FeCO3
 [91] was identified by GIXRD (Figure 50).  The composition of the 

film was quantified using the Rietveld refinement technique. 92  For this, the program 

Whole Pattern Fitting (WPF) incorporated in diffraction data analysis software JADE8.5 

was utilized. A reasonable composition with 0.4 wt% of magnetite (Fe3O4) and 99.6 wt% 

of siderite (FeCO3) was obtained.  It is therefore hypothesized here that Fe3O4 could be 

the composition of the thin passive film encountered in this environment. Since passive 

films typically have a thickness on the nanometer scale they were difficult to observe 

using the conventional X-ray diffraction.  
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4.3.3 TEM/EDX analysis results 

 An image of the cross-sectional sample is shown in Figure 51.  This is a High-

Angle Annular Dark-Field (HAADF) STEM image where the brighter areas correspond 

to increased scattering of the electrons.  At the top of the sample are the Pt protective 

layer and the gold conductive coating.  Because it has a lower average atomic number, 

the carbonate layer is darker than the iron substrate.  The interface between the iron and 

the iron carbonate appeared rougher at the iron grain boundaries than within the grain. 

 

 

FeCO3

Fe

Pt
Gold

A
B

 

Figure 51.  HAADF STEM image of a sample with circled surface A and B. 
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Figure 52.  HAADF STEMEM image of circled area A in Figure 51 with EDX element 
profile indicated. 
 

The detail from the center of the grain (location A) is shown in Figure 52.  A 

different phase is apparent as demonstrated by a whiter color compared with steel and 

ferrous carbonate phase, so an STEM EDX profile was carried out using EDX at a scan 

step of 20 nm.  The scan started from the steel substrate, went through the unknown 

phase and ended at the ferrous carbonate phase as indicated by the arrow.  Figure 53 

shows the EDX peak intensity profile.  Because elemental quantification for light 

elements such as carbon and oxygen is problematic, we present only the peak intensities.  

Compared with the Fe phase, the intensity of the oxygen signal doesn’t change while 

carbon counts increase slightly in the unknown phase.  This suggests very little oxygen in 

the unknown phase with carbon and iron being the primary components.  Comparing the 



  103 
   
unknown and FeCO3 phases indicates the unknown phase has more iron, about the same 

carbon and less oxygen than the FeCO3.  We conclude that this phase is probably iron 

carbide (Fe3C) which was exposed as the iron from the parent steel corroded away. 
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Figure 53.  EDX element profile of different phases for Figure 52.  Note: unknown 
element determined to be iron carbide (Fe3C). 
 

At steel grain boundary (area B in Figure 51), a much rougher interface is 

observed as compared with the middle part of the grain (area A).  EDX analysis on area 

C of Figure 54 indicates the presence of manganese. 
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Figure 54.  The TEM image of edge surface of area B in Figure 51 with designated areas 
C, D and E for analysis. 
 

An EDX profile scan was done in area D of Figure 54 (cf. the image at the top of 

Figure 56).  As the scan steps from steel into the iron carbonate phase, higher levels of 

carbon and oxygen in any carbonate containing phase should be seen.  The iron level in 

the iron carbonate should be lower than in the steel phase.  The EDX results in Figure 56 

clearly show these trends.  A number of phases appear in area E as indicated by a grey 

color as compared with dark FeCO3 and white iron phases.  The thickness is estimated 

between 20-100 nm.  To identify this phase, EDX scanning to profile elements was 

executed as indicated by the TEM image at the top of Figure 57.  Compared with pure 

steel phase, an obvious increase of oxygen and decrease of iron levels are observed in the 
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unknown phase as shown in Figure 57.  The carbon level is constant in both phases.  This 

compositional relationship between carbon and oxygen rejects the hypothesis that the 

passive film is a carbonate containing phase.  All the above information clarifies that the 

unknown phase only contains iron and oxygen.  In other words, the unknown compound 

is one of the iron oxides.  This observation qualitatively agrees with the GIXRD results 

suggesting that the passive layer is magnetite (Fe3O4).  The TEM images show that this 

passive film is not a continuous film covering the steel surface, but is primarily located at 

the boundaries between the FeCO3 crystals.  Note that the positions of the peaks and 

troughs for the Fe and O coincide with the different contrast regions on the TEM. This 

technique cannot detect hydrogen, so it cannot be used to identify the presence of any 

hydroxides. 

 

0

500

1000

1500

0 2 4 6 8 10

Energy  / keV

C
ou

nt
s Fe

Mn
Fe

Fe

Fe

Mn

O

C

Cu
Ga

GaCuPt Mn
Pt

Si

0

500

1000

1500

0 2 4 6 8 10

Energy  / keV

C
ou

nt
s Fe

Mn
Fe

Fe

Fe

Mn

O

C

Cu
Ga

GaCuPt Mn
Pt

Si

 

Figure 55.  Alloyed element Mn is observed by EDX on area C in Figure 54. 
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Figure 56.  Element profile at different phases for area D in Figure 54.  EDX directional 
scan indicated in TEM image. 
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Figure 57.  Element profile at different phases for Area E in Figure 54.  EDX directional 
scan indicated in TEM image. 
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4.4. Passivation scenario for mild steel in CO2 environments 

From previous and current results it is possible now to propose a more complete 

mechanism of passivation of mild steel in CO2 environments.  As the steel is immersed 

with CO2 aqueous electrolyte, given a high enough pH, iron carbonate can be formed 

when surface FeCO3 supersaturation is achieved.  As the iron carbonate scale becomes 

compact, it retards replenishment of protons which are consumed by corrosion at the steel 

surface; therefore a higher local (surface) pH can be achieved.  When it reaches a critical 

pH for iron oxide formation, a passivating magnetite phase is speculated to formed as 

follow: [93] 

3Fe (s.) + 4H2O (aq.)  Fe3O4 (s.) + 8H+ +8e−     (4-6) 

This is shown schematically in a simplified Pourbaix diagram [85] in Figure 58. 
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Figure 58.  A Pourbaix diagram showing an increase of pH and consequently potential 
beneath a FeCO3 scale leading to passivation. 
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 Chapter 5:  Mesh-capped probe design for direct pH measurements at an actively 

corroding metal surface5 

5.1 Introduction 

The mechanism outlined above still hinges one logical but still unproven 

assumption: that the local pH at a corroding steel surface, and particularly the pH 

underneath an iron carbonate layer, will be higher than that of the bulk. Actually it was 

assumed that this pH will be high enough to cause passivation of the mild steel surface. 

