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Abstract 

ZHANG, WEI, Ph.D., December 2020, Chemical Engineering 

Pit Initiation and Propagation of Localized Corrosion of Mild Steel in Marginally Sour 

Environments 

Director of Dissertation: Marc Singer 

A systematic investigation of pitting failure of mild steel in marginally sour 

environments was performed with the objective of understanding and predicting the 

occurrence of localized corrosion. While localized corrosion can happen due to a variety 

of reasons, recent work has shown that mild steel was particularly susceptible to pitting in 

environments containing traces of H2S (ppm level in the gas phase, which equates to ppb 

level of dissolved O2 in the liquid phase) of H2S. Relevant research works related to 

localized corrosion of mild steel exposed to O2, CO2 and H2S containing aqueous 

environments were carefully reviewed and a critical comparison was performed, 

identifying experimental methodologies, common mechanisms and gaps in 

understanding. A comprehensive parametric study was conducted to identify the 

operating parameters controlling the occurrence of localized corrosion in marginally sour 

environments. As a result, pitting was found to occur under the following conditions: 0 

mbar < pH2S < 0.15 mbar, pCO2 > 0 bar, temperature < 60°C, bulk pH < 6, on X65 mild 

steel (not on pure iron), in NaCl concentrations of 0, 1, and 10 wt.%, with 3 ppb(w) < 

[O2]aq < 40 ppb(w). Surface analysis (FIB-TEM-SAED-PED) identified a typically 200 

nm thick, porous, detached, and partially oxidized amorphous mackinawite layer 

precipitated within a Fe3C network. 
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The role of O2 was further investigated to explain the unexpected presence of 

oxides in the corrosion product layer. Initially, FeS was thought to have been oxidized 

during the post processing analysis. However, in situ Raman microscopy later showed 

that oxygen ingress during the experiment was the origin of iron oxide formation. In 

addition, when [O2]aq < 3 ppb(w), neither corrosion product precipitation nor pitting was 

observed on the steel surface in any conditions tested, while the uniform corrosion rate 

remained low.  

In this case, the protectiveness was due to the presence of a very thin FeS 

chemisorbed layer. In the presence of oxygen ([O2]aq > 3 ppb(w) at 1 bar total pressure), 

this FeS chemisorbed layer partially oxidized, leading to the formation of iron oxides. 

The volume change caused by the phase change (FeS chemisorption layer to iron oxides) 

exposed the underlying steel surface to the corrosive environment. These exposed local 

spots corroded due to the presence of CO2, which can typically lead to corrosion rates as 

high as 3 ~ 4 mm/y, initiating pitting. 

A phase equilibrium diagram was developed for the Fe/H2S/H2O/O2 system based 

on the minimization of Gibbs free energy. The diagram includes redox reactions involved 

in the transformation of several FeS polymorphs in aqueous solution driven by various 

concentrations of dissolved oxygen over a range of pH values. Pathways for the 

transformation of mackinawite into greigite, magnetite or hematite were identified 

depending on the concentration of dissolved oxygen. This study shows that the 

chemisorbed FeS layer can be partially oxidized in the presence of oxygen, leading to pit 

initiation in marginally sour environments.  
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The phase equilibrium diagram of the H2S/H2O/O2 system indicated that in 

aqueous solution, H2S could also be catalytically oxidized into SO4
2- at pH2S = 4×10-4 

bar, releasing H+ as a coproduct of this reaction. This was verified by monitoring the pH 

during the corrosion process. Water chemistry analysis revealed that a small portion of 

H2S could have been oxidized into H2SO4 in the electrolyte, with Fe2+ and Ni2+ serving as 

the catalysts. At the active corrosion sites, the higher [Fe2+] may have further enhanced 

this process, leading to lower local pH and lower saturation degree of FeS to prevent 

regeneration of the product layer inside the pit. This mechanism, together with the 

galvanic coupling effect between the actively corroding pit (anode) and the mackinawite 

covered cathode, is thought to govern the pit propagation. 

To summarize, the investigations reported herein have fully revealed the 

mechanism of localized corrosion of mild steel in marginally sour environments. In 

industrial processes, once the crude oil leaves the deep underground anoxic 

environments, it is not uncommon to measure oxygen content as high as 20 ppbw (6×10-7 

mol/L), which may not be low enough to prevent pitting in marginally sour 

environments. 
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Chapter 1: Introduction 

Metals and their alloys have been widely used since the industrialization of 

society. However, metals such as iron are prone to return to their pre-extraction oxidation 

states, akin to their original condition as oxides, sulfides, etc., in the ore minerals from 

which they were produced. During their service lives, metallic structures come into 

contact with various environments. This contact brings destructive results to metals or 

alloys, which results in a diminution of asset integrity, economic losses, and even 

increased risk to human lives. For example, crude oil vapor explosions due to pipeline 

leakage, postulated to be linked to corrosion, killed 62 people in Qingdao, China, on 

November 22, 2013 [1]. A similar disaster occurred in Guadalajara, Mexico, on April 22, 

1992 that resulted in 252 fatalities [2]. Therefore, metal structures and components, 

fabricated from appropriately selected materials, need to be protected against 

degradation, especially so when they are exposed to physically and chemically aggressive 

environments. 

Each industrial sector has its own set of environmental challenges associated with 

materials degradation via specific corrosion mechanisms. This dissertation is focused on 

localized corrosion of mild steel in weak acidic H2S/CO2 environments containing traces 

of O2, pertaining to the use of production tubulars, pipelines, tanks, and related 

infrastructure for the exploration, production, and transportation of natural gas and 

petroleum products. Research efforts in this area have significantly expanded since De 

Waard and Milliams published their first paper on modelling of CO2 corrosion in 1975 

[3]. Very thorough electrochemical models have been developed for both CO2 and 
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CO2/H2S environments, based on a wealth of experimental data. Yet, many gaps still 

exist on the understanding of the mechanisms as most of the conducted research has 

focused on uniform corrosion of mild steel. Comparatively, localized corrosion, which is 

more often the cause of premature equipment failure, remains poorly understood.  

There are typically three steps in the development of localized corrosion of metals 

or steels. The first step involves the formation of a protective layer. In the presence of 

CO2, this layer usually takes the form of a product of corrosion precipitated on the steel 

surface. This layer can decrease the corrosion rates by acting as a mass transfer barrier 

and affecting the rates of electrochemical reactions [4, 5]. The formation of this layer is 

controlled by the water chemistry and more specifically by the saturation degree of the 

metal carbonate (FeCO3 in this case) precipitate [6]. The second step involves the 

initiation of a pit due to damage of this protective layer. The reasons for the damage are 

numerous, from mechanical stresses to steel composition or challenges in local 

electrolyte chemistry. Once the pit is initiated, it can either propagate or get annihilated 

depending on if the local corrosive environment can be sustained. This scenario can vary 

depending on environment characteristics. In the presence of O2, the protective layer can 

take the form of a thin passive oxide film [7]. In the presence of H2S, the protective layer 

can take many forms as several polymorphs of FeS exist, making this topic not well 

understood. At moderate to high H2S content, the presence of different types of FeS in 

the corrosion product layers is known to lead to surface heterogeneity that have been 

hypothesized to lead to galvanic coupling and initiate localized corrosion. In the presence 

of small concentration of H2S, severe pitting has also been observed experimentally 
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although no mechanistic explanation has been proposed. As an example, it remains 

unclear whether or not the saturation degree of the FeS (mackinawite) can be applied in a 

similar way as in sweet environments. Yet, many other conditions involving H2S are 

relatively benign in term of corrosion severity and will not yield any localized corrosion 

at all.  In summary, localized corrosion in sour (CO2/H2S) environments is very complex 

and can take many forms, none of them adequately understood. Many research efforts are 

currently being undertaken to address this topic, this dissertation representing one of 

them.    

This work focuses on localized corrosion of mild steel in marginally/slightly sour 

environments in order to advance the mechanistic understanding of its initiation and 

propagation. The mechanisms of localized corrosion in CO2, H2S and O2 containing 

aqueous environments are reviewed in Chapter 2. The objectives and hypotheses of this 

research work are presented in Chapter 3. A systematic parametric study on the effects of 

operating parameters on the occurrence of pitting in marginally sour environments is 

presented in Chapter 4. Based on the layer characterization results, the effect of oxygen 

ingress on both the steel surface and water chemistry is further investigated in Chapter 5 

and in Chapter 6, respectively. A qualitative mechanistic model is proposed in Chapter 8.  
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Chapter 2: Literature Review 

This chapter introduces the current state of knowledge related to the reactions 

between mild steel, carbon dioxide (CO2), hydrogen sulfide (H2S), oxygen (O2) and water 

(H2O). It then presents the fundamental definition and basic mechanisms of localized 

corrosion. 

