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A B S T R A C T

The mechanistic study of uniform CO2 corrosion in the pH range from 4 to 6 and CO2 partial pressures up to
15 bar showed that neither H2CO3 nor HCO3

− were reduced directly during the corrosion process to any ap-
preciable extent. The significant effect of these carbonate species on the corrosion process is through their
homogeneous dissociation insider the boundary layer. This mechanistic view was further quantitatively verified
using a comprehensive mathematical model, developed with hydrogen ion reduction as the sole cathodic re-
action while accounting for the effect of homogeneous chemical reactions, turbulent flow mixing, and non-ideal
solution properties.

1. Background

The mechanism of carbon dioxide (CO2) corrosion of mild steel has
been a controversial subject for decades, perhaps due to the complex-
ities arising from the presence of numerous chemically and (what was
assumed) electrochemically active species in an aqueous acidic CO2/
H2O system. In the conventional understanding, CO2 corrosion is a
result of a series of chemical reactions (Reactions (1)–(5)) and elec-
trochemical reactions (Reactions (6)–(10)). The chemical reactions are
associated with the CO2/H2O equilibria in acidic solutions. The com-
plexity of this chemical system alone has made it the subject of nu-
merous studies over many decades [1–8]. Upon dissolution in water
(Reaction (1)), the dissolved CO2 undergoes a series of chemical reac-
tions, starting with the hydration reaction to produce carbonic acid
(H2CO3). Carbonic acid, as a diprotic weak acid, is partially dissociated
to form hydrogen (H+) and bicarbonate (HCO3

−) ions, which further
dissociates to hydrogen ion and carbonate ion (CO3

2−), as shown by
Reactions (3) and (4). Water, present as the solvent, can also dissociate
according to Reaction (5).

CO CO2 2(g) (aq) (1)

+CO H O H CO2 2 (l) 2 3 (aq)(aq) (2)

+ +H CO HCO H2 3 3 (aq) (aq)(aq) (3)

+ +HCO CO H3 (aq) 3
2

(aq) (aq) (4)

+ +H O OH H2 (l) (aq) (aq) (5)

It was commonly believed that the electrochemistry of CO2 corro-
sion is an equally complicated system. While iron dissolution (oxidation
partial of Reaction (6)) is the main anodic reaction, the cathodic re-
actions (reduction partials of Reactions (7)–(10)) include the H+ re-
duction as well as the direct reduction of other weak acids present in
the system, e.g. H2CO3, HCO3

− and H2O.

++Fe 2e Fe2
(aq) (s) (6)

++H e 1
2H(aq) 2(g) (7)

+ +H O e OH 1
2 H2 (l) (aq) 2(g) (8)

+ +H CO e HCO 1 2 H2 3 3 (aq) 2(g)(aq) (9)

+ +HCO e CO 1
2 H3 (aq) 3

2
(aq) 2(g) (10)

This classic mechanistic view has evolved gradually from the 1970s
to the early 2000s. Some of the landmark studies are briefly reviewed in
the following, while a more comprehensive historical review of the
subject can be found elsewhere [9–11]. The earliest reports suggesting a
significant role for H2CO3 in CO2 corrosion are those published by de
Waard and Milliams [12,13]. The authors argued that in CO2-saturated
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acidic solutions the direct reduction of H2CO3 is the dominant cathodic
reaction, and ignored other possible cathodic reactions including H+

reduction. The mechanism of cathodic reactions as suggested in that
study consists of the direct reduction of H2CO3, followed by the asso-
ciation reaction of HCO3

− with H+. While we now know that the
proposed mechanism by de Waard and Milliams [12,13] was a major
over-simplification, it is easy to trace how development of the me-
chanistic understanding of CO2 corrosion initiated with that seminal
study.

The significance of the chemical reactions in CO2/H2O system, in
particular the role of CO2 hydration reaction in defining the cathodic
limiting currents, was first recognized by Schmitt and Rothmann [14].
Considering the low equilibrium constant of the hydration reaction,
only a small fraction of dissolved CO2 reacts to form H2CO3. Therefore,
there is a large reservoir of dissolved CO2 available in the boundary
layer, that can replenish the concentration of H2CO3 through the hy-
dration reaction as it is consumed in the corrosion process. In fact, this
reaction is now known as a unique characteristic of CO2 corrosion that
differentiates it not only from corrosion in strong acid solutions but also
from the corrosion in the presence of other weak acids such as car-
boxylic acids and hydrogen sulfide.

CO2 corrosion as a complex but systematic interaction of chemical,
electrochemical, and mass transfer processes was first recognized in the
studies by Gray et al. [15,16]. Gray et al. used a mechanistic approach
to represent the reduction of H+ as well as the direct reduction of
H2CO3 and HCO3

−, while incorporating the effect of mass transfer and
CO2 hydration reaction occurring in the boundary layer. What can be
considered as the first (elementary) mechanistic model for analysis of
polarization data and corrosion rates in CO2 saturated solutions [11].

The final development in the classic mechanistic view of CO2 cor-
rosion, is the result of the introduction of more comprehensive math-
ematical models in the late 1990s and 2000s [17–20]. These models
allowed the chemical and electrochemical aspects of CO2 corrosion to
be coupled properly. It was only after this step that the significance of
the homogeneous dissociation reactions (Reactions (3) and (4)) in the
boundary layer were understood.

The introduction of the comprehensive mathematical models also
paved the way to what it can be called the modern mechanistic view to
CO2 corrosion. The quantitative analysis in these studies allowed the
observation of the (now well-understood) fact that the limiting currents
in CO2-saturated solutions can be properly quantified without con-
sidering the direct reduction of H2CO3 [17–20]. That is via a parallel
reaction pathway to direct reduction of H2CO3 through homogeneous
dissociation of H2CO3 (Reactions (3)), followed by the reduction of H+

at the metal surface. Considering that at the limiting current conditions
the increasing surface pH shifts the chemical equilibrium towards the
dissociation reaction, this parallel reaction sequence can be dominating
depending on reaction kinetics. This observation is of great significance
as it questions the basis of the classical mechanistic view of CO2 cor-
rosion developed in earlier studies. For example, in the study by Gray
et al. [15,16] (and other similar models developed over the years
[21–24]), the mathematical model used to evaluate the reaction me-
chanism does not account for the dissociation reactions inside the
boundary layer, as described elsewhere [9,11]. Therefore, the limiting
currents could only be explained if H2CO3 (and HCO3

−) was considered
to be directly reduced at the metal surface. However, considering the
possibility of the parallel reaction pathway through the dissociation
reaction, the previous mechanistic arguments now appear to lack suf-
ficient evidence in their support. The latter mechanistic view suggests
that the limiting currents may behave similarly irrespective of whether
the weak acid is directly reduced or not, hence, the electrochemical
activity of H2CO3 needs to be re-evaluated by focusing on the behavior
of the charge transfer controlled cathodic currents. It can be hypothe-
sized that, at a fixed pH where the rate of H+ reduction is constant, if
the H2CO3 is electrochemically active the charge transfer controlled
current would increase in response to an increase in its concentration

(higher pCO2). Conversely, if H2CO3 is not significantly electroactive,
the charge transfer controlled currents would not be affected by the
concentration of this species.

At the same time, other studies focused on the electrochemical ac-
tivity of carboxylic acids in mild steel corrosion, were going through
similar mechanistic discussions [25–30]. Similarly to the case of H2CO3

reduction, acetic acid was also conventionally assumed to be directly
reduced in the corrosion process. However, in more recent studies there
is a consensus that the direct reduction of acetic acid is insignificant and
its main contribution is through homogeneous dissociation inside the
boundary layer that buffers the surface concentration of H+ [25–28].
The similarity between the case of acetic acid and the case of H2CO3

further indicates the need for a more in-depth mechanistic investigation
of CO2 corrosion mechanisms.

The discussion on the significance of H2CO3 reduction in CO2 cor-
rosion can be traced back to the study by Linter and Burstein [31].
However, the subject gained more attention only in more recent years
[32–35]. A detailed review of the earlier studies, the validity of the
experimental conditions and corresponding mechanistic arguments, as
well as the persisting knowledge gap can be found in the previous
publications [9–11,34,35]. Our earlier studies [35–38] were aimed to
address such persisting deficiencies in the mechanistic arguments on
the significance of H2CO3 reduction. The experiments in these studies
were performed using a thin channel flow cell at high flow velocities
and CO2 partial pressures up to 5 bar and pH values up to 5. The re-
ported experimental data, particularly those obtained at 10 °C, showed
the charge transfer controlled currents in an extended range of poten-
tials on X65 mild steel. This range of current densities was found to
remain unaffected by pCO2 ranging from 0 to 5 bar at pH values up to 5,
hence, the direct reduction of H2CO3 was shown to be insignificant on
mild steel surface in that range. This mechanism was incorporated in a
comprehensive mathematical model in order to provide further quan-
titative evidence for this mechanistic view [35]. The agreement of the
results from the model, both in the cathodic charge transfer controlled
range and in the limiting current range, was considered as further
evidence that the direct reduction of H2CO3 is not significant in CO2

corrosion of mild steel. As expected, the presence of H2CO3 only in-
creased the magnitude of the limiting current as a result of homo-
geneous H2CO3 dissociation and CO2 hydration in the vicinity of the
metal surface. The reported experimental corrosion rates as a function
of pCO2 were found to agree well with those calculated by using a
model based on this mechanistic view [35]. It was shown that when the
cathodic currents are under charge transfer control, increasing the
partial pressure of CO2 has no significant effect on corrosion rates,
whereas, when the corrosion rates were under the influence of the
limiting current, increasing the pCO2 increased the corrosion rates al-
most linearly.

It is important to realize that the significance of the electrochemical
activity of H2CO3 or any other weak acid is always relative to that of
H+ reduction. Since the latter reaction is always occurring in acidic
solutions, it cannot be stated with absolute certainty that H2CO3 (or for
that matter any other weak acids) is not electrochemically active in all
conditions. The word “insignificant” – that used here to describe the
electrochemical activity of H2CO3 – is as compared to the rate of H+

reduction and it is always bound to the conditions of a particular study.
As a relative measure, the ratio of H2CO3 to H+ concentrations can be
used to quantify the validity range of such mechanistic conclusions. The
case of direct reduction of H2CO3 has been studied previously
[32–36,39,40], for the particular case of mild steel surface the existing
data in the literature covers [H2CO3]/[H+] ratio of up to about 30 in
some recent studies [34,35,37]. However, the industrial application
could commonly encounter conditions with significantly larger values,
especially at higher pH values with elevated CO2 partial pressures e.g.
at pH 6 even at 1 bar CO2 the [H2CO3]/[H+] ratio is about 50.
Therefore, there is a need to prove the validity of such a mechanistic
argument over an extended range of conditions, so that it can be used
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with reasonable certainty to describe the corrosion process in a broad
range of conditions seen in various applications.

The role of bicarbonate ion is another key aspect of CO2 corrosion of
mild steel. The classic mechanistic view of CO2 corrosion assumes that
HCO3

− is also electrochemically active and can be directly reduced
during the corrosion process via reaction (10) [10,11,16,22,41,42].
This reaction was believed to be significant in the near neutral and
mildly alkaline pH range. Considering the recent developments in me-
chanistic understandings of CO2 corrosion, the significance of HCO3

−

reduction can also be questioned. Similar to the case of H2CO3, argu-
ments on the ability of HCO3

− to buffer the H+ concentration can be
presented. Nonetheless, the experimental and quantitative analysis of
the mechanism of HCO3- contribution to cathodic current is an open
subject, which we attempt to address in the present study.

The present investigation expands on previous studies [35–38] both
in terms of the range of the experimental conditions and mathematical
modeling of CO2 corrosion of mild steel. In the present study, the ex-
periments were conducted in a high-pressure thin channel flow cell in
order to allow for relatively high pCO2 and high flow velocities. The
conditions cover the pCO2 range from 1 to 15 bar, velocities up to
4.4 m/s, and the pH range 4–6. That range of parameters can be con-
sidered a reasonable representative of a great majority of the corrosion
conditions as seen in the oil and gas transmission pipelines, and it
covers the [H2CO3]/[H+] ratio of up to about 700. The experiments at
higher pH and pCO2 also provides an opportunity to investigate the
effect and the mechanism of HCO3

− contribution to cathodic currents.
The comprehensive mathematical models can be seen as accurate

corrosion rate predictive tools [9,11,27,35], and effective means for
mechanistic analysis of the experimental data as well as quantitative
evaluation of the physicochemical constants. The discussion of the
electrochemical activity of weak acids (including H2CO3 and HCO3

−)
do not impose any technical difficulties on comprehensive mathema-
tical models. The same modeling approach can be used to simulate the
polarization behavior and corrosion rates, with the difference being in
the electrochemical reactions assumed at the metal surface boundary.
Nonetheless, the relevant physicochemical parameters needs to be re-
evaluated to be consistent with the incorporated mechanistic view
[27,35].

As compared to the models developed previously based on the direct
H2CO3 and HCO3

− reduction reaction [9,11,19,43,44], both of which
are now shown to be insignificant as discussed in the following sections,
the accuracy of the models based on buffering effect mechanism is di-
rectly tied to the accuracy of the kinetic and thermodynamic re-
presentation of the homogeneous chemical reactions. As it is shown in a
recent study [40], the polarization response of a system with “buffering
effect” as the governing mechanism (no direct weak acid reduction) is
dramatically influence by the kinetics and thermodynamics of the weak

acid dissociation reaction. Therefore, the accuracy of the predicted
corrosion rates and polarization curves are critically tied to accuracy of
the rate of chemical reactions at the bulk and inside the boundary layer.
In particular, when attempting to discuss CO2 corrosion or predict its
rate in near neutral pH values (e.g. pH 6) specially at elevated pCO2, the
high concentration of dissolved ionic species leads to a significant de-
parture of the activity coefficients from unity, hence, the ideal solution
assumption used in previous models [19,35,45,46] is no longer valid.
The solution non-idealities affect almost all aspects of corrosion, in-
cluding mass transfer and charge transfer processes as well as the ki-
netics and the thermodynamics of the homogeneous chemical reactions.
In that case, the model needs to incorporate the effect of non-ideal
solution properties to reasonably and accurately represent the system.

