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The conventionally accepted mechanism of CO2 corrosion considers the direct reduction of carbonic acid as the main process that
results in the higher corrosion rates as compared to that observed in strong acid solutions with the same pH. The present study
is an attempt to further elucidate the underlying electrochemical mechanisms of CO2 corrosion. In this regard, the mechanism of
CO2 corrosion was investigated based on the cathodic and anodic polarization behavior of mild steel in CO2-saturated solutions at
elevated pressures. The examination of charge transfer controlled cathodic currents showed that the direct reduction of carbonic acid
is insignificant at the condition of the present study. Additionally, the iron dissolution reaction was found to be significantly affected
by the presence of CO2, particularly over the transition and pre-passivation ranges. A comprehensive mathematical model based on
the presented mechanistic understanding of the system was developed and used for further quantitative examinations. The present
mechanistic model was shown to be able to represent the main mechanistic features of polarization curves and predict the corrosion
rates with reasonable accuracy.
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The mechanistic understanding of CO2 corrosion, as it relates to
that observed in the oil and gas production and transmission facilities,
has been evolving significantly over the last 50 years. Amongst nu-
merous studies, a few can be identified as milestones that contributed
significantly to our understanding of this process. The well-known
studies by de Waard and Milliams are amongst the earliest that ad-
dressed the significance of CO2 in acidic corrosion of pipeline steel.1,2

In those studies, the authors attempted to provide a mechanistic ex-
planation of corrosion in the presence of aqueous CO2, suggesting
that the corrosion in CO2-saturated brines is defined mainly by the
rate of carbonic acid (H2CO3) reduction as the predominant corro-
sive species. The authors also introduced their renowned model for
prediction of corrosion rate, which gained general acceptance and is
still in use to date.1,2 Considering the current understanding of CO2

corrosion, the mechanism and the model introduced by de Waard and
Milliams suffer from many shortcomings, as discussed elsewhere.3–5

Nevertheless, the reduction of carbonic acid as proposed by the au-
thors, became the center point of the CO2 corrosion mechanism in the
following decades.

The study by Schmitt and Rothmann published in 1977 was a no-
table development in understanding of CO2 corrosion at the time.6

With the focus on the limiting current densities, the authors demon-
strated the significance of the homogeneous CO2 hydration reaction.
It was shown that the limiting current in CO2-saturated acidic solu-
tions consists of three components: mass transfer of H+, mass transfer
of H2CO3, and kinetically controlled CO2 hydration reaction. The
CO2 hydration reaction is indeed a key process that distinguishes the
CO2 corrosion from corrosion in strong acid solution or corrosion
in presence of other weak acids, such as organic acids and aqueous
hydrogen sulfide.

The first mechanistic model of CO2 corrosion was introduced by
Gray et al. in 1989.7 The significance of this study was mainly owed to
development of a corrosion rate model using mechanistic description
of the underlying electrochemical processes. Additionally, the effect
of flow and CO2 hydration reaction were incorporated in the rate cal-
culations. This study demonstrates how the proposed mechanism of
CO2 corrosion could quantify the observed electrochemical and cor-
rosion rate behavior. The established mechanism of CO2 corrosion in
this study has been widely accepted ever since. In this mechanism, iron
dissolution is the main anodic reaction, and the reduction of H+ and
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H2CO3 are the two main cathodic reactions, where the concentration
of H2CO3 at the surface is buffered by the CO2 hydration reaction.

Nevertheless, it was only after the introduction of more comprehen-
sive mathematical models8–11 that the true significance of the homo-
geneous chemical reactions was understood. In these calculations, the
kinetics of the homogenous chemical reactions in an aqueous CO2 so-
lution was coupled with the electrochemical kinetics of the corrosion
process. These models demonstrated the significance of the homo-
geneous H2CO3 and HCO3

− dissociation reactions. It was shown
quantitatively that the cathodic limiting currents could be ade-
quately explained even if H2CO3 was not considered an electroactive
species.8–10 This was explained by the homogeneous dissociation of
H2CO3 inside the diffusion boundary layer, followed by the reduction
of H+ that provides a parallel reaction pathway to the direct reduction
of H2CO3; the process that is now commonly referred to as “buffer-
ing effect” mechanism. While significant, this mechanistic observa-
tion gained little attention until more recent years.12–15 In fact, this
observation undermines the conventional CO2 corrosion mechanism
developed based on the earlier works such as those of de Waard and
Milliams,1,2 Schmitt and Rothmann,6 and Gray et al.7,16 The arguments
in these studies were all based on the analysis of cathodic polarization
behavior at or close to limiting currents, where the kinetics of charge
transfer reactions could not be properly observed.

In more recent years, the role of H2CO3 has been further inves-
tigated. The two possible mechanisms were distinguished as: “direct
reduction mechanism” which is based on the assumption that H2CO3

is an electrochemically active species that is reduced during the cor-
rosion process, and the so-called “buffering effect mechanism” that
stresses the importance of homogeneous dissociation of H2CO3. It is
important to notice that the two roles of H2CO3 (as a buffer and as
an electroactive species) are not mutually exclusive, as they are two
inherently different, and independent processes.

Being a weak acid, H2CO3 only partially dissociates in an aque-
ous solution. Therefore, at limiting current conditions when the sur-
face pH is increased, the equilibrium shifts toward dissociation in
order to balance (“buffer”) the H+ ion concentration. This process re-
sults in an increased limiting current as was observed for other weak
acids such as acetic acid.17–19 The extent of this buffering ability is
defined by the kinetics and the equilibrium of an individual weak
acid. For the case of H2CO3, the relatively low equilibrium constant
(pKa = 3.5 as discussed in section The solution speciation)
and the fast kinetics of dissociation (k = 108 s−1 as discussed
in section The solution speciation) suggest that nearly all of
H2CO3 could dissociate at limiting current conditions. Independently,
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H2CO3 could also be electrochemically active and be reduced
at the metal surface, just as the direct reduction mechanism
assumes.

Considering the discussion above, the buffering ability arising from
the presence of H2CO3 as a weak acid is definite. The mechanistic
question to be addressed in the present study is whether H2CO3 is also
electrochemically active or not. The experimental difficulty in exam-
ination of this aspect is stemming from the relatively low equilibrium
constant of H2CO3 and its corresponding fast reaction kinetics, which
results in H2CO3 readily dissociating as the surface concentration of
H+ decreases. Hence, the current density response of the system is
nearly identical under mass transfer limiting conditions, irrespective
of whether H2CO3 is electrochemically active or not, as noted in the
previous studies.3,8–10,20 The electrochemical activity of H2CO3 can
only be reasonably discussed by investigating the pure charge transfer
controlled cathodic current densities.3,13,19,20 That is, if H2CO3 was
a significant electroactive species, the charge transfer controlled cur-
rents would increase with increasing H2CO3 concentration (which
corresponds to increasing CO2 partial pressure) while the rate of H+

reduction remains unchanged due to a fixed pH. On the other hand, if
the charge transfer controlled currents do not respond to increased CO2

partial pressure (pCO2), it can be concluded that the rate of H2CO3

reduction is insignificant when compared to the rate of H+ reduction.
Although, this simple hypothesis can be proven with straightforward
electrochemical measurement techniques, the main obstacle is creat-
ing the conditions where the pure charge transfer controlled current
can be observed clearly.

The electrochemical activity of H2CO3 on mild steel surface has
been the subject of a few studies in more recent years as discussed
in more detail in our previous publication.14 In a study by Linter and
Burstein,21 the charge transfer controlled currents at pH 4 in N2 and
CO2-saturated solutions were observed by the aid of additional potas-
sium hydrogen phthalate buffer. The addition of this buffer increased
the cathodic limiting current density, which allowed the charge transfer
controlled currents to be observed. The authors noted that no signif-
icant shift in this range of cathodic currents was observed and con-
cluded that H2CO3 is not electrochemically active. Later in 2008, Re-
mita et al.12 used a comprehensive mathematical model to quantify the
cathodic polarization curves obtained at pH 4 and 1 bar CO2 without
including H2CO3 as an electroactive species. Considering that the po-
larization curves were reasonably predicted by their model, the authors
concluded that H2CO3 is not electrochemically active. Nevertheless,
in both of the abovementioned studies12,21 the limited range of the
experimental conditions (pH 4 and 1 bar CO2) makes the generaliza-
tion of the observed behavior dubious. At pH 4 and 1 bar CO2, the
cathodic currents are dominated by H+ reduction and the H2CO3 con-
centration is only a fraction of the H+ concentration (see for example
the speciation calculation shown in Figure 8). Hence, even if H2CO3

is electrochemically active, its contribution to the overall cathodic
current is expected to be small and may not be readily distinguished
given the typical experimental error for this type of measurements.
This can be also observed in the previous studies,8,22 where even the
models developed based on the direct reduction of H2CO3 suggest a
very small contribution from this reaction to the net cathodic current
at such conditions.

In order to address such deficiencies, Kahyarian et al.14 investigated
the electrochemical activity of H2CO3 on X65 mild steel surfaces at
pH 4 and CO2 partial pressures up to 5 bar. In that study, a thin chan-
nel flow cell test apparatus was used that allowed experiments to be
conducted under a high flow velocity. The increased limiting current,
under high flow velocity conditions, allowed the charge transfer con-
trolled currents to be observed clearly, particularly in the experiments
conducted at lower temperatures. This range of current densities was
found to be independent from the pCO2 as it was increased from 0
to 5 bar. Therefore, the authors concluded that the direct reduction
of H2CO3 on a mild steel surface was insignificant in the conditions
covered in that study.