2.1 Water Chemistry of Corrosive Aqueous Solutions Containing CO2, H2S and O2 

2.1.1 Water Chemistry of CO2 - H2O System  

The presence of carbon dioxide and co-produced aqueous fluid with oil and gas is 

the main reason for the high risk of corrosion of pipeline materials. Carbon dioxide 

dissolves in water (reaction (1)) to a mole fraction value of 5.41 × 10−4 at 30°C, 

considering 1 bar CO2 partial pressure [8]. For comparison, O2 is less soluble and will 

dissolve to a mole fraction value of 2.12 ×10-5 at 30°C, 1 bar O2 partial pressure [9]. Only 

a small portion (less than 1% [10], depending on the conditions) of the CO2 hydrates to 

form carbonic acid (H2CO3, reaction (2)), which is a weak acid [11]. A portion of this 

carbonic acid dissociates into hydrogen ions (H+) and bicarbonate ions (HCO3
-, reaction 

(3)), then even fewer bicarbonate ions dissociate into hydrogen ions and carbonate ions 

(CO3
2-, reaction (4)) at pH values typically encountered in production conditions [12, 13]. 

Consequently, the presence of CO2 is severely detrimental to steel structures as it 

constitutes a source of hydrogen ions (H+), decreasing the pH and increasing the 

corrosivity of the aqueous solution. Fortunately, there is a long trackable research history 

and many review papers detailing the equilibrium constants and modeling of CO2/H2O 

systems [14, 15].   
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𝐶𝑂2(𝑔) ⇌ 𝐶𝑂2(𝑎𝑞) (1) 

𝐶𝑂2(𝑎𝑞) + 𝐻2𝑂(𝑙) ⇌𝐻2𝐶𝑂3(𝑎𝑞) (2) 

𝐻2𝐶𝑂3(𝑎𝑞) ⇌𝐻(𝑎𝑞)
+ + 𝐻𝐶𝑂3(𝑎𝑞)

−  (3) 

𝐻𝐶𝑂3(𝑎𝑞)
− ⇌ 𝐻(𝑎𝑞)

+ + 𝐶𝑂3(𝑎𝑞)
2−  (4) 

2.1.2 Water Chemistry of H2S-H2O System 

Hydrogen sulfide (H2S) is often, but not always, present in oil and gas produced 

fluids and contributes to the corrosivity of the aqueous phase. H2S dissolves in water to 

directly form a weak acid, aqueous hydrogen sulfide (reaction (5)). The solubility of H2S 

(g) at 30°C is 1.66 ×10-3 (mole fraction), considering 1 bar H2S partial pressure [16]. The 

solubility of H2S in water decreases as temperature increases [17]. It also decreases as the 

salt concentration increases in solution, which is the so-called “salting out” effect [18]. 

Two steps of dissociation also happen to produce H+, HS-, and S2- (reaction (6), (7)), 

although the second step is also reactant favored at pHs typically encountered in 

production conditions (3.5 <pH< 8). The concentrations of these species are governed by 

solution pH as well as the equilibrium constants for the aforementioned dissociation 

reactions. Therefore, for a near neutral pH solution, S2- content is negligible [17]. Again, 

the detailed dissociation reactions and associated constants can be found in references 

[14]. 

𝐻2𝑆(𝑔) ⇌ 𝐻2𝑆(𝑎𝑞) (5) 

𝐻2𝑆(𝑎𝑞) ⇌𝐻(𝑎𝑞)
+ + 𝐻𝑆(𝑎𝑞)

−  (6) 

𝐻𝑆(𝑎𝑞)
− ⇌ 𝐻(𝑎𝑞)

+ + 𝑆(𝑎𝑞)
2−  (7) 
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2.1.3 Comparison Between H2CO3 and H2S Containing Aqueous Systems 

Like H2CO3, dissolved H2S is also a weak acid. They share common 

characteristics, in terms of their solubility in water (as dissolved CO2 and H2S), the trend 

of solubility changes with temperature and salinity, and the two steps of acid dissociation. 

Therefore, they can be readily compared with each other [18]. However, they do feature 

some very different characteristics. For example, HS- and S2- can be oxidized into 

polysulfide (Sx
2-), elemental sulfur (S8), thiosulfate (S2O3

2-), sulfite (SO3
2-) or sulfate 

(SO4
2-) due to the multi-valent character of sulfur; this can further complicate the water 

chemistry of H2S [17, 19]. According to the valence shell electron pair repulsion 

(VSEPR) theory (Figure 1) [20, 21], HS- has a larger polarity and enhanced reactivity 

compared with HCO3
-, because, like OH-, HS- also has lone pairs of electrons [22]. 

Additionally, HS- has a smaller size than HCO3
-, but the most important point is that it 

can be adsorbed chemically onto metallic/alloy surfaces and undergo direct reaction, or 

chemisorption [23]. This process is much faster than precipitation, where metal cations 

are combined with CO3
2- or S2-. 

 In comparison, the kinetics of OH- adsorption on metals are much lower than for 

HS-, especially in the absence of O2. As explained earlier, both OH- and HS- are adsorbed 

on the steel surface. It is known that a chemisorbed layer of FeS [Sads(Fe)] can be formed 

quickly. The formation of FeO is more complicated [24]. Two adjacent adsorbed OH 

[OHads(Fe)] form one FeO and H2O. Due to the high stability of H2O, it is difficult for this 

reaction to happen without the presence of O2. This will be further discussed in section 

2.2.2.  
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Figure 1  

Lewis structure and polarity of H2O, H2S and H2CO3 molecules 

H2O H2S H2CO3 

   
AX2 E2, bent, 1.85 Debye. AX2 E2, bent 0.95 Debye AX3, trigonal planar, 0.1 Debye 

 

2.1.4 Water Chemistry of O2 – H2O System 

O2(g) is typically not present in reservoir conditions. However, as fluids are 

produced, O2(g) ingress into the pipeline network (due to injection of fluids or chemicals, 

maintenance, pump leakage, etc.) is not uncommon.  The solubility of O2(g) in water or 

aqueous solution under 1 bar partial pressure of oxygen is one to two orders of magnitude 

lower than CO2(g) and H2S(g); only about ten molecules of oxygen are dissolved per 

million molecules of water [8]. The diffusivity of O2 in water is only about 0.00001 of its 

diffusivity in the air at 20°C [25]. However, agitation can help the mass transfer of O2 

within the water. Consequently, reactions involving O2 cannot be ignored in an open 

system with continuous ingress of even a trace amount of O2 [19]. However, oxygen is, 

as its name indicates, a strong oxidizer. It can oxidize sulfide species in solution. It can 

also be reduced at the metal surface and affect the rate of overall electrochemical 

reactions. In addition to changes in water chemistry, the presence of oxygen can also lead 

to the precipitation of metal oxides.  
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2.1.5 Reaction Between H2S and O2 in Aqueous Solution 

In the gas phase, the reaction between H2S and O2 below 120°C is negligible [26]. 

In aqueous solution, oxidation of HS- by dissolved O2 is kinetically slow. If there is Fe3+ 

or Mn3+/Mn4+ in solution, these metal ions with higher valency can readily oxidize HS- 

[27]. This process can be made into a catalytic cycle starting with Fe2+ oxidation by O2 

[19]. This process is shown in the following reactions (reaction (8, (9)): 

4𝐹𝑒(𝑎𝑞)
2+ + 𝑂2(𝑎𝑞) + 2𝐻2𝑂(𝑙) → 4𝐹𝑒(𝑎𝑞)

3+ + 4𝑂𝐻(𝑎𝑞)
−  (8) 

2𝐹𝑒(𝑎𝑞)
3+ + 𝐻𝑆(𝑎𝑞)

− → 2𝐹𝑒(𝑎𝑞)
2+ + 𝑆(𝑠)

0 + 𝐻(𝑎𝑞)
+  (9) 

As an example, compared with other typical O2 scavengers (such as Na2SO3, SO2, and 

N2H4), the rate of O2 removal by HS- oxidation without a catalyst is low [28]. The 

reaction rate is increased in the presence of catalysts (Fe2+, Mn2+, Cu2+, Ni2+, and Co2+), 

especially at higher pH [28].  The most effective catalysts are Co2+ and Ni2+ [28]. This 

phenomenon is commonly observed as water samples from sour corrosion suddenly 

exposed to open air increase in turbidity due to the formation of elemental sulfur. 