In the present study, the water chemistry calculation and the kinetic
rate constants of the chemical reactions associated with H2O/CO2

system is reviewed in detail to address such concerns. When necessary
the physicochemical parameters were obtained based on the experi-
mental data and the existing literature. The mathematical model in the
present study is also extended to cover the moderately concentrated
solutions range to represent the non-idealities of the system. The water
chemistry calculations, as it concerns CO2 corrosion, are framed in term
of activities of the species using Pitzer’s specific interaction model.
Furthermore, the electrochemical model was coupled with a Pitzer’s
model in order to incorporate the effect of variable non-idealities inside
the boundary layer into the transfer processes as well as the homo-
geneous chemical reaction and ultimately corrosion rate calculations.

2. Methodology

2.1. Experimental procedures

The experiments were carried out in the high-pressure thin channel
flow cell (HPTCFC) as depicted in Fig. 1. All the components of the
HPTCFC test apparatus are made of 316 L stainless steel. The experi-
mental setup consists of a mixing tank, also used for pH measurement
and pH adjustment, a heat exchanger used for temperature control, a
high-pressure pump, and the test section. The heat exchanger was
connected to an industrial chiller (AIR 3000 from Coolant Chillers Inc.)
in order to remove the heat generated by the pump and allow the ex-
periments to be conducted below room temperature. The temperature
was monitored using thermocouples placed inside the tank and the test
section. The test section (thin channel flow cell) with 76 cm flow length,
had a single-phase fluid flow through a 4.78 mm high, and 63.5 mm
wide channel. The pump (Leeson G131510.00 series with 7.5 hp)
output was adjusted to provide the required flow velocity, which was
measured using a turbine flow meter (Omega FTB-1308).

The typical experimental procedure started with filling the test

Fig. 1. Schematics of the high-pressure thin channel flow cell.
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apparatus with 50 L deionized water, followed by addition of 292 g of
NaCl, to make 0.1 M NaCl solution. The solution was then deox-
ygenated using pure CO2 gas flowed through a sparger installed at the
interior bottom of the tank. In order to ensure proper deoxygenation,
the gas outflow was monitored using an oxygen sensor (Orbisphere).
The maximum dissolved oxygen concentration at the end of the deox-
ygenation step was 2 ppbm throughout all experiments, achieved typi-
cally after about 2 h of continuous purging. In the experiments at ele-
vated pressures, after the deoxygenation step, the output gas flow was
shut off and the system was pressurized to the targeted value. The
pressure was monitored with a digital pressure gauge (Honeywell
FPG1Dl) with ± 0.1% accuracy. As a criterion that the system has
reached chemical equilibrium, constant pressure and pH readout over
30 min was used (usually achieved after about 4 h). The pH of the so-
lution was measured using a high-pressure glass pH probe (Corr
Instruments, Inc.). This procedure was followed by pH adjustment to
the target value by gradually injecting a deoxygenated, concentrated
NaOH solution into the tank. In a few cases where a large quantity of
sodium ions was required to achieve the targeted pH (e.g. 15 bar CO2 at
pH 6) the required amount of sodium was pre-calculated and added into
the solution in the form of sodium bicarbonate powder before the
deoxygenation step. All the chemicals used in the present study were
research grade (Fisher Scientific).

The test section in the present study allowed a three electrode ar-
rangement with an in-house built Ag/AgCl reference electrode mounted
into the cell lid across from the working electrode, as shown in Fig. 2,
and the channel body serving as the counter electrode. The working
electrodes were made of either API 5L X65 mild steel or 316L stainless
steel with the chemical composition shown in Table 1. The working
electrode assembly was made from a 316L stainless steel casing, with
the disk-shaped working electrode at the center. The working electrode
was isolated from the structure and the casing using an epoxy resin
(LOCTITE Stycast 2850FT). Prior to each measurement, the electrode
was abraded using 600 grit silicon carbide paper, rinsed and sonicated
in isopropanol alcohol, and dried using nitrogen gas. The electrode was
then flush mounted to the bottom of the test section just before in-
itiating the electrochemical measurement. The test section was im-
mediately purged with CO2 gas and pressurized to the same level as the
tank. The solution, prepared by the procedure described above, was
then introduced into the test section. The experimental conditions of
the present study are summarized in Table 2.

The electrochemical measurements for the API 5L X65 mild steel
electrode were done using a Gamry Reference 600 potentiostat in the
following order: (a) 15 min monitoring of the open circuit potential
(OCP), (b) linear polarization resistance (LPR) measurement, (c) 5 min
at OCP, (d) potentiodynamic measurement, (e) 5 min at OCP, (f) elec-
trochemical impedance spectroscopy (EIS) measurement. The OCP
measurements reached a steady potential within the first 15 min. The
LPR measurements were done using 0.125 mV s−1 scan rate and 1 s−1

sampling period at the potential range from −5 mV to +5 mV vs. OCP.
No significant change in OCP was observed after LPR measurements.
The steady state potentiodynamic measurements were done using
staircase voltammetry with a scan rate of 0.5 mV s−1 and sampling
period of 2 s−1. The catholic and anodic polarization curves were ob-
tained in separate experiments by scanning the potential from OCP
towards more negative and more positive potentials, respectively. The
EIS measurements, used to obtain the solution resistance, were con-
ducted at OCP with 5 mV AC voltage perturbation, at the frequency
range of 10 kHz to 0.2 Hz and 10 points/decade.

For the experiments on 316 L stainless steel, in order to avoid the
complications associated with evolution of a passive layer, the initial
OCP monitoring was minimized to 2 min. That step was followed by the
potentiodynamic measurement, 5 min at OCP, and the EIS measure-
ment. The other electrochemical measurement parameters were iden-
tical to those used for the X65 mild steel surface. A good reproducibility
of the potentiodynamic measurements and the absence of any un-
explained variations in the obtained polarization curves, was taken as
confirmation that the effects of any evolution of the passive layer was
circumvented.

2.2. The mathematical model

2.2.1. Water chemistry calculation
As the first step in any quantitative discussion of the polarization

curves and corrosion rate data, the solution speciation must be ob-
tained. That is essential to determine the concentration of the chemical
species, in order to establish their chemical and electrochemical con-
tributions to the overall corrosion process. The reactions associated
with the chemical equilibria of a H2O/CO2 system in an acidic solution
were shown above by Reactions (1) through (4). The solution speciation
can be obtained by finding the concentrations that satisfy all the
equilibrium expressions associated with these homogeneous chemical
reactions.

Carbon dioxide dissolution equilibrium, Reaction (1), can be
quantified in terms of a modified Henry’s law based on the
Kriechevsky–Kasarnovsky treatment [47], which has been frequently
used to assess CO2 solubility in water [6,48,49]:

=
f

a
H e

V
RT dPCO

CO
CO

( )
Pws

P m
2

2
2

,CO2

(11)

where on the left hand side, the numerator is the fugacity of CO2 (bar)
in the gas phase ( =f pCO CO CO2 2 2), and pCO2 is the partial pressure of
CO2 (bar), while the denominator is the activity of CO2 in the solution
( =a mCO CO CO2 2 2), and m is the molal concentration of CO2. It should
be noted that the water chemistry calculations in CO2/H2O systems
have been conventionally done using molal concentration basis, which
is followed here as well. In order to couple these calculations with the
electrochemical model that is conventionally developed by using the

Fig. 2. The schematics of the thin channel test section and electrode arrangement.
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molar based concentrations, unit conversion needs to be employed.
On the right hand side of Equation (11), HCO2 is the Henry’s constant

determined at saturation pressure of water, as shown below in Equation
(14), and the exponential term in Equation (11) is the so-called
Poynting pressure correction factor that essentially accounts for the
change of Henry’s constant with pressure. The integral domain in
Equation (11) is from water saturation pressure (Pws in Table 3) to the
total pressure of the system (in bar), suggesting that this parameter is
significant only at very high pressures. The partial molar volume of CO2

in the aqueous phase, Vm,CO2 in m3/mol, appearing in Equation (11) was
determined by Garcia et al. [50] and it is reworked to be expressed in
terms of Kelvin temperature as shown in Table 3. For a binary H2O/CO2

system, carbon dioxide partial pressure is =P P Ptot wsCO2 , with Ptot
being the total pressure of the system and Pws being the saturation
pressure of water (bar).

In the literature on the equilibrium and speciation of the CO2/H2O
system, it is customary to lump the concentration of the dissolved CO2

with H2CO3 to define = +C C CCO CO H CO
aq2( )

* 2(aq) 2 3(aq). Therefore, the
equilibria are discussed in terms of Reaction (12) and Reaction (13),
where H2CO3 is not explicitly considered.

CO CO2 2
*

g aq( ) ( ) (12)

+ + +CO H O HCO Hl aq aq2
*

2 ( ) 3 ( ) ( )aq( ) (13)

By incorporating the effect of the hydration step (Reaction (2)) and
H2CO3 into existing equilibrium constants based on CO2* (denoted by
asterisk in the discussion below) it can be shown that:

= =
+

=
+

H e
f
a

f
a a

f
a K(1 )

V
RT dP

hydCO
* ( ) CO

CO

CO

CO H CO

CO

CO
Pws

P m

2
*

,CO2 2

2
*

2

2 2 3

2

2

Hence:

= +H K H(1 )hydCO CO
*

2 2
* (14)

The H
CO
*

2
* term in Equation (14) is the Henry’s constant at water

saturation pressure on the basis of CO2* concentration, which can be
obtained using the expression developed by Li and Duan [51], shown in
Table 3.

The fugacity coefficient of CO2(g), CO2, required in Equation (11),
was calculated based on the empirical expression proposed by Duan
et al. [52] as shown in Table 3 and it is valid for pressures up to CO2

saturation pressure (P SCO2 in Table 7) when T < 305 K and, at

Table 1
Chemical composition of working electrodes in wt.%.

S Cu P V C Cr Mo Si Ni Mn Co Fe

X65 0.009 – 0.009 0.047 0.13 0.14 0.16 0.26 0.36 1.16 – Balance
SS 316L * 0.025 0.59 0.035 0.05 0.018 16.65 2.04 0.54 10.12 1.51 0.33 Balance

* Other elements with less than 0.1 wt.% concentrations: titanium, tin, tantalum, columbium, aluminum, boron, vanadium.

Table 2
Experimental conditions.

Test apparatus Thin channel flow, three electrode arrangement

Flow velocity 1.8 m s−1 to 5.5 m s−1

Materials API X65 5L Mild steel
316L stainless steel

Temperature 10 °C to 40 °C ( ± 0.5)
pH 3.0–6.0 ( ± 0.02)
pCO2 0 to 15 bar ( ± 0.1%)
Supporting electrolyte 0.1 M NaCl

Table 3
The parameters for CO2/H2O equilibrium calculation.*

Vm CO, 2 ** HCO2
*

* † [51] CO2 †† [52] Khyd ‡
This study (Appendix A)

Kca
* [6] ♮ Kbi

* [6] ♮ Kw [87] ♮♮ Pws [88] ♭

(cm3 mol−1) (bar m−1) (m) (m) (m2) (bar)

a1 1.3918 × 10 2 1.3000 × 10 1 1.0000 6.6330 × 10−2 2.3352 × 10 2 −1.5118 × 10 2 −4.0980 1.167 × 10 3

a2 −6.8622 × 10 -1 −1.3341 × 10 -2 4.7587 × 10 −3 9.5260 × 103 0.0000 −8.8700 × 10 -2 −3.2452 × 10 3 −7.242 × 10 5

a3 1.2873 × 10 −3 −5.5898 × 10 2 −3.3570 × 10 -6 – −1.1974 × 10 4 −1.3623 × 10 3 2.2362 −1.707 × 10 1

a4 −5.044 × 10 -7 −4.2258 × 10 5 0.0000 – 0.0000 0.0000 −3.984 × 10 7 1.202 × 10 5

a5 – – −1.3179 – −3.6506 × 10 1 2.7798 × 10 1 1.3957 × 10 1 −3.233 × 10 6

a6 – – −3.8389 × 10 -6 – −4.5080 × 10 2 −2.9515 × 10 1 8.5641 × 10 5 1.492 × 10 1

a7 – – 0.0000 – 2.1313 × 10 4 1.3890 × 10 3 – −4.823 × 10 3

a8 – – 2.2815 × 10 −3 – 6.7143 × 10 1 4.4196 – 4.051 × 10 5

a9 – – 0.0000 – 8.4000 × 10 −3 3.2000 × 10 −3 – −2.386 × 10 -1

a10 – – 0.0000 – −4.0150 × 10 -1 −1.6440 × 10 -1 – 6.502 × 10 2

a11 – – 0.0000 – −1.2000 × 10 -3 −5.0000 × 10 -4 – –

* The ai values are rounded to four digits after the decimal.
**. = + + +V a a T a T a Tm CO, 2 1 2 3

2
4

3

†. = + + +H a a Tln( )CO
a
T

a
T2

*
* 1 2

3 4
2

††. = + + + + + + +a a a T P a a T PCO
a
T

a
T

a
T2 1 2 3

4 5
150 6 7

8 2

‡. =K a ehyd
a
RT1

( 2 )

♮. = + + + + + + + + + +( ) ( )par a a T a T T T p pln( .) ln( ) ln ln ( )a
T

a
T

a
T

a
T

a
T

a
T

a
T

a
T s1 2
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2 5
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2
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2
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Ps = 1 if T < 373.15, Ps = Pws if T> 373.15.
♮♮. = + + + + + +( )K a alog( ) log(10 )w

a
T

a
T

a
T

a
T

a
T w1

2 3
2

4
3 5
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2

3

=
+

P 10ws
C
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2

( 2 4 )0.5

4
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T a

2
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2
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9
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305 < T (K) < 405 up to P= 75 + (T − 305) × 1.25 bar.
Following the dissolution step, the dissolved CO2 is involved in a

series of homogeneous reactions as shown via Reactions (2) through
(4). Using a generic notation, any reaction j, with nr reactants (R) and np
products (P) can be written in the form of:

= =
R P

m

n

m
n

n

n
1 1

r p

(15)

and the chemical equilibrium for this reaction can be expressed as:

= ==

=

a
a

k
k

Kn
n

P

m
n

R

f j

b j
j

1

1

,

,

p
n

r
m (16)

The mathematical relationships expressing CO2/H2O equilibria ex-
pressed in terms of chemical activity of the involved species are listed in
Table 4, where: =a mi i i.