This section presents results of experiments which were done to explicitly test this 

hypothesis and complete the proposed mechanism of localized CO2 corrosion. 

It is well known that local surface chemistry conditions can be very different than 

those in the bulk and become important when chemical reactions occur at an interface. [56, 

57]  Surface pH is long recognized as a key local parameter that influences 

electrochemical reaction mechanisms and rates [58, 62].  Mathematical modeling, based on 

thermodynamic, kinetic and transport theories, has helped in the quantification of surface 

pH conditions [23, 94].  However, not much has been achieved in terms of direct surface pH 

measurement at a corroding surface due to difficulties with probe design, manufacturing 

and operation.  The objective of the present undertaking hinged on an effective design 

and deployment of a simple and flexible surface pH probe for direct measurement of 

surface pH at a corroding surface. 

The existing designs outlined in the open literature typically deployed direct or 

indirect measurement methods, as summarized in Table 11, and are briefly reviewed 

below. 
                                                 
5 This chapter has been published in Journal of Applied Electrochemistry. 
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Table 11.  Surface pH measurement methods 
Methods Application 

Indirect  

Chemical indicator 

(e.g. photocurrent−pH plot) [97, 98] 
Electrolysis 

Rotating ring disc electrode [99] Electrolysis 

Direct  

Standard pH probe [96] Corrosion 

Microelectrode [108−114] Corrosion, Electrolysis 

Mesh capped flat pH probe [100−107] Electrolysis 

 

5.1.1 Indirect surface pH measurement probe design 

 Some surface pH probe designs have been previously reported for indirect pH 

measurements during the electrolysis processes. One is a pH-mapping technique [97, 98] 

where a semiconductor contacts the solution and responds to the pH due to depletion of 

its insulating layer.  The resulting capacitance change can be recorded with a generated 

photocurrent.  This design is relatively complex, and involves elements which are not 

easy or cheap to obtain or manufacture.  Another indirect method is surface pH 

measurement using a rotating ring electrode [99].  This technique is based on the pH-

potential relation as defined by the Nernst equation and does not lend itself easily to 

extension to different corroding systems. 

5.1.2 Direct surface pH measurement probe design 

In some early research, standard pH probes were modified for direct surface pH 

measurement.  D. M. Dražić [96], for example, coated a standard pH probe with a porous 
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silver film used as a substrate for electrochemical deposition of iron.  This probe was then 

applied to surface pH measurement during iron surface dissolution (corrosion).  

Disadvantages for this design (which was initially attempted in the present work) include 

its fragility as well as a host of issues related to the intricacies of its fabrication and 

operation. 

 A very commonly used direct surface pH measurement device is a pH 

microelectrode specially designed for surface pH measurement [108−114].  Microtips, 

typically ranging from 1 to 20μm in diameter [109], have been fabricated as the sensing 

elements of microelectrode pH probes; these have been applied in corrosion surface pH 

measurement [108, 111] as well as diffusion layer pH profiling. [109, 110, 112, 113]  A major 

shortcoming of this design is that it is interferes with the mass transfer boundary layers 

near the solid surface. 

Another direct surface pH probe design was reported for electrolysis systems by 

Romankiw [100, 101].  The prototype design consists of a flat sensor pH probe with a tip 

which is adhered to a metal mesh.  During the corrosion of the mesh, surface pH can be 

monitored.  This surface pH probe design was further modified for rotating [102] or fixed 

[103, 104] metal meshes.   Particular applications were reported for surface pH measurement 

during jet impingement tests [104], electrodeposition [105, 106] and electrochemical reduction 

reactions [107].  This surface pH probe design concept was adopted as a starting point for 

the present design. 
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5.2 Experimental 

5.2.1 Experimental design and setup 

A simple probe design for surface and interfacial pH measurement was developed 

as shown in Figure 59.  The pH sensor used is a commercial flat pH glass probe.  A 

compression fitting is employed to hold the pH probe body in place.  A circular mild steel 

mesh is cut to match the size of the hollow compression fitting cap.  This cap is used to 

push the mesh into tight adherence with the probe tip. This surface pH probe unit is 

inserted into the solution and the surface pH can be measured during the corrosion of the 

mild steel mesh. If needed, particulate materials used to simulate corrosion deposit layers 

can be filled in the cap and held trapped in place by another non-corroding mesh material 

(e.g., the stainless steel in the current study). 

The advantage of this design is its simplicity, portability, low fabrication cost and 

flexibility.  The mesh can be easily mounted, removed and replaced.  It can be easily 

deployed to determine surface pH measurement under electrochemical control by 

electronically connecting the mesh to a measurement instrument.  The mesh can be easily 

obtained or manufactured out of most metals of interest, active, passive or noble, for 

corrosion studies, electrolysis, catalysis, etc.  Consequently, any set of heterogeneous 

reactions can be characterized in terms of metal surface pH.  Application of this mesh-

based electrode design could easily be extended to non-redox systems. 
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Figure 59.  Surface pH probe design. 

 

Table 12.  Mild steel mesh data 
Steel type Mild steel 

Form Woven wire cloth 

Mesh size  60 x 60 holes/in2 

Square size 0.009" 

Wire diameter 0.0075" 

Mesh open area 30.5% 

 

In this study, the circular 3600 holes/inch2 mild steel mesh was cut from a larger 

commercially available stock, to completely cover the pH probe surface.  Details about 

the mild steel mesh used in the tests are listed in Table 12. The SEM images of an 

original single sheet mesh and a “double sheet compressed” mesh are depicted in Figure 



  113 
   
60.  The compressed mesh was produced in order to reduce the mesh pore size and 

investigate if this has an effect on the performance of the probe. 

 

(a) 
 

(b) 

Figure 60.  SEM images of (a) single sheet mesh, (b) double sheet compressed mesh.  

 

 
(a) 

 
(b) 

Figure 61.  The images of particles used to create the deposit (a) typical sand particle 
(size: 100–500 μm), (b)  glass bead particles (size: 50–80 μm). 