Over the past few decades of research, most of the effort was
dedicated to clarifying the effect of CO2 on cathodic currents, while
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Figure 1. The schematics of the thin channel flow test apparatus.

the effect of CO2 on the anodic reaction has gained little attention.
Nevertheless, a significant change in the behavior of the anodic iron
dissolution reaction in the presence of CO2 has been reported in a few
studies. In the study by Linter and Burstein,21 the authors reported that
in CO2-saturated solutions the rate of iron dissolution from a low al-
loyed steel is significantly increased in transition and pre-passivation
ranges. In another study by Nesic et al.,23 the authors reported a lin-
ear increase of the anodic exchange current densities with pCO2. This
effect was found to reach its maximum as pCO2 approached 1 bar.
The authors hypothesized that the carbonate species enhance the rate
of iron dissolution by forming a chemical ligand with the intermedi-
ate hydroxides involved in iron dissolution. In a more recent study,
Kahyarian et al.24 further examined the anodic polarization behavior
of X65 mild steel in mildly acidic solutions saturated at elevated CO2

partial pressures (up to 5 bar). A significant influence of CO2 on the
iron dissolution in the transition and pre-passivation ranges was also
reported in that study,24 in agreement with what was suggested by
Linter and Burstein.21 The authors also noted that the reaction rates
in the active dissolution range of the anodic polarization curves were
slightly increased with the introduction of CO2, while that effect was
not further intensified as the pCO2 was increased from 1 bar to 5 bar.
The latter also appeared to be, to some extent, in agreement with what
was suggested by Nesic et al.23

As it appears from the short review of the literature presented
herein, the mechanistic understanding of CO2 corrosion has been
evolving in the last few years rather significantly. In order to fur-
ther elucidate the mechanism of the CO2 corrosion, the present in-
vestigation expands on our earlier studies14,24 by extending the range
of experimental conditions, and also, by introducing a comprehensive
mathematical model based on the latest mechanistic observations. This
combined approach allowed for a comprehensive quantitative exami-
nation of the proposed mechanisms, when it comes to the electrochem-
ical activity of H2CO3 and the effect of CO2 on the iron dissolution
reaction. Additionally, the ability of the model for corrosion rate pre-
diction based on the recently understood mechanisms was evaluated.

Methodology

The experiments were conducted in a thin-channel flow cell
(TCFC) test apparatus shown in Figure 1. This test apparatus consists
of a 200 L reservoir, a high power centrifugal pump, a heat exchanger,
the thin channel test section, and a set of bypasses that allow pH mea-
surement and adjustment. All the components of this experimental
apparatus are made of 316L stainless steel.

The thin channel test section has an interior height of ∼3.57 mm
(9/64 inch) and width of 8.89 cm (3.5 inch), creating fully developed,
well-defined one-dimensional flow field at the locations where elec-
trodes are placed. The electrochemical measurements were done using
a three-electrode arrangement with the cell body serving as the counter
electrode, and an in-house built silver/silver chloride reference elec-
trode, as shown in Figure 2. The reference electrode was checked for
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Figure 2. The schematics of the electrode arrangement inside the thin channel
flow cell.

its performance prior to each test using a saturated calomel electrode
(−45 ± 5 mV). The minor deviations were accounted for when po-
larization data were shifted to standard hydrogen electrode reference
for quantitative analysis. The flow velocity inside the test section was
maintained at 12.9 m.s−1 in all the experiments by fixing the pump
output to ∼4.1 L.s−1 (65.0 ± 0.5 gal.min−1).

The experiments were conducted using 0.1 M NaCl supporting
electrolyte (110 L) made of deionized water and analytical grade chem-
icals. The solution was de-oxygenated prior to each test using CO2 or
N2 gas for at least 2 hr, depending on the experiments. Meanwhile,
the oxygen content of the solution was monitored using an in-line Or-
bisphere 410 oxygen sensor. The de-oxygenation step was continued
until the dissolved oxygen concentration was reduced to 3 ppbm level.
For high-pressure experiments, this step was followed by pressurizing
the system to 5 bar using CO2 gas. The next step was only performed
after the equilibrium at this high pressure was achieved, typically after
5 hr. The constant pH and pCO2 readouts were considered as the cri-
teria for assessing if the equilibrium was achieved. This was followed
by pH adjustment, done by injection of de-oxygenated HCl or NaOH
solutions from a secondary 0.5 L reservoir connected via a bypass line.
The pH was monitored throughout the experiments using an in-line
high-pressure pH probe (Omega PHE-3431).

The working electrode assembly (shown in Figure 2) was made
of a disk shaped (0.952 mm (3/8 inch) diameter) API 5L X65 mild
steel with the chemical composition shown in Table I. The sample was
placed inside a 316 L stainless steel casing with an insulation epoxy
resin filling the gap in between. Prior to each experiment, the working
electrode was abraded using 600 grit silicon carbide paper, rinsed
and sonicated in isopropanol alcohol, and dried using N2 gas. The
working electrode was then immediately mounted in the test section.
After sealing, the test section was purged using CO2 or N2 gas and
pressurize up to the working pressure. The solution temperature was
controlled within±0.5°C by using a jacketed immersion heater located
in the tank and covered cartridge heaters to directly heat the test section
(for experiments conducted at 30°C) as well as a shell and tube heat
exchanger connected to a chiller (Air-3000 FLUID CHILLERS Inc.)
for experiments done at 10°C.

After exposing the test section and the electrode to the test solution,
the open circuit potential (OCP) was monitored for 20 min to ensure
that a steady state value was reached (maximum of ±2 mV drift over
5 min) prior to initiating polarization measurements. The cathodic and
anodic polarization curves were obtained in separate experiments by
sweeping the potential from OCP toward more negative and positive
values, respectively. The measurements were performed using stair-
case voltammetry at 0.5 mV.s−1 scan rate and 1 s−1 sampling period.
The reported polarization curves were corrected for ohmic drop with
the solution resistance obtained by electrochemical impedance spec-
troscopy (EIS) measurements (at OCP, AC potential perturbation of
5 mV, frequency range 100kHz to 0.2 Hz at 10 points/dec) performed
15 min after polarization measurements, when a steady OCP was
established. The linear polarization measurements were performed

Table I. Chemical composition of the X65 mild steel in wt%.

S P V C Cr Mo Si Ni Mn Fe

0.009 0.009 0.047 0.13 0.25 0.16 0.26 0.29 1.16 Balance

in separate experiments, following the abovementioned preparation
procedure. The measurements were done by sweeping the potential
from −5 mV to +5 mV vs. OCP, using 0.125 mV.s−1 scan rate and
1 s−1 sampling period. The experimental conditions are summarized
in Table II.

Results and Discussion

The TCFC has two main advantages when compared to the con-
ventional glass cell or autoclave experimental setups. First, it allows
the experiments to be conducted under high flow velocities with well-
defined, and reproducible hydrodynamics. This capability allows the
mass transfer limitation to be increased, thus, enhances the ability
to investigate the behavior of the charge transfer controlled currents.
Second, the TCFC test apparatus used in the present study, allows
the experiments to be conducted at up to 5 bar pCO2, enabling the
comparison of the charge transfer controlled currents across a broader
range of conditions. As discussed above, one of the main challenges
of mechanistic investigation of CO2 corrosion of mild steel is the dif-
ficulty in obtaining clear charge transfer controlled polarization data,
which in typical glass cell experiments are obscured by the limiting
current. The abovementioned advantages of the TCFC, made this test
apparatus an appealing choice for the purpose of the present study.

The polarization data obtained on API 5L X65 mild steel surface
at pH 4 and pH 5 are shown in Figure 3A and Figure 3B, respec-
tively, where a significant influence of pCO2 was observed on both
the cathodic and the anodic current densities. At both pH 4 and pH 5,
the cathodic limiting current densities were linearly increasing with
respect to pCO2, as expected. However, the charge transfer cathodic
current densities displayed two distinct behaviors when comparing the
results obtained at pH 4 with those at pH 5.

The cathodic polarization curves at pH 4 (Figure 3A) show a Tafel
range just below the OCP that is mostly governed by the charge trans-
fer kinetics (as further examined in model verification section). This
range of cathodic current densities was found not to be significantly
affected by the pCO2. This behavior is expected when carbonic acid
is not significantly electroactive, where increasing its concentration
(by increasing pCO2) does not affect the charge transfer cathodic cur-
rent. The present results were found to be in agreement with what was
reported previously by Tran et al. on a stainless steel surface,13 and
also in our earlier study.25 However, the cathodic currents obtained
at pH 5 (Figure 3B) were fully under limiting current control even at
pCO2 = 5, which would not allow for corroboration of the mechanistic
behavior observed at pH 4.

Over the anodic current range, the polarization curves showed a
significant effect of pCO2 on the electrochemical behavior of the iron
dissolution reaction. The anodic polarization curves do not show the
linear range associated with the active dissolution of iron (as suggested
by El Miligy et al.26) in any of the conditions tested. The observed
behavior is perhaps best categorized as the transition range and pre-
passivation range,26 while the active dissolution range was “hidden”
behind the cathodic currents. The transition range, indicated by the
local anodic current maximum (or in some cases merely an inflec-
tion point), and the pre-passivation range, indicated by the linearly
increasing current densities at more positive potentials, were found to
be significantly affected as pCO2 was increased. The significance of
this effect is best seen in the polarization curves obtained at pH 5. At
this condition, the anodic currents increased “hand in hand” with the
cathodic limiting current densities. That resulted in the corrosion cur-
rent remaining under cathodic limiting current control, even though
the limiting currents were increased significantly at elevated pCO2.