Similar to the case for Henry’s constant, the equilibrium constant of
H2CO3 dissociation reaction is commonly reported in terms of CO2*
(Reaction (13)), which is a combined parameter that includes the
equilibrium constant of both CO2 hydration and H2CO3 dissociation
reactions. A simple mathematical manipulation based on the definition
of equilibrium constants reveals the relationship between KCa

* , Khyd,
and KCa, where KCa

* , is the equilibrium constant of Reaction (13), and
KCa is the true dissociation constant of H2CO3 as shown via Reaction
(3):

= =
+

=
+

+ + +
K

a a
a

a a
a a

a a
a (1 )

H

K
Ca
* HCO

CO

HCO H

CO H CO

HCO H

H CO 1
aq aq

aq

aq aq

aq aq

aq aq

aq hyd

3 ( ) ( )

2( )
*

3 ( ) ( )

2( ) 2 3( )

3 ( ) ( )

2 3( )

Hence:

= +K K K(1 1 )hydCa Ca
*

(17)

Equation (17) shows that the known value of either KCa or Khyd
alongside with the known KCa

* can be used to obtain the third parameter
Considering the uncertainties in the reported values of Khyd in the

literature, this parameter is re-evaluated in the present study (Table 3)
as discussed in Appendix A. The temperature-pressure dependence re-
lationships developed by Li and Duan [6,51], describing the equili-
brium constant of H2CO3 dissociation on the basis of CO2* concentra-
tion (KCa*) and HCO3

− dissociation equilibrium constant (Kbi), was
used in the present study and is shown in Table 3. The water dis-
sociation equilibrium, Reaction (5), is mathematically described as
shown in Table 4, where Kw is the equilibrium constant (shown in
Table 3) and aH O2 is the activity of water that can be assumed to be
unity in ideal solutions.

In addition to the above-mentioned mathematical expressions that
represent the CO2/H2O equilibria, in the absence of an electric field the
concentration of ions must also satisfy the charge balance as shown by
Equation (18). The equation is commonly known as the electro-

neutrality constraint and is of fundamental importance in defining the
solution speciation in the presence of ionic species.

=z m 0
i

i i
(18)

Additional cations and anions in the solution may alter the specia-
tion from the “natural” state of a pure H2O/CO2 system. This can be due
to the change in activity coefficients in the presence of a significant
amount of a dissolved species. The effect of neutral salts such as
chloride salts (e.g. NaCl, KCl) on the solution speciation is an example
of such a scenario. In addition to the effect on activity coefficients, the
presence of ions may change the speciation by altering the charge
balance in the solution, as described by the electroneutrality equation.
This is the case when the additional species include an ion that is in-
volved in the chemical equilibrium of the system, coupled with a
“conserved” ion. The conserved ions (e.g. Na+, Ca2+, Cl−) are not in-
volved in chemical equilibrium of H2O/CO2 system and their con-
centration is not directly affected by the environmental conditions,
pCO2 and the solution pH. Such chemical compounds can be grouped as
either acids (e.g. hydrochloric acid), bases (e.g. sodium hydroxide), or
acidic/alkaline salts (e.g. carbonate, and bicarbonate salts). As a gen-
eric rule, the concentration of the ions involved in the chemical equi-
libria are bound to compensate for any charge imbalance (C.I. in the
following text) of the conserved ions.

2.2.1.1. Non-ideal aqueous phase. In dilute solutions, it can be assumed
that activity coefficients are close to unity, however, as the
concentration of dissolved species increases, this assumption may
result in significant miscalculation of the equilibrium speciation. In
the present study, the activity coefficients are obtained using the well-
known Pitzer’s specific interaction equations. This approach is
commonplace in calculation of activity coefficients of complex
electrolytes with high ionic strength and has been used extensively
for H2O/CO2 systems containing various ionic species. Based on Pitzer’s
equations, the activity coefficients of cations (M), anions (X), and
neutral species (N) can be calculated via Equations (19)–(21),
respectively. In these equations the molality of species is denoted by
m, with subscripts c and a corresponding to cations and anions,
respectively, and z denoting the charge of any given ion.

= + + + +

+ + +

= = =

= = + = = =

ln z F m B ZC m m

m m z m m C m

( ) (2 ) (2 )

| | 2

M M
a

N

a Ma Ma
c

N

c Mc
a

N

a Mca

a

N

a a

N

a a aa M M
c

N

a

N

c a ca
n

N

n nM

2

1 1 1

1

1

1 1 1 1

a c a

a a c a n

'
' '

(19)

= + + + +

+ + +

= = =

= = + = = =

ln z F m B ZC m m

m m z m m C m

( ) (2 ) (2 )

| | 2

X X
c

N

c cX cX
a

N

a Xa
c

N

c Xac

c

N

c c

N

c c cc X X
c

N

a

N

c a ca
n

N

n nX

2

1 1 1

1

1

1 1 1 1

c a c

c c c a n

'
' '

(20)

= + + +
= = = = =

ln m m m m m( ) 2 2 2N
n

N

n Nn
c

N

c Nc
a

N

a Na
c

N

a

N

c a Nca
1 1 1 1 1

n c a c a

(21)

Furthermore, the activity of water, as the solvent, is defined via:

=a
MW

mln( )
1000H O

H O

i
i2

2

(22)

with molecular weight of water, =MW 18.015H O2 , and the osmotic
pressure (φ) obtained through Equation (23):

Table 4
Equilibrium relationships for the CO2/H2O system in acidic and alkaline en-
vironments.

Reaction (2)
= K

aH CO aq
aCO aq aH O hyd

2 3( )

2( ) 2

(67)

Reaction (3)
=

+
K

aHCO aq aH aq
aH CO aq

ca
3 ( ) ( )

2 3( )

(68)

Reaction (4)
=

+
K

aCO aq
aH aq

aHCO aq
bi

3
2

( ) ( )

3 ( )

(69)

Reaction (5)
=

+
K

aOH aq aH aq
aH O

w
( ) ( )

2

(70)

Reaction (41)
= ×K K K/

aHCO aq
aCO aq aOH aq

ca hyd w
3 ( )

2( ) ( )

(71)

Reaction (42)
= K K/

aCO aq
aH O

aHCO aq aOH aq
bi w

3
2

( ) 2

3 ( ) ( )

(72)
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=
+

+

+ +

+ + +

+ +

= =

= = + =

= = + = = =

= = = = =

m
A I

b I
m m B ZC

m m m

m m m m m

m m m m m

( 1) 2
1

( )
i i c

N

a

N

c a ca ca

c

N

c c

N

c c cc
a

N

a cc a

a

N

a a

N

a a aa
c

N

c aa c
n

N

a

N

n a na

n

N

c

N

n c nc
n

N

c

N

a

N

n c a nca

3
2

1 2 1 1

1

1

1 1

1

1

1 1 1 1

1 1 1 1 1

c a

c c a

a a c n a

n c n c a

'
' ' '

'
' ' '

(23)

The parameters F, and Z appearing in Equations (19), (20), and (23)
are defined as:

=
+

+ + +

+ +

= =

= = + = = +

( )F A I
b I b

b I m m B

m m m m

1
2 ln 1

c

N

a

N

c a ca

c

N

c c

N

c c cc
a

N

a a

N

a a aa

1 2

1
2

1
2

1 1

'

1

1

1

'

1

1

1

'

c a

c c a a

'
'

'
'

(24)

=Z z m| |
i

i i
(25)

where Aφ is one third of the Dubye–Huckel limiting slope with value of
0.392 at 25 °C. Aφ is discussed in detail by Pitzer [53] and it was shown
to have a −3/2 order temperature dependence, hence:

=A
T

0.392 298.15
3

2

(26)

The parameter B appearing in Equations (19) and (20), Bφ in
Equation (23), and B’ in Equation (24), are the second virial coefficients
representing the interaction of opposite charge ions, which are obtained
via the following ionic strength (I) dependent relationships:

= + +B e eMX MX MX
a I

MX
I(0) (1) (2) 12MX (27)

= + +B g a I g I( ) (12 )MX MX MX MX MX
(0) (1) (2) (28)

= +B g a I I g I I( )/ (12 )/MX MX MX MX
' (1) ' (2) ' (29)

where β(0), β(1), and β(2) are the parameters obtained experimentally
(see Appendix B), =a 2.0MX when M or X is a univalent ion, or

=a 1.4MX when X and M are 2−2 or higher valance couple. The
functions g(x) and g’(x) are defined as:

= +g x x e x( ) 2(1 (1 ) )/x 2 (30)

= + +g x x x e x( ) 2 1 1
2

/x'
2

2

(31)

The second virial coefficients, Φ, Φ φ, and Φ’, appearing in Equations
(19), (20), (23), and (24), represent the interaction of same charged
ions, and they can be obtained via:

= + +E I I E I( ) ( )ij ij
'

ij ij (32)

= + E I( )ij ij ij (33)

= E I( )ij
' '

ij (34)

The value of ij is obtained experimentally (see Appendix B), and the
functions E ij and E ij are defined via Equations (35) and (36), respec-
tively.

=E
z z

I
J x J x J x

4
( ) 1

2
( ) 1

2
( )i j

ij ii jjij (35)

= +( ) ( )E E
I

z z
I x J x x J x x J x8 ( ) 1

2
( ) 1

2
( )i j ij ij ii ii jj jj

' 2 ' ' '
ij

ij

(36)

The value of the function J, and its derivative J’=dJ/dx, were
evaluated by Pitzer [53] and shown to be reasonably represented with
the empirical Equation (37), with C1=4.581, C2 = 0.7237,
C3 = 0.0120, C4 = 0.528.

= +J x C x C x[4 exp( )]C C
1 3

12 4 (37)

The second virial coefficients, λni, appearing in equations (19), (20),
(21), and (23), represent the interaction of a neutral species, and it is
obtained experimentally similar to parameters θ and β (see Appendix
B).

The parameters C, ψ, ζ, appearing in Equations (19), (20), (21), and
(23), are the third virial coefficients. CMX, representing the single
electrolyte interaction, can be obtained via Equation (38):

=C C
z z2 | |MX MX

M X
0.5 (38)

The parameters, CMX , ψ, and ζ , are obtained experimentally. The
parameters of the second and third virial coefficients required for cal-
culation of the activity coefficients were extracted from the literature
and are listed in Appendix B.

2.2.1.2. Speciation calculation. The discussion in the previous section
lays out the relationships involved in water chemistry calculations,
including the equilibrium equations shown in Table 4, along with the
electroneutrality constraint and the mathematical relationships
required for calculation of activity coefficients. Depending on the
known parameters such as the fugacity of CO2 in the gas phase,
solution pH, etc. these equations can be arranged and solved to
obtain the solution speciation. These equations form a set of non-
linear, coupled algebraic equations that can be expressed using matrix
notation in the form of Equation (39), where [A] is a square coefficient
matrix, [C] is a vector of the unknown concentrations, and S is the
vector of the source terms. The unknown concentration vector ([C]) can
then be obtained by calculating the inverse coefficient matrix as shown
in Equation (40). In some cases, especially for solution speciation
calculation in non-ideal conditions where the coefficient matrix is
dependent on the unknown concentration of species iterative solution
schemes are required.

=[A]. [C] [S] (39)

=[C] [A] . [S]1 (40)

2.2.2. Chemical kinetics of the H2O/CO2 system
In internal pipeline corrosion, the solution speciation in the

boundary layer may deviate from that in the bulk, under the influence
of heterogeneous reactions at the metal surface. The heterogeneous
reactions include both the electrochemical reactions causing the metal
deterioration and the chemical reactions, such as corrosion product
layer formation. The concentration of the species at the metal surface
defines (in part) the rate of electrochemical reactions and, hence, it is
essential for determining the corrosion rate. Such calculations require
the explicit knowledge of the kinetics of the involved homogeneous
chemical reactions.

The homogeneous chemical reactions in the acidic CO2/H2O system
are listed above as Reactions (1) through (5). However, the hydro-
xylation reactions of the carbonate species as shown via Reactions (41)
and (42) may also become significant in near-neutral and alkaline en-
vironments. It is worthwhile to note that Reactions (41) and (42) are
the equivalents of Reactions (3) and (4) with addition of water dis-
sociation, hence, if the conditions of the equilibrium for those reactions
are satisfied, Reactions (41) and (42) are also at equilibrium. In other
words the relationships describing the equilibrium of Reactions (41)
and (42) are not independent equations from the set describing the CO2

speciation in acidic solutions. Hence, they are not included in equili-
brium water chemistry calculation. Nevertheless, these “alkaline”
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reactions can be of significance when it comes to the reaction kinetics
and are discussed in more detail in the following paragraphs.

+CO OH HCO2 (aq) 3 (aq)(aq) (41)

+ +HCO OH CO H O3 (aq) (aq) 3
2

(aq) 2 (l) (42)

The rate of production or consumption of each species can be cal-
culated by considering the forward and backward rates of all the
homogeneous reactions. The rate of each chemical reaction j involved
in the generic Reaction (43) can be calculated as shown in Equation
(44).

= =
C C

r

n

r
p

n

p
1 1

r p

(43)

=
= =

R k C k Cj f j
r

n

r b j
p

n

p,
1

,
1

r p

(44)

The reaction rate of chemical species i involved in the chemical
reactions can be summarized in a matrix format as shown in Equation
(45). Where the coefficient matrix has the size of i × j, i being the
number of chemical species and j being the number of chemical reac-
tions.