 

The particles used to simulate the deposit layer were inert sand and glass beads, as 

shown in Figure 61.  The particle size for the sand ranged from 100−500 μm giving a 

bulk layer porosity of approximately 40%. The smaller sand particles were 50−80 μm in 
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size giving a bulk layer porosity of about 30%.  Both were deposited in the form of a 

layer of 5 mm in thickness. 

The meshed pH electrode was deployed in a standard three-electrode corrosion 

glass cell, as depicted in Figure 62, filled with an aqueous solution. In this case the 

measurements were performed under quiescent conditions. In different arrangements, 

flow can be readily created by other means (e.g., by flush mounting the probe at a pipe 

wall or a flow channel wall, using a jet impingement setup, etc.). All these alternatives 

appear to be easier than rotating the metal mesh, as was done by Romankiw [102]. 

 

 

Figure 62.  Surface pH measurement setup deployed in a standard three-electrode 
electrochemical glass cell. 
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5.2.2 Experimental test matrix and procedure 

The test matrix for surface pH measurements is listed in Table 13.  The effects of 

bulk pH, buffer capacity, temperature and surface layer porosity (achieved by using 

different particle sizes) were investigated. 

 

Table 13.  Test matrix for the surface pH experiments 
Mesh material C1018 mild steel 

Deposit particle material Sand, glass bead 

Depth of the deposit layer  /mm 5 

Solution CO2−H2O, Cl−H2O, HAc−H2O 

Purge gas N2, CO2 

Temperature  /°C 25, 80 

Gas partial pressure  /bar 0.97, 0.53 

Bulk pH 4.0, 5.0, 6.0, 6.6 

NaCl concentration  / wt% 1 

Test period  /hour 10 

 

A 1 wt% NaCl electrolyte solution was first deaerated by purging with CO2 or N2 

in different experiments.  Solution pH was adjusted with deaerated 1M NaHCO3 or 0.1M 

HCl solutions as well as acetic acid when appropriate.  Temperature was controlled at 

25°C and 80°C.  The corresponding partial pressures of CO2 are 0.97 bar and 0.53 bar 

given that the cell operated at atmospheric pressure. 

 Two pH probes, including a standard pH probe and a flat pH probe (fabricated for 

surface pH measurement), were first calibrated with standard buffer solutions at 

4.00±0.01, 7.00±0.01 and 10.00±0.01 pH units.  The standard pH probe was then used to 
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measure the bulk pH of the solution and the flat pH probe with the mild steel mesh was 

used for surface pH measurement.  The steel mesh was first cleaned by immersing it in 

deaerated 0.1 to 0.5 M HCl solutions for about 10 minutes, or until oxidation products 

were removed and a shining metal mesh surface was produced.  The mesh was then 

washed in isopropanol to dehydrate it and blown dry.  It was mounted on the flat pH 

probe and tightened to the pH tip with the compression fitting cap holder.  To measure 

the surface pH under a deposit layer, the small particles were filled as described in the 

design section above.  Both pH probes were immersed in the corrosive solution.  The 

steel mesh corroded and the surface pH could be monitored and compared with the bulk 

solution pH.   

5.3 Results and discussion 

The meshed surface pH probe was used to measure the surface pH for mild steel 

corroding in different water chemistry conditions: 

CO2 saturated solution. 

N2 saturated HCl solution.  

N2 saturated HAc (acetic acid) solution.   

From theory, the corrosion reactions for these environments can be summarized 

as two series of half cell reactions: cathodic and anodic. The cathodic reactions in strong 

acid electrolytes, e.g., HCl solutions, are:[18] 

2H+ (aq) + 2e− → H2 (g)        (5-1) 

2H2O (aq) + 2e− → H2 (g) + 2OH− (aq)       (5-2) 
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The transport of reacting species from the bulk is often a limiting factor in these 

situations. For example, protons are consumed on the steel surface by a fast 

electrochemical reaction (5-1) and a decreased proton concentration, i.e., a higher pH, is 

expected on the surface compared to the bulk value. 

If weak acids, i.e., carbonic acid (H2CO3 obtained by hydration of dissolved CO2) 

or acetic acid (HAc), are present, additional cathodic reactions need to be considered such 

as: [18, 22] 

2H2CO3 (aq) + 2e− → H2 (g) + 2HCO3
−

(aq)      (5-3) 

2HAc (aq) + 2e− →H2 (g) + 2Ac−(aq)       (5-4) 

The dominant anodic reaction is the oxidative dissolution of iron:[18] 

Fe (s) → Fe2+ 
(aq) + 2e−        (5-5) 

It should be remembered that the two weak acids will partially dissociate to 

produce more protons and decrease the pH: 

H2CO3 (aq) ↔  H+
(aq) + HCO3

− (aq)       (5-6) 

HAc (aq) ↔  H+
(aq) + Ac−(aq)        (5-7) 

5.3.1 Validity and reproducibility of measurement using the surface pH probe 

An initial series of experiments was conducted to confirm proper performance of 

the new pH probe. Figure 63 shows two sets of experiments conducted at 25°C at bulk 

pH 4.0, in a CO2 saturated electrolyte using a mild steel corroding mesh.  After initial 

variation, a stable surface pH was measured which is approximately 1.5 pH units higher 

than the bulk pH.  This translates into a surface proton concentration 50 times less than 

the bulk concentration, as calculated. 



  118 
   

 

4

5

6

7

0 5 10 15 20

Elapsed time  /hour   (Bulk pH 4.0)

pH

Surface pH

Surface pH

Bulk pH 4.0

50=
surface

bulk

C
C

 

Figure 63.  Two series of surface pH measurements during mild steel mesh corrosion in a 
CO2 purged solution at bulk pH 4.0, T=25°C, ptotal= 1bar, PCO2=0.97 bar, [NaCl] = 1wt%. 

 

 

4

5

6

7

0 10 20 30 40 50

Elapsed time  /hour  (Bulk pH 6.0)

pH

Surface pH
Surface pH

Bulk pH 6.0

 

Figure 64.  Surface pH measurements during mild steel mesh corrosion in a CO2 purged 
solution at bulk pH 6.0, T=25°C, ptotal= 1bar, PCO2=0.97 bar, [NaCl] = 1wt%. 
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Similar observations were shown in Figure 64 for the bulk pH 6.0, even if the pH 

increase was not as large.  Good reproducibility is obtained, which is within 0.1 pH units.  