) unless CC License in place (see abstract).  ecsdl.org/site/terms_use address. Redistribution subject to ECS terms of use (see 17.231.94.219Downloaded on 2019-03-26 to IP 

http://ecsdl.org/site/terms_use


Journal of The Electrochemical Society, 166 (11) C3048-C3063 (2019) C3051

A) 

B)

-1.1

-0.9

-0.7

-0.5

-0.3

-0.1

0.01 0.1 1 10 100

Po
te

n�
al

 vs
. S

HE
 / 

V

Current density / (A.m-2)

0 bar CO₂ 1 bar CO₂ 5 bar CO₂

-1.1

-0.9

-0.7

-0.5

-0.3

-0.1

0.01 0.1 1 10 100

Po
te

n�
al

 vs
. S

HE
 / 

V

Current density / (A.m-2)

0 bar CO₂ 1 bar CO₂ 5 bar CO₂

Pre-passiva�on range

Transi�on range

Cathodic charge transfer
controlled range

Figure 3. The anodic and cathodic polarization behavior of API 5L X65 mild
steel in acidic solutions, at 30°C, 12.9 m.s−1 flow velocity, 0.1 M NaCl, and
varying pCO2. A) at pH 4. B) at pH 5. Error bars represent the standard deviation
of at least three repeated experiments at selected potentials.

The effect of CO2 on the iron dissolution reaction is perhaps one of
the least studied aspects of CO2 corrosion. Even in the few available
studies a rather inconsistent behavior was reported as discussed in
more detail elsewhere.24 The significant increase of the anodic reaction
rate in the transition and pre-passivation ranges as shown in Figure 3,
appears to be in agreement with the results reported previously by
Linter and Burstein.21 In that study, the authors suggested that the
increased rate of iron dissolution was a result of the destabilization
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Figure 4. The measured corrosion rates on API 5L X65 mild steel in acidic
solutions, at 30°C, 12.9 m.s−1 flow velocity, 0.1 M NaCl, and varying pH
and pCO2. Error bars represent the standard deviation of at least five repeated
measurements.

of the passive layer, Fe(OH)2 or Fe2O3 species, through a chemical
attack by bicarbonate ion, similar to that proposed for the alkaline
pH range.27–29 Nevertheless, such a hypothesis cannot be introduced
for the conditions of the present study, considering that the formation
of passive layers on a mild steel surface is not thermodynamically
favored in the pH and potential range used here.30

The effect of pCO2 on the corrosion rates is examined based on
the experimental data from LPR measurements as summarized in
Table III. The resistance obtained from LPR measurement was first
corrected for solution resistance (from EIS measurements) to obtain
the polarization resistance (Rp). The polarization resistance was then
used to obtain the corrosion rate based on the Stern-Geary relationship,
Equation 1, where A is the electrode surface area (m2), and 1.16 is the
proportionality constant for converting the corrosion current (A.m−2)
to corrosion rate (mm.yr−1) of steel. The proportionality constant, B
in Equation 2, was estimated based on apparent anodic and cathodic
charge Tafel slopes (ba and bc, respectively) as observed in polar-
ization data corresponding to each condition (shown in Figure 3 and
Figure 6).

CR = 1.16
B

Rp/A
[1]

B = babc

2.303 (ba + bc )
[2]

The effect of pCO2 on corrosion rates at pH 4 and pH 5 is shown
in Figure 4. The general trend of corrosion rate vs. pCO2 was found
to agree well with the mechanistic discussion above. At pH 4, the
cathodic currents were under charge transfer control, hence, corrosion
rates show only a slight increase as pCO2 was increased from 0 to
5 bar. The slight increase of corrosion rates could be explained by

Table II. Summary of experimental conditions.

Test Apparatus TCFC
Electrode material API 5L X65
Electrode Surface Area (m2) 1.99 × 10−4

Flow Velocity (m.s−1) 12.9
Channel hydrodynamic length (m) 6.9 × 10−3

Temperature (ºC) 30, 10
pH 4.0, 5.0
Gas composition Temperature (ºC) Total Pressure (bar) pH2O (bar) pN2 (bar) pCO2 (bar)

10 1 0.012 Balance 0
10 1 0.012 0 Balance
10 5 0.012 0 Balance
30 1 0.043 Balance 0
30 1 0.043 0 Balance
30 5 0.043 0 Balance
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Figure 5. The effect of temperature on the observed polarization behavior of
API 5L X65 mild steel in N2-saturated acidic solutions at pH 4, 12.9 m.s−1

flow velocity, 0.1 M NaCl. Error bars represent the standard deviation of at
least three repeated experiments at selected potentials.

the influence of CO2 on the anodic reaction. On the other hand, at
pH 5 corrosion rates were significantly influenced by pCO2, where
almost a five-fold increase was observed by increasing the pCO2 from
0 to 5 bar. The polarization curves obtained at the similar conditions
(Figure 3B), showed that corrosion was controlled by the cathodic
limiting currents at all CO2 partial pressures. Hence, the increased
corrosion rates are the result of increased cathodic limiting currents,
and to a smaller extent due to the increased rate of the anodic reaction.

In our further attempts to corroborate the mechanistic arguments
above, a set of experiments at a lower temperature (10°C) were con-
ducted in the present study. Decreasing the temperature was expected
to influence the observed polarization curves by disproportionally de-
creasing the rate of charge transfer reactions as compared to the lim-
iting current. Such behavior would allow the charge transfer cathodic
currents and the anodic currents in the active dissolution range to be
observed more clearly, hence giving us a better chance to refine these
mechanistic arguments.

The polarization data obtained on X65 mild steel under N2 atmo-
sphere at pH 4 and 10°C is compared with those obtained at 30°C,
and shown in Figure 5. The results were in agreement with the ex-
pected behavior, where at 10°C a clear Tafel behavior observed over
the cathodic currents, indicating a charge transfer controlled range.
Moreover, the anodic current densities exhibit a linear range just above
the OCP, which corresponds to the active iron dissolution range. The
clear separation between the cathodic and anodic currents observed at
this lower temperature provides a great opportunity for better under-
standing of the effect of CO2 on the electrochemical behavior of this
system.

The effect of pCO2 on the observed polarization behavior at pH 4
and pH 5 was re-examined at 10°C, as shown in Figure 6. At pH 4,
the charge transfer controlled cathodic currents were observed clearly
over an extended potential range. The behavior of cathodic currents
with pCO2 was in complete agreement with that observed at 30°C
in Figure 3A. The experimental data obtained at pH 5 also showed a
similar range of charge transfer controlled current densities that was
not significantly affected by increasing the pCO2 from 1 to 5 bar. This
observation further corroborates the abovementioned mechanistic ar-
guments that carbonic acid is not a significant electroactive species
even if at pH 5 and 5 bar CO2 the concentration of carbonic acid was
about 40 times higher than that of H+.

The anodic polarization curves obtained at 10°C clearly demon-
strate a range of linearly increasing anodic currents associated with
the active dissolution range, in addition to the transition and pre-
passivation ranges. The electrochemical behavior in the transition and
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Figure 6. The anodic and cathodic polarization behavior of API 5L X65 mild
steel in acidic solutions, at 10°C, 12.9 m.s−1 flow velocity, 0.1 M NaCl, and
varying pCO2. A) at pH 4. B) at pH 5. Error bars represent the standard deviation
of at least three repeated experiments at selected potentials.

the pre-passivation range were similar to that observed at 30°C. In the
active dissolution range, the presence of CO2 led to observation of
a slightly decreased Tafel slope, when comparing to the polarization
curves obtained without CO2 at the same pH. This decrease of the
Tafel slope was not intensified at higher CO2 partial pressures. The
observed influence of CO2 on anodic reaction in the active dissolution
range was found to partially agree with the results reported by Nesic
et al.23 In that study23 the authors investigated the effect of CO2 on the
anodic polarization curves in a narrow potential range (∼100 mV)
above the corrosion potential. The proposed mechanism by Nesic
et al.23 suggests that CO2 is actively engaged in the electrochemistry
of iron dissolution. The trend in the present study also suggest that the
presence of CO2 resulted in an increased rate in the active dissolution
range, which was not further intensified as pCO2 was increased from
1 bar to 5 bar. However, here the effect appears to be in the form of a
slight decrease in the apparent Tafel slope.

The corrosion rates obtained for pH 4 and pH 5 at 10°C based on
LPR measurements, are shown in Figure 7. These values are generally
about three times smaller than those obtained at 30°C. The corrosion
rates reported here show only a small dependence on pCO2. As is
clearly observed in the polarization curves in Figure 6, at 10°C the
cathodic currents are under charge transfer control, hence increasing
pCO2 does not result in higher cathodic currents, as expected based on
the mechanistic arguments above. Additionally, the anodic reaction in
the vicinity of OCP was in the active dissolution range, which was only
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Figure 7. The measured corrosion rates on API 5L X65 mild steel in acidic
solutions, at 10°C, 12.9 m.s−1 flow velocity, 0.1 M NaCl, and varying pH
and pCO2. Error bars represent the standard deviation of at least five repeated
measurements.

slightly affected by pCO2. Considering these mechanistic behaviors,
the observed trend of corrosion rates vs. pCO2 in Figure 7 was found
to be consistent with what was expected. Unlike what was observed
at 30°C for pH 5, at 10°C the corrosion rates were found to be mostly
insensitive to pCO2.

Quantitative Analysis

The solution speciation.—The calculation of the solution com-
position is a primary step in mathematical modeling of CO2 corro-
sion. The primary objective in such calculations is to determine the
solution speciation as it is dictated by the equilibria associated with
H2O/CO2 system. That includes the CO2 dissolution, hydration and
dissociation reactions as well as water dissociation as shown by Re-
actions 3 through 7.