Oxidation of H2S in the aqueous phase in the presence of O2 can release H+, 

which leads to an acidification of the solution [29]. The proposed explanation is listed in 

reactions (10–(12). 

2𝐻2𝑆(𝑎𝑞) + 𝑂2(𝑎𝑞) → 2𝑆(𝑠)
0 + 2𝐻2𝑂(𝑙) (10) 

2𝐻2𝑆(𝑎𝑞) + 2𝑂2(𝑎𝑞) → 𝑆2𝑂3(𝑎𝑞)
2− + 𝐻2𝑂(𝑙) + 2𝐻(𝑎𝑞)

+  (11) 

4𝐻2𝑆(𝑎𝑞) +
9

2
𝑂2(𝑎𝑞) → 𝑆4𝑂6(𝑎𝑞)

2− + 3𝐻2𝑂(𝑙) + 2𝐻(𝑎𝑞)
+  (12) 
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 A precise water chemistry analysis is crucial to understand what happens after 

metals or alloys are exposed to such an aqueous environment. Introducing O2 in a 

H2S/CO2 aqueous system is expected to affect significantly the water speciation, at least 

proportionally to the concentration of oxygen.  

Over a range of temperatures (25, 40, 60, 80 C), at a total pressure of 1 bar with 

H2S + O2 in a volumetric ratio of 5:1, a mmol level of SO3
2- was found at 25 C, S2O3

2- 

and SO4
2- were found at 25~80 C [30]. Visibly detectable amounts of elemental sulfur 

were found in experiments at 40, 60, and 80 °C, but not at 25 °C. In other research at 

24°C ± 2°C and initial pH 3.9, 100 ppb (mass) SO4
2- was detected in 35 g/L NaCl with 

0.1 MPa H2S and 500 ppb(w) O2 contamination [31]. It has been pointed out that the 

oxidation of H2S will acidify the solution [31], which makes it more corrosive.   

2.1.6 Methods for Water Chemistry Analysis  

Experimentally, establishing suitable methods for water chemistry analysis is 

important in corrosion research. The simplest tools to characterize water speciation of 

corroding systems, in terms of ease of use and accessibility are pH electrodes and Fe2+ 

concentration measurement instruments, the latter typically using UV-vis 

spectrophotometry in conjunction with chelating agents. Many other analytical tools 

(such as NMR, HPLC) obviously exist but when it comes to sulfide (S2-), sulfur (S8), 

polythionate (Sn
2-), sulfite (SO3

2-), thiosulfate (S2O3
2-) and sulfate species (SO4

2-). It is 

difficult to find a suitable (and economical) method to facilitate their separation and 

identification [32]. One intrinsic reason is that some of these species are not particularly 

stable, being easily oxidized from one to another by air; dilution can even impact 
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speciation. Ion chromatography (IC) is a powerful and versatile method in water 

chemistry analysis, but its screening capacity depends on the type of column used and 

fluid to be characterized. For example, separating sulfide from common inorganic anions 

(chloride, nitrite, and nitrate) is difficult; sulfite and sulfate have similar retention times 

[33]. According to an IC instrument manufacturer [34], ion chromatography with 

suppressed conductivity can discriminate between and identify S2O3
2- and SO3

2- [31]. Ion-

pair chromatography (IPC) can identify Sx
2- (Table 1). With IPC, sulfide and sulfite are 

quantitatively converted into stable thiocyanate and sulfate [33]. These conversions 

stabilize these anions and permit their complete separation from common anions [33]. In 

addition, H2S can damage certain types of chromatographic columns, so it should be 

purged from solutions prior to analysis [31]. Specifically, S2O3
2- can be titrated by I3

-, 

however, S2- can be oxidized at the same time if there is any in the system. 

Spectrophotometrically, vibrational modes associated with S-S or S-O bonding are weak 

in infrared spectra.  

Another simple but effective analytical technique is the use of a barium chloride 

(BaCl2) reagent to detect SO4
2- by UV/Vis. The feasibility of this method in a 

complicated sulfur compounds system depends on the solubility of different barium 

sulfur compounds. The solubility of barium sulfide (BaS) is 6.97 g/100mL at 20 °C [35]. 

The solubility of barium sulfate (BaSO4) in water is 0. 2448 mg/100mL at 20 ºC [36]. 

That is why the detectable limit of this method is 2 ppm. The solubility of barium sulfite 

(BaSO3) is 11 mg/L [37]. Information on the solubility of barium thiosulfate (BaS2O3) is 

scarce and the only literature data found also reports 0.21 mg/100mL at 18 °C [38]. In 
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practice, precipitation of white crystals of BaSO4 or BaS2O3 is clearly visible in solution 

above the solubility limit. Therefore, assuming BaS2O3 is not present in solution, BaSO4 

is the only detectable white precipitation in this test. Consequently, this method presents 

a relatively simple measurement method for SO4
2-, with the only drawback being the lack 

of specificity between SO4
2- and S2O3

2- .  

 

Table 1  

Current methods for detection of sulfur containing anions [34] 

Detection methods Sulfur containing anions 

Iodometry Sulfide 

Direct current polarography Sulfide 

Differential pulse polarography Sulfide 

Spectrophotometry after derivatization with Methyl Blue Sulfide 

Spectrophotometry after derivatization with Ellman’s 

reagent 

Sulfite 

Ion chromatography with suppressed conductivity Sulfite, Sulfate, 

Thiosulfate 

Ion chromatography with Electrochemical Detection Sulfide 

Ion-pair chromatography Polythionate 

 

CS2 extraction can be used to identify S8 [39]. However, CS2 is highly toxic [40] 

and flammable. It is difficult to find other alternatives for good sulfur solvents [41] (see 
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Table 2). Toluene is much less toxic than benzene [42], which might be a promising 

substitute [43]. Trace amounts of S8 in toluene could be detected by infrared spectroscopy 

or by a combustion method, as is commonly applied in fuel quality measurements [39]. 

Turbidity measurements by a nephelometer could be an indirect method to show the 

presence of sulfur in the aqueous solution, although formed S8 may adhere to steel and 

other surfaces. 

 

Table 2  

Solubility of elemental sulfur (orthorhombic S8) at 25°C in organic solvents [41]  

(data in mass %) (Copyright © 1965 WILEY‐VCH Verlag GmbH & Co. KGaA, 

Weinheim) 

Ethanol Acetone Diethyl ether Dimethyl formamide n-Hexane 

0.066 0.079 0.181 0.191 0.40 

Carbon tetrachloride Nitrobenzene Chloroform Cyclohexane Aniline 

0.832 0.856 1.164 1.185 1.259 

Xylene Toluene Benzene Chlorobenzene Carbon disulfide 

2.051 2.070 2.093 2.370 34.8 
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2.2 Fundamentals of Aqueous H2S/CO2 Corrosion of Mild Steel 

2.2.1 Thermodynamics and Kinetics of CO2 Corrosion 

When mild steel is put in contact with an aqueous solution containing dissolved 

CO2, H2O molecules adsorb on the steel surface to form a solvent layer that is oriented 

depending on the charge of the surface. An electrical double layer forms between the 

adsorbed water molecule layer and a second ordered layer of water molecules [44]. If 

present in solutions, solvated ions can also take part in the formation of these layers. The 

planes formed by the adsorbed water molecules are referred to as the inner and outer 

Helmholtz planes, as illustrated in Figure 2. This electrical double layer is analogous to a 

charged capacitor.  

H+ released by dissociation of H2CO3 and HCO3
- participates in the reduction 

reaction at the steel surface (equation (3) and (4)). H2O can be reduced and gain an 

electron to form H2 and OH- (reaction (14)) [45]. Metal atoms in the steel are oxidized 

and lose electrons to become cations dissolved into the solution (reaction (15)). CO2 

hydration is the slowest step in this entire corrosion process. Therefore, CO2 corrosion is 

mainly chemical reaction controlled, although it can also be charge transfer or mass 

transfer controlled depending on the conditions. Detailed information on CO2 corrosion 

can be found elsewhere [14].  