This is considered to be in the error range of the pH probe measurement system. 
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Figure 65.  The surface pH measurement comparison between a single sheet mild steel 
mesh and a double sheet compressed mild steel mesh at bulk pH 6.0, T=25°C, ptotal= 
1bar, pCO2=0.97bar, [NaCl]=1wt%. 

 

The surface pH was measured using a single mesh and a compressed double mesh 

with a smaller pore size, as depicted in Figure 60 (a) and (b), respectively.  The surface 

pH, as shown in Figure 65, is initially higher on the compressed mesh compared to that 

on the single mesh.  It is thought that this is due to the fact that ions diffuse less readily 

from surface to bulk through the tighter mesh barrier making it slower for the pH probe to 
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reach a steady state. After an extended period of time, both probes reach approximately 

the same value. 

5.3.2 Chemical buffer effect on surface pH 

Since the pH is affected by the buffer capacity of the electrolyte, three cases are 

compared in Figure 66, all at bulk pH 4.0. 
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Figure 66.  Surface pH during mild steel mesh corrosion in an aqueous solution purged 
with CO2 or N2 at bulk pH 4.0, T=25°C, ptotal= 1bar, PCO2/N2=0.97 bar, [NaCl] = 1wt%. 

 

In a N2 purged HCl solution the surface pH stabilizes at 7.8, i.e., almost 4 pH 

units higher than the bulk pH. The surface pH increases only to 5.8 if the pH 4 solution is 

buffered by CO2 where carbonic acid provides an extra source of H+ (see reaction 5-6) 

and contributes to a lower surface pH than observed for a N2 saturated HCl electrolyte. 
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For an N2 purged HAc system, the surface pH stabilizes at about 7. The degree of 

deviation of surface pH from the bulk value increases with decreasing buffer capacity. 

The highest observed surface pH values occur in systems with the least bulk solution 

buffering capacity. 

5.3.3 Temperature effect on surface pH 
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Figure 67.  Surface pH comparison during a mild steel mesh corrosion, between 25°C 
and 80°C in a solution saturated with CO2 under bulk pH 4.0, ptotal= 1bar, pCO2=0.97bar 
(at 25°C), pCO2=0.53bar (at 80°C), [NaCl] = 1wt%. 

 

Higher surface pH was observed at higher temperature in all the series of 

measurements.  A comparison of surface pH at 25 °C and 80 °C is given in Figure 67 (for 

a bare corroding mild steel mesh) and Figure 68 (under a glass bead deposit layer).  The 

surface conditions can be alkaline at 80°C while they remain acidic at 25 °C.  This is due 
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to the fact that corrosion rate is higher at higher temperature and more protons are 

consumed.  This results in a higher surface pH.  Besides, CO2 dissolves less in the 

solution at higher temperatures and constitutes a weaker buffer solution.  Both 

mechanisms contribute to a higher surface pH at higher temperature. 
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Figure 68.  Surface pH measurement during mild steel mesh corrosion under a glass bead 
deposit layer 5mm in depth at different temperatures under bulk pH 4.0, 5.0, 6.0 and 6.6, 
pCO2=0.97 bar (at 25 °C) or pCO2=0.53 bar (at 80 °C) [NaCl]=1wt%. 

 

5.3.4 Effect of deposit layer porosity on surface pH 

When a 5 mm thick glass bead deposit layer (particle size 50-80 μm) was 

introduced on the mild steel mesh, the surface pH increased above pH 6, even over pH 8 

in some cases as demonstrated in Figure 69 and Figure 70, at both low and high 

temperature. 
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Figure 69.  Surface pH measurement for a bare mild steel mesh and one under 5mm 
depth deposit, corroding at bulk pH 4.0, 5.0, 6.0, 6.6, T=25°C, pCO2=1 bar, [NaCl]=1wt%. 
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Figure 70.  Surface pH measurement for a bare mild steel mesh and one under 5mm 
deposit, corroding at bulk pH 4.0, 5.0, 6.0, 6.6, T=80°C, pCO2=0.53 bar, [NaCl]=1wt%. 
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5.3.5 Surface pH measurement at different bulk pH values 

Surface pH measurement data were compiled in Table 14 for various bulk pH 

values and at different temperatures, all obtained in a CO2 purged solution.  For all the 

cases, higher surface pH was observed compared with bulk solution pH for a corroding 

mild steel mesh.  Similarly, higher surface pH observations were made under deposit 

layers. Greater surface pH deviation was observed at lower bulk pH conditions. Finer 

glass bead deposits with a lower porosity made the surface pH deviation from the bulk 

larger, even in some cases reaching mildly alkaline surface conditions in an acidic bulk 

solution.  This indicates that, take an example of corrosion in CO2 environments, more 

alkaline local water chemistry can be achieved under the corrosion product layer.  The 

consequence is that a stable passive phase, Fe3O4, forms, exactly as observed and 

reported in literature. [62] 

 

Table 14.  Surface pH measurement during mild steel mesh corroding in a CO2 saturated 
solution, with and without deposit layers 

T 

/°C 

PCO2 

/bar 

Bulk pH 

of solution

Surface pH under deposit 

bare steel sand glass bead 

25 0.97 

4 5.7 6.3 6.4 

5 6.2 5. 8 6.5 

6 6.4 6.3 6.6 

6.6 6.6 NA 6.8 

80 0.53 

4 6.2 NA 7.44 

5 6.4 6.6 7.53 

6 6.9 NA 7.92 

6.6 6.9 6.8 8.35 
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Chapter 6:  Modeling localized CO2 corrosion on mild steel6 

6.1 Introduction 

 There are virtually no comprehensive mechanistic models of localized CO2 

corrosion.  Probably the most notable is the one proposed in Achour[37]  work. It is a 

mechanistic model based on galvanic effects, hypothesizing that a galvanic cell could be 

established between the anodic pit surface and the film covered cathode.  The open 

circuit potential difference between the anode and cathode of the cell was not 

experimentally quantified in that work.  The mathematical treatment of this galvanic 

effect had the open circuit potential of the cathode artificially set 100mV higher than that 

of the anode. Clearly some of the general ideas developed in this work were adopted and 

further developed in the present effort. 