=

×

+

+

+

+

R
R

R
R
R
R

k a a k a
k a k a a
k a k a a

k a k a a
k a a k a

k a a k a a

1 0 0 0 1 0
0 1 1 1 0 0
1 1 0 0 0 0
0 1 1 0 1 1
0 0 1 0 0 1
0 0 0 1 1 1

CO

H

H CO

HCO

CO

OH

f hyd CO H O b hyd H CO

f ca H CO b ca H HCO

f bi HCO b bi H CO

f w H O b w H OH

f hyd OH CO OH b hyd OH HCO

f bi OH HCO OH b bi OH CO H O

, ,

, ,

, ,

, ,

, , , ,

, , , ,

aq

aq

aq

aq

aq

aq

2( )

( )

2 3( )

3( )

3( )
2

( )

2 2 2 3

2 3 3

3 3
2

2

2 3

3 3
2 2 (45)

The kinetic rate constants of the chemical reactions of CO2/H2O
system, used in Equation (45), are listed in Table 5. Eigen [54,55]
characterized the protonation reactions of bicarbonate, carbonate and
hydroxide ion as being “diffusion limited”, meaning that these reactions
are virtually instantaneous when the hydrogen ion and any of the these
anions are encountered. The value of 4.7 × 1010 (M−1 s−1) suggested
for bicarbonate protonation, and the pKa = 3.49 for H2CO3 dissocia-
tion, shows that the H2CO3 dissociation rate constant is of the order of
107 (s−1). Such a large kinetic rate constant suggests that the kinetics of
H2CO3 dissociation is not rate limiting in the typical conditions en-
countered in CO2 corrosion scenarios. On the other hand, water dis-
sociation with pKa of 14, and protonation rate constant of 1.4 × 1011

(M−1 s−1), has a kinetic rate constant of the order of 10−3 (s−1),

suggesting that this reaction is very slow. The rate constant for bi-
carbonate dissociation is determined to be 13.4 (s−−1) at 25 °C in the
present study (more details are given in Section 3.4), which places the
kinetics of this reaction in between the two above “extreme” cases: the
very slow water dissociation and the very fast H2CO3 dissociation. This
value suggests that the kinetics of bicarbonate dissociation reaction can
become the determining factor in corrosion rate prediction at certain
conditions. The authors were unable to find any experimental mea-
surements of this kinetic parameter in the literature for further con-
firmation of the values obtained in the present study. Nevertheless,
Zeebe and Wolf-Gladrow reported the theoretically estimated value of
5 × 10 (M−1 s−1) for carbonate ion protonation reaction rate constant,
which by considering the pKa of 10.32 for HCO3- [2] results in a dis-
sociation rate constant of 2.3 (s−1), what is about one order of mag-
nitude smaller than the value determined in the present study.

As noted above, Reactions (41) and (42) are significant only in near-
neutral and alkaline solutions. When discussing the homogeneous
chemical reaction kinetics these two reactions should be accounted for
as they may provide parallel pathways for consumption or production
of the involved chemical species.

The reaction of CO2 with OH− (Reaction (41)) occurs in parallel to
the CO2 hydration reaction. The rate constant for Reaction (41) has
been determined by Pinsent et al. [56] as noted in Table 5, and was
shown to agree reasonably well with the results obtained from other
independent studies [57,58]. At 25 °C the rate constant of the CO2

hydroxylation reaction is 8.04 × 103 (M−1 s−1). At the same condition,
the rate constant of CO2 hydration reaction is 3.33 × 10−2 (s−1). The
comparison of the rate of these reactions suggest that the “crossover”
occurs at pH 8.62, assuming an ideal solution:

=

= =

k c k c c

pH
k

k
14 log 8.62

f hyd CO f hyd OH CO OH

f hyd

f hyd OH

, , ,

,

, ,

2 2

This suggests that at pH values about 8 both reactions are of sig-
nificance and should be included in calculations. Note that while CO2

corrosion is generally defined in acidic solutions, such high pH values
can be reached in the vicinity of the metal surface when the cathodic
current is under mass transfer control specially when the bulk solution
has a pH ≥ 6.

The hydroxylation of HCO3
−, forward partial of Reaction (42), is

also categorized as “diffusion limited” [54], with the reaction rate of
6 × 109 (M−1 s−1) at 25 °C. The comparison of the rate of this reaction
with that of bicarbonate dissociation, shows that the “crossover” of the
rates of these two reactions is at ∼pH = 5, suggesting that these re-
actions are kinetically of equal significance at nearly all typical condi-
tions encountered in industrial CO2 corrosion scenarios.

=

= =

k c c k c

pH
k

k
14 log 5.12

f bi OH HCO OH f bi HCO

f bi OH

f bi

, , ,

, ,

,

3 3

2.2.3. Electrochemical reactions
The rate of electrochemical reactions at the metal surface were

expressed in the same fashion as discussed in our earlier study [35]. The
carbonic species are not considered to be electrochemically active as far
as the cathodic currents are concerned (neither H2CO3 nor HCO3

− re-
duction). Also, the water reduction reaction is not considered to be
significant in the vicinity of the corrosion potential, considering that it
occurs at an appreciable rate only at much more negative potentials.
The sole cathodic reaction in the present model is the H+ reduction,
with the rate expressed via Equation (46).

= + + +i Fk a ec H H
s m FE

RT0
( )H (46)

where ic is the cathodic current density in A m2, +aH
s is the surface

Table 5
Kinetic rate constants for reactions involved in CO2/H2O system. kf denotes the
reaction progress from left to right.

Reaction # Reaction rate constant Reference

(2) = ×k 4.86 10 e (s )b hyd, 12 ( 64485
R T ) 1 This study (Appendix A)

(3) = ×k M4.7 10 ( s )b ca, 10 1 1 [54]
(4) = ×k e2.03 10 (s )f bi R T, 7 ( 35269 ) 1 This study

(5) = ×k 1.12 10 (M s )b w, 11 1 1 [89]
(41) = ×k 4.2 10 e (M s )f hyd OH, , 13 ( 55438

R T ) 1 1 [56]

(42) = ×k 6 10 (M s )f bi OH, , 9 1 1 [54]
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activity of hydrogen ions, +mH is the apparent reaction order, and other
parameters have their common electrochemical meaning. The kinetic
parameters of the H+ reduction reaction were obtained by the best fit of
the model with the experimental data: = ×+k 2 10H0 8, =+m 0.5H ,

=+ 0.43H , as shown below in Section 3.
The rate of the iron oxidation reaction in the active dissolution,

transition, and pre-passivation ranges can be obtained as the combi-
nation of three different rate determining steps considering the surface
coverage by an intermediate species θ, according to Equations
(47)–(49), as discussed in details elsewhere [35]. This approach ac-
counts for the known change of the governing mechanism and the ki-
netics of iron dissolution from active dissolution to transition and pre-
passivation as a function of potential and pH. In comparison to earlier
methods where a discontinued set of kinetic parameters were used to
represent this change of mechanism at the vicinity of corrosion current
for various pH values [11,19], Equation (47) allows for a smooth
transition in-between the governing mechanisms. Furthermore, the
observed effect of the pCO2 on the kinetics of the iron dissolution at the
transition and pre-passivation ranges are accounted for in Equation
(47).

= + +i
i i

i( 1
(1 )

1
(1 )

)a
1 2

1
3 (47)

= +
+i Fk a a ea j j H

s m
CO
s m

FE
RT, 0,

( )H j CO j
j

,
2

2, (48)

=
+

+
+

+
+

K a a e

K a a e1
H
s m

CO
s m

H
s m

CO
s m

( )

( )

H CO
FE

RT

H CO
FE

RT

,
2

2,

,
2

2, (49)

The kinetic parameters for these reactions were also obtained based
on the best fit of the model to the experimental data as shown below:

= × = = =+a k m m q, 1: 4.0 10 ; 2.5 ; 0 ; 2.5H CO0,1
9

,1 ,1 12

= × = = =+a k m m q, 2: 1.0 10 ; 1 ; 0.5 ; 2H CO0,2
13

,2 ,2 22

= × = = =+a k m m q, 3: 08 10 ; 0.5; 0.5 ; 0.5H CO0,3
3

,3 ,3 32

= × = = =+K m m q: 5.0 10 ; 2.5 ; 0.5 ; 2.5H CO
13

, ,2

2.2.4. Mass conservation inside the boundary layer
The rate of electrochemical reactions and consequently the corro-

sion rate can only be determined accurately if the surface concentration
of the involved electroactive species is known. These values, in a
practical sense, are not directly measurable. Nevertheless, with a
known speciation in the bulk solution the values of the surface con-
centrations can be calculated by constructing a detailed account of their
transfer through the boundary layer.

The flux of chemical species inside the diffusion boundary layer can
be described by Equation (50). The mathematical model developed in
the present study considers the non-ideal solution properties in the
context of moderately dilute solutions, hence, the flux of species, Ni
(mol m−3 s−1), is expressed in terms of chemical potential as shown in
Equation (50).

= +N u C µ C vi i i i i (50)

where Ci is concentration (mol m−3), ui is mobility (m2 s−1 V−1), v (m
s−1) in the second term represents the convective flow due to the
movement of the bulk fluid, and μi (j mol−1) is the electrochemical
potential of the species, which can be expressed based on independent
“chemical” and “electrostatic” parts [59]:

= + +µ µ RT C Fzln( )i i i i i
0 (51)

where µi
0 is the standard chemical potential, and (V) is the potential

inside the solution. The combination of Equations (50) and (51), as-
suming that the Nernst-Einstein relationship (Di = RTui) holds, gives

the flux relationship for non-ideal condition in moderately dilute so-
lutions, yields:

= +N D C D C FD C z
RT

C vln( )i i i i i i
i i i

i (52)

In ideal solution conditions where γi approaches 1 the second term
in Equation (52) collapses to zero and the flux relationship of an in-
finitely diluted solution is recovered [59].

In Equation (52), the bulk movement of the fluid is accounted for by
the convective flow term (C vi ), where v describes the local velocity
within the boundary layer. However, in the turbulent flow regime seen
in most applications including the thin channel flow cell apparatus used
here, the dominant mass transfer mechanism is in the form of turbulent
mixing. The turbulent mixing can be assumed to be isotropic in the
diffusion boundary layer and decays as the solid wall is approached.
Due to its diffusion-like effect on species transport, it can be approxi-
mated by a diffusion equation, with a variable “eddy diffusivity” (De in
m2 s−1), being a function of the distance from the metal surface
[60,61]. Equation (52) can then be restated as following for turbulent
flow regime:

= +N D D C D C FD C z
RT

( ) ln( )i i e i i i i
i i i

(53)

The concentration of each chemical species for an elementary vo-
lume of the solution can be determined by using a mass conservation
law. The change in concentration of species i in a small control volume
of size Δx over a time interval of Δt is defined by the change in flux of
this species across control volume, and the source term arising from
consumption/production of this species by homogeneous chemical re-
actions, with a rate Ri (mol m−3 s−1). This is mathematically expressed
via the three-dimensional vector Equation (54):

= +C
t

N R.i
i i (54)

In the case of uniform corrosion, the components of Equation (53)
and Equation (54) in the two directions parallel to the metal surface are
not of any significance as there are no gradients of concentration in
those directions. Therefore, one ends up with a one-dimensional do-
main in the direction x normal to the metal surface, spreading
throughout the boundary layer, hence, Equation (53) and Equation (54)
can be simplified to scalar Equation (55) and Equation (56), respec-
tively.

= +N D D C
x

D C
x

z D FC
RT x

( )
ln( )

i i e
i

i i
i i i i

(55)

= + + + +C
t x

D D C
x x

D C
x x

z D FC
RT x

R( )
ln( )i

i e
i

i i
i i i i

i

(56)

The activity coefficient term appearing in Equation (56) was cal-
culated using Pitzer’s model as described in the previous section, based
on the local concentration of the chemical species. In order to do so, the
Pitzer model developed Water Chemistry Calculation section was cou-
pled with the electrochemical model discussed here.

The effect of homogeneous chemical reactions is expressed via Ri term
in Eq. (56), which is also significantly influenced by the non-ideal so-
lution properties. The term Ri, including the effect of activity coeffi-
cients, is calculated according to the discussion presented in the Water
Chemistry Calculation section. An accurate account of the homo-
geneous chemical reaction rates involved in the complex water chem-
istry of CO2 saturated solutions is essential for calculating the con-
centration of the chemical species inside the boundary layer and
particularly so at the metal surface. This is of significance, since the
dissociation reactions associated with weak acids such as H2CO3, car-
boxylic acids, and hydrogen sulfide may act as an additional source (or
sink) of the chemical species (e.g. hydrogen ion) as their concentrations
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depart from equilibrium values. For example, the buffering effect of
H2CO3 and HCO3

− on the electrochemical response of the system is
reflected by this term.

The effect of molecular diffusion induced by the concentration gra-
dient of the chemical species inside the boundary layer is accounted for
in the first terms of Equations (55) and (56). The diffusion coefficients
for the chemical species included in the present model can be found in
Table 6. The temperature dependence of the diffusion coefficient is
estimated based on the Einstein-Stocks relationship as shown in
Table 7.

The effect of turbulent flow accounted for by the eddy diffusivity in
Equations (55) and (56). The change of eddy diffusivity in the boundary
layer near the metal surface for a fully developed turbulent flow though
pipes and conduits can be expressed via Equation (57), as discussed in
more detail elsewhere [35,61].

=
+

+

+
D x

x
0.0007

[1 0.00405 ]
e

3

2 1 2 (57)

where is the kinematic viscosity (m2 s−1), and +x is the dimensionless
distance from the wall defined as:

=+ ( )
x

x
1 2w

(58)

Equation (57) is valid for fluids with Schmidt number of one or
greater, over x+ < 30, and is applicable for all turbulent boundary
layers when appropriate dimensionless parameters are used. The wall
shear stress, w in Pa, appearing in Equation (58) can be calculated as:

= C V1
2w f

2 (59)

where (kg m−3) is water density and V (m s-1) is the average water
velocity. The term Cf in Equation (59) is the flow geometry dependent
Fanning friction factor, which can be calculated based on the explicit
relationship reported by Swamee and Jain [62] for the Darcy friction
factor (Cd), considering Cd= 4Cf.

= +C
Re

0.25 log
3.7

5.74
d

D
0.9

2
eq

(60)

where (m) is the surface roughness (assumed to be negligible in the
present study). For the present case of thin channel flow, the Reynolds
number (Re = V Deq/ν ) was calculated based on the equivalent dia-
meter: Deq = 4A/P (m), with A and P being the cross-section area and
the interior perimeter of the thin channel, respectively. Equation (60) is
merely an explicit version of the well-known Colebrook–White corre-
lation [63].

The effect of electromigration on the flux of ionic species away/to-
wards the metal surface is accounted for by the third term of Equations
(55) and (56). While its contribution to the surface concentration of
electroactive species in the brines with high ionic strength is negligible,
in certain corrosion scenarios it cannot be neglected. For example, in
the case of corrosion in condensed water such as seen in Top of the Line
Corrosion (TLC) or corrosion inside “dry” gas lines, the liquid phase
does not include any significant amount of dissolved salts (e.g. NaCl).
The calculation of the electro-migration effect requires the potential
inside the boundary layer to be specified. This parameter can be ob-
tained by the aid of the electro-neutrality constraint as an additional
relationship (Equation (61)):

=z C 0
i

i i
(61)

2.2.5. Initial and boundary conditions
Since Equation (56) is a transient partial differential equation, the

initial and boundary conditions need to be defined. At the initial time
(t= 0) it can be assumed that the well mixed solution comes into
contact with the metal surface. Hence, the concentrations of all che-
mical species throughout the diffusion layer are constant, known va-
lues, defined by the chemical equilibria of the solution.

