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ABSTRACT

The internal corrosion of mild steel in the presence of hy-
drogen sulfide (H2S) represents a significant challenge in oil 
production and natural gas treatment facilities, but the under-
lying mechanisms involved in H2S corrosion are still not fully 
understood. This lack of knowledge makes the prediction, 
prevention, and/or control of aqueous H2S corrosion of mild 
steel much more difficult. In the present study, H2S corrosion 
mechanisms were experimentally investigated in short-term 
corrosion tests (lasting 1 h to 2 h), conducted in a 1 wt% so-
dium chloride (NaCl) solution at different pH (pH 2 to pH 5), 
at different temperatures (30°C to 80°C), under various H2S/
N2 gaseous concentration ratios (0 to 10%[v]) and flow rates, 
using a X65 mild steel rotating cylinder electrode. Corrosion 
rates were measured by linear polarization resistance (LPR). 
Corrosion mechanisms were investigated by using potentiody-
namic sweeps and by comparison with electrochemical model-
ing. LPR results showed that corrosion rates increased with 
increasing temperature, partial pressure of H2S, flow rate, and 
decreasing pH. Results of potentiodynamic sweeps show the 
presence of H2S could affect both cathodic reactions and the 
anodic reaction. An electrochemical model was developed and 
can be used to predict the effect of temperature, pH, pH2S, 
and flow on corrosion mechanisms of mild steel in aqueous 
solutions containing H2S in the absence of protective iron sul-
fide layers. 
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INTRODUCTION

The corrosion of mild steel by hydrogen sulfide (H2S)-
containing media has been investigated since the 
1940s.1 Recently, more attention was focused on this 
type of corrosion because of harsher environments en-
countered when exploring new sources of oil and gas, 
which usually contain H2S. The understanding, pre-
diction, and control of H2S corrosion are some of the 
big challenges in oil and gas production and transpor-
tation. Despite the relative abundance of experimental 
data on H2S corrosion of mild steel, most of the litera-
ture is still confusing and somewhat contradictory. 
Therefore, the mechanism of H2S corrosion remains 
much less understood when compared to that of car-
bon dioxide (CO2) corrosion. Moreover, in most cases, 
the formation of iron sulfide layers plays a key role in 
governing H2S corrosion. The complex mechanism of 
iron sulfide formation makes it difficult to quantify the 
H2S corrosion rate. 2-6 Some critical studies of H2S cor-
rosion are outlined below.

Morris, et al.,7 used a mild steel rotating disc  
electrode (RDE) to study corrosion in aqueous solu-
tions of acid pH (pH 3 to pH 4) with H2S. They found 
that the presence of H2S shifted the anodic polariza-
tion curves of steel toward more negative potentials  
in weak acid solutions, with Tafel slopes of the an -
odic processes at ~0.041 V/decade. They also found 
that a cathodic limiting current density in an acidic 
solution gradually disappeared as the concentration 
of H2S increased. They concluded the process was  
under activation control and the Tafel slope did not 
change with H2S, staying consistently in the range 
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from bc = 0.110 V/decade to 0.116 V/decade. They 
found the corrosion reaction order with H2S to be nH2S 
= (∂log icorr/∂log [H2S]) = 0.2. Iofa, et al.,8 also found 
acceleration effects of H2S on the anodic reaction and 
attributed this effect to the chemisorptions and ca-
talysis of H2S. Shoesmith, et al.,2 proposed a similar 
anodic reaction mechanism to Iofa’s and suggested a 
solid-state reaction for iron sulfide formation. Cheng, 
et al.,9 found the anodic dissolution current (ia) in-
creased with pH and H2S concentration with reaction 
orders of about npH = nH2S = 0.25, and icorr increased 
with [H2S] by a reaction order nH2S = [∂logicorr/∂log[H2S])pH,E 
= 0.20 when [H2S]/[H3O

+] < 101.5. Recently, Sun and 
Nešić10 proposed a mechanistic model based on a 
mass-transfer control mechanism for corrosion in the 
presence of protective iron sulfide layers, often seen in 
H2S corrosion.

Despite many studies that have appeared in the 
literature, many questions still need to be answered 
regarding the effect of H2S on mild steel corrosion. 
Some of the key ones are:

—Is there an additional cathodic reaction—direct 
H2S reduction? Direct H2S reduction has been 
proposed by several authors, but direct evi-
dence for its existence is still not available.

—How does the H2S affect the anodic reaction of 
iron dissolution?

—What is the mechanism and kinetics of forma-
tion and growth of an FeS layer?

—How does an FeS layer affect the cathodic reac-
tions and the anodic reaction?

The objective of the present work was to seek an-
swers to the first two questions. Therefore, an experi-
mental study was organized where corrosion of mild 
steel was examined by electrochemical techniques, 
in short-term experiments (before any FeS layers 
formed), in solutions at various pH and different tem-
peratures, under various H2S/N2 gas concentration 

ratios and flow rate conditions, using an X65 mild 
steel rotating cylinder electrode. The third question 
was previously addressed by the work of Sun and 
Nešić10 and is currently being scrutinized. The last 
question will be addressed in future work.

EXPERIMENTAL PROCEDURES

Equipment
Experiments were conducted at atmospheric 

pressure in a 2 L glass cell (Figure 1) with a 1 wt% 
sodium chloride (NaCl) in deionized water solution. 
Gas (mixture of H2S and N2) was purged through the 
cell continuously. A three-electrode setup was used. 
A rotating cylinder electrode (RCE) with a speed con-
trol unit was used as the working electrode (WE). A 
platinum wire was used as a counter electrode (CE). 
A saturated silver/silver chloride (Ag/AgCl) reference 
electrode (RE) was connected to the cell externally 
via a Luggin capillary. The pH was monitored with an 
electrode immersed in the electrolyte. The gaseous 
concentration of H2S was adjusted by using a gas ro-
tameter and confirmed by using a gas sample pump 
with H2S detector tubes. A carbon scrubber was used 
to treat the gas coming out of the glass cell to remove 
the H2S.

Material
Corrosion of X65 pipeline steel was investigated. 

The composition of the X65 steel (as reported by the 
manufacturer) used in the present experiments is 
shown in Table 1. The WE was machined from the 
parent steel material and had a diameter of 1.20 cm 
and a working surface area of 5.4 cm2.