 To summarize, in the present study, it was revealed that under scaling conditions, 

an iron carbonate film can be developed.  Local conditions underneath the iron carbonate 

film facilitate formation of a passive film containing Fe3O4.  This leads to a higher open 

circuit potential on the passivated surface than on the bare steel surface.  When the 

intergrity of the films is locally corrupted, a galvanic cell can be established between the 

passivated surface and bare surface. This results in accelerated corrosion on the bared 

surface (anode) and retarded corrosion on the passivated surface (cathode).  The present 

electrochemical mechanistic model was developed to describe this physicochemical 

process.  The key novelty in the current model is that it can predict the spontaneous 

passivation of the cathode as well as the galvanic potential difference and galvanic 

current in the established galvanic cell between the bare pit surface (anode) and the 
                                                 
6 This chapter has been published as an ICC 17th conference paper (paper No. 2687). 
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passivated surrounding surface (cathode).  Thus the polarized potential of the anode can 

be calculated explicitly. 

6.2 Localized CO2 corrosion mechanism 

Combination of the information presented above permits the development of a 

localized corrosion mechanism, as shown in Figure 71.  The mechanism can be 

summarized as follows.  In the initial stage, the steel is exposed to a corrosive 

environment.  A ferrous carbonate scale can form when its solubility limit is exceeded 

(Figure 71-1).  The local pH increases beneath the ferrous carbonate scale.  

Consequently, a passive film (Fe3O4) is formed resulting in passivation, as evidenced by 

an increase in the potential (Figure 71-2).  Localized corrosion may be initiated when the 

ferrous carbonate scale is locally damaged due to mechanical or chemical effects.  The 

passive film is then exposed to the bulk environment where the pH is lower compared 

with that under the scale.  As a result, the passive film dissolves and the steel becomes 

locally depassivated (Figure 71-3) leading to further passive film removal at the 

surrounding area (Figure 71-4).  The potential of the large surrounding surface covered 

by passive film and protective ferrous carbonate scale is higher than that of the bare metal 

surface, which leads to establishment of a galvanic cell.  This results in the bare steel 

corroding at a very high rate due to the galvanic effect (Figure 71-5).  Detachment of the 

iron carbonate scale causes the pit to grow wider (Figure 71-6).  
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Figure 71.  The mechanism for “mesa” type localized CO2 corrosion on mild steel. 
 

6.3 Localized CO2 corrosion mechanistic model description 

The model describes a steady state “worst case” localized corrosion propagation 

scenario.  It focuses on stable localized corrosion propagation.  The electrochemical part 

includes three models: the active corrosion model (occurring on the bare steel surface), 

the spontaneous passivation model (occurring on the scaled cathode surface) and a 

localized galvanic cell model (established between the anode and cathode).  The water 
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chemistry model describes the major chemical reactions in CO2 aqueous environments, 

including CO2 gas dissolution, CO2 hydration, carbonic acid dissociation and water 

dissociation.  The following text describes the model in more detail. 

6.3.1 Water chemistry model 

The CO2 in the gas phase dissolves in the aqueous solution and then hydrates to 

produce carbonic acid. The latter only partially dissociates in the solution to produce 

protons and bicarbonate ions.  Bicarbonate ions further dissociate and generate carbonate 

ions and protons [18−25] and the equations to describe them are presented in Chapter 2 but 

are repeated here for convenience: 

(aq)
K

(g) COCO Henry,CO
22

2⎯⎯⎯ →←       (6−1) 

(aq)
K

(aq)(aq) COHOHCO hyd
3222 ⎯⎯ →←+      (6−2) 

−+ +⎯⎯→← (aq)(aq)
K

(aq) HCOHCOH ca
332      (6−3) 

−+− +⎯⎯→← 2
33 (aq)(aq)

K
(aq) COHHCO bi      (6−4) 

−+ +⎯→← (aq)(aq)
K

(aq) OHHOH w
2       (6−5) 

6.3.2 Electrochemistry model 

The electrochemistry model is composed of three modules to describe: the active 

steel dissolution reactions at the anode, the spontaneous passivation reaction on the 

cathode and the galvanic cell establishment between the anode and the cathode. 

6.3.2.1 Modeling reactions on the anode 

The key oxidation reaction on the anode is iron dissolution: 

−+ +→ eFeFe 22        (6−6) 
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Figure 72.  Schematic representation of active corrosion on the bare anode surface (pit 
bottom). 

 

The main reduction reactions occurring on the anode are carbonic acid reduction, 

proton reduction and water reduction. 

−− +→+ 3232 222 HCOHeCOH      (6−7) 

222 HeH →+ −+        (6−8) 

−− +→+ OHHeOH 222 22       (6−9) 

Both the oxidation and reduction reactions happening on the anode are 

schematically shown in Figure 72.  In this mathematical model, the electrochemical 

parameters and physical properties used to describe these electrochemical reactions were 

previously given by S. Nesic [18−25] and are described below. 
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The corrosion rate is linearly related to the corrosion current density as defined: 

CR=const.·icorr        (6-10) 

where, CR is corrosion rate in mm/year, const. is a material depend constant, 1.155 for 

steel.  icorr is corrosion current density in A/m2. 

The corrosion reaction kinetics can be controlled by charge transfer and/or by 

mass transfer processes: 

Lrcorr iii
111

+=
        (6-11)

 

where, ir is the charge transfer (activation) controlled reaction current density (rate) and iL 

is the mass transfer limited current density (rate). The iL can be determined by the flow 

conditions and will be discussed in the following sections. 