In the bulk solution (x = δ) the concentration of chemical species
remains unchanged at all times (t≥ 0). Therefore, for the bulk solution,
the boundary condition can be defined based on the known con-
centration of species being identical to the initial conditions.

The boundary condition at the metal/solution interface is based on
the known fluxes of species and includes all the electrochemical reac-
tion rate calculations. For an electroactive chemical species, the flux at
the metal/solution boundary is equal to the rate of the corresponding
electrochemical reactions. For an electroactive species i, involved in
electrochemical reaction j, the flux at the metal surface can be de-
scribed through equation (62):

==N
s i
n F

|i x
ij j

j
0

(62)

The negative sign in Equation (62) is due to a sign convention where
cathodic currents are presumed to be negative and anodic currents are
positive. Additionally, the reactants of an electrochemical reaction are
represented with a negative stoichiometric coefficient (sij) and the
products with a positive one.

For non-electroactive species, the flux at the metal surface is zero:

==N | 0i x 0 (63)

Equation (62) and Equation (63) can be applied to describe the flux
for all chemical species at the metal surface. The electric potential in-
side the solution may also be specified through the electroneutrality
constraint via Equation (61).

Considering the governing equations, the initial conditions, and the
boundary conditions discussed above, this system of equations is fully
specified if the potential at the metal surface (E) is known so that the
rate of electrochemical reactions can be calculated. That is a common
case in electroanalytical measurements (e.g. potentiodynamic sweeps)
where electrode potential is the controlled parameter. However, in
corrosion rate predictions: E = Ecor (corrosion potential) and is not

Table 6
Reference diffusion coefficients at 25 °C.

Species Diffusion coefficient in water × 109 (m2/s) Reference

CO2 1.92 [90]
H CO2 3 1.75 Estimated
HCO3 1.185 [91]
CO3

2 0.923 [91]
+H 9.312 [59]

OH 5.273 [91]
+Na 1.334 [59]

Cl 2.032 [59,91]
+Fe2 0.72 [59]

Table 7
Temperature dependence of the physiochemical properties.

Parameter Relationship Reference

Water density (kg/m3) = + T T753.596 1.87748 0.003562w
2 [19]

Water viscosity (cP)
= +µ µ 10ref

Tref T Tref T
T(

1.1709 ( ) 0.001827( )2

( 273.15) 89.93 )
[92]

= =T K µ cP293.15 , 1.002ref ref
Diffusion coefficient * =D Di i ref

T
Tref

µref
µ,

Saturation pressure of
CO2 (mm Hg)

= +Plog( ) 7.58828CO S T2
861.82

( 273.15) 271.883
[93]

* Reference values are listed in Table 6.
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known a priori. In that case, the charge conservation at the metal
surface can serve as an additional equation required to obtain E. All the
cathodic currents are balanced by the anodic currents, meaning that the
net current resulting from all j electrochemical reactions is equal to zero
(i.e. there is no externally “applied” current iapp). The charge con-
servation can be mathematically expressed as Equation (64).

= =i i0app
j

j
(64)

2.2.6. Mathematical methods
The mathematical equations as summarized in Table 8 form a set of

transient non-linear, coupled, partial differential equations that need to
be solved numerically. The solution here was obtained using a non-
uniform grid and the finite difference method based on Newman’s
“Band-J” open source code [59,64], similar to what is described in our

earlier studies [27,35,65].
In the present study, the electrochemical model as described above

was coupled with the water chemistry Pitzer model in order to include
the effect of non-ideal solutions in a computationally reasonable time.
The inputs of the model include the solution pH, NaCl concentration,
temperature, CO2 partial pressure, flow velocity, hydrodynamic char-
acteristic length, the number and size of spatial and temporal nodes,
and the potential range, if applicable. As the first step, the solution
speciation was obtained based on the water chemistry model. The re-
sults were used to specify the initial and the bulk boundary conditions
of the electrochemical model. Considering the non-linear equations in
the electrochemical model, and also in the coupled Pitzer model, the
solution was obtained using an iterative calculation approach. The
concentrations and activity coefficients for the bulk solution was used

as the first guess to solve the equations at the first temporal node and all
spatial nodes. The results were then used as input for the Pitzer model
to obtain a new set of local activity coefficients. The process was iter-
ated until convergence with a reasonable accuracy is achieved. At the
end of this process, the concentrations and the activity coefficients at all
spatial nodes were specified. Then the time was advanced, and the same
process repeated for the following time steps, using the last set of
concentrations and activity coefficients as the initial guess.

3. Results and discussion

3.1. Speciation calculation

Following the discussion in the water chemistry section the coeffi-
cient matrix can be developed as shown in Equation (65) to represent
the experimental conditions of the present study. Here Na+ and Cl− are
the only two conserved ions present in the solution and pCO2 and the
solution pH are known. In addition to that from a neutral salt i.e. NaCl
(cNaCl aq( )), these ions were also introduced in the solution as HCl, NaOH,
or NaHCO3, to adjust the solution pH. Here the parameter “C.I.” with
units of concentration is introduced to represent the Charge Imbalance
at the specified pH, which is assumed to be in the form of Na+ ions
here, i.e. the addition of NaOH or NaHCO3 into the solution. This
parameter is commonly referred to as “alkalinity” in practical appli-
cations. The parameter C.I. used herein is intended to maintain a gen-
erality in order to include the case where the specified pH is below that
of the natural H2O/CO2 system as well. In that case, C.I. represents the
Cl− ion, i.e. addition of HCl into the solution with a negative value.

If an ideal solution is assumed, all activity coefficients in Equation
(65) reduce to unity, and the solution can be readily obtained. For the
case of non-ideal solutions, the coefficient matrix ([A]) contains the
activity coefficients, which are functions of the unknown concentra-
tions. Therefore, an iterative calculation scheme is necessary, where a
first guess (e.g., the solution speciation with ideal solution assumption)
is used to obtain the activity coefficients and set up the coefficient
matrix. The solution speciation and the parameter “C.I.” is then ob-
tained by further iterations.

An example of the solution speciation and the activity coefficients
from such calculations are shown in Fig. 3. Fig. 3A demonstrates the
speciation of the carbonate species at 10 °C for CO2 partial pressures of
1 and 15 bar. At 1 bar CO2, the solution speciation for all species show a
nearly linear trend with pH, suggesting that the effect of non-idealities
is rather small. That is also seen on the calculated activity coefficients in
Fig. 3B, where the obtained values show only a small variation with pH.
On the other hand, at 15 bar CO2, the effect of non-ideal solution be-
comes significant at pH values about 6. That effect is readily observed
by the non-linear behavior in Fig. 3A. At the same time, the calculated
activity coefficients shown in Fig. 3B demonstrate a radical change in
the same pH range. It should be noted that the main cause of the non-
ideal behavior in the present discussion is the Na+ ions present in the
solution as represented by the calculated charge imbalance (C.I.) in

Table 8
Summary of equations used in the comprehensive mathematical model.

Electrode surface boundary

=N for all electroactive speciesi j
sij ij
njF

=N 0 for all n on electroactive speciesi
=z C 0i i i

= =i i0 for unknown electrode potential caseapp j j

Diffusion boundary layer

= + + + +( )( ) ( )D D D C R( )Ci
t x i e

Ci
x x i i

i
x x

ziDiFCi
RT x i

ln( )

=z C 0i i i

Bulk boundary and Initial condition

=C C for all speciesi i
b

= 0

=

+

+

+

K e
a K

K

K

f
c
c

c
c
c

c
c
c

C I

p

a K

c
c

1 0 0 0 0 0 0 0 0 0
0 0 0 0 0 0 0 0 0

1 0 0 0 0 0 0 0 0
0 0 0 0 0 0 0 0

0 0 0 10 0 0 0 0 0

0 0 0 0 10 0 0 0 0

0 0 0 0 0 0 10 0 0 0
0 0 1 0 1 2 1 1 1 0
0 0 0 0 0 0 0 1 0 0
0 0 0 0 0 0 0 0 1 1

.

. .
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0
0
0
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0
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CO H CO
Pws
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Fig. 3A. In these conditions, this parameter can be associated with the
concentration of NaOH or NaHCO3 required to reach each specific pH.

As shown in Fig. 3B, the effect of non-idealities is not the same for
all species; in some cases, even a trend reversal was observed. That is
one of the main properties unique to the Pitzer’s specific interaction
model, and it is not properly reflected in more simplistic approaches
like the Davies’ equation, based on the initial Debye–Hückel theory.
Additionally, such simplistic approaches suggest that the neutral spe-
cies are not affected significantly by the non-ideal solution, while the
calculation of the specific interactions showed that in the present case
the activity coefficient of the dissolved CO2 is increased by about two-
folds in the pH range considered here.

The solution speciation and activity coefficient calculations are
further verified as shown in Figs. 4 to 6. Fig. 4 shows the calculated pH
at various partial pressures of CO2 up to 60 bar. At such conditions, a
reasonable agreement with the experimentally measured values of
Meyssami et al. [66] was obtained, while at elevated pressures slight
deviations are observed.

The performance of the non-ideal water chemistry calculations is
further examined in the case of solutions containing a significant
amount of additional NaCl. Fig. 5 shows the variation in pH as a
function of pCO2 in the solutions containing 0.5 M NaCl, at 26 °C, 50 °C,
and 74 °C. The experimental data was taken from a study by Crolet and
Bonis [67], and found to reasonably agree with the calculated values.
The increasing trend of pH with increasing temperatures corresponds to
increasing values of CO2 Henry’s constant (reduced solubility i.e. de-
gassing) as well as increased dissociation equilibrium constants.

The effect of NaCl concentration is further examined in Fig. 6. While
at low NaCl concentrations the solution pH was predicted with a fairly
good accuracy, at higher salt concentrations the agreement is declined,

Fig. 3. The water chemistry calculation at 10 °C and 0.1 M NaCl at pCO2 of
1 bar (solid lines) and 15 bar (dashed lines). (A) The calculated concentration of
carbonate species and the charge imbalance (C.I.) as a function of pH. (B) The
calculated activity coefficients as a function of pH on both horizontal axes.

Fig. 4. The comparison of the calculated solution pH under pure CO2 atmo-
sphere with the experimental data.

Fig. 5. The change in pH as a function of pCO2 for a 0.5 M NaCl solution at
26 °C (purple × marks), 50 °C (blue diamonds), and 74 °C (green circles). The
lines represent the calculated values, and the points are the experimental data
taken from Crolet and Bonis [67]. (For interpretation of the references to colour
in this figure legend, the reader is referred to the web version of this article.)

Fig. 6. The effect of NaCl concentration on the solution pH, at 25 °C, 1 bar CO2.
The solid line shows the calculated values, and the open circles show the ex-
perimental data taken from Crolet and Bonis [67].
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e.g. at 3.5 M NaCl the predicted solution pH was about 0.1 pH units
higher that the values reported experimentally [67]. Nonetheless, the
predicted values do reflect the observed trend of pH and can be con-
sidered a significant improvement as compared to the case where the
effect of non-idealities is ignored (pH at infinite dilution).

3.2. Effect of pCO2 and pH on polarization behavior of the system

The polarization behavior in CO2-saturated mildly acidic solutions
was experimentally investigated on 316 L stainless steel and then on
API 5 L X65 mild steel surfaces. The experiments were done in the pH
range of 4–6 at CO2 partial pressures from 1 to 15 bar. Based on the
findings reported in our earlier studies [35–38], the present experi-
ments were conducted mostly at 10 °C, in order to properly investigate
the charge transfer mechanisms of the electrochemical reactions. The
effect of temperature is addressed in a separate set of experiments, as
discussed in more detail in the following sections.

The cathodic polarization curves obtained on the 316 L stainless
steel surface are shown in Fig. 7. The polarization curves reported here
all consist of a linearly increasing currents in low current density range,
followed by the mass transfer limiting current, and a secondary linearly
increasing current range at more negative potentials, associated with
the reduction of water. Nevertheless, at pH 6, these characteristic be-
haviors are not as easily distinguishable due to the smaller “gap” be-
tween the H+ reduction line and the water reduction line.

The first linear section of the polarization curve in low current
density range is of particular interest in the present discussion, as it
represents the charge transfer controlled cathodic current density,
governing the corrosion current. The reported polarization curves for
increasing pCO2 values clearly show that, at a given pH, the cathodic
currents in that range are insensitive to pCO2. Considering the hy-
pothesis presented earlier in the text, this observation indicates that
H2CO3 is not a significant electro-active species and that the cathodic
currents are only the result of H+ reduction. Moreover, the results
obtained at pH 6 and 15 bar CO2, where the concentration of H2CO3 is
700 times higher than that of H+ (see Fig. 3A), suggest that the H+

reduction reaction is still the dominating cathodic reaction. This ob-
servation is found to agree well with those reported in earlier studies
[33,36], suggesting that H2CO3 is not directly reduced on the stainless
steel surface.

The limiting current densities are, on the other hand, significantly
influenced by pCO2, as expected. The presence of H2CO3 is known to
increase the limiting current via two processes:

• H2CO3 as a weak acid with a relatively high equilibrium constant
(pKa = 3.5) and fast kinetics of dissociation (k= 108 s−1), is an
effective buffer. H2CO3 readily dissociates as the surface pH is in-
creased in limiting current range of potentials, in order to maintain
the chemical equilibrium. The dissociation reaction acts as an ad-
ditional source of H+ ions inside the boundary layer, and therefore
results in increased limiting current densities.

• H2CO3 is also involved in the CO2 hydration equilibrium. In that
sense, the concentration of H2CO3 itself is also buffered by the dis-
solved CO2 hydration reaction. Unlike H2CO3 dissociation, the dis-
solved CO2 hydration reaction is limited by slow reaction kinetics.

The linear range of current densities observed at potentials more
negative than those where the limiting currents are seen, are associated
with the water reduction reaction, and show some variation with pCO2.
As is apparent from Fig. 7, this effect is more pronounced as the bulk pH
is increased. Similar behavior was also reported previously in CO2-sa-
turated solutions as well as in solutions containing acetic acid [27,31].