2𝐻(𝑎𝑞)
+ + 2𝑒− → 𝐻2(𝑔) ↑ (13) 

2𝐻2𝑂(𝑙) + 2𝑒
− → 2𝑂𝐻(𝑎𝑞)

− + 𝐻2(𝑔) ↑ (14) 

𝐹𝑒(𝑠) → 𝐹𝑒(𝑎𝑞)
2+ + 2𝑒− (15) 
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Figure 2  

Schematic representation of a double layer on an electrode (Bockris 

/Devanathan/Müller, BDM) model.  

1. Inner Helmholtz plane, (IHP), 2. Outer Helmholtz plane (OHP), 3. Diffuse layer, 

4. Solvated ions (cations) 5. Specifically, adsorbed ions (redox ion, which contributes 

to the pseudocapacitance), 6. Molecules of the electrolyte solvent. 

 

 

 

 

Below 120 °C, dissolved cations, for example, Fe2+, can combine with CO3
2- in 

the solution to form metal carbonate (typically FeCO3) precipitates (reaction (16)) when 

the product of their concentrations exceeds the solubility limit [46]. Above 120 °C, both 

iron carbonate and magnetite (Fe3O4) will form [47]. The ratio of the product of 

concentrations to the solubility equilibrium coefficient is called the saturation degree [6]. 

At equilibrium, the saturation degree is 1 (unity). In certain conditions, the formation of 

these corrosion product layers can protect the steel from rapid corrosion by “shielding” 
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the active surface from electrochemical processes. The limited permeability of the layer 

also serves as a mass transfer barrier to electroactive species, thus changing the local 

water chemistry near the surface and inside the pore structure of the layer [48]. Although 

FeCO3 is usually porous, sometimes it can be protective in terms of corrosion mitigation 

[49].  

𝐹𝑒(𝑎𝑞)
2+ + 𝐶𝑂3(𝑎𝑞)

2− → 𝐹𝑒𝐶𝑂3(𝑠) ↓ (16) 

2.2.2 Thermodynamics and Kinetics of H2S Corrosion 

As mentioned in the previous section, H2O can adsorb directly on the steel surface 

forming the inner Helmholtz plane. Similar to H2O, H2S(aq) could also adsorb as part of 

this inner layer when mild steel is exposed to sour environments (the yellow molecule 

stands for H2S while the rest blue ones are H2O in Figure 2). This means that H2S(aq) 

changes the structure of the electric double layer [19]. When mild steels are exposed to 

sour environments, the chemisorption of H2O(l) and H2S(aq) on the steel surface leads to 

the formation of OHads(Fe),  Oads(Fe) and Sads(Fe) [50]. Two adjacent OHads(Fe) moieties 

combine to form FeO and H2O [50]. However, if Sads(Fe) partially substitutes for 

OHads(Fe), this makes the formation of FeO more difficult. Also, Sads(Fe) is more stable 

than Oads(Fe). According to thermodynamic calculations of chemisorption processes in 

the Fe-H2S-H2O system (Figure 3) based on Marcus’s published data [50], Sads(Fe) on an 

iron surface is very stable; this is also the case on Ni. In practical terms, this means it can 

exist even when sulfides are not expected to be stable according to the bulk solution 

conditions [24].  
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Figure 3  

Potential-pH diagram for sulfur adsorbed on Fe (25C, ms = 10–4 mol kg–1).  

Reprinted with permission from [50]. Copyright 2002 Taylor and Francis Group LLC 

(Books) US.  

 

 

Consequently, it has been postulated that when H2S(aq) enters in contact with an 

iron surface, it rapidly adsorbs and forms a thin layer of chemisorbed iron sulfide [23]. 

This has been termed as a solid-state reaction or direct reaction [51], the accuracy of this 

description being questioned in the literature [52]. This chemisorbed layer is so thin that 

it is difficult to observe even under TEM. However, the proof of its existence is in the 

substantial decrease in general corrosion rate observed experimentally when H2S is 

injected into a sweet (CO2 containing) corrosive environment. This characteristic of H2S 



 

 

34 

corrosion is unique as it indicates that there is seldom a bare steel surface condition in 

sour corrosion. The chemisorbed layer of FeS primarily affects the kinetics of charge 

transfer (i.e., of electrochemical reactions) as it is too thin to act as an effective mass 

transfer barrier. As an example, addition of 0.04 mbar of H2S(g) into 1 bar CO2, for a pH 

5.0 electrolyte, at 30C brings the corrosion rate from 2-4 mm/y down to 0.2 mm/y [53] 

in a matter of minutes [54]. H2S(aq) can react with the steel surface directly within a very 

short time. Oxidative dissolution of Fe at an anodic area still occurs (reaction (15)), as 

well as the reduction of H2O (reaction (14)), H2S(aq) (reaction (17)) and HS- (reaction 

(18)) at cathodic sites. 

2𝐻2𝑆(𝑎𝑞) + 2𝑒
− → 2𝐻𝑆(𝑎𝑞)

− +𝐻2(𝑔) ↑ (17) 

2𝐻𝑆(𝑎𝑞)
− + 2𝑒− → 2𝑆(𝑎𝑞)

2− + 𝐻2(𝑔) ↑ (18) 

 As mentioned earlier, there are several pathways for the formation of FeS on the 

steel surface. The very thin chemisorbed FeS layer forms almost instantaneously on the 

steel surface [23]. However, precipitation of iron sulfides (FeS, reaction (19)) from the 

bulk solution can also happen. It can be expressed as follows. 

𝐹𝑒(𝑎𝑞)
2+ +𝐻2𝑆(𝑎𝑞)↔𝐹𝑒𝑆𝑚(𝑠) ↓ +2𝐻(𝑎𝑞)

+  (19) 

FeS precipitates when the saturation degree becomes larger than unity [52]. 

Mackinawite is believed to be the first type of FeS that forms [55]. Within short time 

spans, or at low concentrations of H2S(g), the resultant layer is typically a nanocrystalline 

mackinawite structure, which is often mischaracterized as amorphous by X-ray 

diffraction (XRD) [19]; this was before high-resolution microscopy techniques could 

prove its actual long-range structure [56, 57]. Mackinawite is not thermodynamically 
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stable and can be readily oxidized into greigite (Fe3S4), then pyrite (FeS2). With higher 

H2S concentration, pyrrhotite can form together with mackinawite [58]. Pyrite mainly 

forms under high temperature and high-pressure conditions [59].  

As mentioned earlier, the existence of various FeS polymorphs and related phases 

makes H2S corrosion a complicated matter. Iron sulfides are a family of inorganic 

compounds, including mackinawite (FeS), greigite (Fe3S4), pyrite (FeS2), pyrrhotite 

(Fe1−xS, x = 0 to 0.2)), etc. Their crystal structures govern their various physicochemical 

properties (e.g., solubility, conductivity, reactivity with certain chemicals under the same 

condition). Their morphological characteristics (including porosity and tortuosity) are 

also different from each other [19]. They tend to transform from one to another under 

certain conditions. Different morphologies and structures of the formed corrosion product 

layers will play a crucial role in the determination of the corrosion rates. 

The fact that steel surfaces in sour environments are always covered with certain 

types of iron sulfides, and that the typical corrosion rates are much lower than what is 

observed in CO2 corrosion, means that H2S has been categorized by some researchers to 

act as a de-facto corrosion inhibitor [19]. It has even been argued that H2S shares 

similarities with certain types of corrosion inhibitors in terms of chemical structure [19]. 

However, the extreme reactivity of H2S and the complicated chemistry within the sulfide 

system proves that H2S is more detrimental than mitigating as regards the corrosion of 

steel. 

Recent research on high temperature (> 120 °C) H2S corrosion revealed a 

multilayer structure on the steel surface, made of an inner layer of Fe3O4 and an outer 
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layer of iron sulfide [60]. The author mentioned that Fe3O4 had greater effect on the 

corrosion process than mackinawite. The proposed layer formation mechanism was as 

follows: 1)  the Fe3O4 was formed by the electrochemical reaction between Fe2+ and 

water (reaction (20)); 2) The outer part of the Fe3O4 was converted into iron sulfide by 

reaction with H2S; 3) depending on different partial pressure of H2S, mackinawite, 

troilite, pyrrhotite, and pyrite were detected at the outer layer. According to 

thermodynamic calculation, this trend of preferred formation of Fe3O4 at high 

temperature would reverse at 25 °C [60].  