Procedure
The aqueous solution was initially purged with N2 

gas for at least three hours to remove traces of dis-

FIGURE 1. Schematic of the experimental cell.
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solved oxygen. After the solution was deoxygenated, 
H2S was dissolved by purging for at least half an hour 
to saturate the solution at the required partial pres-
sure of H2S. H2S gas concentration was adjusted 
by purging different ratios of N2 and H2S gas, from 
100 ppm(v) to 10%(v) H2S (g) (g stands for gas phase, 
otherwise H2S is always referring to the aqueous H2S 
phase if not particularly indicated), corresponding 
to a H2S(g) partial pressure pH2S = 0.1 mbar and 
96.5 mbar, respectively, at 30°C. The pH was adjusted 
by adding a deoxygenated hydrochloric acid (HCl) 
or sodium hydroxide (NaOH). Prior to immersion, 
the mild steel specimen surfaces were polished with 
400 grit and 600 grit sandpaper, rinsed with alcohol, 
and dried with an air blower.

Polarization resistance (Rp) measurements were 
conducted by polarizing the WE ±5 mV from the open-
circuit potential (OCP) and scanning at 0.125 mV/s. 
Solution resistance was measured independently using 
electrochemical impedance spectroscopy (EIS), and 
the measured Rp then was corrected. The linear polar-
ization resistance (LPR) constant, B = 23 mV/decade, 
used in this work was determined from longer term 
weight-loss measurements. EIS measurements were 
carried out by applying an oscillating potential ±5 mV 
around the free corrosion potential of the WE, using 
the frequency range 3 mHz to 5 kHz. At the end of 
each experiment, the potentiodynamic sweeps were 
conducted at a sweep rate of 1 mV/s. The cathodic 
sweep was performed fi rst by commencing at the OCP; 
then the electrode was allowed to equilibrate back to 
the OCP, and fi nally the anodic sweep starting at the 
OCP was performed. The solution resistance was 
manually corrected after the measurements. The test 
matrix for the experimental work is shown in Table 2.

RESULTS AND DISCUSSION

Effect of pH2S
Effects of H2S on polarization curves at different 

pH and 1,000 rpm rotating speed conditions are shown 
in Figures 2 through 4. At pH 4, the cathodic polariza-
tion curve for a pure N2 environment (without any 
H2S) shows the typical characteristics, consisting of H+ 
(proton) reduction and H2O (water) reduction. A mass-
transfer-limiting current plateau is observed. The 
Tafel slope of H2O reduction is close to 120 mV/de-
cade. The addition of 100 ppm(v) or 1,000 ppm(v) 
H2S(g) does not change the cathodic polarization 
curves much, but it results in a lower H2O reduction 
rate, which indicates a retardation effect possibly due 

to surface coverage by a sulfi de species. The H2O re-
duction rate in an H2S-saturated aqueous environ-
ment is found to be approximately 20 times lower 
than in the same solution without H2S. This retarda-
tion effect of H2O reduction is observed at all experi-
mental conditions with H2S, even at a lower pH levels, 
i.e., pH 2, where iron sulfi de should not be able to 
form. Therefore, the retardation effect of the H2O re-
duction reaction is not considered to be related to iron 
sulfi de formation.

 At the same pH 4, when 1%(v) or 10%(v) H2S(g) 
was introduced, the cathodic polarization curves show 
a higher limiting current (plateau) at more cathodic 
potentials, often referred to as “the second wave.” It 
is hypothesized here that this is an indication of the 
direct reduction of H2S on the steel surface according 
to:

 2 2 22 22 22 22 2H S2 2H S2 22 2H S2 22 22 22 2H S2 22 22 2e H2 2e H2 2 g H2g H2 S+ →2 2+ →2 22 2+ →2 22 22 22 2+ →2 22 22 2e H+ →e H2 2e H2 2+ →2 2e H2 2 g H+g H− −g H− −g H2g H2− −2g H2 S− −S− −e H− −e H ( )g H( )g H( )g H( )g H− −( )− −g H− −g H( )g H− −g H  (1)

Tests conducted at a higher pH 5 were able to 
better distinguish this direct H2S reduction from H+ 
reduction. From Figure 3, at pH 5 in a N2 environment 
(no H2S), the cathodic contribution from H+ reduction 
becomes smaller and the direct H2O reduction is the 
dominant cathodic reaction. The cathodic polariza-
tion curve appears almost as a straight line; no mass-
transfer-limiting current plateau is observed. With 
100 ppm(v) H2S(g), the additional contribution from 
H2S is still not clearly seen. However, in the presence 
of 10%(v) H2S(g), the contribution of H2S reduction to 
the total corrosion current becomes dominant. The 
existence of an additional electrochemical reaction—
direct H2S reduction seems to be clear.

The effect of H2S on the anodic iron dissolution 
reaction can also be seen in these polarization curves. 

TABLE 1
Chemical Composition of 5L X65 Used in Rotating Cylinder Electrode (wt%)

 Cr Mo S V Si C Fe Ni Mn P

 0.14 0.16 0.009 0.047 0.26 0.13 Balance 0.36 1.16 0.009

TABLE 2
Experimental Conditions

 Description  Parameters

 Test material API 5L X65
 Test solution  1 wt% NaCl solution
 Purged gas (H2S gas volume 0 to 10%(v) (0 to 0.1 bar)
  fraction in H2S/N2)
 Rotating speed/rpm  200 to 4,000 rpm
 Total pressure/bar 1
 Temperature/°C 30°C, 60°C, 80°C
 pH  2 to 5
 Test duration  0.5 to 2
 Measurement methods LPR, EIS, potentiodynamic
   sweeps, weight loss
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At pH 4 (Figure 2), with 100 ppm(v) and 1,000 ppm(v) 
H2S(g), the anodic polarization curves shift to the left 
as compared with the one in the N2 environment, 
which indicates a retardation effect due to H2S. With 
1%(v) and 10%(v) H2S(g), the anodic polarization curve 
shifts to the right, suggesting an accelerating effect 
due to H2S. This accelerating effect of H2S on the an-
odic reaction of iron dissolution can be observed more 
clearly from the anodic polarization curves obtained at 
more acid conditions, pH 2 and pH 3 (Figure 4). This 

observation also agrees with the previous research-
ers.7-9 The accelerating effect seems to be related to 
sulfi de adsorption.