That can be associated with secondary effects related to CO2(aq) or other
carbonate species interacting with the surface (e.g., via adsorption)
and/or to the extreme surface pH values that are reached at such ne-
gative potentials. However, the exact mechanism behind this behavior
is not clearly understood.

The polarization behavior of the API 5L X65 mild steel in CO2-sa-
turated solutions in the pH range from 4–6 and pCO2 from 1 to 15 bar is
shown alongside with the simulated polarization curves in Fig. 8. At pH
4, the cathodic polarization curves show the charge transfer controlled

Fig. 7. The steady state cathodic polarization curves obtained on 316L stainless
steel at 10 °C, 0.1 M NaCl, 4.4 m s−1 flow velocity, at pCO2 of 1, 5, and 15 bar.
(A) pH 4. (B) pH 5. (C) pH 6. The error bars show the standard deviation for at
least three repeated experiments.
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cathodic currents over an extended range as seen in Fig. 8A. Increasing
the pCO2 from 1 to 15 bar did not result in any appreciable change in
the current densities across that range. This was found to be in agree-
ment with results observed on the stainless steel surface shown in Fig. 7
and those reported earlier [35–37].

The anodic polarization curves at pH 4 (Fig. 8A) demonstrate a
linearly increasing range at the potentials just above the OCP, which is
associated with the active dissolution range of the iron oxidation re-
action. At even higher potentials, an abrupt increase of the Tafel slope
was observed. This range of current densities is categorized as the

transition range, which is expected to be followed by another linear
range of current densities observed in the pre-passivation range
[38,68]. Similar behavior was reported previously for iron dissolution
during mild steel corrosion in CO2-saturated solutions [38]. In the re-
sults reported here, the electrochemical response in the active dis-
solution range was insensitive to pCO2, while a significant influence of
pCO2 on the magnitude of the current maximum in the transition range
was observed. The pre-passivation range was not observed clearly in the
experimental data obtained at this condition due to practical mea-
surement limitations at those higher current densities. The observed
behavior of the anodic polarization curve was in reasonable agreement
with that reported previously [31,38].

The polarization data obtained at pH 5 (Fig. 8B) were found to be in
general agreement with those at pH 4 (Fig. 8A) except at 1 bar CO2. In
this condition, the cathodic currents were to some degree under mass
transfer influence, which resulted in an increase of the surface pH in the
vicinity of OCP. These changes in the surface pH at and above the OCP
lead to small deviations of anodic currents in the active dissolution
range from the expected behavior. The charge transfer controlled
cathodic currents observed at 5 bar and 15 bar CO2 did not show any
influence that could be associated with the direct reduction of H2CO3.
The significant influence of pCO2 on the anodic current maximum of the
transition range was observed at pH 5, similar to that seen at pH 4.

The simulated polarization curves were found to agree well with the
experimental data at both pH 4 and pH 5 as shown in Fig. 8. The model
was found to be able to capture all mechanistic features of this elec-
trochemical system. The cathodic polarization curves, including the
limiting current and charge transfer controlled range, were successfully
predicted without considering the direct reduction of H2CO3. This
agreement is a further verification of the new mechanistic arguments
about the mechanism of cathodic currents. At the same time, the anodic
dissolution in the active range as well as the transition and the pre-
passivation ranges, including their dependence on pCO2, was predicted
with a fairly reasonable accuracy. Some deviations were expected due
to the simplified approach used to quantify such a complex reaction.
This extends the range of validity of the incorporated model of iron
dissolution to pCO2 as high as 15 bar.

At pH 6, the polarization data showed somewhat a different char-
acteristic behavior, as shown in Fig. 8C. At pH 4 and pH 5, a single

Fig. 8. The comparison of the simulated (solid lines) and the experimental
(points with dashed lines) polarization curves obtained on API 5L X65 mild
steel at 10 °C, 0.1 M NaCl, 4.4 m s−1 flow velocity, at pCO2 of 1, 5, and 15 bar.
(A) pH 4. (B) pH 5. (C) pH 6. The error bars show the standard deviation of at
least three repeated experiments.

Fig. 9. The illustration of the calculated surface activity of CO2, H2CO3, and
HCO3

− versus the calculated surface pH, on primary vertical axis, and the
current density on the secondary vertical axis (as a function of surface pH).
Conditions: pH 6, 5 bar CO2, 10 °C, 4.4 m s−1 TCFC flow.

A. Kahyarian and S. Nesic Corrosion Science 173 (2020) 108719

14



limiting current was observed at about −0.6 V (vs. SHE). The magni-
tude of the first limiting current observed at pH 6 was found to be close
to the limiting current at pH 4 and pH 5. Considering the high pCO2 (in
the case of 5 and 15 bar) and the high flow velocity, pH effect on the
limiting current density is expected to be small. Therefore, the first
limiting current observed at pH 6 can be associated with the same
process – H+ reduction buffered by the H2CO3 dissociation reaction.

At 1 bar CO2, the cathodic current range is greatly influenced by the
limiting current. However, at 5 bar and 15 bar CO2 the linear range of
cathodic currents just below the OCP and before the first limiting cur-
rent indicates a charge transfer controlled range. This range of cathodic
currents was also found to be insensitive to pCO2, what is expected
when H2CO3 is not electrochemically active. This observation is of
importance since it significantly extends the range of validity of the
previous arguments on the electrochemical activity of H2CO3 on mild
steel surface and is similar to what was found on stainless steel.

Additionally, at pH 6 a second limiting current at about −0.9 V (vs.
SHE) was observed. The cathodic currents observed below the first
limiting current are likely associated with the presence of HCO3

−. This
behavior provides an opportunity to evaluate the role of HCO3

− in CO2

corrosion in near neutral pH values. In the mechanistic studies of cor-
rosion in the presence of weak acids it is common to readily associate
the observation of a second limiting current with the direct reduction of
a weak acid. For example as was done in the cases of aqueous H2S
[69–71] and sulfurous acid [72]. That can be readily shown not to be
the case for HCO3- based on the magnitude of the limiting current,
without getting into a detailed quantitative discussion at this point.
Considering the rather high concentration of HCO3

− (about 0.1 M) at
pH 6 and 15 bar CO2, with some simple mathematical estimations one
would expect the mass transfer limiting current for HCO3- direct re-
duction to be one to two order of magnitude higher than what is ob-
served in Fig. 8C. That suggests the appearance of this secondary wave
is not due to an additional HCO3

− reduction reaction, but rather is
caused by kinetically controlled chemical buffering of H+ by HCO3

−

dissociation.
In light of the results obtained from the mathematical model, the

experimental data obtained at pH 6 can be discussed in a more quan-
titatively accurate fashion. As shown in Fig. 8, the model successfully
predicts the seemingly different governing mechanisms at pH 6;

including the “double wave” in cathodic currents. Yet, in the present
model, the only electroactive cathodic species is the H+. The under-
lying mechanism can be deducted by analysis of surface concentration
of the carbonate species. Fig. 9 illustrates the calculated surface activity
of the involved carbonate species (normalized by using bulk activities)
as a function of the calculated surface pH, on the primary axis. The
corresponding current response is demonstrated on the secondary axis.
The simulation results show that as the first limiting current is ap-
proached, the surface pH gradually increases from the bulk value,
which is at the same time accompanied by the decrease of H2CO3 sur-
face activity due to its chemical dissociation. This trend is continued
until the first limiting current is reached (at ∼4 A m−2), where the
surface H2CO3 activity approaches zero. The increase in current density
after the first limiting current is associated with further increase of
surface pH that favors the dissociation of HCO3

− as seen by its de-
pleting surface activity. Ultimately, where the rate of HCO3- dissocia-
tion reaches its maximum (the activity plateau), the second limiting
current is observed. Hence, the predicted secondary limiting current is a
result of the homogeneous HCO3- dissociation that is favored at the

Fig. 10. The comparison of the calculated limiting current density (line) at pH
3, 10 °C, 0.1 M NaCl, pCO2 = 0, with experimental data obtained at similar
conditions (blue circles) and in solutions with pCO2 = 1 bar (red diamonds).
(For interpretation of the references to colour in this figure legend, the reader is
referred to the web version of this article.)

Fig. 11. The experimental steady state polarization curves (points with dashed
lines) obtained at pH 4, 5 bar pCO2, 4.4 m s−1 TCFC flow, and 0.1 M NaCl on a
API 5L X65 mild steel at various temperatures. The solid lines show the cal-
culated polarization curves. The error bars show the standard deviation of at
least three repeated experiments.

Fig. 12. The Arrhenius plot for the temperature dependence of the H+ reduc-
tion kinetic rate constant.
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high surface pH in such conditions.
As shown in Fig. 9, while the surface H+ and H2CO3 activities are

dramatically decreased at the limiting current range, the activities of
CO2 and HCO3

− are only slightly changed, which indicates the slow
kinetics of their corresponding chemical reactions. The buffering ability
of H2CO3 and that of HCO3

− may be distinguished in this regard.
H2CO3 can be considered a strong buffer in the sense that its equili-
brium and kinetics allow this species to readily dissociate as the surface
pH is increased; this is the same behavior as observed for the case of
carboxylic acids [27,28]. As discussed in the introduction section, such
behavior makes the limiting currents of these strong buffers to be
identical whether the weak acid is directly reduced or not, and hence
the mechanism of the reaction had to be discussed only based on the
response of the system at the charge transfer range. On the other hand,
HCO3

− can be regarded as a weak buffer, due to its low pKa and slow
reaction kinetics that hinders its dissociation under limiting current
conditions. This distinct behavior provides a simple and definitive
means to show that the contribution of HCO3

− to the cathodic current
is through its homogeneous chemical dissociation (buffering effect).
Noting that in the case of direct reduction reactions the limiting current
is defined by mass transfer of the active species. As shown in Fig. 9, the
observed second limiting current is the result of consumption of only
∼5% of the HCO3

− at the surface. In that sense, if HCO3
− was directly

reduced, the limiting current was expected to be about 20 times higher
than that observed experimentally.

The second limiting current becomes less obvious at elevated CO2

partial pressures, and is only observed as a change in the apparent slope
of the cathodic currents at 15 bar CO2. That behavior was also predicted
by the model via the buffering effect of HCO3

−. It should be noted that
the current density range in between the two limiting currents are no
longer under pure charge transfer control but controlled by the surface
concentration of H+ that is provided by the slow HCO3- dissociation
reaction. Therefore, this range of current densities are pCO2 dependent
through the pCO2 dependence of HCO3

− concentration, a behavior that
is seen in Fig. 8.

The discussion in this section indicates that in acidic CO2 corrosion
neither H2CO3 nor HCO3

− are directly reduced at the metal surface to
any significant extent, and the higher corrosion rates in CO2-saturated
environments are the results of the complex set of homogeneous che-
mical reactions associated with the H2O/CO2 system at the vicinity of
the metal surface. That also highlights the capability and the necessity

of the comprehensive mathematical models for incorporating the sur-
face chemistry in corrosion rate calculations.

The anodic polarization at pH 6 was also found to behave differently
from what was observed at pH 4 and 5. The most significant aspect is
the absence of the transition range and its corresponding current
maximum. Beside the slight deviation at 1 bar CO2, caused by the
previously discussed change in surface pH that is a result of mass
transfer limited cathodic current densities, the pCO2 dependence ob-
served at pH 6 was somewhat lower than that observed at pH 4 and 5.
That includes the current densities associated with the pre-passivation
range at higher potentials, identified by the higher Tafel slope
(∼120 mV). These observations suggest a rather significant change of
the iron dissolution mechanism at pH 6. Nonetheless, the simulated
results were found to be able to capture this behavior. The results from
the model at pH 6 suggests that, unlike what is seen in lower pH, the
active dissolution range is no longer observed. The observed anodic
currents were dominated by the reaction associated with the pre-pas-
sivation range (at both low Tafel slope and high Tafel slope ranges). The
different Tafel slopes observed at lower and higher current densities are
the result of the dependence of this reaction on the surface coverage of
the intermediate species (θ). Where at low coverages, when θ is po-
tential dependent as described by Equation (49), a lower Tafel slope is
observed. As θ approaches 1 and no longer increases with increasing
potentials, the second range of current densities, with an increased
Tafel slope, is observed. Considering the experimental errors, the si-
mulated behavior of the anodic current was in reasonable agreement
with the experimental data, however, the pCO2 dependence as well as
the Tafel slope appear to be slightly lower than that seen at lower pH
values.

3.3. Effect of flow

The most obvious way that flow affects CO2 corrosion is by chan-
ging the magnitude of the limiting current density. In many practical
scenarios, especially those at higher temperatures when the charge
transfer processes are fast, the corrosion rate is under mass transfer
control, and is defined by the cathodic limiting current density. As
discussed above, the mass transfer of H+ and H2CO3 from the bulk are
major components of limiting current, in addition to the effect of CO2

hydration, H2CO3 and HCO3
−dissociation reactions in the vicinity of

the metal surface.

Fig. 13. The Arrhenius plot for the temperature dependence of the kinetic rate
constant of the components of the iron dissolution reaction.

Fig. 14. The Arrhenius plot for the kinetic rate constant of the HCO3
− dis-

sociation.
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In the present model, the mass transfer in turbulent flow regimes is
accounted for in terms of eddy diffusivity, as seen in Equation (56). This
approach remains valid for most fully developed turbulent flow re-
gimes, including the thin channel flow used in the current experiments
as well as pipe flow in the industrial applications. In order to examine
the performance of this approach for determining the limiting currents,
a series of experiments with flow velocity as a variable was considered.
The experiments were conducted at pH 3 in N2-saturated and CO2-sa-
turated solutions, where the limiting currents could be observed clearly
under atmospheric pressure. Fig. 10 demonstrates the comparison of
the limiting current densities predicted by the model with those ob-
tained experimentally. At pH 3, considering the high concentration of
H+ and the large flow velocity, no significant effect from the presence
of CO2 was observed due to the overwhelmingly high mass transfer of
H+ from the bulk solution overshadowing the buffering reactions as-
sociated with the presence of CO2 species. That is the ideal condition
when one attempts to single out the effect of mass transfer for close
examination, similar to the objectives in this section. Overall, the
agreement of the model with the measured limiting current densities
was found to be satisfactory, demonstrating the accuracy of the model
in calculating the flow effect.