𝐹𝑒3𝑂4(𝑠) + 8𝐻(𝑎𝑞)
+ + 2𝑒− ↔ 3𝐹𝑒(𝑎𝑞)

2+ + 4𝐻2𝑂(𝑎𝑞) (20) 

2.2.3 Dominant Mechanisms in CO2 / H2S Systems 

Petroleum engineers describe oil and gas containing carbon dioxide (CO2) as 

being sweet [61], whereas if they contain hydrogen sulfide (H2S), they are termed sour 

[62]. Often, however, both CO2 and H2S are present in the same environment. Since CO2 

and H2S corrosion features striking differences, determining the specific conditions that 

govern which corrosion reaction will dominate has been a long-standing challenge and 

efforts have been made to categorize these environments. Until now, a commonly 

accepted practice relied on the ratio of partial pressure of CO2 to partial pressure of H2S 

to determine the transition between H2S and CO2 dominated corrosion systems. However, 

use of this ratio proved to be problematic since the corrosion product could be different 

for high H2S content versus low H2S content [63]. When the term “which reaction regime 

dominates” is used, general corrosion rate and chances of localized corrosion occurrence 

have to be considered, both of which are decided by the existence and protectiveness of 
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the corrosion product layer. However, conditions can be such that a CO2/H2S 

environment yields several corrosion product layers, seemingly coexisting as components 

of the layer: iron carbonate, iron sulfides and even iron oxides or hydroxides [53]. 

Operating parameters such as partial pressures of CO2 and H2S, temperature and pH are 

used to calculate the saturation degree of FeCO3 and FeS and to thermodynamically 

predict layer constituents [64]. The presence of FeCO3 has been observed experimentally 

underneath FeS in certain conditions. This was explained by the high Fe2+ concentration 

and the depletion of H2S near the metal surface [65]. Recent research also found Fe3O4 

[59] underneath FeS at temperatures of around 80C and above. 

2.2.4 Thermodynamics and Kinetics of O2 Corrosion 

Oxygen is an oxidizer in terms of corrosion of steel [23]. Steel in anoxic water 

(and in the absence of any acidic species) corrodes very slowly because, in terms of 

electrochemical reactions, the cathodic reaction with H2O is very slow. However, if 

oxygen is present, it can be readily reduced according to the following reaction (21). 

𝑂2(𝑎𝑞) + 4𝐻(𝑎𝑞)
+ + 4𝑒− → 2𝐻2𝑂(𝑙) (21) 

In O2 containing solutions, the layer growth begins after adsorption of O2 on the 

steel surface [66]. A three-dimensional iron oxide layer is formed, but its thickness is 

limited to no more than several nanometers [66]. 

When an anodic potential is applied, a passive layer is formed on the iron surface. 

This passive layer is up to 5 nm [7]. It has been found that this layer is very protective.  

However, if there is any defect in this layer, which is prominent enough to develop into 

layer breakdown, the possibility of occurrence of localized corrosion will be very high; 
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especially if the layer is originally very protective. Techniques such as Auger electron 

spectroscopy (AES) [67], electron spectroscopy for chemical analysis (ESCA) [68], and 

scanning tunneling microscopy (STM) [69] have been used to observe the composition of 

thin passive oxide films on metals and alloys [7]. To avoid the possible change to 

chemical composition of a passive layer in a drying process, in situ characterization has 

been tried; such as by XPS [68], AES [70] and Mössbauer spectroscopy [71]. Using a 

transfer device for Auger analysis, Bockris, et al., [70] concluded that the passive film on 

iron is mainly composed of Fe(OH)2 as well as other oxides and hydroxides in a 

multilayer configuration [68, 72]. The size and structure of the related sub-layers change 

with the electrode potential as well as other factors, such as the composition of the metal 

substrate and the electrolyte [73]. 

The addition of alloying elements such as nickel, chromium and molybdenum to 

steel have impact on the structure and composition of the oxide film and, thereby, the 

protectiveness of the corrosion product layer [66]. For example, the passivation of Fe-

based alloys is due to the formation of metal-oxides based on alloying elements (Cr2O3 

for stainless steel).  

2.2.5 Oxidation and Transformation of Corrosion Products in Marginally Sour 

Environments in the Presence of Oxygen 

There has been some research related to oxidation of mackinawite and its possible 

transformation to greigite (Fe3S4) [19, 39], all the way to magnetite (Fe3O4) and/or 

hematite (Fe2O3) [74, 75]. However, there is no commonly accepted mechanism of 

mackinawite transformation yet.  
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Rickard [19] and his coworkers reviewed the homogeneous formation of 

mackinawite in fresh water and marine environments without the existence of metal, and 

its transformation to greigite. The thermodynamic plot of this information is shown in 

Figure 4. They found that mackinawite could react with water directly above 70C, 

without O2 or S2- [19]. They also stated that greigite cannot form without high H+ 

concentration [19], which shows agreement in the fact that naturally formed greigite was 

found in freshwater rather than marine environments because the former usually has a 

lower pH value. However, whether this transformation can occur in the solid phase 

reaction or via the dissolution/precipitation is not definitively known.  
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Figure 4  

pH-Eh diagram showing the mackinawite-greigite boundary at 25 °C, 1 bar total 

pressure, ∑{Fe}T = 10-3, and ∑{S(-II)} = 10-3 and 10-6 mol/kg.  

(Reprinted with permission from [19]. Copyright 2007 American Chemical Society.) 

  

 

Anderko and Shuler also created Pourbaix diagrams (Figure 5) of mackinawite 

and greigite [76] for the purpose of corrosion modeling. They postulated that greigite 

could only be generated from mackinawite in the presence of oxygen. Therefore, the 

transformation from mackinawite to greigite can happen spontaneously in terms of 

thermodynamics.  
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Figure 5  

Stability diagram of mackinawite and greigite.  

(4×10-3 mol/kg H2S in simulated oil field brine). Reprinted with permission from [76]. 

Copyright 1997 Elsevier.) 

 

     

Ning’s thermodynamic calculation in anoxic aqueous solution also proved that 

transformation from mackinawite to greigite, then to pyrite is thermodynamically 

possible as long as the electrochemical potential is high enough [77] (Figure 6).  
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Figure 6  

Pourbaix diagram for H2S-H2O-Fe system with (left) Mackinawite / Greigite; (right) 

Mackinawite / Greigite / Pyrrhotite / Pyrite (T = 25ºC, pH2S = 0.1 bar, [Fe2+] = 10 ppm, 

[Fe3+] =10-6 mol/L, pH2 = pO2 = 1 bar).  

(Reprinted with permission from [77]. Copyright 2014 NACE.) 

  

 

Mackinawite has a tetragonal layer structure (Figure 7 a). The mackinawite unit 

cell has a = b = 3.6735 Å and c= 5.0329 Å [78]. Greigite is the cubic thiospinel of iron, 

FeII(FeIIFeIII)S4, because molecular orbital [79] calculations suggest that the Fe in the 

octahedral B-sites is a mixture of Fe(III) and Fe(II); it could even be non-stoichiometric, 

mirroring its isomorphous oxide magnetite. (Greigite is the sulfur analogue of magnetite. 

It has a similar inverse spinel structure (Figure 7 b).) The cell parameter of greigite is a= 

9.876 Å. Each cell consists of eight Fe3S4 units. The phase transition mechanism between 

mackinawite and greigite is shown in (Figure 7 c), which has been reprinted from 

Rickard’s [80] and Lennie’s [78] research. A rearrangement of Fe atoms in a cubic array 

of S atoms makes the transformation of mackinawite to greigite. The rearrangement 
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happens due to the oxidation of two-thirds of Fe(II) to Fe(III), because the Fe(III) 

acquires an octahedral coordination. This transformation leads a volume reduction of 

12% in the cubic S array [78].  

 

Figure 7  

The crystal structure of both mackinawite and greigite and their phase transition 

mechanism.  

 

 

(a) Mackinawite structure. Reprinted with 
permission from [78]. Copyright 2005 

Elsevier.   

 

(b) Greigite is an inverse spinel, A(AB)2S4 
where Fe(II) atoms occur in tetrahedral A-

sites and mixed Fe(III) and Fe(II) occur in the 
octahedral B-sites. Reprinted with permission 

from [78]. Copyright 2005 Elsevier. 