From the results discussed above, it can be sum-
marized that the presence of H2S affects both anodic 
reaction and cathodic reaction. There is a complex 
effect of H2S on the anodic dissolution of iron and an 
appearance of a new additional cathodic reaction: di-
rect H2S reduction.

Effect of Flow/Mass-Transfer Rate
To further elucidate the electrochemical corrosion 

mechanisms in the presence of H2S, mass-transfer 
conditions were altered by changing the turbulent 
fl ow conditions. The effect of fl ow/mass-transfer 
rate on the polarization curves for the 1%(v) H2S(g) 
condition is shown in Figure 5. At this condition, 
the dominant cathodic reactions are H+ reduction, 
direct H2S reduction, and H2O reduction. The mass-
transfer limitation for H+ and H2S reduction gives rise 
to two “waves” in the cathodic curve, denoting two 
limiting current plateaus. Water reduction is under 
charge-transfer control, which is fl ow/mass-transfer-
independent. The reduction rates of H+ and H2S are 
infl uenced by the diffusion of reactants to the surface, 
so that, at a given fl ow rate, the total mass-transfer-
limiting current, ilim, for mild steel in an H2S-saturated 
solution can be described by the additive contribution 
of two components:

 i i iH H Slimi ilimi ilim, lim,= +i i= +i i H= +Hlim= +lim= ++= +
2H S2H S  (2)

where ilim,H+ and ilim,H2S are the limiting current densi-
ties obtained in turbulent flow conditions for H+ ions 
and H2S molecules, respectively. The limiting current 
density for the newly identifi ed cathodic reaction—H2S 
reduction, which can be seen clearly in Figure 5, is 
found to be in good agreement with the theoretical 
mass-transport-limiting current calculated by using 
the Eisenberg expression,11 which is shown in the 
model validation part.

From Figure 5, all the anodic curves displayed 
clear Tafel behavior, with a slope of ≈40 mV/decade 
to 50 mV/decade. No effect of rotating speed on the 
anodic reaction was noticed, as expected.

Polarization curves for the solution purged with 
10%(v) H2S(g) at pH 4 are shown in Figure 6. The 
overall shape of the curves was slightly different com-
pared to those in the experiments with 1%(v) H2S(g). 
The second “wave” on the cathodic polarization curves 
is not as clearly observed because it was at 1%(v) 
H2S(g). This is because the bulk concentration of H2S 
is 10 times higher than before, and thereby the limit-
ing current “wave” from H2S reduction is masking the 
much smaller limiting current “wave” from H+ reduc-
tion. Therefore, the mass-transfer-limiting current in 
this case is mostly attributed to the reduction of H2S. 
The magnitude of the mass-transfer-limiting current 

FIGURE 2. Effect of H2S on polarization curves at pH 4, 30°C, total 
pressure 1 bar, 1 wt% NaCl, 1,000 rpm.

FIGURE 3. Effect of H2S on polarization curves at pH 5, 30°C, total 
pressure 1 bar, 1 wt% NaCl, 1,000 rpm.

FIGURE 4. Effect of H2S on polarization curves at pH 3 and pH 2, 
30°C, total pressure 1 bar, 1 wt% NaCl, 1,000 rpm.
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density for the reduction of H2S obtained in this test 
is also in good agreement with the prediction made 
by the Eisenberg expression,11 which is shown in the 
model validation part. 

Both the tests at 1%(v) H2S(g) and 10%(v) H2S(g) 
confirmed that the direct reduction of H2S is flow-
sensitive. The mass-transfer-limiting currents were 
observed and could be calculated by using mass-
transfer correlations such as the correlation of 
Eisenberg, et al., for a rotating cylinder. Morris, et al., 
concluded that a limiting current density in an acidic 
solution gradually disappears as the concentration of 
H2S increased.7 But, from a review of their published 
data, it appears that they had not polarized the steel 
low enough (in the cathodic direction) to see the ap-
pearance of the mass-transfer-limiting current. The 
current work extends their results to show that the 
limiting current density does increase as the concen-
tration of H2S is increased.

Moreover, from Figures 5 and 6, it is seen that 
the corrosion currents, icorr, measured by LPR (shown 
as vertical lines) are much smaller than the mass-
transfer-limiting currents, which indicates that the 
H2S corrosion is not always under mass-transfer con-
trol, as previously assumed by Sun and Nešić.10

Effect of pH
Solution Without H2S — The effect of pH in a solu-

tion without H2S is shown in Figure 7. The ilim,H+ val-
ues measured at 1,000 rpm scaled proportionately  
to the H+ concentration. The position/magnitude of 
the Tafel line for H2O reduction stayed approximately 
the same over the whole pH range, with a slope of 
≈120 mV/decade. This was in accordance with the-
ory and agreed with the findings of Nešić, et al.12

The analysis of anodic polarization curves showed 
that the Tafel line for anodic dissolution of iron main-
tained the slope of 40 mV/decade to 50 mV/decade 
over the whole pH range tested. The increase of the 
anodic exchange current density was significant from 
pH 2 to pH 4 and much less between pH 4 and pH 5, 

which is in agreement with the findings of Bockris,  
et al.13

Solution with H2S — The effect of pH in a solu-
tion saturated with 10%(v) H2S(g) is shown in Figure 
8. The decrease in limiting current is much less than 
expected from pH 3 to pH 5, accounting for a orders of 
magnitude change in H+ concentration. This suggests 

FIGURE 5. Effect of flow rate on polarization curves at 1%(v) 
H2S(g), pH 4, 30°C, total pressure 1 bar, 1 wt% NaCl. Vertical lines 
are corrosion currents measured by LPR using B = 23 mV/decade.

FIGURE 6. Effect of flow rate on polarization curves at 10%(v) 
H2S(g), pH 4, 30°C, total pressure 1 bar, 1 wt% NaCl. Vertical  
lines are representing the magnitude LPR corrosion currents 
derived from polarization resistance measurements by using B = 
23 mV/decade.

FIGURE 7. Effect of pH on polarization curves in the solution purged 
with N2, 1,000 rpm, 30°C, total pressure 1 bar, 1 wt% NaCl.

FIGURE 8. Effect of pH on polarization curves in the solution purged 
with 10%(v) H2S(g), 1,000 rpm, 30°C, total pressure 1 bar, 1 wt% 
NaCl.
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that the cathodic reaction was not solely comprised of 
H+ reduction. The reason in this case is that the main 
contribution for the cathodic limiting current from 
pH 3 to pH 5 is from the H2S species, whose concen-
tration is independent of pH value. The exception is 
pH 2 where the main contribution for cathodic limit-
ing current is from H+, while only a small “bump” on 
the limiting current plateau can still be observed due 
to the additional H2S.