3.4. Effect of temperature

Temperature has a significant known effect on almost all aspects of
CO2 corrosion. As shown in Fig. 11, increasing temperature results in
increased rate of charge transfer processes and the limiting current. The
effect of temperature in the latter case is, for the most part, on the
kinetics and equilibria of theCO2/H2O system. Some less significant
effects resulting from the change in the physical properties of water
(e.g., water density and viscosity) and the diffusivity of the species are
also expected. These effects are incorporated in the present calcula-
tions, and as shown in Fig. 11 the predicted limiting currents are found
to be in reasonable agreement with the experimental data.

The two electrochemical reactions in the present discussion are the
H+ reduction and iron oxidation in the active dissolution range, oc-
curring at the vicinity of the corrosion potential. The temperature de-
pendence of these two reactions can be discussed best at the conditions
where the cathodic currents are clearly observed, and the anodic cur-
rents show the active dissolution in over rather extended range. The
polarization data obtained at pH 4 and 5 bar CO2 and 10 °C showed that
such considerations are reasonably satisfied at this condition, and hence
it was selected as the baseline condition for further investigation of the
temperature effect. The results shown in Fig. 11 suggest that both
charge transfer reactions (anodic and cathodic) have a rather a high
temperature dependence. At about 30 °C their rate is already so fast that
the limiting effect of mass transfer becomes significant, even at the
corrosion potential, distorting the shape of the lines for both the
cathodic and anodic currents. Therefore, the temperature dependence
of these electrochemical reactions can only be discussed properly in the
lower temperature range.

The temperature dependence of the charge transfer reactions were
obtained by using Arrhenius plots as shown in Fig. 12 and Fig. 13.
Fig. 12 shows the temperature dependence of the H+ reduction reac-
tion, where the natural log of the apparent reaction rate constant, as
obtained by the best fit of the model to the averaged data of Fig. 11, is
plotted as a function of 1/T. The slope of the trend line is equal to –Ea/
R. Considering these results, the apparent activation energy of H+ re-
duction was found to be 83.2 kJ. The activation energy obtained here is
in a similar range to that obtained in our earlier study (about 20%
variation) [35]. However, it differs significantly from the earlier re-
ported values at about 30 kJ [19,24,73]. The substantial difference
could be the result of underestimated activation energy in the earlier
studies due to mass transfer interference at higher temperatures.

The temperature dependence of the iron dissolution reaction was
obtained in a similar fashion. As discussed earlier, the iron dissolution
was expressed as a combination of four reactions [35]. Fig. 13 shows
the temperature dependence of k1, k3, and Kθ, for the reactions in the
active dissolution range, pre-passivation range and the equilibrium
constant of its associated intermediate species, respectively. Similar to
the cathodic reaction, the iron dissolution reaction also shows a rather
significant temperature dependence, especially in the active dissolution
range. The activation energies for k1, k3, and Kθ were estimated to be
126.8 kJ, 63.0 kJ, and 95.8 kJ, respectively.

It should be noted that the reaction in the active dissolution range
with rate constant of k2 is not observed at this pH and pCO2 range. As
discussed previously [35], that reaction is only significant in a narrow
range of condition at pH values somewhere between 5 and 6. As it
becomes rate determining at pH 6, it diminishes the currents in whole
active dissolution range (see Fig. 8). In such conditions the anodic
current is a result of one reaction sequence, from OCP all the way up to
pre-passivation range. Its transitional nature and a narrow range of
conditions where it is observed, makes the quantitative determination
of its rate and temperature dependence difficult. On the other hand, for
the same reason its contribution to the accuracy of corrosion rate pre-
diction in CO2 systems is relatively small and it was here established
that the temperature dependence of this parameter has no significant
influence on the practical performance of the model. An example of the

Fig. 15. Concentration (primary vertical axis) and activity coefficient (sec-
ondary vertical axis) of hydrogen ion as a function of NaCl concentration at a
constant pH of 3 and 10 °C as calculated by water chemistry model.

Fig. 16. The predicted current/potential response at pH 3, 10 °C, 4.4 m s−1 flow
velocity and various NaCl concentrations.
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estimated polarization curves shown in Fig. 11, confirms a good
agreement between the experimental data and the calculations, by
using the temperature dependencies determined as described above.

The temperature dependence of the kinetics of homogeneous che-
mical reactions are worthy of a further discussion. As noted above, the
CO2 corrosion involves a series of homogeneous chemical reactions
with extremely high rate constants. The association of H2CO3, and
HCO3

− are examples of such reactions. In the present discussion the
dissociation rate of H2CO3 and HCO3

− and their temperature de-
pendences are of particular interest. For the case of H2CO3, the reported
rate of the backward reaction is of the order of 1010 (M−1 s−1) and the
equilibrium constant of the order of 10−3 (M), this suggests that the
rate of H2CO3 dissociation reaction at room temperature is of the order
of 107 (s−1). With such a high kinetic rate constant this reaction is not
expected to be rate limiting even at most extreme conditions en-
countered in CO2 corrosion scenarios. Therefore, the temperature de-
pendence of the rate of this reaction is not of any practical significance
and can be treated as a constant value. On the other hand, for the case

of HCO3
− dissociation, even though the association reaction is also

known to be very fast, the equilibrium constant of the order of 10−10

(M) suggests that the dissociation reaction is rather slow at room
temperature. This was observed in the polarization curves reported in
Fig. 8, where the limiting current density associated with the buffering
effect of HCO3

− was limited by the kinetics of dissociation reaction.
In the present study, the rate constant of the HCO3

− dissociation
and its temperature dependence was estimated based on the second
limiting current densities obtained at pH 6 and pCO2 of 5 bar. Fig. 14
shows the limiting current densities at this range measured at tem-
peratures from 10 °C to 40 °C, and corrected for the contribution of
water reduction reaction, assuming a Tafel behavior. The measure-
ments showed increased scattering with increased temperatures, as
indicated by the larger error bars. The measured limiting currents do
not have a simple relationship with the bicarbonate dissociation rate
constant since they also include the effects of mass transfer of H+,
H2CO3, and HCO3

−, in addition to effects associated with the CO2 hy-
dration and H2CO3 dissociation reactions. In order to obtain reasonably
confident estimations, the rate constant of the HCO3

− dissociation re-
action was obtained based on the best fit of the model to the average
values of the measured limiting currents. By doing so, all the above-
mentioned components of the limiting current are accounted for. The
results obtained in this fashion are shown in the primary axes of Fig. 14,
and the rate constant of HCO3

− dissociation was expressed as shown in
Table 5.

3.5. Effect on non-ideal behavior

There is no simple way to predict the effect of non-ideal behavior on
the electrochemical response of the CO2/H2O system and corrosion
rates. That arises from the different responses of the electrochemical
reaction rates and mass transfer processes to non-idealities due to the
opposing change in activity coefficient and concentration. While the
chemical and electrochemical reactions are governed by the activity of
the chemical species, the mass transfer process is governed by a mixture
of activities and concentrations. For example, molecular diffusion is
defined by chemical activity of the involved species while turbulent
mixing and electromigration are governed by concentrations. The

Fig. 17. Effect of NaCl concentration on the concentration, activity and activity coefficient of H2CO3 and HCO3
− at pH 6, 5 bar CO2, and 10 °C as calculated by the

water chemistry model. A: Effect of NaCl concentration on concentration (solid lines) and activities (dashed lines) of H2CO3 (blue lines) and HCO3
− (red lines). B:

Effect of NaCl concentration on activity coefficient of H2CO3 (blue line) and HCO3
− (red line). (For interpretation of the references to colour in this figure legend, the

reader is referred to the web version of this article.)

Fig. 18. The predicted current/potential response at pH 6, 5 bar CO2, 10 °C,
4.4 m s−1 flow velocity and various NaCl concentrations.
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proper prediction of the effect of non-idealities necessitates calculations
that simultaneously account for various physiochemical processes
alongside the local activity and concentration calculations, similar to
the comprehensive mechanistic model developed in the present study.

The present model can be used to demonstrates the influence of the
non-ideal solutions on the electrochemical response of the system. In
particular, the cathodic currents are of more significance in this

discussion as they are influenced profoundly by the solution speciation.
Fig. 15 shows the effect of NaCl concentration on the concentration and
the activity coefficient of hydrogen ion, while the solution pH (hence,
H+ activity) was kept at constant value of 3. Increasing the NaCl con-
centration from the initial infinite dilute solution results in an increase
in the concentration of H+, which corresponds to decreasing activity
coefficient from the unity. However, further increase of NaCl

Table 9
Corrosion rate data obtained from LPR measurements. The values in parentheses represent the corresponding standard deviation.

pH pCO2 (bar) T (oC) n B Polarization resistance (Ohms) Solution resistance (Ohms) Corrosion current density (A m−2) Corrosion rate (mm year−1)

4 1 10 4 8.90E-03 8.74E+01
(1.54E+00)

1.02E+01
(5.66E-01)

5.78E-01
(1.09E-02)

6.71E-01
(1.27E-02)

4 5 10 6 8.90E-03 8.78E+01
(2.15E+01)

1.12E+01
(1.95E-15)

6.61E-01
(3.35E-01)

6.08E-01
(2.56E-02)

4 5 15 4 8.26E-03 5.69E+01
(3.19E+00)

1.02E+01
(2.65E-01)

8.89E-01
(6.26E-02)

1.03E+00
(7.26E-02)

4 5 20 7 8.58E-03 4.13E+01
(3.54E+00)

8.67E+00
(1.38E+00)

1.34E+00
(1.81E-01)

1.56E+00
(2.10E-01)

4 5 25 4 8.90E-03 2.49E+01
(2.56E+00)

8.23E+00
(3.30E-01)

2.74E+00
(4.71E-01)

3.18E+00
(5.46E-01)

4 5 30 4 1.12E-02 1.73E+01
(5.57E-01)

7.33E+00
(4.27E-01)

5.67E+00
(4.27E-01)

6.58E+00
(4.95E-01)

4 5 40 4 1.18E-02 1.06E+01
(3.62E-01)

6.34E+00
(3.77E-01)

1.43E+01
(2.24E+00)

1.66E+01
(2.60E+00)

4 15 10 6 8.90E-03 9.10E+01
(6.12E+00)

1.18E+01
(4.42E-01)

5.66E-01
(4.73E-02)

6.57E-01
(5.49E-02)

5 1 10 5 9.06E-03 1.05E+02
(3.18E+00)

1.14E+01
(6.20E-01)

5.04E-01
(4.29E-02)

5.85E-01
(4.98E-02)

5 5 10 6 8.90E-03 8.60E+01
(5.55E+00)

1.00E+01
(2.86E-01)

5.90E-01
(4.64E-02)

6.85E-01
(5.39E-02)

5 5 40 4 8.90E-03 1.65E+01
(3.37E-01)

6.05E+00
(1.73E-01)

4.28E+00
(2.08E-01)

4.96E+00
(2.41E-01)

5 15 10 6 8.90E-03 9.80E+01
(7.77E+00)

1.07E+01
(3.78E-01)

5.15E-01
(4.67E-02)

6.08E-01
(5.28E-02)

6 1 10 7 9.20E-03 1.54E+02
(3.00E+00)

1.00E+01
(5.45E-01)

3.57E-01
(1.01E-01)

4.15E-01
(1.17E-01)

6 5 10 6 8.90E-03 1.09E+02
(7.10E+00)

6.27E+00
(3.83E-01)

4.37E-01
(3.12E-02)

5.07E-01
(3.62E-02)

6 5 20 6 1.45E-02 6.09E+01
(2.19E+00)

4.85E+00
(3.08E-01)

1.30E+00
(5.09E-02)

1.51E+00
(5.90E-02)

6 5 30 8 1.50E-02 3.74E+01
(1.15E+00)

4.36E+00
(2.64E-01)

2.28E+00
(9.06E-02)

2.64E+00
(1.05E-01)

6 5 40 10 1.53E-02 2.40E+01
(8.26E-01)

3.96E+00
(2.07E-01)

3.85E+00
(1.64E-01)

4.46E+00
(1.91E-01)

6 15 10 6 8.90E-03 1.20E+02
(3.09E+00)

3.57E+00
(2.42E-01)

3.83E-01
(9.80E-03)

4.45E-01
(1.14E-02)

Fig. 19. The comparison of the estimated (dashed bars) and the measured
corrosion rates (solid bars) at 10 °C, 4.4 m s−1 TCFC flow, and 0.1 M NaCl on a
API 5L X65 mild steel.

Fig. 20. The comparison of the estimated (dashed bars) and measured (solid
bars) corrosion rates at 5 bar pCO2, 4.4 m s−1 TCFC flow, and 0.1 M NaCl on a
API 5L X65 mild steel at various temperatures, at pH 4 and pH 6.

A. Kahyarian and S. Nesic Corrosion Science 173 (2020) 108719

19



concentration results in a reversed trend, where a decrease in H+

concentration is observed at higher NaCl concentrations, associated
with the increasing activity coefficients, even to values above unity.

The predicted cathodic polarization curves corresponding to these
conditions are shown in Fig. 16. The correlation between the H+ con-
centration and the polarization behavior is clearly observed. By fixing
the pH, the charge transfer controlled cathodic current densities remain
unchanged since the driving force, activity of H+, is kept constant. On
the other hand, the magnitude of the mass transfer limiting current
correlates directly with the concentration of H+. The initial increase of
NaCl resulting in the increased concentration, corresponds to increasing
limiting current densities. As the NaCl concentration is increased fur-
ther, the limiting current density gradually decreases. It is worthwhile
to mention the trend of limiting current density presented in Fig. 16 is
specific to the environmental conditions of the present discussion. For
example, the relatively high flow velocities here make the turbulent
mixing of H+ the dominating process defining the magnitude of the
limiting current density. At lower flow velocities, where the molecular

diffusion is dominating, the magnitude of limiting current is expected to
follow the trend of the activity rather than concentration.

The effect of NaCl concentration on the cathodic polarization curves
of CO2/H2O system can be discussed in the same fashion. Fig. 17 shows
the effect of NaCl concentration on the concentration, activity, and
activity coefficient of H2CO3 and HCO3

− ion at 5 bar CO2 partial
pressure, while the solution pH was maintained at 6. At such environ-
mental conditions, the cathodic current densities after the first limiting
current is significantly influenced by the solution speciation, due to the
dominating role of homogeneous chemical reactions in defining the
surface concentration of H+. The limiting currents are also to the most
part defined by kinetics of the homogenous chemical reaction: the first
limiting current by kinetics of CO2 hydration reaction, and the second
limiting current by the kinetics of HCO3

− dissociation reaction. With
activities as the driving force of these reactions, the limiting currents
are expected to mostly follow the trend of this parameter, while some
influence of the underlying mass transfer effect is also expected.