(c) Homology of the mackinawite and 
greigite structures. Projections of 

both structures onto (001) emphasize 
the similarity in the close-packed 
cubic arrays of S-atoms in both 

minerals. Reprinted with permission 
from [80]. Copyright 2005 Elsevier.  
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Benning and her coworkers [39] found that mackinawite was oxidized to greigite, 

then to pyrite at 70 - 95C, at ca. pH 3.7 (Figure 8). The authors mentioned that a solid-

state phase transformation was involved: Fe2+ on the surface layer of mackinawite was 

partially oxidized into Fe3+, supported by two pieces of research on powdered 

mackinawite sample oxidation [81, 82]. The transformation was much slower under high 

pH condition, which agrees with Rickard’s observation on greigite generation. Greigite is 

magnetic, so in their research [83] a magnet was used as the supporting evidence of 

existence of greigite. However, it should be noted that magnetite is also magnetic. 

 

Figure 8  

Diffraction patterns obtained from oxidation of mackinawite (pH 3.6, 95C, H2S gas 

flow). 1). After 1 h of exposure; 2). After 172 h of exposure; 3). Ingress of O2 due to halt 

in H2S-gas flow for 24 h; 4). Ingress of O2 for 96 h; 5). Ingress of O2 for 240 h.  

(Reprinted with permission from [39]. Copyright 2005 Elsevier.) 
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Most of these basic research studies were done by geochemists on synthesized 

mackinawite powder with high purity. XRD, XPS, TEM, STM, etc. can be applied to 

analyze these specimens, despite the fact that mackinawite tends to form with a 

nanocrystalline structure, which makes it seem “amorphous” under XRD [19]. Corrosion 

product layers formed in a sour environment, the major content of which is mackinawite, 

can be very difficult to characterize due to their extremely thin morphology. The Raman 

microscope could be a promising tool for this kind of application. In recent decades, 

researchers used in situ Raman to observe oxidation of mackinawite.  

Bourdoiseau and colleagues are pioneers in the use of Raman microscopy to 

analyze corrosion product layers containing aged mackinawite and iron oxides [75]. They 

also used DFT calculations to further validate the experimental results from their Raman 

spectra [84].  

Genchev and Erbe [74] characterized corrosion product layers formed in 

CH3CO2H and H2S environments. They polarized their working electrode in order to get 

a thick enough layer (about 2 m [85]) to collect prominent peaks under a Raman 

microscope, because the feedback signal will attenuate when it goes through a glass lens 

for in situ Raman measurements. Generally, as shown in reaction (22), the Fe(II) in the 

mackinawite corrosion product can first be oxidized into Fe(III), and then form 

oxyhydroxides or oxides depending on water content within the mackinawite layers. 

𝐹𝑒0
𝐻2𝑆𝑎𝑞
→   𝑆𝑎𝑑𝑠(𝐹𝑒)

𝐹𝑒2+

→  𝐹𝑒𝑆𝑚
𝑂2
→𝐹𝑒1−𝛿

𝐼𝐼 𝐹𝑒𝛿
𝐼𝐼𝐼𝑆

𝑂2
→𝛼 − 𝐹𝑒𝐼𝐼𝐹𝑒2

𝐼𝐼𝐼𝑂4
𝑂2
→𝛼 − 𝐹𝑒2

𝐼𝐼𝐼𝑂3 (22) 

However, another pathway has been proposed that does not involve greigite as the 

intermediate phase in the oxidation process of mackinawite, or it relates to a different 
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understanding of the valence state of greigite [86]. If Fe2+ in mackinawite can be oxidized 

into Fe3+, Fe3+ could oxidize S2- into S0 or even SO4
2- directly. Then, the next stage of 

oxidation product being 𝐹𝑒𝐼𝐼𝐹𝑒2𝐼𝐼𝐼𝑆4𝐼𝐼(greigite) or 𝐹𝑒𝐼𝐼𝑆2𝐼 (pyrite) will be more difficult to 

explain. Another explanation could be that it is not Fe2+ but S2- being oxidized in 

mackinawite, causing the formation of  𝐹𝑒3𝐼𝐼𝑆3𝐼𝐼𝑆0, which is another understanding of the 

valence states of greigite [86]. Actually, the valence state of greigite might not be fully 

understood yet. X-ray study of powdered greigite shows that greigite has a spinel 

structure. Therefore, the stoichiometric formula of Fe3S4 was developed primarily by 

analogy to magnetite. The choice of oxidation states [a mixture of Fe(II) and Fe(III) with 

S(II)] was based on the evidence available from Mössbauer spectroscopy results [87]. 

The further detail of this discussion is beyond the topic of this work, future research 

works might combine both experimental observation and the molecular orbit calculation 

[88], as well as bandgap theory [89] to reveal the answer. 

The sheer number of sulfur compounds that can exist in aqueous environments is 

a major source of complexity in sour corrosion phenomena. Sulfur, sulfide, sulfite, 

sulfate, thiosulfate and polysulfide can be generated and transform from one to anther 

under different conditions. From the perspective of corrosion studies, sulfur containing 

compounds of higher oxidation states cause dissolution of metal through electrochemical 

reactions once moisture or liquid water is present. If other chemicals with high oxidizing 

potency exist in the H2S system, such as O2 or Fe3+, higher valent sulfur compounds will 

come to be present that lead to other possible reactions, which will accelerate the 

corrosion of metal.  
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Although H2CO3 will not participate in these sulfur reactions/cycles directly, its 

buffering effect can greatly affect the water chemistry and the corrosion rate. It might 

even affect local pH changes. Formation of FeCO3 when saturation is reached must be 

considered in terms of its protectiveness and mass transfer barrier effect. 

The most detrimental effect that the sulfur cycle can bring to the metal is localized 

corrosion and stress cracking. Although there has been some research conducted on this 

topic, it still needs systematic study before the mechanisms involved are elucidated. 

2.3 Localized Corrosion in Marginally Sour Environments 

2.3.1 Definition and Measurement of Localized Corrosion 

Corrosion is a destructive result of chemical reactions between a metal or metal 

alloy and its environment. Usually, a uniform removal of metal is called “uniform 

corrosion” [90]. When the loss of metal is not uniform at the steel surface, pits or grooves 

are produced due to preferential, localized, metal loss. That is termed “localized 

corrosion” [91].  

Localized corrosion has various modes, one of which is pitting attack [91]. Pitting 

results in perforation and potential loss of pressure resistivity; while perforation leads to 

leakage from metal containers, a loss of pressure resistivity could lead to the explosion of 

a pressurized container. Therefore, research on the localized corrosion of mild steel in 

environments encountered in petroleum and natural gas production is industrially 

important. 
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2.3.2 Reports of Localized Corrosion in Marginally Sour Environments 

As mentioned earlier, both CO2 and H2S are often present in production 

conditions. The corrosion mechanisms of CO2 and H2S dominated environments are 

significantly different. Determining which mode will control the overall process in a 

CO2/H2S system can be challenging. The ratio of partial pressure CO2 to partial pressure 

H2S is still commonly used to determine the transition, although this approach has clear 

limitations [63]. Moreover, H2S corrosion often shows pitting failure, which is extremely 

difficult to anticipate and complicates the encountered corrosion scenarios. Based on field 

experience, Kapusta [92] proposed a method to link occurrence of localized corrosion to 

temperature and pH2S/pCO2 ratio as shown in Figure 9. In this plot the partial pressure 

ratio pH2S/pCO2 was chosen as the controlling parameter determining the occurrence of 

localized corrosion. This ratio has been used to characterize which acid gas, be it CO2 or 

H2S, dominates the corrosion process. For example, the presence of 0.04 mbar of H2S in 

a sweet system at 0.97 bar CO2 leads to a stark reduction in the corrosion rate compared 

to a pure CO2 case [93]. In this situation, the presence of H2S dominates the corrosion 

process and the system is labeled sour. However, predicting accurately the transition 

between sour and sweet environments has been an elusive task, and seemingly dependent 

on a more complex interaction between parameters. Interestingly enough, Figure 9 fails 

to predict correctly the experimental conditions described above. This serves as an 

indication that oversimplified considerations and predictions solely based on particular 

field experience cannot be used as effective tools in this problematic system. 
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Figure 9  

Pitting attack risk prediction based on partial pressure ratio and temperature  

(Reprinted with permission from [92]. Copyright 2002 NACE.) 