CO2(g) � CO2(aq) [3]

CO2(aq) + H2O(l) � H2CO3 (aq) [4]

H2CO3(aq) � HCO−
3(aq)

+ H+
(aq) [5]

HCO−
3(aq)

� CO2−
3(aq)

+ H+
(aq) [6]

H2O(l) � OH−
(aq) + H+

(aq) [7]

In a generic formulation, the aqueous chemical equilibrium for any
reaction j, with nr reactants (Rm) and np products (Pn), in the form of:

nr∑
m=1

Rm �
np∑

n=1

Pn [8]

is expressed as Equation 9, assuming an ideal solution conditions:∏np
n=1 cPn∏nr

m=1 cRm

= k f , j

kb, j
= Kj [9]

where ci is the concentration of the chemical species i (M or m de-
pending on corresponding Kj units), Kj is the equilibrium constant of
reaction j, and kf,j and kb,j are the kinetic rate constants associated with
the forward and backward reactions involved in each equilibrium.

The phase equilibrium of CO2 dissolution in water (Reaction 3)
can be expressed based on Henry’s law, assuming an ideal solution:

ϕCO2 pCO2

cCO2

= HCO2 [10]

where φCO2 and pCO2 (bar) are fugacity coefficient and partial pressure
of CO2, respectively, and HCO2 is the Henry’s constant. The fugacity
coefficient of CO2 can be obtained using the empirical equations re-
ported by Duan et al.31 as shown in Table IV. In the conditions of this
study the partial pressure of CO2 in the gas phase is PCO2 = Ptot −Pws,
with Ptot (bar) being the total pressure of the system and Pws being
the saturation pressure of water that was obtained from the empirical
relationship shown in Table III.

In the literature dedicated to the equilibrium and speciation of a
H2O/CO2 system, it is customary to lump the concentration of the dis-
solved CO2 with carbonic acid to defineCCO∗

2(aq)
= CCO2(aq)

+CH2CO3(aq)
.

Therefore, the equilibria are commonly discussed in terms of Reaction
11 and Reaction 12, where carbonic acid is not considered explicitly.

CO2(g) � CO∗
2(aq)

[11]

CO∗
2(aq)

+ H2O(l) � HCO−
3(aq)

+ H+
(aq) [12]

The corresponding equilibrium constants (denoted by asterisk) are
therefore reported as:

H∗
CO∗

2
= ϕCO2 pCO2

cCO∗
2

[13]

K∗
Ca =

cHCO−
3 (aq)

cH+
(aq)

cCO∗
2(aq)

[14]

The effect of the hydration reaction can be readily included in these
expressions in order to obtain the true equilibrium constants, required
for the water chemistry calculation in the CO2 corrosion context. The
relationship between the K∗ values and the true equilibrium constants
can be obtained by simple mathematical manipulations:

HCO2 = (
1 + Khyd

)
H∗

CO∗
2

[15]

KCa =
(

1 + 1/
Khyd

)
K∗

Ca [16]

The Henry’s constant as well as the equilibrium constants for carbonic
acid (KCa), bicarbonate ion (Kbi) and water dissociation (Kw) reactions
are listed in Table IV.

The equilibrium constant for CO2 hydration (Reaction 4), Khyd, is
perhaps the constant that is known with the least confidence. There
have been a number of different studies dedicated to evaluation of this
parameter.32–37 The earlier attempts have been reviewed by Kern33 and
were shown to be scattered over a rather wide range. The commonly
used value of Khyd = 2.58 × 10−3 is in fact at the higher end of the
reported range.8,38,39 The reason could be that it was evaluated based
on the value of pKCa = 3.76 (see Equation 12) reported by Wiss-
brun in 1954.40 The recent studies35,41,42 suggest that the pKCa range
(3.40–3.50) is significantly lower than that reported by Wissbrun.40

The discrepancies of reported pKCa values, and hence the Khyd, are
mostly due to the strong influence of solution non-idealities, in ad-
dition to the inherent measurement uncertainties. However, the Khyd

can also be obtained from the forward and backward kinetic rate con-
stants of the hydration reaction. Since this reaction only involves neu-
tral species, the effect of non-ideal solution is minimal; hence, the
reported values are in that sense more reliable. With these considera-
tions in mind, the relationship based on a kinetic model by Wang et
al.37 (shown in Table IV) was used in the present study.

In addition to the equilibrium relationships of the H2O/CO2 system,
the concentration of ions must also satisfy the charge balance as shown
by Equation 17. ∑

i

ziCi = 0 [17]

In the present study, where the pH and the pCO2 are known,
solution speciation can be obtained from the relationships describ-
ing the chemical equilibria, and the electro-neutrality equation. This
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Table III. Summary of polarization resistance and solution resistance data based on LPR and EIS measurements, respectively, used for corrosion
rate calculation.

Polarization Solution Corrosion rate
resistance (�) resistance (�) (mm.yr −1)

Temperature pCO2 data Average Standard Average Standard Average Standard
(°C) pH (bar) points # value deviation Value deviation B Value value deviation

30 4.0 0 7 16.8 0.5 5.8 0.2 0.011 5.97 0.27
30 4.0 1 10 15.6 2.0 5.1 0.5 0.011 6.66 0.57

30 4.0 5 9 13.1 0.4 5.4 0.3 0.010 7.26 0.48
30 5.0 0 8 52.6 3.6 5.5 0.6 0.013 1.62 0.12
30 5.0 1 8 22.5 0.8 4.9 0.5 0.010 3.31 0.11
30 5.0 5 7 11.5 0.7 5.4 0.5 0.010 9.14 0.73
10 4.0 0 5 125.3 16.6 7.4 0.5 0.010 0.48 0.04
10 4.0 1 5 99.9 7.8 7.6 0.3 0.011 0.51 0.03
10 4.0 5 4 87.0 11.5 8.3 0.4 0.010 0.56 0.03
10 5.0 0 6 140.8 11.1 7.9 0.4 0.010 0.58 0.06
10 5.0 1 11 96.7 24.4 7.8 0.5 0.008 0.58 0.17
10 5.0 5 12 76.0 10.7 8.0 0.3 0.008 0.72 0.10

set of equations can be expressed in a matrix format in the form of
Equation 18, so that the solution speciation can be directly obtained
by calculating the inverse of the coefficient matrix [A] (Equation 19).

[A] . [C] = [S] [18]

[C] = [A]−1. [S] [19]

An example of one such calculation is shown by Equation 20,
which, includes NaCl as well as NaOH concentrations. The latter
being the required concentration of NaOH to adjust the pH to the
pre-specified value. Figure 8 illustrates the solution speciation as a
function of pH for an open system at 1 bar and 5 bar pCO2, obtained
following this procedure.⎡

⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎣

1 0 0 0 0 0 0 0 0 0
0 0 1 0 0 0 0 0 0 0
1 −KH,CO2 0 0 0 0 0 0 0 0
0 −Khyd 0 1 0 0 0 0 0 0
0 0 0 −Kca 10−pH 0 0 0 0 0
0 0 0 0 −Kbi 10−pH 0 0 0 0
0 0 0 0 0 0 10−pH 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

⎤
⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎦

·

⎡
⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎣

fCO2

cCO2(aq)

cH+
(aq)

cH2CO3(aq)

cHCO−
3 (aq)

cCO2−
3 (aq)

cOH−
(aq)

cCl− (aq)

cNa+
(aq)

cNaOH(aq)

⎤
⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎦

=

⎡
⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎢⎣

pCO2φCO2

10−pH

0
0
0
0

aH2O Kw

0
cNaCl(aq)

cNaCl(aq)

⎤
⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎥⎦

[20]

The electrochemical reactions.—The mathematical model pre-
sented below is a quantitative attempt to validate the experimental
findings, and ultimately to use the current mechanistic understanding
of CO2 corrosion for predicting the corrosion rates. Hence, the car-
bonic acid reduction reaction as proposed in the conventional mech-
anism of CO2 corrosion is not included in the present model. Also,
the water reduction reaction that is only occurs significant at notably
lower potentials, was not included in the model. Therefore, the present
model is developed with H+ as the sole cathodic reaction and iron dis-

solution as the only anodic reaction as shown via Reactions 21 and 22.
It should be noted that due to the negligible concentration of dissolved
H2 gas and the potential range of interest in these applications, the
H2 oxidation reaction can be assumed to be insignificant. Similarly,
considering the negligibly small concentration of ferrous ion in the
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Figure 8. The pH dependence of carbonate speciation at 1 bar CO2 (solid
lines) and 5 bar CO2 (dashed lines), at A) 30°C. B) 10°C. The concentration
of the alkalinity required at any pH value is included in the form of NaOH.
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present study, the iron reduction reaction was omitted.