As shown in Fig. 17A, unlike activity coefficient and concentration,
activity of the carbonate species are only slightly affected by NaCl
concentration due to the chemical equilibrium constraint governing
their values (considering that pH and pCO2 are kept constant). Fig. 18
demonstrates the calculated cathodic polarization curves at pH 6, 5 bar
CO2 and increasing NaCl concentration. At such conditions no simple
correlation between the behavior of polarization curves and con-
centration, activity or activity coefficient of the involved species can be
identified. Here the current densities in the range between the two
limiting currents are significantly affected by the non-ideal solution
properties, while the magnitude of the limiting current densities
themselves are less affected by increased NaCl concentration as com-
pared to that seen in Fig. 16.

3.6. Corrosion rates

The calculated corrosion rates are compared with the experimental
data obtained from LPR measurements. The experimental polarization
resistance data (Rp) was first corrected for the solution resistance ob-
tained from EIS measurements. The corresponding corrosion current
were then calculated as shown below. Where A is the electrode surface
area (m2) and B values were estimated empirically based on the ap-
parent Tafel slopes obtained from the polarization data corresponding
to each condition as shown in Table 9.

=i B
R A/Corr

p

Fig. 19 shows the results obtained at 10 °C corresponding to the
polarization curves shown in Fig. 8. Over the range of conditions cov-
ered here the cathodic currents are, to the most part, under charge
transfer control and the anodic currents are at the active dissolution
range (with the exception of pH 6) at the vicinity of the corrosion
current. At such conditions, neither the cathodic currents nor the
anodic currents were expected to be significantly influenced by the
partial pressure of CO2. Hence, no significant dependence of corrosion
rate on pCO2 is expected, which is the behavior reflected both in the
experimental data and the predicted values. Also, the experimental data
and the predicted corrosion rates show no notable dependence on the
solution pH at such conditions. That suggests the increased rate of iron
dissolution with pH and the decreased rate of hydrogen reduction re-
action are such that the net effect become almost independent of pH.
Such behavior is not universal and expected to vary depending on the
solution speciation and the environmental conditions. For example, if
the corrosion potential is at the transition range or it is influence by
cathodic limiting current a prominent pH dependence may be observed.
Example of such behavior can be seen in the data obtained at elevated
temperatures shown in Fig. 20 and Fig. 21.

The effect of temperature on corrosion rates and the model’s pre-
diction performance is shown in Fig. 20, for pH 4 and pH 6, at 5 bar

Fig. 21. The comparison of the estimated (dashed bars) and the measured
(solid bars) corrosion rates at 10 °C and 40 °C, 4.4 m s−1 TCFC flow, 0.1 M NaCl,
5 bar pCO2, and pH values from 4.0 to 6.0, on a API 5L X65 mild steel.

Fig. 22. Parity graph of the corrosion rate data and the estimated values at
0 < pCO2 < 15 bar, 4.0 < pH < 6.0, 10 °C < T < 40 °C, TCFC flow at
4.4 m s−1 (blue circles) and 12.9 m s-1 (green triangles) from [35]. The dashed
lines represent a two-folds error limit. (For interpretation of the references to
colour in this figure legend, the reader is referred to the web version of this
article.)
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pCO2. As expected, the increasing temperatures results in significantly
higher corrosion rates. The estimated corrosion rates were found to
agree reasonably well with those obtained experimentally, demon-
strating the capabilities of the model in capturing the effect of tem-
perature. Furthermore, the estimated corrosion rates at 5 bar pCO2 for
various pH values and two temperatures, 10 °C and 40 °C, are compared
with the experimental data in Fig. 21.

In order to examine the overall performance of the model, the es-
timated corrosion rates are compared with the experimental data in the
parity graph of Fig. 22, for the broad range of environmental condition:
0 < pCO2 < 15 bar, 4.0 < pH < 6.0, 10 °C < T< 40 °C,
flow = 4.4 m s−1 and 12.9 m s−1. The total of 32 datapoints in Fig. 22
includes those obtained in the present study as well as the data reported
in our earlier publication [35], each representing a distinct condition
within the range noted above. Almost all data points fall within a band
denoting a factor of two-fold difference, with the average absolute
deviation of 19.9% between the experimental and predicted values. The
overall agreement demonstrates the ability of the model to calculate the
corrosion rates reasonably well across a wide range of experimental
conditions.

4. Conclusions

The electrochemical behavior of CO2-saturated acidic solutions on
API 5L X65 mild steel and 316L stainless steel was investigated ex-
perimentally and theoretically in the pH range of 4–6 and for CO2

partial pressures from 1 to 15 bar. The theoretical investigation of the
system was done based on a comprehensive mechanistic mathematical
model that was coupled with a Pitzer-type specific interaction model, in
order to account for the non-ideal behavior of the system. The results
showed that:

• In the modern mechanistic understanding of CO2 corrosion of mild
steel, it is shown that the corrosion process is the results of only two
electrochemical reactions, hydrogen ion reduction as the sole
cathodic reaction and iron dissolution as the sole anodic reaction.
The direct reduction of H2CO3 and HCO3

− that previously believed
to be essential aspects of CO2 corrosion in classic mechanistic view
are shown to be insignificant in an extended range of conditions.
The increased cathodic limiting currents were fully explained by the
buffering effect of H2CO3 and HCO3

− through their corresponding
dissociation reactions as well as the CO2 hydration reaction.

• The effect of HCO3
− on cathodic currents is more prominent at pH 6

and elevated CO2 partial pressures that was observed as “double

wave” in cathodic polarization data. That was found to be due to its
high concentration and the favorably high surface pH reached at
such conditions.

• The rate of the iron dissolution reaction in the transition and pre-
passivation ranges is increased significantly with increasing CO2

partial pressures. However, this effect was reduced at higher pH
values.

• The effect of non-ideal solutions can be successfully incorporated in
the comprehensive mathematical models, based on Pitzer’s specific
interaction model. The results demonstrate the extent and com-
plexity of the electrochemical response of the system in non-ideal
solutions.

• The polarization behavior and the corrosion rates calculated using
the present model were found to agree reasonably well with the data
obtained experimentally across a broad range of conditions. That
was considered as further support for the mechanistic discussions of
the present study.

Data availability

The raw/processed data required to reproduce these findings cannot
be shared at this time as the data also forms part of an ongoing study.
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Appendix A. The equilibrium constant and rate constants of CO2 hydration and H2CO3 dissociation reactions

In the absence of the electrochemical reactions associated with the carbonate species, the magnitude of the limiting current in CO2/H2O system
can only be predicted properly if the kinetics and thermodynamics of homogeneous chemical reactions are accurately represented. The equilibrium
constant of the CO2 hydration reaction is given a special attention here, due to its significance in CO2 corrosion and the uncertainties surrounding the
existing literature data. The CO2 hydration reaction and its equilibrium constant, Khyd, have been discussed in a number of studies over the past few
decades [5,58,74–77]. However, this parameter is known with the least certainty amongst all equilibrium constants in the CO2/H2O system, perhaps
due to the experimental difficulty of distinguishing H2CO3 from the dissolved CO2. On the other hand, the equilibrium constant of the dissociation
reaction in terms of CO2* (Reaction (13)) is known with a good accuracy.

The equilibrium constant of the hydration reaction can be obtained through Equation (17) if KCa is known. A number of experimental mea-
surements of pKCa reported in the literature are collected in Table A1, earlier studies on this are reviewed by Kern [58] and are omitted from this
table. The reported pKCa values show a rather significant scattering. In addition to inherent uncertainties of equilibrium constant measurements, the
fact that H2CO3 dissociation is strongly affected by the non-ideal solution chemistry can be the source of the observed scattering. The calculations of
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Table A1
Reported values of H2CO3 dissociation constant (KCa) at
25 °C.

Reference pKCa

Pines et al. (2016) [4] 3.49
Wang et al. (2010) [5] 3.70a

Wang et al. (2010) [5] 3.53b

Adamczyk et al. (2009) [7] 3.45
Soli and Byrne (2002) [76] 3.42c

Wissbrun et al. (1954) [79] 3.76
Roughton (1941) [94] 3.60
This study 3.49

a Originally reported values based on unspecified reference
of KCa

* .
b Recalculated based of reported Khyd by Wang et al. and KCa

*

from Duan and Li [6].
c Authors calculated this value from measured =Kp 3.04Ca
at 0.65 m NaCl, using the correction for activities from
Harned and Bonner [95].

Fig. A1. Experimental values of (A) kf,hyd from Wang et al. [5], Ho and Sturtevant [98], Pinsent et al. [56], Johnson [57], Perrin [99], Welch et al. [100], and Pocker
and Bjorkquist [101]. B) kb,hyd from Scheurer et al. [102], Soli and Byrne [76], Wang et al. [5], Roughton [94], Burger and Stoddart [103], Sorensen and Jensen
[104], and Patel et al. [105].

A. Kahyarian and S. Nesic Corrosion Science 173 (2020) 108719

22



activity coefficients at 25 °C for 0.1 M and 0.5 M NaCl concentrations result in a factor of 1.4 and 2 difference, respectively (corresponding to 0.15
and 0.3 pK units) between the apparent equilibrium constant and that in infinitely dilute solution. In order to determine the Kp Ca values from
indirect methods (e.g. spectroscopic pH measurements), a rather extensive water chemistry calculation is required in the data analysis [4,5,76].
Hence, values can only be obtained with sufficient confidence if the non-ideal behavior is meticulously accounted for in data analysis.

If the Khyd is obtained from KCa values, the above-mentioned uncertainties are carried over into this estimated value. In fact, the value of Khyd
= 2.58 × 10−3 that is commonly used in the literature [19,21,42,73,75,78] is based on the pKCa reported by Wissbrun et al. [79]. That value resides
at the higher end of the reported range of equilibrium constants, as shown in Table A1. Other reported Kp Ca values would result in significantly
different Khyd. For example, the =Kp 3.42Ca , reported by Soli and Byrne [76] results in Khyd = 1.15 × 10−3.

The value of Khyd can also be obtained from the kinetic rate constants of the forward and backward CO2 hydration reaction based on Khyd = kf,hyd
/kbhyd. Unlike KCa, Khyd is not significantly influenced by non-ideal chemistry of the solution. As is apparent from Equation (67), Khyd is a function of
the activity of the neutral species, CO2, H2CO3, and H2O, which are less affected by the non-ideality of the solution. Therefore, one can conclude that
the values obtained from Khyd = kf,hyd /kbhyd are more reliable, at least as far as it concerns the effect of non-idealities.

Here, the kinetic rate constants are re-evaluated from a number of experimental data previously reported in the literature, excluding those where
a pre-defined KCa was used in data analysis. As shown Fig. A1 and Fig. B1, the rate constants of the forward and backward partials of hydration
reaction and their temperature dependence were obtained based on the Arrhenius law:

=k A e
E
RT0

( )a
(66)

where, A0, the pre-exponent parameter, and Ea, the activation energy in Equation (66), for kf,hyd, kbhyd, and Khyd are listed in Table A2. These results
show that Khyd is a weak function of temperature when comparing the activation energy with those of the forward and backward rate constants. That
is in accordance with what is previously reported in the literature. [75,76].

The value of Khyd obtained in the present study (Table A2), alongside with KCa
* from Duan and Li [6,51] was used to obtain the KCa at an extended

temperature and pressure range. Considering the relatively small effect of non-ideality and temperature on Khyd, the resulting values can be con-
sidered to reasonably represent the true equilibrium constant of H2CO3 dissociation. This procedure results in =K 3.49Ca at 25 °C, which is in
agreement with the values obtained independently in the more recent studies [4,5,7].

Appendix B. Pitzer parameters of CO₂–H₂O–NaCl system

The Pitzer parameters for the interaction of the species in H2O−CO2-NaCl system used in the present study are shown in Table B1. The second
virial coefficients β (0) and β (1) and the single electrolyte third virial coefficient Cφ of H+–Cl−, Na+–Cl−, Na+−OH- are from studies by Holmes
et al. [80], Moller [81], Pabalan and Pitzer [82], respectively. The interaction of Na+ with carbonate (CO3

2-) and bicarbonate ions (HCO3
−) have

been studied by a number of researchers showing a reasonable agreement when the whole set of parameters are used in the model. The results
reported by Polya et al. [83], were used in the present study as they cover a wide pressure (up to 70 bar) and temperature ranges (298–523 K). The
second virial Pitzer parameters (θ), describing the interaction of the ions with the same charge, are based on the study by Christov and Moller [84].

The ion-neutral species Pitzer interaction parameter, associated with dissolved CO2 and Na+ and Cl−, are based on the study of He et al. [85].
The interaction of CO2 with bicarbonate and carbonate ions can also be significant at high CO2 partial pressures and also at near neutral/alkaline
solutions where the concentrations of these species are large. In addition to affecting the solubility of CO2, through its activity coefficient, the major
influence of this parameter is on the activity coefficient of bicarbonate and carbonate ions.

As it can be seen in Eq. (21), the term mnλnx depends on the concentration of dissolved CO2, which can be large at high CO2 partial pressures
(∼0.5 m at 20 bar). However, the reported values for this parameter in a studies by Li and Duan [51] and Wong et al. [86] are widely different, and
result in significant inconsistencies in speciation calculations. Hence, they are not included in the present model. This can be due to a lack of
sufficient experimental data obtained across a reasonably large range of parameters (T and pCO2), used for obtaining these parameters. The Pitzer
parameters for H2CO3 are not available in the literature, perhaps due to the experimental difficulties in its distinction from dissolved CO2. Due to the
lack of a better understanding, the Pitzer parameters reported for CO2 were also used to determine the activity coefficient of H2CO3.

Table A2
The Arrhenius parameters for the kinetics rate constants and the equilibrium constant
of CO2 hydration reaction (from 0 to 45 °C).

Parameter A s( )0 1 E kJ( )a

kf hyd, (s−1) 3.22 × 10 11 74.011
kb hyd, (s−1) 4.86 × 10 12 64.485
Khyd 6.633 × 10 −2 9.526
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