From Figure 8 it can be seen that the H2O re-
duction curve at 10%(v) H2S(g) stayed approximately 
the same over the whole pH range, except at pH 5, 
which was most likely caused by an experimental er-
ror. Figure 8 also shows that pH had a smaller effect 
on the anodic dissolution reaction at 10%(v) H2S(g), 
especially from pH 3 to pH 5, which is different from 
the results obtained without H2S. According to the 
fi nding of Cheng, et al.,9 anodic dissolution current 
(ia) is independent of pH and pH2S when [H2S]/[H+] > 
101.5. As can be seen from the fi rst dissociation of H2S 
in solution:

 H2S ⇔
KH2S

H+ +HS−
 (3)

 
K

H H
H S2H S2H S =

+ −H H+ −H H[ ]H H[ ]H H+ −[ ]+ −H H+ −H H[ ]H H+ −H H[ ]H H[ ]H HS[ ]S+ −[ ]+ −H H+ −H H[ ]H H+ −H HS+ −S[ ]S+ −S
[ ]H S[ ]H S2[ ]2H S2H S[ ]H S2H S  

(4)

Actually, the ratio of [H2S]a/[H+] is equal to [HS–]/
KH2s. Anodic dissolution current will reach a maximum 
value when HS– exceeds a specifi c concentration at a 
specifi c temperature.

Effect of Temperature
To investigate the effect of temperature in the 

presence of H2S, experiments were conducted at the 
same aqueous H2S concentration, [H2S], using differ-
ent gas concentrations of H2S at each temperature 
(30°C, 60°C, and 80°C) to maintain an approximate 
[H2S] = 8.3×10–4 mol/L. 

Corrosion rate measured from LPR increased 
from 1.6 mm/year at 30°C to 5.0 mm/year at 80°C. 

This change of corrosion rate can be explained from 
the polarization curves obtained at different tempera-
tures as shown in Figure 9. Temperature is known to 
accelerate most of the chemical, electrochemical, and 
transport processes occurring in the system, and both 
cathodic reactions and anodic currents, which were 
measured, increased with increasing temperature. 
The increase of anodic current is not as signifi cant as 
the one stemming from cathodic reactions. Water re-
duction current and the limiting current also increase 
with increasing temperature.

PHYSICOCHEMICAL MODEL

Cathodic Reactions
When H2S is not present in the water, the main 

cathodic reaction is hydrogen evolution via the reduc-
tion of free H+ ions:

 2 2H e2 2H e2 2 H g2H g2
+ −2 2+ −2 2H e+ −H e2 2H e2 2+ −2 2H e2 2+ →H e+ →H e2 2H e2 2+ →2 2H e2 2+ −+ →+ −H e+ −H e+ →H e+ −H e2 2H e2 2+ −2 2H e2 2+ →2 2H e2 2+ −2 2H e2 2 ( )H g( )H g  (5)

which is the most important cathodic reaction in an 
acidic solution (pH < 4). In the case of mild steel cor-
rosion, this reaction is usually limited by the rate at 
which H+ ions are transported from the bulk solution 
to the steel surface (mass-transfer limitation). 

As the availability of H+ ions decreases, in more 
neutral solutions (pH > 5), hydrogen evolution via the 
direct reduction of water may become important:

 2 22 22 22 22 2H O2 2H O2 22 2H O2 22 22 22 2H O2 22 22 2e H2 2e H2 2 g O2g O2 H+ →2 2+ →2 22 2+ →2 22 22 22 2+ →2 22 22 2e H+ →e H2 2e H2 2+ →2 2e H2 2 g O+g O− −g O− −g O2g O2− −2g O2 H− −H− −e H− −e H ( )g O( )g O( )g O( )g O− −( )− −g O− −g O( )g O− −g O  (6)

When H2S is present in the water, the following 
additional reactions occur:

—H2S gas dissolves in water to form aqueous H2S:

 H2S(g) ⇔
Ksol(H2S )

H2S  (7)

—Aqueous H2S is a mild acid that partly dissoci-
ates in two steps:

 H2S ⇔
KH2S

H+ +HS−  (3)

 HS− ⇔
KHS−

H+ + S2−  (8)

to provide additional H+ ions. However, as it has been 
experimentally proven in this work, adsorbed H2S

 
can 

also be an electron acceptor,14 and the evolution of 
hydrogen can occur via the so-called direct reduction 
of H2S:

 2 2 22 22 22 22 2H S2 2H S2 22 2H S2 22 22 22 2H S2 22 22 2e H2 2e H2 2 g H2g H2 S+ →2 2+ →2 22 2+ →2 22 22 22 2+ →2 22 22 2e H+ →e H2 2e H2 2+ →2 2e H2 2 g H+g H− −g H− −g H2g H2− −2g H2 S− −S− −e H− −e H ( )g H( )g H( )g H( )g H− −( )− −g H− −g H( )g H− −g H  (1)

This reaction has a limiting current that is con-
trolled by a mass-transfer rate of H2S from bulk solution 
to the steel surface, and is therefore sensitive to fl ow.

FIGURE 9. Polarization curves at pH 4 for temperatures 30°C, 60°C, 
and 80°C, [H2S]aq = 8.3×10–4 mol/L, 1,000 rpm, total pressure 1 bar, 
1 wt% NaCl.
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Anodic Reaction
Bockris, et al.,13 proposed the following mecha-

nism of anodic iron dissolution in strong acids (pH ≤ 
4), which applies here to cases when H2S was not 
present in the system:

 Fe +OH− ⇔ [FeOH]ad + e−  (9)

 [ ] [ ][ ]FeOH[ ] [ ]FeOH[ ] ead

RDS

ad→ +[ ]→ +[ ][ ]FeOH[ ]→ +[ ]FeOH[ ]ad→ +ad
+ −[ ]+ −[ ] e+ −e→ ++ −→ +[ ]→ +[ ]+ −[ ]→ +[ ]  (10)

 [FeOH+ ]ad ⇔ Fe2+ +OH−  (11)