 

 

Later, researchers [93, 94, 95] in the Institute for Corrosion and Multiphase 

Technology (ICMT) reported localized corrosion in CO2 environments with low 

concentrations of H2S. They could identify certain sets of experimental conditions that 

favored the occurrence of localized corrosion.  

Brown [65] found pitting on specimens with a thick layer of corrosion products in 

large-scale flow loop corrosion tests at 60 °C, pCO2 of 7.7 bar, and pH2S of 0.01 bar, at 

pH 4 and pH 5. Pits were also found at 40 °C, pCO2 of 2.8 bar, pH2S of 0.004 bar, and 

pH 5. FeS was identified as the main component of an outer layer while the inner layer, 

close to the steel surface, was FeCO3. This was explained by limitations in the diffusion 

of HS- through the Fe3C network associated with the original microstructure of the steel. 
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The author built a statistical model covering a wide range of experimental conditions, 

which predicted the likelihood of localized corrosion. However, this model did not 

provide any mechanistic explanation for the initiation of pitting.  

Yan [94] also reported localized corrosion at much lower concentrations of H2S. 

The author found a threshold value of pH2S for resisting pitting attack in H2S and CO2 

environments in a large-scale flow loop system. This threshold value was shown to be 

between 30 ppm - 60 ppm (0.25 mbar to 0.5 mbar) under the studied experimental 

conditions (40 °C, pCO2 = 8 bar, 1 wt. % NaCl, and pH 4.4 to pH 4.9). Yan hypothesized 

that a discontinuous and non-uniform FeS layer formed on the steel specimen due to local 

depletion of sulfide species close to the metal surface, leading to pit initiation.   

Yaakob [95] reported that for top-of-the-line corrosion (TLC), a partially formed 

or damaged FeS layer was present at pH2S of 1.5 −  3 × 10−5 bar (1 bar CO2). As pH2S 

increased (8 −  15 × 10−5 bar), only uniform corrosion was observed. However, 

localized corrosion at 3 × 10−5 bar H2S could not be sustained with time. The pits 

initiated in the first seven days of testing ceased to grow. Metal loss due to uniform 

corrosion eventually caught up with the pits, which seem to have disappeared after 28 

days of experimental duration. Yaakob explained that the pits would not propagate 

further because a FeS layer was forming inside the pits. Yet, many questions remained 

unanswered about the actual process. 

Navabzadeh-Esmaeely [93] reported similar findings near room temperature for 

very low pH2S in glass cell experiments. Partial pressures of H2S up to 9 × 10−5 bar in 
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combination with 1 bar CO2 initiated localized corrosion at 30 °C, while the general 

corrosion rate decreased. 

Kvarekvål [96] also reported localized corrosion when pH2S was very high, which 

is thought to be governed by very different mechanisms than those encountered in 

slightly sour environments. Figure 10 presents a summary of all the experimental 

conditions described above plotted together with the methodology initially proposed by 

Kapusta [92]. The graph shows that pitting corrosion can occur even in the range of 

conditions supposedly “safe”. This highlights the inadequacy of the current approach and 

the need for mechanistic investigation of localized corrosion in slightly sour 

environments. 
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Figure 10  

Pitting attack reported at various conditions indicated in a risk prediction plot based on 

partial pressure ratio and temperature.  

(The three data resources are the Institute for Energy (IFE) in Norway, the Institute of 

Corrosion and Multiphase Technology (ICMT) in USA, and the Institute of Functional 

Surfaces (iFS) in the UK. Reprinted with permission from [92]. Copyright 2002 NACE.) 

 

 

2.3.3 Pitting Mechanism: The Three Fundamental Steps of Localized Corrosion 

The occurrence of localized corrosion is typically described as a three-step 

process: 

(1) Protective Layer Formation: Localized corrosion happens due to the presence of 

an imperfect layer on the metal surface. This layer could be made of organic 

macromolecules (e.g., coatings), surfactant-type compounds (e.g., inhibitors), or 
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inorganic components (e.g., oxide-type passive layers, corrosion products, scales). 

Only inorganic layers on mild steel surfaces will be addressed in this study.  

(2) Pit Initiation (Generation): When the layer or film displays certain defects, such 

as holidays in the coating, local desorption of inhibitor, or damage to the passive 

or corrosion product layers, the bare metal surface becomes exposed to the 

corrosive environment. The small area of the bare metal surface will be corroded 

preferentially, thus initiating localized attack.  

(3) Pit Annihilation or Propagation: After the initiation step, the locations on the steel 

surface that are corroding preferentially grow and propagate as long as no 

protective layer is generated on top of these “active spots”. Otherwise, if a new 

layer is regenerated, the “active spots” will not actively corrode anymore and the 

pits will be “annihilated”. 

2.3.3.1 Protective Layer Formation. The characteristics of the protective layer 

govern whether or not localized corrosion happens and how it happens. Therefore, layer 

growth kinetics, morphology, and phase identity constitute the first step of this localized 

corrosion study.  

Many materials that could suffer from pitting corrosion are known to 

spontaneously generate passive layers. According to Uhlig [97], there are two definitions 

of passivity: 

“1. A metal is passive if it substantially resists corrosion in a given environment 

resulting from marked anodic polarization…. include most of the transition metals and 

their alloys, e.g. Cr, Ni, Co, W, Mo, Ti, the stainless steels, etc.; 
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2. A metal is passive if it substantially resists corrosion in a given environment 

despite a marked thermodynamic tendency to react…. include most examples under 

definition 1 plus many of the non-transition metals and their alloys, e.g. Zn, Cu, Sn, Pb, 

Mg, brasses, cupro-nickels, etc.” 

Both definitions refer to the important role of a layer or a film. The difference is 

that this layer can bring a substantial rise to the open circuit potential in definition 1, 

while the corrosion product layer simply acts as a surface diffusion barrier in definition 2. 

Today, definition 1 is widely known as the definition of passivation, while definition 2 is 

not. As will be shown later in the preliminary results, localized corrosion in slightly sour 

environments exactly fit definition 2, which is pitting attack without passivation. The 

properties of the layer are the key in understanding this type of localized corrosion. 

Layers formed on the surface of mild steel in slightly sour environments can 

contain several types of corrosion products: 

• FeCO3: Most crude oils and natural gases contain CO2. Consequently, iron 

carbonate is commonly found as a corrosion product on the steel surface.  

• FeS: Many produced petroleum fluids additionally contain H2S, which can react 

with iron ions and form an iron sulfide (FexSy) corrosion product layer.  

• Fe3C: Cementite is a component of the steel microstructure, which does not 

readily corrode and remains as a residue on the steel surface after the ferrite (-

Fe) phase with which it is associated is dissolved. Corrosion products such as 

FeCO3 and FeS will precipitate into the Fe3C network, thus making it an 

important constituent part of the protective layers. 
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• Fe3O4: According to thermodynamic calculations, Fe3O4 could be formed in sweet 

and slightly sour environments. Han reported that Fe3O4 was detected at T = 

80°C, pH ranges from 7.1 ~ 8.1, pCO2 0.53 bar, NaCl 1 wt.%, in quiescent 

conditions [98]. 

The properties of these different corrosion products and how they are formed are 

briefly introduced in the following paragraphs. 

(1) CO2 Corrosion and FeCO3 Layers. In CO2 corrosion, precipitation happens 

when the product of the concentrations of Fe2+ and CO32− in aqueous solution exceeds the 

solubility limit of FeCO3. The degree of saturation (SFeCO3) is calculated by equation 

(23). 

𝑆𝐹𝑒𝐶𝑂3 =
[𝐹𝑒2+][𝐶𝑂3

2−]

𝐾𝑠𝑝 𝐹𝑒𝐶𝑂3
 (23) 

where Ksp FeCO3 represents the solubility of iron carbonate in (mol/L)2, which is 

calculable for a broad range of conditions using equation (24) [4]. 

𝑙𝑜𝑔𝐾𝑠𝑝 𝐹𝑒𝐶𝑂3 = −59.3498 − 0.041377𝑇 −
2.1963

𝑇
+ 24.5724𝑙𝑜𝑔𝑇 + 2.518𝐼0.5 − 0.657𝐼 (24) 

where T refers to temperature in Kelvin, I refers to ionic strength in mol/L. 