H+ + e− → 1

2
H2 [21]

Fe → Fe2+ + 2e− [22]

The rate of the H+ reduction reaction is expressed as shown by
Equation 23, where kH+ , mH+ , and αH+ are the reaction rate constant,
reaction order, and charge transfer coefficient, respectively, which are
estimated based on the experimental data as further discussed below.
The current density calculations are based on the surface concentration
of the active species denoted by Cs

H+ in the case of H+ reduction
reaction. It is worthwhile to note that the potential dependence in
Equation 23 is expressed in terms of applied potential (Eapp), and the
standard potential term as a constant value parameter in the exponent,
is lumped into the rate constant.

ic,H+ = −nH+ FkH+Cs
H+

mH+ e

( −αH+ FEapp
RT

)
[23]

The iron dissolution reaction in acidic solutions can be considered
as one of the classic subjects in electrochemical mechanism studies,
which has been extensively studied over the last decades.26,43–50 An
extensive review of the literature is beyond the scope of this study;
however, the interested readers can find a wealth of information in the
reviews dedicated to this subject.51,52 In the classical view, the iron
dissolution was believed to occur either through the so-called “cat-
alytic mechanism” or “consecutive mechanism”, depending on the
surface activity and microstructure of the metal substrate.46,47,49,51–53

Further mechanistic studies suggest that the iron dissolution occurs
through a series of parallel reactions, and depending on the rate de-
termining step, the observed behavior can be associated with either of
the previously proposed mechanisms.50,52,54 The more recent studies
also provide further mechanistic insight into the transition and the pre-
passivation ranges of the iron dissolution reaction, suggesting that the
active dissolution range is followed by higher order surface oxidation
of the iron intermediates.49,50,52,54

Despite the advancements in the understanding of the iron disso-
lution mechanism, its inherent complexity has left some mechanistic
aspects of this reaction controversial, more specifically when it comes
to the interpretation of the observed behavior in terms of electrochemi-
cal steps. While it has been shown that the models based on the uniform
surface chemistry mechanisms47 are not able to reasonably explain the
observed EIS measurements,50,51,54 the proposed alternative, the self-
catalytic two-electron transfer step of the “catalytic mechanism”, has
also been criticized.47 This latter reaction is suggested to occur on self-
reproducing “kink” sites.43,51 However, the nature of the kink sites, and
quantitative measures of their potential and pH dependence, which are
of great significance in determining the reaction rate, requires further
elucidation. In a more recent publication, Lorenz et al.49 offered some
alternative explanation in this regards, which are based on the surface
morphology and the low dimension systems concept.

Aside from these lingering controversies, considering the inherent
complexity of the iron dissolution reaction with numerous elemen-
tary steps and intermediate species, a fully mechanistic, micro-kinetic
mathematical description of this process is a significant undertaking,
that is beyond the scope of the corrosion rate predictive model con-
sidered in the present study. Additionally, the effect of the solution
composition and the presence of various anions are known to influence
not only the kinetics, but also the mechanism of the iron dissolution
reaction.17,48,52,55 On top of that, in the context of CO2 corrosion, the
non-uniform steel surface and more importantly, the lack of under-
standing of the effect of carbonate species on the mechanism of iron
dissolution reaction are amongst the additional complexities.

Despite the abovementioned complications in iron dissolution rate
calculations, the rate of this reaction in CO2-saturated solutions is
commonly expressed in terms of a simple elementary electron trans-
fer reaction.8,22,56,57 That treatment practically assumes that the iron
dissolution reaction always occurs in the active dissolution range.

Considering the observed behavior in Figure 3, and also that reported
in the previous studies,23,24,26,50 this is an obvious oversimplification
that is not in accord with experimental observations. The experimental
data reported in Figure 5 or those in Figure 3B and Figure 6B, suggest
that the corrosion current can be either in the active dissolution, transi-
tion or pre-passivation range. That is defined by the surface pH, which
in addition to bulk pH, is also depends on temperature, pCO2, etc.
Therefore, in corrosion rate predictive models it is critical to include
a rate expression that reasonably reflects the behavior of the anodic
reaction over all its various ranges.

In an attempt to quantify the observed behavior in the active disso-
lution, as well as those in the pre-passivation and the transition ranges,
the rate of the iron dissolution reaction is expressed using a semi-
empirical approach. In this approach while all the major components
of the iron dissolution mechanism are accounted for, some details of
the underlying mechanism are inevitably disregarded to simplify the
rate expression. As a high level explanation, the iron dissolution from
the active to the pre-passive range consists of four main processes,
which are in common in almost all proposed mechanisms.48,50–52,58

Those are: two linear ranges in a semi-log plot, one for the active dis-
solution range and the other for pre-passivation range, the presence
of a current maximum in the transition range, and its gradual disap-
pearance with change in solution pH. The linearly increasing current
density in the active dissolution range and that in the pre-passivation
range were clearly observed in the experimental results shown above in
Figure 6. Regardless of the physical explanations, the current/potential
relationship in these ranges can be expressed as following, considering
the electrochemical nature of their corresponding reactions:

ia, j = nFeFk jC
s
H+

mH+ , j e

(
α j FEapp

RT

)
[24]

where Cs
H+ is the surface concentration of H+ to represent the pH

dependence of the iron dissolution with the apparent reaction order
of mH+, j . It should be noted that Equation 24 does not represent the
current/potential dependence of a single elementary reaction, rather
it represents the response of a sequence of reactions, and the kinetic
parameters are representing the apparent values.

There is an agreement in the literature that the pre-passivation range
is a result of the oxidation of an existing intermediate species to higher
orders.49,50,52,54 Such processes commonly exhibit a Tafel slope lower
than 2RT/F (similar to that observed in the active dissolution range),
unless the surface coverage of the intermediate species (θ) is not po-
tential dependent, i.e. when θ →1. The observation of a ∼120 mV
Tafel slope in the pre-passivation range supports such a scenario. The
concentration of this intermediate can be expressed using a Langmuir
isotherm for an electrochemical process, Equation 25. Furthermore,
such a process suggests that the 120 mV range is only observed when
θ →1, where the rate of other electrochemical reactions are inevitably
halted due to lack of available reaction sites. Therefore, Equation 25
as the third main component of the anodic polarization curve, is re-
sponsible for the “S” shape behavior observed in the transient range. In
order to reflect the effect of the intermediate surface species, the rate of
all electrochemical reactions are multiplied by (1-θ), which represents
the available sites for those reactions. The consistent observation of
this behavior beyond the transition range suggests that the potential
and concentration dependences of this passivating process are likely
to be similar to those in the active dissolution range.

θ = KθCs
H+

mH+,θ e
(

αθFEapp
RT

)

1 + KθCs
H+

mH+,θ e
(

αθFEapp
RT

) [25]

Nevertheless, the “S” shape behavior, resulting in the observed cur-
rent maximum, is only present in a narrow pH range and disappears
both at more acidic and also in more alkaline environments.23,47,52 In
the acidic solutions purged with N2, the reports in the literature26,49,58

suggest a 0.5 order dependence on H+ concentration, which is in ac-
cordance with that seen in the experimental results in the present study.
On the other hand, in the CO2-saturated solutions the current maxima
do not exhibit any significant pH dependence (Figure 3 and Figure 6),
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Figure 9. The calculated anodic polarization curve in a N2-saturated acidic
solutions at 10°C.

yet the previously reported results showed that this current maximum
no longer exists at higher pH values.23 Based on such observations,
one can conclude that the active dissolution range and the current max-
imum are also affected by a secondary process with a rate that rapidly
decreases with increasing pH. This can be due to the change in the rate
determining step, as noted previously,47,50,52 where the increased pH
reduces the rate of reaction in the active dissolution range. Hence, its
corresponding rate can also be expressed by the same generic form of
Equation 24. The observed net rate resulting from these two processes
can be calculated based on the harmonic average of both reaction rates
in order to reflect the consecutive nature of these reactions. The net
anodic current can therefore be expressed as Equation 26.

ia =
(

1

(1 − θ) i1
+ 1

(1 − θ) i2

)−1

+ θi3 [26]

Figure 9 demonstrates the results of a mathematical simulation
of anodic polarization curves based on the rate expression presented
above for a N2 saturated acidic solution, while the performance of
the complete model is discussed in the following sections. By finding
the best fit to the experimental data, the anodic current density in the
active dissolution range obtained using the harmonic average of an
electrochemical process, is expressed as Equation 24, with mH+,1 =
−2 and α1 = 2, and another with mH+,2 = 1 and α2 = 1. The
Langmuir isotherm in the form of Equation 25 is represented with
mH+,θ = −2 and αθ = 2. And finally, the current densities in the
pre-passivation range were obtained using mH+,3 = 0 and α3 = 0.5.

As shown in Figure 9, the semi-empirical calculation of the anodic
current density is able to reflect the observed potential and pH depen-
dence at both the lower and higher current densities with a reasonably
predicted transition state in-between. Nevertheless, some deviations
from experimental data, especially in the transition state would be
expected due to the simplified mechanistic view behind these calcula-
tions, which disregards specific reaction steps and ignores intermediate
species of lesser significance.

The case of iron dissolution in CO2-saturated solution is even more
complex than that in N2-saturated solution, with many important as-
pects yet to be understood. However, considering that the general
behavior of anodic polarization curves are similar in both N2 and
CO2-saturated solutions, the anodic current density for the latter case
may also be calculated based on Equation 26. The observed differ-
ences, including the dependence on CO2 concentration were accounted
for in the rate expressions. Nevertheless, the carbonate species (CO2,
H2CO3, HCO3

−, and CO3
2−) responsible for such an effect cannot

be explicitly identified. For the lack of a better understanding, the rate
expressions were represented in terms of the dissolved CO2 concentra-
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Figure 10. The calculated anodic polarization curve, in CO2-saturated acidic
solutions at 10°C, at pH 4 and 5, pCO2 = 1 bar (long dashed lines), pCO2 =
5 bar (dotted-dashed lines), and pCO2 = 15 bar (dashed lines).

tion (Equation 27). The expressions for electrochemical reactions and
the Langmuir isotherm were reworked for the case of CO2-saturated
solutions as:

ia, j = nFeFk jC
s
H+

mH+ , jCs
CO2

mCO2 , j e

(
α j FEapp

RT

)
[27]

θ = KθCs
H+

mH+,θCs
CO2

mCO2 ,θ e
(

αθFEapp
RT

)

1 + KθCs
H+

mH+,θCs
CO2

mCO2 ,θ e
(

αθFEapp
RT

) [28]

Figure 10 shows the results of a mathematical simulation of anodic
polarization curves in CO2-saturated solutions. The current density in
the active dissolution range is obtained using the harmonic average
of an electrochemical process with mH+,1 = −2.5, mCO2,1 = 0 and
α1 = 2.5, and another with mH+,2 = 1, mCO2,2 = 0.5 and α2 = 2.
The Langmuir isotherm in the form of Equation 28 is represented with
mH+,θ = −2.5, mCO2,θ = −0.5 and αθ = 2.5, and finally, the current
densities in the pre-passivation range is obtained using mH+,3 = −0.5,
mCO2,3 = 0.5 and α3 = 0.5. Figure 10 demonstrates the performance
of the present approach with the change in pH and partial pressure of
CO2, as it relates to the conditions of the present study.