The Butler- Volmer equation can be used to calculate ir expressed as: 
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  (6-13)
 

 For a system which involves many reacting species, the governing equation 

expressing charge balance at steady state can be expressed as: 

∑∑ =
i

ai
i

ci ii ,,         (6-14) 

Cathodic reactions: 

a).  Carbonic acid reduction 
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 Carbonic acid reduction as shown by equation (6-11) can be calculated using 

the governing equation: 

323232 ,,,

111

COHlCOHrCOHc iii
+=      (6-15) 

 The charge transfer current density (electrochemical reaction control) and the 

chemical reaction limiting current density are defined as [18]: 

c

COHrevcorr

b
EE

COHoCOHc ii
32,

3232
10,,

−
−

⋅=     (6-16) 

( ) fkKDFci fO
COHCOCOHl aq

5.0
00, 32,232

=    (6-17) 

where, i0,H2CO3 is the exchange current density depending on pH, H2CO3 concentration, 

and temperature:  

5.0
log

32, =
∂

∂

pH
i COHo        (6-18) 

1
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32
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∂
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COH
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32
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where ΔHH2CO3 is the enthalpy of activation (50 kJ/mol), Tref is the reference temperature 

to be 25oC, and i0
ref is the exchange current density for hydrogen ion reduction at the 

reference temperature ( 0.0846 [18]).  bc is the cathodic Tafel slope defined below: 

F
RTbc 5.0

303.2=        (6-21) 

Erev,H2CO3 is the reversible potential for carbonic acid reduction as below18, 
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pH
F

RTE COHrev
303.2

32, −=       (6-22) 

The cCO2, aq is the concentration of carbon dioxide in the solution and calculated 

by water chemistry model.  DH2CO3 is the diffusion coefficient of carbonic acid and can be 

obtained from equation (6-36) knowing Dref,H2CO3 is 1.3E-9 at room temperature [9].  

The µref is 8.905·10-4 Ps·S in equation (6-20) used to calculate the limiting current 

density.   KO
0 is the equilibrium constant for the CO2 hydration reaction can be assumed 

constant 2.58·10-3.  The kf
0 is the forward reaction rate for the CO2 hydration reaction and 

can be expressed as [18]: 

T
Tfk

715,11log0.532.169

0 10
−−

=       (6-23) 

32COHf  is the flow factor, a function of the reaction diffusion layer117. 
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where  

32

32

32
,

,

COHr

COHm
COH δ

δ
ζ =        (6-25) 

and δm,H2CO3 is the mass transfer (diffusion) layer thickness and δr,H2CO3 is the chemical 

reaction layer thickness.  
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The DH2CO3 is the carbonic acid diffusion coefficient; km,H2CO3 is the carbonic acid mass 

transfer coefficient and determined by fluid dynamics.  kb
0 is the backward reaction rate 

of carbonic acid dehydration reaction and can be obtained by: 

3

715,11log0.532.169

0 1058.2
10

−

−−

×
=

T
T

bk       (6-28) 

b)  H+ ion reduction 

The H+ ion reduction calculation can start from the governing equation is shown in the 

following: 

+++

+=
HlHrHc iii ,,,

111
       (6-29) 

where, ir,H+ is the charge transfer current density and il,H+ is the mass transfer limiting 

current density and can be calculated as follows. 

The same formula as equations (6-12 to 6-14 and 6-31 to 6-38) is applied to 

calculate the charge transfer current density knowing the parameters of ΔHH2CO3=30 

kJ/mol, i0
ref=0.05 A/m2 [18] at Tref=25 oC.   

 The reversible potential for H+ reduction Erev,H+ is a function of temperature, 

pH, and the partial pressure of hydrogen in bar, as shown below. 

2
log

2
303.2303.2

,, H
O

HrevHrev P
F

RTpH
F

RTEE −−= ++     (6-30) 

The limiting current density for proton reduction can be calculated as follows. 

The iL is the mass transfer limited corrosion current density and can be calculated by: 

( ) iimi Fcnki ,lim =        (6-31) 
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where, n is the number of charges (electrons) transferred during an electrochemical 

reaction, ci is the concentration.  km,i is the mass transfer coefficient for species i and can 

be obtained by: 

yxm Scconst
D

dk
Sh Re., ⋅==       (6-32) 

where, Re is the Reynolds number, and Sc is the Schmidt number. 

μ
ρdv

=Re         (6-33) 

D
Sc

ρ
μ

=         (6-34) 

where, d is the hydraulic diameter, ρ is solution density, D is diffusion coefficient and can 

be determined by: 

⎟⎟
⎠

⎞
⎜⎜
⎝

⎛
⎟
⎟
⎠

⎞
⎜
⎜
⎝

⎛
=

μ
μ ref

ref
ref T

TDD       (6-35) 

where Dref is the diffusion coefficient at the reference temperature Tref.  μref is the 

viscosity at a reference temperature of 25oC and μ is the water viscosity in Pa·S 

depending on temperature and can be determined by: 

( ) ( )
15.378

15.293001053.015.2933272.1
3

2

1010002.1 +
−×−−×

− ××= T
TT

μ    (6-36) 

For a rotating cylinder, Eisenberg’s[115] correlation gives:  

33.086.0Re0165.0 Sc
D
dk

Sh pm ==      (6-37) 

where Dp is the diameter of the pipeline in m,  

For a straight pipe, Berger and Hau’s correlation can be applied [116]: 
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356.07.0Re0791.0 Sc
D
dk

Sh cm ==      (6-38) 

where dc is the diameter of rotating cylinder. 

c)  Water reduction 

 The reduction rate of H2O is controlled by the charge-transfer process under the 

assumption that water molecules are always present at the steel surface. The redox 

systems including H2O, H2CO3 and H+ have the same reversible potential considering the 

equivalent thermodynamics. 

 The exchange current density for water reduction ( )OHoi 2
 depends on the 

temperature.  There is no variation of the exchange current density from pH 3 to pH 6.  

Knowing the parameters of ΔHH2O=30 kJ/mol 18, i0
ref=3·10-5 A/m2 18 at Tref=25 oC, 

the charge transfer current density can be calculated.  The limiting current density is 

obtained from fluid dynamics and is not repeated. 

Anodic reaction 

Iron oxidation is the only anodic reaction in the current corrosion system.  Its 

anodic reaction is considered to be under charge transfer control as expressed below: 

a

Ferevcorr

b
EE

FeoFea ii
,

10,,

−

⋅=
      (6-39) 

 The reversible potential can be expressed as follows: 

++−= 2log
2

303.244.0, FeFerev c
F

RTE     (6-40) 

 Here it is assumed that ferrous ion reduction or the so called “iron deposition” is 

negligible comparing to carbonic acid, proton and water reduction.  The current model 
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only accounts for the iron oxidation.  Thus, a reference potential Eref,Fe, a reference 

current density iref,Fe and the Tafel slop ba will be enough to represent the anodic 

corrosion reaction. 