This mechanism suggests that the reaction 
order with respect to OH– ions is 1, which is proven 
to be valid in acidic solutions; it has also been found 
that iron dissolution proceeds with little infl uence 
of pH for solutions where pH is above approximately 
pH 4.13

In the presence of H2S, Shoesmith, et al.,2 pro-
posed:

 Fe +HS− ⇔ [FeSH]ad−  (12)

 [ ] [ ][ ]FeSH[ ] eads a[ ]s a[ ][ ]FeSH[ ]s a[ ]FeSH[ ] d
− +[ ]− +[ ][ ]FeSH[ ]− +[ ]FeSH[ ] −→ +[ ]→ +[ ][ ]FeSH[ ]→ +[ ]FeSH[ ]s a→ +s a[ ]s a[ ]→ +[ ]s a[ ][ ]FeSH[ ]s a[ ]FeSH[ ]→ +[ ]FeSH[ ]s a[ ]FeSH[ ] d→ +d
− +→ +− +[ ]− +[ ]→ +[ ]− +[ ][ ]FeSH[ ]− +[ ]FeSH[ ]→ +[ ]FeSH[ ]− +[ ]FeSH[ ] 2  (13)

In this mechanism, two electrons are released in 
one step, which is not likely. However, the iron disso-
lution mechanism can be rewritten to appear similar 
to the one proposed by Bockris, et al., this time for 
solution containing H2S, as proposed by Ma, et al.:15

 Fe +HS− ⇔ [FeSH]ad−  (14)

 [FeSH]ad− ⇔ [FeSH]ad + e−  (15)

 [ ] [ ][ ]FeSH[ ] [ ]FeSH[ ] ead ad→ +[ ]→ +[ ][ ]FeSH[ ]→ +[ ]FeSH[ ]ad→ +ad
+ −e+ −e→ ++ −→ +  (16)

MATHEMATICAL MODEL

To describe mathematically and numerically the 
physicochemical model, the measured cathodic and 
anodic currents reported above are used as a basis.

H+ Reduction
For H+ reduction, to describe the effect of charge 

transfer and mass transfer on H+ reduction, the cur-
rent density for reduction of H+ can be thought of as 
consisting of two components: charge-transfer current 
and mass-transfer-limiting current. Total current den-
sity is calculated using a harmonic mean:12

 

1 1 1
i i iH Hi iH Hi iH H H

d
+ +i i+ +i iH H+ +H Hi iH Hi i+ +i iH Hi i +
= += +

αH HαH HH H+ +H HαH H+ +H H,H H,H H lim,  
(17)

where iH+ is total current density of H+ reduction (A/m2), 
iα,H+ is the charge-transfer current density (A/m2), and 
idlim,H+ is the diffusion-limiting current density.

The charge-transfer current density can be calcu-
lated using the Tafel equation as:

 i iH Hi iH Hi i bc
αi iαi i

η

, ,H H, ,H Hi i+ +i iH H+ +H Hi iH Hi i+ +i iH Hi i+ +H H+ +H H= ×i i= ×i i+ += ×+ +i i+ +i i= ×i i+ +i iH H+ +H H= ×H H+ +H Hi iH Hi i+ +i iH Hi i= ×i iH Hi i+ +i iH Hi i
−

H H0H H, ,0, ,H H, ,H H0H H, ,H HH H+ +H H0H H+ +H H+ += ×+ +0+ += ×+ +H H+ +H H= ×H H+ +H H0H H+ +H H= ×H H+ +H H 10  (18)

where i0,H+ is the exchange current density (A/m2), bc 
is the cathodic Tafel slope (V/decade), and η is the 
over potential (V), which is equal to the difference be-
tween the operating (actual) potential and the revers-
ible potential.

The cathodic Tafel slope, bc, can be calculated 
from:

 
b

RT
Fc

c
= 2 303.

α  
(19)

According to Bockris, et al.,13 for H+ reduction, 
αc = 0.5, giving bc ≈ 0.120 V/decade at 30°C. This 
agreed well with the present fi ndings.

The reversible potential of hydrogen reduction 
can be calculated as:

 E
RT

F
pH

RT
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Prev Hrev Hre HPHP( )v H( )v H

. .RT. .RT
pH

. .
pH log+( )+( ) = − −2 303. .303. .2. .2. .303

2 2  (20)

where the partial pressure of hydrogen normally is 
assumed to be close to zero. The only unknown model 
parameter for calculating the charge-transfer current 
density is the exchange current density, i0,H+. Accord-
ing to Nordsveen, et al.,16 i0,H+ can be calculated by:
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(21)

where i0
ref is the reference exchange current density at 

a reference temperature, Tref (K), and reference con-
centration of H+. ∆H is the enthalpy of activation for 
the H+ reduction reaction (J/mol). 

The i0
ref for H+ reduction was taken as 0.03 A/m2 

at reference temperature 20°C and reference H+ con-
centration 1×10–4 mol/L. The enthalpy of activation 
was taken as 30 kJ/mol.16 No effect of H2S on H+ re-
duction was found in our experiments.

Limiting Current for H+ Reduction — The diffusion-
limiting current appearing in Equation (17) is calcu-
lated with:

 i k FCHi kHi kdi kdi km H Hlimi klimi k, ,H, ,H m H, ,m H+ +i k+ +i km H+ +m H +i k=i ki k+ +i k=i k+ +i k  (22)

where km,H+ is H+ mass-transfer coeffi cient (m/s) and 
CH+ is the bulk concentration of H+ (mol/m3).

Mass-transfer coeffi cient of H+ can be calculated 
from a rotating cylinder correlation by Eisenberg,
et al.11
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where Sh is the Sherwood number, dRCE is the pipe 
diameter (m), DH+ is the diffusion coeffi cient of hydro-
gen ion (m2/s), Re is Reynolds number = ρudRCE/µ, 
and Sc is the Schmidt number = µ/ρDH+.

In a dilute solution, the diffusion coeffi cient of 
species can be calculated using the Stokes-Einstein 
equation:

 
D D

T
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where Dref is the reference diffusion coeffi cient at a ref-
erence temperature, μ is the water viscosity in kg/m·s, 
and µref is the reference viscosity at a reference tem-
perature. Dref(H+) was taken as 9.31×10–9 m2/s17 and µref 
was taken as 1.002 kg/(m·s)18 at reference tempera-
ture (293.15 K).