The results obtained in this fashion were able to reasonably rep-
resent the general behavior observed at the conditions of the present
study. The elements used in the present model can be modified to incor-
porate new mechanistic understanding of this reaction as it becomes
available, in order to improve the range of validity of the results.

The model used in this study is built based on only two key elec-
trochemical reaction: the H+ reduction and Fe oxidation. The rates
of these reactions in aqueous acidic solutions can be obtained as dis-
cussed above. Considering the heterogeneity of the corrosion process
and the underlying electrochemical reactions, these expressions are in-
cluded in the model as the metal surface boundary conditions, where
the flux of the species (Ni as discussed in detail in section Mass trans-
fer and the buffering effect in the boundary layer) at the electrode are
defined by the rate of these electrochemical reactions. That can be
mathematically expressed as:

Ni|x=0 = − si j i j

n jF
[29]

Equation 29 relates the current density of reaction j (H+ reduction or Fe
oxidation) to the flux of the involved electroactive species at the metal
surface, where sij is the stoichiometric coefficient of species i, and nj is
the number of transferred electrons. The negative sign is to compensate
for the sign convention, where anodic currents are represented with
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Table IV. The equilibrium parameters for H2O/CO2 system.+

H∗
CO∗

2

†71 φCO2
††31 Khyd

†††37 K∗
ca

72� Kbi
72 � Kw

73 �� Pws
74,75 �

Param. [m.bar−1] - - [m] [m] [m2] [bar]

a1
++ 1.3000 E1 1.0000 1.02E4 233.51593 −151.1815 −4.098 1.167 E3

a2 −1.3341 E-2 4.7587 E-3 −55.7 0.0000 −0.0887 −3245.2 −7.242 E5
a3 −5.5898 E2 −3.3570 E-6 NA −11974.3835 −1362.2591 2.2362 −1.707 E1
a4 −4.2258 E5 0.0000 NA 0.0000 0.0000 −3.984 E7 1.202 E5
a5 NA −1.3179 NA −36.5063 27.7980 13.957 −3.233 E6
a6 NA −3.8389 E-6 NA −450.8005 −29.5145 8.5641 E5 1.492 E1
a7 NA 0.0000 NA 21313.1885 1389.0154 NA −4.823 E3
a8 NA 2.2815 E-3 NA 67.1427 4.4196 NA 4.051 E5
a9 NA 0.0000 NA 0.0084 0.0032 NA −2.386 E-1
a10 NA 0.0000 NA −0.4015 −0.1644 NA 6.502 E2
a11 NA 0.0000 NA −0.0012 −0.0005 NA NA

+The equilibrium constants are based on molal concentrations. Appropriate unit conversion should be considered whenever necessary.
++The ai values are rounded to four digits after the decimal.
†ln(K∗

H,CO∗
2
) = a1 + a2T + a3

T + a4
T 2 .

††φCO2 = a1 + [a2 + a3T + a4
T + a5

T −150 ]P + [a6 + a7T + a8
T ]P2.

†††Khyd = 55.6 exp( −a1+a2 T
RT ).

�ln(par.) = a1 + a2 T + a3
T + a4

T 2 + a5 ln(T ) + ( a6
T + a7

T 2 + a8
T lnT ) + ( a9

T + a10
T 2 + a11

T lnT )(p − ps )2.
Ps = 1 if T<373.15, Ps = Pws if T>373.15.
��−log(Kw ) = a1 + a2

T + a3
T 2 + a4

T 3 + (a5 + a6
T + a7

T 2 ) log(10−3ρw ).
�Pws = 10 [ 2C

−B+(B2−4AC)0.5 ]4.

A = θ2 + a1θ + a2; B = a3θ
2 + a4θ + a5; C = a6θ

2 + a7θ + a8; θ = T + a9
T −a10

.

positive values and cathodic currents with negative values. For the
chemical species that are not involved in electrochemical reactions
the flux at the metal surface is zero:

Ni|x=0 = 0 [30]

The kinetic parameters for the H+ reduction reaction expressed in
the form of Equation 23 were obtained by finding the best fit of the
model to the experimental data, with the temperature effect expressed
in terms of the van’t Hoff equation (Equation 31). The values of kH+ =
2E − 8 mol/m2 s (mol/m3)1−mH+ , mH+ = 0.5, αH+ = 0.43, and the
reaction enthalpy of �H = 100.3 kJ with Tre f = 283oK was obtained,
which were found to be in reasonable agreement with those obtained
in glass cell experiments presented in an earlier study.17

k j |T = k j |Tre f e
−�H j

R(T −Tre f ) [31]

In a similar fashion, the kinetic parameters for the iron dissolution
reaction were obtained as listed in Table V. The rate of this reaction,
and its pH and pCO2 dependence were expressed as discussed above.
The four kinetic and equilibrium constants were obtained with a rea-
sonable confidence based on a corresponding characteristic feature
in the polarization curves. Considering the significantly different ap-
parent Tafel slopes and pH dependence observed in N2-saturated and
CO2-saturated solutions, two sets of kinetic parameters were used to
represent the rate of this reaction.

Mass transfer and the buffering effect in the boundary layer.—
In order to calculate the rate of electrochemical reactions, the surface
concentrations of the electroactive species are required. They can be
calculated by using mass conservation laws inside the diffusion bound-
ary layer that is stretching from the metal surface to the bulk solution,
given the known solution speciation in the bulk (as discussed in the
solution speciation section). The mass conservation law inside the dif-
fusion boundary layer of an electrochemical system is described via
the Nernst-Planck Equation as:

∂Ci

∂t
= −∇.Ni + Ri [32]

where Ni is the flux of species i, and Ri is the rate of its produc-
tion/consumption via chemical reactions that incorporates the effect
of CO2 hydration reaction and the carbonic acid buffering effect. The
flux is typically expressed as:59

Ni = −ziuiFCi∇φ − Di∇Ci + vCi [33]

The first term in Equation 33 is the contribution of electro-migration
for the ionic species i with charge of zi and mobility of ui, in the
presence of an electric field (∇φ), where F is the Faraday’s constant.
The second term is the molecular diffusion arising from the concen-
tration gradient, with Di being the diffusion coefficient. The last term
represents the effect of convective flow with the velocity of v.

In a fully developed turbulent flow regime such as the one inside
a pipe or the thin channel cell used in the present study, specifying
the velocity profile inside the boundary layer requires extensive fluid
mechanics calculations. In the alternative approach used in this study,
the effect of flow is represented by the concept of eddy diffusivity.
Unlike laminar flow that moves the bulk of the fluid toward a certain
direction, the eddies in turbulent flow mix the solution at a microscale.
The effect of turbulent transport is therefore expressed by an analogy to
molecular diffusion, with De representing the eddy diffusivity. Hence,
Equation 33 in turbulent flow is restated as:

Ni = −ziuiFCi∇φ − (Di + De ) ∇Ci [34]

Considering one dimensional nature of a fully developed diffusion
boundary layer, only the direction normal to the metal surface is signif-
icant in Equations 32 and 34. Assuming an ideal solution, the ionic mo-
bility can be expressed via Nernst-Einstein relationship (ui = Di/RT).
Equations 32 and 34 can be simplified for the case of a one dimensional
semi-infinite domain normal to the electrode surface as:

Ni = − (Di + De )
∂Ci

∂x
− ziDiFCi

RT

∂φ

∂x
[35]

∂Ci

∂t
= ∂

∂x

(
(Di + De )

∂Ci

∂x

)
+ ziDiF

RT

∂

∂x

(
Ci

∂φ

∂x

)
+ Ri [36]

The diffusion coefficients appearing in Equations 35 and 36 for the
species of significance in the present study are listed in Table VI. The
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Table V. Kinetic parameters of the iron dissolution reaction in
acidic solutions.

N2-saturated environment CO2-saturated environment

k0,re f �H (kJ ) at Tre f = 283 k0,re f �H (kJ ) at Tre f = 283

k1 1.5E6 42.9 3.0E9 42.9
k2 4.0E5 12.1 1E13 6.1
k3 5E-2 39.2 4.5E-3 30.2
Kθ 1.5E10 10.2 4.0E13 24.7

temperature dependence of molecular diffusivity (Di) can be expressed
on the basis of the well-known Stokes-Einstein relationship as:

Di,T

Di,298
= T

298

μ298

μT
[37]

where T is the temperature in degree Kelvin, and μT is the water
viscosity at T.

The eddy diffusivity distribution throughout the boundary layer of
a fully developed turbulent flow can be obtained from the empirical
equation suggested by Arvanith:60

De = ν
0.0007 x+3

[
1 + 0.00405x+2

]1/2
[38]

where ν is the kinematic viscosity, and x+ is the dimensionless distance
from the wall defined as:

x+ =
x
(
τw

/
ρ

)1/2

ν
[39]

Equation 38 is valid for x+<30 and it is universal in turbulent flow
when appropriate dimensionless parameters are used. The influence of
the geometry of channel flow appears in the wall shear stress term (τw)
of Equation 39. Where τw is defined as a function of Fanning friction
factor (Cf) as shown in Equation 40, and the Fanning friction factor
itself is a function of the Reynolds number (Re). The Reynolds number
carries the geometry specific information in this set of equations.