The reference potential for anodic dissolution of iron Eref,Fe was reported to be -

0.488 V 18.  The exchange current density is: 

⎟
⎟
⎠

⎞
⎜
⎜
⎝

⎛
−⋅

Δ
−

×= ref

Fe

TTR
H

ref
FeoFeo ii

11

,, e      (6-41) 

where iref
0,Fe is 1 A/m2 [18], the activation enthalpy for anodic reaction ΔHH2O is 37.5 

kJ/mol from 20oC to50oC [18]. 

The anodic Tafel slope for iron dissolution is: 

( )
F

TR
b c

a 5.1
15.273

303.2
+

=       (6-42) 

6.3.2.1 Modeling spontaneous reactions on the cathode 

A passive film, which is likely to be a form of oxide such as Fe3O4, can form 

beneath a protective iron carbonate film leading to passivation of the cathode.  Therefore 

under these conditions the oxidation reaction on the passivated cathode surface is the 

passive dissolution of iron.  The overall anodic reaction for the passive anodic dissolution 

of iron can be written as: 

OHeOFeOHFe 243 4883 ++→+ −−      (6−43) 

The rate of this reaction corresponds to the “vertical” region of the anodic 

polarization curve in Figure 73).  The passivation current density, a kinetic parameter, 

describing the passive iron dissolution reaction rate on the cathode (Figure 73), has to be 
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experimentally determined; little information on spontaneous passivation of mild steel 

has been reported in the literature. 
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Figure 73.  Schematic representation of passive corrosion on the cathode (iron carbonate 
covered steel surface around the pit). 
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Figure 74.  Spontaneous passivation current density as a function of pH at T=80°C, 
PCO2=0.53 bar, Ptotal=0.53 bar, NaCl=1 wt. %. 

 

The passivation current density for the anodic reaction appears to be independent 

of pH as shown in Figure 74.  These data were obtained from the present work and the 

corrosion rate measurements after the achieving spontaneous passivation on the steel 

surface exposed to CO2 aqueous environments. 

The reduction reactions that occurs on the cathode includes carbonic acid, proton 

and water reduction.  It is assumed that the nature of these reduction reactions occurring 

on the cathode is the same as those occurring on the anode surface.  However, the 

kinetics on the passivated cathode appears to be slower compared with those occurring on 

a bare anode due to the presence of an iron carbonate film. A retardation factor f was 

introduced to estimate the film protective properties and the effect on the reduction 
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reactions because the present model cannot explicitly predict the film properties such as 

film porosity, film thickness and pore tortuosity, etc.  This factor is used as in equation 

(6−44) and can be related to the pH as depicted in Figure 75. 

f
i

i
o

bareco
passivec

 ,
 , =        (6−44) 

where, o
passiveci  ,  and o

areci b ,  are the exchange current densities for reduction reaction on the 

passive and bare steel surfaces respectively. 

Knowing the kinetics of the oxidation and reduction reaction processes on the 

cathode, the open circuit potential, corrosion rate and polarization curves for spontaneous 

passivation on the cathode can be calculated. 
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Figure 75.  Factor f at T=80°C, PCO2=0.53 bar, Ptotal=1 bar, NaCl=1 wt. %. 
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6.3.2.1 Modeling the galvanic cell established between anode and cathode 
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Figure 76.  Scheme for galvanic cell established between bare anode and passive cathode. 

 

The galvanic cell between anode and cathode can now be modeled since the rates 

of the reactions on these surfaces are quantifiable.  The overall charge balance is 

established: oxidation currents from all the reactions on both surfaces (anode and 

cathode) are balanced by the overall reduction currents from the reactions, as shown in 

Figure 76.  The mixed potential obtained is the galvanic or coupled potential.  The 
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current flowing between the anode and cathode at the coupled potential is the galvanic 

current.  The localized corrosion current (rate) can be calculated if the area ratio of the 

passivated cathode and the actively corroding pit is known.  As shown schematically in 

Figure 76, the corrosion rate at the anode is accelerated after the galvanic cell is 

established. 

6.4 Experimental validation of the model 

The model was validated with the potentiodynamic polarization sweeps 

performed on a bare steel surface, passive surface and via artificial pit tests. 
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Figure 77.  Model prediction matches an example of experimental polarization curves on 
a bare steel surface at T=80 °C, pH 7.0, PCO2=0.53 bar, Ptotal=1 bar, NaCl=1 wt. %. 

 

An example of a potentiodynamic polarization sweep on a bare steel surface is 

shown in Figure 77.  Comparison of the experimental data and model prediction shows a 
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reasonable agreement for the purposes of the present model.  The deviation in the higher 

potential zone becomes severe as expected.  The surface tends to be passive at this high 

pH condition in experiments. 

Figure 78 shows a typical spontaneous passivation process.  At the beginning of 

the test, the coupon was immersed in the solution.  The open circuit potential was 

monitored and after a while a large change in the positive direction was observed without 

any external applied current or potential.  This is an indication of spontaneous steel 

surface passivation. 
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Figure 78.  Open circuit potential change for the case of spontaneous passivation at T=80 
°C, pH 7.8, NaCl=1 wt. %, PCO2=0.53 bar, Ptotal=1 bar, Fe2+

initial= 0 ppm. 
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Figure 79.  Comparison of model prediction and an experimental polarization curve on a 
passive steel surface at T=80 °C, pH 7.8, PCO2=0.53 bar, Ptotal=1 bar, NaCl=1 wt. %. 
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Figure 80.  Comparison of a spontaneous passivation potential between the model and 
experimental data at T=80 °C, NaCl=1 wt. %, PCO2=0.53bar, Ptotal=1bar, Fe2+

initial= 0 ppm. 
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After the surface was fully passivated, a potentiodynamic polarization sweep was 

conducted.  Experimental results and the model prediction are compared in Figure 79, 

where a good agreement is observed.  The predicted pH dependence of the spontaneous 

passivation potential is in good agreement with the experimental data, as shown in Figure 

80. 