The temperature dependence of water density and 
water viscosity can be given as:

 ρ = − ×1152 3 0− ×3 0− ×3 0 5116− ×5116− ×. .− ×. .− ×. .3 0. .3 0− ×3 0− ×. .− ×3 0− × TkTkT  (25)
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(26)

where TC and TK are temperature in °C and Kelvin, re-
spectively.

Direct H2S Reduction
H2S takes part in the corrosion process in two 

main ways. First, by dissociation, it can provide an 
additional source of H+ which can be reduced. Second, 
H2S can be directly reduced on the steel surface and 
further increase the corrosion rate.

It has been shown that the current density for 
the direct reduction of H2S could be limited either by 
charge transfer or mass transfer. The total current 
density is given by:
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(27)

where iH2S, iα,H2S, and idlim,H2S are total current density, 
charge-transfer current density, and mass-transfer-
limiting current density of this reaction in A/m2, re-
spectively.

Charge-transfer current density of this reaction 
can be calculated using the equation:
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where i0,H2S is the exchange current density (A/m2), bc 
is the cathodic Tafel slope (V/decade) for H2S reduc-
tion, and η is the over potential (V), which is equal to 
the difference between the operating (actual) potential 
and the reversible potential.

Tafel Slope — From the experiments, the cathodic 
Tafel slope, bc, for H2S reduction in Equation (24) was 
found to be close to 120 mV/decade at 30°C, which 
is the same as the value used for H+ reduction. The 
value of bc can be calculated from Equation (19).

Exchange Current Density — From the best fi t to 
experimental results at different concentrations of H2S 
at pH 4, the order n of the reaction with respect to 
CH2S is found to be:

 
∂
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The same reaction order of 0.5 was also suggested 
by Kittel, et al.19 It is similar to the one associated 
with the exchange current density of H+ reduction. 
Morris, et al.,7 and Cheng, et al.,9 stated the corrosion 
reaction order with H2S: n = (log icorr/log[H2S]) = 0.2. 
However, icorr includes both contributions from H+ and 
H2S reduction. Under their experimental conditions 
(pH from 0.75 to 4), the contribution from H+ is domi-
nant and would not allow an accurate calculation of 
the H2S reduction reaction order.

Therefore, the exchange current density can be 
calculated as:
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(30)

where the i0ref for H2S reduction is 0.00015 A/m2 at 
reference temperature 293.15 K and reference H+ 
concentration, 1×10–4 mol/L, and reference H2S con-
centration, 1×10–4 mol/L. This means that the H2S 
reduction rate is about 200 times slower than the H+ 
reduction rate (0.03 A/m2) at the same condition. The 
enthalpy of activation was taken as 60 kJ/mol from 
the best fi t to experimental results.

Reversible Potential — The two electrochemical 
reactions—the reduction of H2S and H+—are equiva-
lent thermodynamically and have the same reversible 
potential given by Equation (20).

Limiting Current Density — Calculation of limiting 
current density for H2S reduction is similar to that for 
H+ reduction. The mass-transfer-limiting current den-
sity of this reaction is given by:
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where Dref(H2S) was taken as 1.61×10–9 m2/s at reference 
temperature (293.15 K).20 The concentration of H2S 
can be calculated by:
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where pH2S is partial pressure of H2S in bar, and Ksol(H2S) 
is Henry’s constant in mol/bar, which is given by 
Equation (35):21
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Water Reduction
Since water molecules are present in unrestric-

tive quantities at the metal surface, it can be assumed 
that at all times the reduction rate of H2O is controlled 
by the charge-transfer process and, hence, the Tafel 
equation is used:

 i iH Oi iH Oi i H O
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Tafel slope for this reaction in all experiments at 30°C 
was found to be close to 120 mV/decade, which is the 
same as that for H+ reduction. Tafel slope for H2O re-
duction is given by Equation (19). 

Since the electrochemical reduction of H2O and 
H+ are equivalent thermodynamically, the revers-
ible potential and H2O reduction were assumed to be 
the same as for H+ reduction, which is calculated by 
Equation (20).

Exchange Current Density — When H2S is not 
present, the exchange current density for H2O reduc-
tion is given by:
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The i0ref for H2O reduction was 2×10–5 A/m2 at 
reference temperature 293.15 K and reference H+ con-
centration 1×10–4 mol/L. The enthalpy of activation 
was taken as 30 kJ/mol.12

When H2S is present, apparently it can retard the 
H2O reduction, resulting in rates about 20 times lower 
than that seen in environments without H2S. From 
the current experimental results, the reaction order 
log i0,H2O/log[H2S] is close to 0.1. The exchange current 
density is given by:
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(38)

In an H2S environment, the i0
ref for H2O reduction 

was 1×10–6 A/m2 at reference temperature 293.15 K, 
the reference H+ concentration of 1×10–4 mol/L, and 
the reference H2S concentration of 1×10–4 mol/L. The 
enthalpy of activation was 90 kJ/mol from the best 
fi t to experimental results, which would suggest that 
H2O reduction in an H2S environment is more sensi-
tive to temperature. 

Anodic Dissolution of Iron
In the present experiments, the anodic dissolu-

tion of iron was under charge-transfer control. There-
fore, pure Tafel behavior can be assumed close to the 
corrosion potential:

 i iFei iFei i Fe
ba= ×i i= ×i i Fe= ×Fe0= ×0= ×10,

η

 (39)

The Tafel slopes of anodic reaction in H2S envi-
ronments or environments without H2S are all close 
in the range from 40 mV/decade to 50 mV/decade. 
The introduction of H2S did not have any effect on the 
Tafel slope, so for anodic iron dissolution, Tafel slope 
is given as:

 
b

RT
Fa

a
= 2 303.

α  
(40)

According to Bockris, et al.,13 the apparent sym-
metry coeffi cient for the anodic reaction of Fe disso-
lution was taken as 1.5, giving ba = 40 mV at 30°C, 
which is close to our experimental results. The revers-
ible potential of X65 steel was taken12 to be –0.488 V.