τw = 1/
2ρCf V

2 [40]

In Equation 40, V is the average flow velocity (m.s−1), and ρ is
the fluid density (kg/m3). There are a few different empirical relation-
ships proposed for calculating the friction factor in a turbulent flow
regime. In the present study, the correlation of Swamee and Jain61 for
Darcy friction factor (Cd = 4Cf) was used (Equation 41), which is
essentially an explicit derivation of the well-known Colebrook-White
correlation.62 The Reynolds number (Re = V.Deq/ν ) was calculated
based on the equivalent characteristic diameter: Deq = 4A/P, where A
and P are the cross section area and the interior perimeter of the thin
channel. The first term in the logarithm in Equation 41 accounts for
the effect of wall roughness (ɛ) on the friction factor.

Cd = 0.25

[
log

( ε
/
Deq

3.7
+ 5.74

Re0.9

)]−2

[41]

For the purposes of validation, the wall shear stress calculated using
Equations 40 and 41 is compared with the experimental data for the
thin channel flow cell used in the present study, in Figure 11. The
experimental data shown in Figure 11 were recalculated from the data
obtained in earlier studies in the same thin channel flow cell.63–66 The
experimental data were obtained via pressure drop measurements and
also by using a floating element wall shear stress probe (Lenterra Inc.),
as described in detail in the original studies.63–66

The Ri term in Equation 36 represents the effect of the homoge-
neous chemical reactions as a source/sink of the chemical species. The
rate of each chemical reaction j in the general form of Reaction 42 can
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Figure 11. The comparison of the calculated and measured wall shear stress
in the thin channel flow cell used in the present study. Experimental data from
Li63 and Akeer.65

be calculated as shown in Equation 43.

nr∑
r=1

Cr �
np∑

p=1

Cp [42]

Rj = k f , j

nr∏
r=1

Cr − kb, j

np∏
p=1

Cp [43]

The rate of production (or consumption) of every species i (Ri) for j
chemical reactions shown as Reactions 4 to 7, may be expressed in
a matrix format as Equation 44. The kinetic rate constants for these
chemical reactions can be found in Table VII.⎡

⎢⎢⎢⎢⎢⎢⎢⎣

RCO2(aq)

RH+
(aq)

RH2CO3(aq)

RHCO−
3(aq)

RCO2−
3(aq)

ROH−
(aq)

⎤
⎥⎥⎥⎥⎥⎥⎥⎦

=

⎡
⎢⎢⎢⎢⎢⎣

−1 0 0 0
0 1 1 1
1 −1 0 0
0 1 −1 0
0 0 1 0
0 0 0 1

⎤
⎥⎥⎥⎥⎥⎦ ×

⎡
⎢⎣

Rhyd

Rca

Rbi

Rw

⎤
⎥⎦ [44]

Considering the discussion above, Equation 36 can be used to
describe the concentration distribution of all the involved chemical
species inside the boundary layer (one such equation needs to be con-
sidered for every species in solution). The potential inside the boundary
layer can be specified with the aid of the electro-neutrality Equation 17.
The electro-neutrality equation applied in the diffusion boundary layer
is in fact derived from the more theoretically valid Poisson’s equation,
assuming that the typical potential gradient in a finite element of the
solution is not large enough to result in any significant change in the
charge density (charge density = 0 as shown in Equation 17).4 In

Table VI. Reference diffusion coefficients at 25°C.

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

CO2 1.92 76
H2CO3 1.75 Estimated
HCO−

3 1.185 77
CO2−

3 0.923 77
H+ 9.312 59
OH− 5.273 77
Na+ 1.334 59
Cl− 2.032 59,77
Fe2+ 0.72 59
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Table VII. Kinetic rate constants of Reactions 4 to 7. kf denotes
the reaction progress from left to right and K = kf/kb.

Reaction # Reaction rate constant reference

4 k f ,hyd = 1.28E11 e( 81200
RT ) (1/s ) 37

5 kb,ca = 4.7 × 1010 (1/M.s) 78–80
6 kb,bi = 5.0 × 1010 (1/M.s) 78,80
7 kb,w = 1.4 × 1011 (1/M.s) 79,81

the typical conditions of CO2 corrosion, especially when significant
amounts of ionic species are present, this assumption is generally valid.

Mathematical methods.—The mathematical equations as de-
scribed in the previous section form a set of non-linear, coupled, partial
differential equations. The following set of dimensionless variables
were defined to replace distance (x), concentration (Ci), and potential
(E and φ).

X = x

δ
ξi = Ci

Cb
i

� = Fφ

RT
ψ = FEapp

RT

The resulting set of differential equations must be solved numeri-
cally. With the simple one-dimensional geometry spanning from the
metal surface toward the bulk solution, the finite difference method
can be used to solve the equations. This method is commonplace in
mathematical modeling of electrochemical systems,67–69 and has been
discussed in detail elsewhere.59,70

Considering the heterogeneous nature of the metallic CO2 corro-
sion and the fast kinetics of the involved homogenous chemical reac-
tions, the concentration gradient in the solution in the vicinity of the
metal surface can be large. In order to capture the effect of homoge-
neous chemical reactions, it is necessary to have sufficient number of
nodes inside the reaction boundary layer. That can be achieved simply
by increasing the number of spatial nodes. The alternative approach,
used in the present study, is to employ a non-uniform grid with a finer
grid close to the metal surface and coarser increments as the bulk
solution is approached. The latter method can significantly improve
the stability and the computational time of the model. The partial dif-
ferential equations are discretized using second order, non-uniform,
Taylor’s series approximations, resulting into a set of algebraic equa-
tions. In the present model the grid size was allowed to grow linearly
with a factor of 1.1 from the initial value of X = 1.0E-4. The non-
uniform grid derivative approximations used in the present study are
shown in Table VIII for a function f(x), where �x j = x j − x j−1 is the
distance between the two adjacent nodes.

The discretized equations can further be transformed into a matrix
format. The final solution can then be obtained through various solu-
tion algorithms such as Neman’s “Band-J” open source code where
the coefficient matrix is developed and inverted by LU decomposition
method.59,70

The temporal derivation was expressed using Euler’s approxima-
tion, in the present study. Considering that the equations are non-linear,
the solution at each time step was obtained iteratively, using an explicit
approach.

Model verification .—The model predictions are compared with
the experimental data, as shown in Figure 12 to Figure 14. Figure 12

A)

B)

-1.1

-0.9

-0.7

-0.5

-0.3

-0.1

0.01 0.1 1 10 100

Po
te

n�
al

 vs
. S

HE
 / 

V

Current density / (A.m-2)

0 bar CO₂ 1 bar CO₂ 5 bar CO₂

-1.1

-0.9

-0.7

-0.5

-0.3

-0.1

0.01 0.1 1 10 100

Po
te

n�
al

 vs
. S

HE
 / 

V

Current density / (A.m-2)

0 bar CO₂ 1 bar CO₂ 5 bar CO₂

Figure 12. The comparison of the simulated polarization curves (solid lines)
with the experimental data obtained on API 5L X65 mild steel in acidic solu-
tions, at 10°C, 12.9 m.s−1 flow velocity, 0.1 M NaCl, and varying pCO2. A) at
pH 4. B) at pH 5. Error bars represent the standard deviation of three repeated
experiments at selected potentials.

demonstrates the results obtained at 10°C, which are of particular inter-
est in the present study. At this condition the charge transfer controlled
current densities were clearly observed, which were found to be inde-
pendent of the partial pressure of CO2. It was based on this observation
that the direct reduction of H2CO3 was considered to be insignificant.
Accordingly, the quantitative analysis of the results showed that both
the charge transfer controlled cathodic currents and the limiting cur-
rent densities can be adequately estimated considering only the H+

reduction, when the homogeneous chemical reactions are properly in-
corporated in the model. The estimated anodic current densities were
also in good agreement with the experimental data, with the effect of
CO2 being predicted by the model reasonably well.

The effect of temperature on the polarization curves at 5 bar CO2

is shown in Figure 13, where the results from 10°C and 30°C mea-
surements were compared at pH 4 and pH 5. The effect of temperature

Table VIII. Derivative approximation for a non-uniform grid.

First order derivative, central approximation f ′(xi ) = ai f (xi−1) + bi f (xi ) + ci f (xi+1)

ai = − �xi+1
�xi (�xi+�xi+1 ) bi = �xi+1−�xi

�xi�xi+1
ci = �xi

�xi+1(�xi+�xi+1 )

First order derivative, three point forward approximation f ′(xi ) = ai f (xi ) + bi f (xi+1) + ci f (xi+2)

ai = − 2�xi+1+�xi+2
�xi+1(�xi+1+�xi+2 ) bi = �xi+1+�xi+2

�xi+1�xi+2
ci = − �xi+1

�xi+2(�xi+1+�xi+2 )

Second order derivative, central approximation f ′′(xi ) = ai f (xi−1) + bi f (xi ) + ci f (xi+1)
ai = 2

�xi (�xi+�xi+1 ) bi = − 2
�xi�xi+1

ci = 2
�xi+1(�xi+�xi+1 )
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Figure 13. The comparison of the simulated polarization curves (solid lines)
with the experimental data obtained on API 5L X65 mild steel in acidic solu-
tions, 12.9 m.s−1 flow velocity, 0.1 M NaCl, 5 bar pCO2. A) at pH 4. B) at pH
5. Error bars represent the standard deviation of three repeated experiments at
selected potentials.

on the cathodic limiting current density is through the physical prop-
erties of the water and also via the chemical equilibrium associated
with H2O/CO2 system, which was estimated successfully at both con-
ditions. The changes in electrochemical reaction rates are calculated
through van’t Hoff equation as discussed earlier in the text.