 

 

Figure 81.  Open circuit potential (OCP) profile for spontaneous passivation on the 
cathode at T=80 °C, pH 6.6, NaCl=1 wt %, PCO2=0.53 bar, Ptotal=1 bar, Fe2+

initial= 0 ppm. 

 

The galvanic cell model was validated by artificial pit tests.  The set-up and 

procedure for the artificial pit has been previously discussed.  The key idea behind the 

artificial pit test is that the cathode is initially spontaneously passivated, an example is 

shown in Figure 81.  Subsequently a fresh small steel anode is then introduced and serves 

as an anode.  Its open circuit potential is lower than that of the passivated cathode 
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surface.  The two surfaces are then connected by a zero resistance ammeter (ZRA) and 

the resulting current measured. 

The data obtained are shown in Figure 82 for a cathode to anode area ratio of 350.  

The coupled potential lies between the open circuit potential of the active anode and 

passive cathode. 

 

 

Figure 82.  Galvanic current density with respect to anode and coupled potential profiles 
after the anode and cathode were connected during artificial pit test at T=80 °C, pH 6.6, 
NaCl=1 wt. %, PCO2=0.53 bar, Ptotal=1 bar, Fe2+

initial= 0 ppm, area ratio=350. 

 

Figure 83 focuses on the galvanic current density with respect to the anode.  The 

experimental data shows that the galvanic current density varies within a range of 2–4 

A/m2.  The prediction from the model is 7.6 A/m2, more than twice that experimentally 

observed.  This is considered acceptable for this early stage of the model development. A 

ratio of the localized corrosion rate to the uniform corrosion rate of the anode represents a 
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measure of the severity of localized corrosion propagation. Comparison between the 

experimental results and model prediction for the ratio are in good agreement, as shown 

in Figure 84.  A more detailed overview of the predictions is listed in Table 15 for this 

case. 

 

 

Figure 83.  Galvanic current density with respect to the anode comparison between model 
prediction and experimental data at T=80 °C, pH 6.6, NaCl=1 wt. %, PCO2=0.53 bar, 
Ptotal=1 bar, Fe2+

initial= 0 ppm, area ratio=350. 
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Figure 84.  Localized corrosion acceleration factor comparison between model and 
experimental data at T=80 °C, pH 6.6, NaCl=1 wt. %, PCO2=0.53 bar, Ptotal=1 bar, 
Fe2+

initial= 0 ppm, area ratio=350. 

 

Table 15.  Comparison compilation of the experimental data and model predictions 

 experiment model 

OCP cathode                                 / V -0.60 to -0.62 -0.60 

OCP anode                                   / V -0.69 to -0.70 -0.72 

Mixed potential                              / V -0.68 to -0.67 -0.69 

Increased potential of anode         / mV 20−30 23 

CRlocalized                                        /(mm/y) 2.2−4.4 7.6 

CRuniform                                         /(mm/y) 1.2 2.5 

Accelerating factor:  (CRlocalized/CRuniform) 1.8−3.7 3.0 
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Chapter 7:  Conclusions and future work suggestions 

7.1 Conclusions 

Localized CO2 corrosion mechanisms were investigated by artificial pit cell, 

potential dynamic polarization, cyclic polarization, spontaneous passivation, 

depassivation tests and surface analysis using SEM, EDX, XRD, GIXRD and TEM/EDX.  

Summarizing all the above acquired knowledge permits the development of a galvanic 

mechanism for localized corrosion as follows.   

• In the initial step, the ferrous carbonate scale is formed when its solubility 

limit is reached.   

• This can cause a higher pH beneath a compact ferrous carbonate scale 

compared with that of the bulk.   

• Consequently a magnetite (Fe3O4) passive film is locally formed, resulting 

in the potential increase.   

• If the iron carbonate scale is locally damaged, the passive film dissolves 

and the steel is locally depassivated, leading to the exposure of its bare 

surface to bulk solution.   

• The potential on the passivated surface is higher than that of the bare 

metal surface.  The corrosion on bare steel surface is accelerated due to a 

galvanic coupling with the surrounding iron carbonate covered surface. 
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7.2 Future research suggestions 

Localized CO2 corrosion is a complex process.  The research reported above 

uncovers just a tip of an iceberg.  More extensive studies will be invaluable.  Some ideas 

developed here can be referred to for future studies. 

 Pit geometry effects were studied under pure CO2 environments.  Although the 

effect could be observed, an improved controlled geometry design will be preferred.  

Only very simple single phase flow was considered in this research.  A more realistic 

well controlled flow needs to be introduced into the study.  Temperature effect were not 

investigated in this study, only 80°C was used.  Extension of pH range, especially toward 

lower pH, needs to be looked at.  Other environmental factors including H2S effect, 

organic acid effect and oxygen effect on galvanic mechanism could be systematically 

investigated.   

 Extended research on scale property relation to localized corrosion initiation and 

propagation definitely benefit deeper understanding of localized corrosion mechanisms.  

The growth mechanism and kinetics for passive film can be improved using advanced 

surface analysis.  A detailed study on passivation, environmental factors and water 

chemistry will improve the understanding of localized corrosion mechanisms. 

 A preliminary localized corrosion model was developed.  The pit geometry, IR 

drop, mass transfer, surface concentration calculation and effect of more corrosive 

species can be addressed in future studies.  Besides, more experimental data are needed to 

further validate this model.   
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7.3 Future development concepts:  “super artificial pit” design 

A “super artificial pit”, was intended for the future research in the middle or large 

scale tests.  The concept of the design has been developed as shown in Figure 85.  The 

big surface is the cathode.  The pit is a thin wire fixed in a holder.  The pit depth can be 

adjusted by a screw connection.  Four pits can be assembled in one unit.  The advantage 

of this design is that more area ratios and pit depth options can be configured rather easily 

and reproducibly.  The pit interaction can be investigated by connecting different pits 

during tests.  Several types of pit geometry can be configured in one test.  This design has 

great versatility.  It can be used in conjunction with various pieces of flow equipment. 

 

Cathode 

Pit 

Holder 

Depth 
controller 

4 pit 
assembly 

 

Figure 85.  Scheme for super artificial pit design. 
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