Exchange Current Density — When H2S is not 
present, according to the mechanism proposed by 
Bockris, et al.,13 the reaction order with respect to 
OH– ions is 1, which is valid in acidic solutions; it has 
been found that iron dissolution proceeds with little 
infl uence of pH for solutions above approximately pH 
4. It is assumed that the exchange current density is 
proportional to the surface coverage of OH– (θOH– ) and 
that it follows the Frumkin adsorption model:

 i0,Fe = i0,Fe* θOH−e
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According to the current experimental results and 
Bockris, et al.,13 the best-fi t values in Equations (41) 
and (42) are i*0,Fe = 0.25, K1 = 1.56×109, and f = 3.83. 
Actually, when f is equal to 0, the Frumkin adsorp-
tion model becomes the Langmuir adsorption model. 
The reference temperature is 293.15 K. The activation 
energy, ∆H, was set to be 37.5 kJ/mol, which is taken 
from the fi nding of Nordsveen, et al.16

The concentration of OH– can be calculated by:
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Kwa is the equilibrium constant of the water dissocia-
tion reaction, which can be calculated by:22

 Kwa = − −( )T T( )T Tk( )k k( )kT TkT T( )T TkT T− −( )− − × +( )× +T T× +T T( )T T× +T TT TkT T× +T TkT T( )T TkT T× +T TkT TT T× ×T T( )T T× ×T TT T( )T T−T T( )T T10 ( )29( )− −( )− −29− −( )− −( )3868( )− −( )− −3868− −( )− −( )0( )( )0737549( )T T( )T T7T T( )T T( )47881( )T T( )T T47881T T( )T T( )10( )T T( )T T10T T( )T TT T× ×T T( )T T× ×T T10T T× ×T T( )T T× ×T T( )5 2( )T T( )T T5 2T T( )T TT T× ×T T( )T T× ×T T5 2T T× ×T T( )T T× ×T T( ). .( )( )3868( ). .( )3868( )( )0( ). .( )0( )( ).( )T T( )T T.T T( )T T  (44)



CORROSION SCIENCE SECTION

360 CORROSION—APRIL 2014

When H2S is present, according to the mechanism 
proposed previously, Equations (14), (15), and (16), 
the exchange current density for iron dissolution is 
related to HS– concentration. Even at low concentra-
tions of H2S, such as 100 ppm(v) H2S (0.1 mbar) 
and pH 4, the concentration of HS– is much higher 
(1×10–8 mol/L) than the concentration of OH– (1×
10–10 mol/L). Therefore, the contribution of OH– to the 
anodic reaction kinetics was ignored. It can be as-
sumed that the exchange current density is only re-
lated to the surface coverage of HS– (θHS–) and that it 

follows the Langmuir adsorption model:

 i0,Fe = i0,Fe
′* θHS−e
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The best-fi t values in Equations (45) and (46) for 
i*′0,Fe = 0.33, K2 = 3.5×106. The reference temperature 
is 293.15 K. The activation energy, ∆H, was assumed 
to be the same as for an environment without H2S 
(37.5 kJ/mol). CHS– is the concentration of HS–, which 
is given by:
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KH2S is the equilibrium constant for the fi rst dissocia-
tion of H2S, which can be calculated by:23

KH2S =10
782.43945+0.361261TkTkT −1.6722×10−4 TkTkT

2−20565.7315
TkTkT

−142.741722 ln TkTkT
(48)

Implementation of the Model
The model requires as input temperature, pH, 

PH2S, and the hydrodynamic parameters: in this case, 
the rotating cylinder diameter and the rotational ve-
locity. The corrosion potential then can be calculated 
by solving the charge balance equation:

 i ia ci ia ci i∑ ∑i i∑ ∑i ia c∑ ∑a ci ia ci i∑ ∑i ia ci ii i∑ ∑i i=i i∑ ∑i ii ia ci i∑ ∑i ia ci i=i ia ci i∑ ∑i ia ci i  (49)

which here takes the form:

 i i i iFei iFei iH S Hi iHi iH O= +i i= +i iH S= +H S i i+i ii i+i i2 2i i2 2i iH S2 2H S H2 2Hi iHi i2 2i iHi iH O2 2H O= +2 2= +H S= +H S2 2H S= +H S i i+i i2 2i i+i ii i+i i2 2i i+i i  (50)

Once the corrosion potential is known, the cor-
rosion current and rate can be found from the anodic 
current (or the sum of cathodic current) at the corro-
sion potential. The individual and total cathodic and 
anodic curves, and predicted potentiodynamic sweeps 
can be then readily generated.

MODEL VALIDATION

Performance of the model was validated by com-
paring the predictions with experimental results de-
scribed above.

Effect of pH2S
Figure 10 shows that the predicted corrosion 

rates from the electrochemical model are in good 
agreement with experimental results, which suggests 
that the electrochemical model captured the main ef-
fects of H2S corrosion of mild steel in the absence of 
iron sulfi de layers.

Figures 11, 12, and 13 show cathodic and anodic 
polarization curves changing with H2S concentration 
for the different pH aqueous environments. The model 
prediction captures successfully the anodic reaction 
change in the low-pH range (Figure 12, for pH 3) and 
the cathodic reaction change in high-pH environments 
(Figure 13, for pH 5) due to the additional cathodic 
reaction:H2S reduction. Predicted potentiodynamic 
sweeps are in good agreement with experimental re-
sults for individual reactions generated with the pres-
ent model.

Using this kind of model, the cathodic polariza-
tion curves can be deconvoluted to show the contri-
bution from three individual cathodic reactions (H+ 
reduction, H2S reduction, and H2O reduction). It can 
be seen, for example, that when increasing the H2S 
concentration, the H+ reduction does not change, that 
the H2S reduction curve moves to the higher values 
of the current (on the right of the graph) and that the 
H2O reduction changes only a little (Figures 11, 12, 
and 13).

Effect of Flow Rate
The effect of fl ow rate on both cathodic reaction 

and anodic reaction at 1%(v) and 10%(v) H2S(g) is de-
picted in Figures 14 and 15. Increasing rotating speed 
does not affect the anodic reaction and H2O reduction, 
but accelerates the cathodic reaction as a result of the 
increase of mass-transfer-limiting current related to 
H+ reduction and H2S reduction. Except for the case 
of the limiting current density at 200 rpm rotating 

FIGURE 10. Comparison of corrosion rate predictions with LPR 
experimental results and experimental OCP at pH 4 and different 
H2S concentrations, total pressure = 1.0 bar, 1,000 rpm 30°C, B = 
23 mV/decade.
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FIGURE 11. Comparison of predicted polarization curves with experimental results at different H2S concentrations, pH 4, 
total pressure = 1.0 bar, 1,000 rpm, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Black: 0 ppm(v) 
H2S(g), red: 100 ppm(v) H2S(g), dark blue: 1,000 ppm(v) H2S(g), pink: 1%(v) H2S(g), purple: 10%(v) H2S(g).