Ultimately, the model developed above was used to calculate the
corrosion rates as shown in Figure 14 to Figure 16. Figure 14 is the
comparison of the calculated corrosion rates with those obtained ex-
perimentally at the conditions of the present study. The model was
found to be successfully predicting the corrosion rates with reason-
able accuracy. Also, the transition from the charge transfer controlled
corrosion scenario, which is the predominant corrosion mechanism
in low temperatures, to the mass transfer controlled corrosion mech-
anism, observed at higher temperatures, was properly reflected in the
corrosion rate calculations. The significance of this behavior is fur-
ther demonstrated in Figure 15, where the predicted corrosion rates at
pH 5 as a function of pCO2 are shown at various temperatures.

As is apparent in Figure 15, the corrosion at low temperatures
is under charge transfer control nearly over the whole pCO2 range;
hence, it does not show any significant dependence on pCO2. As the
temperature is increased, the corrosion rates at lower pCO2 values
become mass transfer limited, which is indicated by the rapidly in-
creasing rates with increasing pCO2, as a result of buffering effect of
CO2 and H2CO3. The pCO2 threshold where the corrosion rate gets
into the charge transfer controlled range is strongly dependent on the
environmental conditions such as temperature, as shown in Figure 15,
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Figure 14. The comparison of the experimental and estimated corrosion rates
on API 5L X65 mils steel, in 0.1 M NaCl solutions and 12.9 m.s−1 flow
velocity. A) at pH 4, and B) at pH 5. The solid bars show the experimental
data and the dashed bars show the predicted values. Error bars represent the
standard deviation of at least five repeated measurements.

or other parameters such as flow velocity and the presence of organic
acids. In the conditions considered here, the charge transfer controlled
rate for the corrosion process (maximum corrosion rate) is reached at
approximately 5 bar CO2 at 30°C, while at 60°C the transition is not
clearly observed even at pCO2 as high as 10 bar.
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Figure 15. The effect of temperature on the predicted corrosion rates at pH 5,
0.1 M NaCl and 12.9 m.s−1 flow velocity.

) unless CC License in place (see abstract).  ecsdl.org/site/terms_use address. Redistribution subject to ECS terms of use (see 17.231.94.219Downloaded on 2019-03-26 to IP 

http://ecsdl.org/site/terms_use


Journal of The Electrochemical Society, 166 (11) C3048-C3063 (2019) C3061

0.1

1

10

100

10 20 30 40 50 60 70 80

Co
rr

os
io

n 
ra

te
 / 

(m
m

.y
r-1

)

Temperature / oC

Figure 16. The effect of temperature on the predicted corrosion rates at pH
4 (solid lines) and pH 5 (dashed lines), at 0.1 M NaCl and 12.9 m.s−1 flow
velocity.

The effect of pH on the transition from charge transfer controlled
corrosion rate, where the presence of H2CO3 has negligible effect on
the observed corrosion rates, to mass transfer controlled corrosion rate,
where the buffering effect of carbonic acid has a determinant effect on
corrosion rates, is shown in Figure 16. The results demonstrate that,
while at lower pH the corrosion rates are generally higher, they are less
affected by the pCO2. Moreover, the transition temperature to the mass
transfer controlled scenario is higher. This behavior is expected since
the H+ reduction rate is higher at higher concentration of this species,
and the limiting current is defined predominantly by the mass transfer
of H+. A significant effect of H2CO3 on the corrosion rate is only ob-
served at higher temperature and pCO2. This behavior leads to more
practically important conclusions: even though the direct reduction
of carbonic acid is shown to be insignificant, the pCO2 would remain
one of the main parameters in corrosion rate prediction in the common
industrial conditions due to its significant buffering ability and also its
influence on the behavior of the iron dissolution reaction. Elevated
temperatures and near neutral pH values are very common conditions
in oil and gas production and transmission facilities. At such condi-
tions, the cathodic current is significantly influenced by mass transfer,
and the anodic current is most likely in the transition/pre-passivation
range, both of which are significantly affected by the presence of CO2.
Hence, although H2CO3 is not directly reduced, corrosion rates are
still significantly influenced by pCO2 in most practical conditions.
The latter also signifies the importance of the proper accounting of
the chemical reactions inside the diffusion layer when calculating the
corrosion rates. That can be achieved by using comprehensive mathe-
matical models, similar to the one developed in the present study. The
earlier more simple mechanistic modeling approaches7,16,22 do not al-
low for proper description of the buffering effect, as discussed in more
detail elsewhere.3,4

Conclusions

• The electrochemical activity of H2CO3 reduction on a mild steel
surface was investigated based on the behavior of charge transfer
controlled range of the cathodic polarization curves in CO2-saturated
solutions.

• The experimental results did not show any indications to suggest
H2CO3 is reduced during cathodic polarization, in accordance with
the so-called “buffering effect” mechanism.

• The effect of CO2 on the anodic polarization curves, especially
that observed in the transition and pre-passivation ranges was con-
firmed in the experimental results of the present study.

• These mechanistic observations were used in development of a
comprehensive mathematical model in order to provide further quan-
titative support. The simulated polarization curves and the estimated
corrosion rates were found to agree well with those obtained experi-
mentally.

• The significance of these mechanistic observations was further
discussed based on the estimated corrosion rates of the model. The
pCO2 dependence of corrosion rates was shown to be strongly temper-
ature dependent. At low temperatures and pH values below 5, corrosion
rates may not be significantly influenced by pCO2, which is due to the
anodic current being in the active dissolution range and the cathodic
current being under charge transfer control. On the other hand, at ele-
vated temperature a significant pCO2 dependence of the corrosion rate
could be expected. That is the result of the shift of corrosion current
to the transition/pre-passivation range of the iron dissolution reaction
and at the same time, the shift of the corrosion current into the mass
transfer controlled cathodic current, both of which are significantly
increased in the presence of CO2.
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A (m2) Electrode Surface area
B Stern-Geary coefficient
bj Tefel slope of reaction j
CR (mm.yr−1) Corrosion rate
Cd Darcy friction factor
Cf Friction factor
ci (mol.m3) (unless stated otherwise) Concentration of species i
cs

i (mol.m3) (unless stated otherwise) Surface concentration of
species i

cb
i (mol.m3) (unless stated otherwise) Bulk concentration of

species i
Di (m2.s−1) Diffusion coefficient of

species i
De (m2.s−1) Eddy diffusivity
Deq (m) Equivalent hydrodynamic

length
Eapp (V ) Applied potential
F Faraday’s constant
HCO2 (m.bar−1) CO2 Henry’s Constant
�Hj (kJ ) Enthalpy of reaction j
i j (A.m2) Current density of reaction

j
mi Reaction order with re-

spect to species i
Kj Equilibrium constants of

reaction j
k j (varies) Kinetic rate constant of re-

action j
Ni (mol.m−2) Flux of species i
n j Number of transferred

electrons in reaction j
nr Number of reactants
np Number of products
Pn Product n
Pws (bar) Water saturation pressure
pi (bar) Partial pressure of species

i
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R ( j.K−1.mol−1) Universal gas constant
Rp (�) Polarization resistance
Rm Reactant m
Ri (mol.m−3) Rate of production/

consumption of species
i through chemical reac-
tions

Rj (mol.m−3) Rate of reaction j
Re Reynolds number
si j Stoichiometric coefficient

of species i in reaction j
T (K ) Absolut temperature
Tre f (K ) Absolute reference tem-

perature
t (s) Time
v (m.s−1) Velocity vector
V (m.s−1) Average flow velocity
X Dimensionless normal-

ized distance
x (m) Spatial domain
x+ Dimensionless distance

from the wall
ui (m.s−1) Mobility of species i
zi Ionic charge of species i

Greek

αa (V ) Charge transfer coefficient
δ (m) Boundary layer thickness
ε Surface roughness
θ Fractional surface cover-

age
μT (cp) Water viscosity at temper-

ature T
ν (m2.s−1) Kinematic viscosity
ξi Dimensionless normal-

ized concentration
ρ (kg.m3) Water density
τw(Pa) Wall shear stress
� Dimensionless potential

inside the electrolyte
ϕi Fugacity coefficient of

species i
φ (V) Potential inside the elec-

trolyte
ψ Dimensionless applied po-

tential

ORCID

Aria Kahyarian https://orcid.org/0000-0001-8809-1493

References

1. C. de Waard and D. E. Milliams, in Internal and External Protection of Pipes,
p. F1-1-F1-8 (1975).

2. C. de Waard and D. E. Milliams, Corrosion, 31, 177 (1975).
3. A. Kahyarian, M. Singer, and S. Nesic, J. Nat. Gas Sci. Eng., 29, 530 (2016).
4. A. Kahyarian, M. Achour, and S. Nesic, in Trends in Oil and Gas Corrosion Research

and Technologies, A. M. El-Sherik, p. 805, Elsevier (2017).
5. A. Kahyarian, M. Achour, and S. Nesic, in Trends in Oil and Gas Corrosion Research

and Technologies, A. M. El-Sherik, p. 149, Elsevier (2017).
6. G. Schmitt and B. Rothmann, Werkstoffe und korrosion, 28, 816 (1977).
7. L. G. S. Gray, B. G. Anderson, M. J. Danysh, and P. R. Tremaine, in Corrosion, Paper

No. 464 (1989).
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