FIGURE 12. Comparison of predicted polarization curves sweeps with experimental results at different H2S concentrations, 
pH 3, total pressure = 1.0 bar, 1,000 rpm, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Black:  
0 ppm(v) H2S(g), red: 100 ppm(v) H2S(g), purple: 10%(v) H2S(g).

FIGURE 13. Comparison of predicted polarization curves with experimental results at different H2S concentrations, pH 5, 
total pressure = 1.0 bar, 1,000 rpm, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Black: 0 ppm(v) 
H2S(g), red: 100 ppm(v) H2S(g), purple: 10%(v) H2S(g). 
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speed, all the predicted polarization curves agree well 
with the experimental results. Corrosion rate predic-
tions are shown in Figure 16. The predicted corrosion 
rates are close to the experimental results.

Effect of pH
Comparison between predicted polarization curves 

and experimental polarization curves in solution with-
out H2S are shown in Figure 17. A good agreement  
is found at each pH. From Figure 17, H+ reduction 
curves shift to the higher current values on the right 
with pH decrease, while anodic reaction curves move 
to lower values on the left with pH decrease.

When 100 ppm(v) H2S(g) is present, the prediction 
of polarization curves is shown in Figure 18. Because 
of the low concentration of H2S in solution, no obvious 
effect on the cathodic polarization curve is observed. 
As mentioned previously, anodic reaction is related to 
the HS– concentration. At the same gas concentration 
of H2S, [HS–] is inversely proportional to the pH, so the 
anodic reaction rate increases with pH increase. The 
experimental and predicted polarization curves were 
found to be in very good agreement.

For 10%(v) H2S(g) present, the comparison of the 
predicted polarization curves with the experimental 
results is shown in Figure 19. It is evident that the 

FIGURE 14. Comparison of predicted polarization curves with experimental results at different rotated speeds,  
pH 4, 1%(v) H2S(g), total pressure = 1.0 bar, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Dark: 
200 rpm, red: 1,000 rpm, pink: 4,000 rpm.

FIGURE 15. Comparison of predicted polarization curves with experimental results at different rotated speeds, pH 4, 
10%(v) H2S(g), total pressure = 1.0 bar, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Dark blue: 
200 rpm, red: 1,000 rpm, pink: 4,000 rpm.

FIGURE 16. Comparison of predicted corrosion rate with LPR 
experimental results at different rotational speed, pH 4, total 
pressure = 1.0 bar, 30°C, points: experimental results, solid lines: 
predicted curves, B = 23 mV/decade.
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FIGURE 17. Comparison of predicted polarization curves with experimental results at different pH, 1,000 rpm, 0 ppm(v) 
H2S (g), total pressure = 1.0 bar, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Pink: pH 5, dark 
blue: pH 2, black: pH 3, red: pH 4, pink: pH 5.

FIGURE 18. Comparison of predicted polarization curves with experimental results at different pH, 1,000 rpm, 100 ppm(v) 
H2S(g), total pressure = 1.0 bar, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Pink: pH 5, dark 
blue: pH 2, black: pH 3, red: pH 4, pink: pH 5.

FIGURE 19. Comparison of predicted polarization curves with experimental results at different pH, 1,000 rpm, 10%(v) 
H2S(g), total pressure = 1.0 bar, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Pink: pH 5, dark 
blue: pH 2, black: pH 3, red: pH 4, pink: pH 5.
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Corrosion rate predictions are shown in Figure 
22. This electrochemical model captures well the cor-
rosion rate change with temperature.

CONCLUSIONS

v During aqueous corrosion of mild steel, the pres-
ence of dissolved H2S in water affects both the ca-
thodic reactions and the anodic reaction.
v An additional cathodic reaction, direct H2S reduc-
tion, was clearly observed. This reaction is flow-sensi-
tive and a mass-transfer-limiting current density was 
identified. The Tafel slope was observed to be close to 
120 mV/decade at 30°C. The reaction order with CH2S 
is estimated to be close to 0.5.
v A retardation of H2O reduction in the presence of 
H2S was observed at all experimental conditions, even 
at pH 2.
v In different pH ranges, either acceleration or re-
tardation of anodic dissolution of iron was seen in 
the presence of H2S in acidic solutions. This effect is 
related to the chemisorption of HS– ions. The effect 
can be explained by using the Langmuir adsorption 
model. The Tafel slope for the anodic dissolution of 
iron was 40 mV/decade ~ 50 mV/decade. When [HS–] 
reached a saturation value, the anodic reaction cur-
rent reached a maximum and became independent of 
both [HS–] and pH.
v A new electrochemical model has been developed 
that can be used to simulate the effect of pH2S, flow, 
temperature, and pH on corrosion of mild steel in  
an H2S environment in the absence of iron sulfide  
layers. 
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FIGURE 20. Comparison of predicted corrosion rate with ex-
perimental results at different pH, different H2S concentrations,  
1,000 rpm, total pressure = 1.0 bar, 30°C, point: experimental re-
sults, solid line: predicted curves. LPR constant B = 23 mV/decade.

FIGURE 21. Comparison of predicted polarization curves with experimental results at different temperatures, 1,000 rpm, 
[H2S] = 8.3×10–4 mol/L, total pressure = 1.0 bar, 30°C. Solid line: experimental curves. Dashed line: predicted curves. Red: 
30°C, dark blue: 60°C, pink: 80°C.

model prediction is in good agreement with the ex-
perimental data at each pH. When the H2S concentra-
tion is higher, the H2S reduction affects the overall 
cathodic polarization curves significantly. Anodic po-
larization curves are not sensitive to pH in Figure 19 
because of the high concentration of HS–.

Corrosion rate prediction at different pH is shown 
in Figure 20. The electrochemical model predictions 
are in good agreement with experimental results, 
which means the electrochemical model captured the 
main features of H2S corrosion at different pH.

Effect of Temperature
The effect of temperature on both cathodic re-

action and anodic reaction at [H2S] = 8.3×10–4 M is 
depicted in Figure 21. Increasing temperature has a 
small influence on the anodic reaction, but acceler-
ates the cathodic reaction greatly. H+ reduction, H2S 
reduction, and H2O reduction rate increase with tem-
perature increase. All the predicted sweeps agree with 
experimental results well.
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