When SFeCO3 is greater than unity, iron carbonate precipitates although the 

kinetics of precipitation are strongly temperature dependent. Precipitated layers could be 

discontinuous/loose (unprotective) or continuous/compact/adherent (protective). Whether 

this layer is protective depends on the scaling tendency (ST) [99], as expressed in 

equation (25). The layer confers protectiveness when the ST is greater than unity. 
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𝑆𝑇 =
𝑃𝑅

𝐶𝑅
 (25) 

Where PR stands for Precipitation Rate in mol/(m3 ∙ s), which is expressed in equation 

(26). 

𝑃𝑅𝐹𝑒𝐶𝑂3(𝑠) = 𝑒
28.2−

64851.4
𝑅𝑇

𝑆

𝑉
𝐾𝑠𝑝 𝐹𝑒𝐶𝑂3(𝑆𝐹𝑒𝐶𝑂3 − 1) (26) 

Where S V⁄  is the surface to volume ratio of the iron carbonate in 1/m, which can be 

calculated based on porosity of the layers.  

Porosity is an important parameter that affects the diffusivity of all the species 

from bulk solution to the steel surface. Porosity changes with time, due to both corrosion 

and precipitation processes [4].  

(2) H2S Corrosion and FeS Layers. According to Marcus, et al. [100], a very thin 

adsorbed iron sulfide layer rapidly forms on iron or steel in the presence of dissolved 

H2S, as was proposed by Smith and Wright [101] and shown in reaction (27). 

𝐻2𝑂𝑎𝑑𝑠(𝐹𝑒) + 𝐻2𝑆(𝑎𝑞) → 𝑆𝑎𝑑𝑠(𝐹𝑒) + 𝐻2𝑂(𝑙) + 2𝐻(𝑎𝑞)
+ + 2𝑒− (27) 

This very thin adsorbed ferrous sulfide layer constitutes the initial step of layer formation 

and is often labelled the “inner layer” in H2S corrosion mechanisms. Another precipitated 

outer layer is known to form when concentrations of Fe2+ and S2− ions in aqueous 

solution exceed the solubility limit of FeS. Different equilibrium reactions and 

expressions have been reported for determining saturation with respect to iron sulfide 

(SFeS), as listed in Table 3. 
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Table 3  

Various iron sulfide formation reactions and saturation expressions for SFeS  

(Reprinted with permission from [5]. Copyright 2014 OhioLINK.) 

Iron sulfide (mackinawite) precipitation reactions Expressions of saturation of FeS 

𝐹𝑒(𝑎𝑞)
2+ +𝐻2𝑆(𝑎𝑞)

𝐾𝑠𝑝, 𝐹𝑒𝑆(𝐻2𝑆)
⇔        𝐹𝑒𝑆(𝑠) + 2𝐻(𝑎𝑞)

+  (28) SFeS =
[Fe2+][H2S]

Ksp,FeS(H2S)[H
+]2

 (29) 

𝐹𝑒(𝑎𝑞)
2+ + 𝐻𝑆(𝑎𝑞)

−
𝐾𝑠𝑝,𝐹𝑒𝑆(𝐻𝑆−)
⇔        𝐹𝑒𝑆(𝑠) + 𝐻(𝑎𝑞)

+  (30) 𝑆𝐹𝑒𝑆 =
[𝐹𝑒2+][𝐻𝑆−]

𝐾𝑠𝑝,𝐹𝑒𝑆(𝐻𝑆−)[𝐻+]
 (31) 

𝐹𝑒(𝑎𝑞)
2+ + 𝑆(𝑎𝑞)

2−
𝐾
𝑠𝑝, 𝐹𝑒𝑆(𝑆2−)
⇔        𝐹𝑒𝑆(𝑠) (19) 𝑆𝐹𝑒𝑆 =

[𝐹𝑒2+][𝑆2−]

𝐾𝑠𝑝,𝐹𝑒𝑆(𝑆2−)
 (32) 

 

The most frequently used solubility constant for mackinawite is Ksp(H2S) of 

reaction (35)  , as discussed by Benning [39]. This constant can be calculated by equation 

(33). 

𝑙𝑜𝑔𝐾𝑠𝑝,𝐹𝑒𝑆(𝐻2𝑆) =
2848.779

𝑇
− 6.347 (33) 

Precipitation rate can be calculated by Zheng’s expression [5], as shown in equation (34).  

𝑃𝑅𝐹𝑒𝑆(𝑠) = 𝑒
48−

40000
𝑅𝑇

𝑆

𝑉
𝐾𝑠𝑝,𝐹𝑒𝑆(𝑆𝐹𝑒𝑆 − 1) (34) 

Where PR stands for precipitation rate in mol/m3 ∙ s; S/V is the surface to volume ratio 

in 1/m.  

Depending on thermodynamic stability and kinetic pathways, different 

morphologies and polymorphs, as well as related phases, of iron sulfides will be 

generated under different conditions, as listed in Table 4 [5]. Most often, mackinawite is 
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expected in short duration experiments (exposure time less than a few days) at room 

temperature.     

                        

Table 4  

Iron sulfides typically encountered in H2S corrosion systems  

(Reprinted with permission from [5]. Copyright 2014 OhioLINK.) 

Name Formula Structure 

amorphous FeS non-crystalline, nano-sized particles of mackinawite 

mackinawite FeS tetragonal, 2D layer structure consisting of stacked FeS 

sheets 

cubic FeS FeS cubic zinc blende (sphalerite) type lattice 

troilite FeS hexagonal 

pyrrhotite Fe1-xS monoclinic, hexagonal or orthorhombic 

greigite Fe3S4 cubic 

pyrite FeS2 cubic 

 

(3) Fe3C Network.  Steel microstructure has a strong effect on the morphology of 

a corrosion product layer. For mild steel such as API X65, cementite (Fe3C) affects its 

corrosion behavior by increasing the cathodic surface area, as well as by serving as a 

diffusion barrier. Cementite, also known as iron carbide, is generated during steel 

processing when austenite is cooled. It is electrically conductive. By weight, Fe3C is 

6.67% carbon and 93.3% iron. It has an orthorhombic crystal structure [102] and is hard 
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and brittle. The location, structure and amount of Fe3C depend on carbon content, 

metallurgical composition, and heat treatment history. After X65 is corroded, residual 

Fe3C is generally retained as a three-dimensional network on the steel surface. Therefore, 

in CO2 corrosion, researchers [103, 104, 105] attribute the increase of corrosion rate with 

time to galvanic coupling between the anodic ferrite and the cathodic Fe3C. Crolet [106] 

reported that this galvanic coupling could lead to mesa-type attack or localized corrosion. 

Brown [65] also found that the simultaneous precipitation of FeS and FeCO3 within the 

Fe3C networks can be an important factor related to pitting. 

(4) Fe3O4 Layers. Fe3O4 has been found in CO2 corrosion products at bulk pH 8 

and 80 ºC [98]. This Fe3O4 layer was reported to act as a pseudo-passive film. Typical 

pHs found in oil and gas applications are often lower than 7 but it is possible to get higher 

local surface pH when corrosion products (such as FeCO3) precipitate on the steel surface 

[98].  

There is no report on the passive behavior of mild steel in sour environments. As 

mentioned in the section on section 2.2.3, the first approach of localized corrosion in sour 

environments is to decide which part of the constituent is the key protector to bring down 

the general corrosion rate on the steel surface. Then, based on the structure and properties 

of the protective layer, breakdown reasons need to be investigated. 

2.3.3.2 Pit Initiation. Pit initiation can be due to many factors, some being 

specific to the corroding material (microstructure, composition) and some being related to 

the electrolyte chemistry and flow characteristics. The most commonly accepted pit 

initiation mechanisms in systems containing CO2/H2S/O2 are listed below. 
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Usually, localized corrosion is initiated due to factors such as: 

• Transpassivation;  

• Microstructural inhomogeneities; 

• Coating/inhibitor defects;  

• Fluid flow and cavitation; 

• Stress or strain between the substrate metal and the layer; 

• Chemically induced phenomena. 

For passive metals, localized corrosion could be induced by either a change of 

potential or breakdown of the passive layer. Transpassivation is a phenomenon in which a 

passivated metal undergoes rapid dissolution (increase in corrosion rate) if the metal's 

electrode potential becomes too positive. The passive layer can be readily attacked by 

complexing species such as Cl−.  Because X65 is not a passive metal in the conditions of 

interest, transpassivation will not be included in this discussion. Theories related to layer 

breakdown could be helpful to understand non-passive metals; this is discussed below. 

Coating/inhibitor holidays will not be discussed here, as these parameters exceed the 

scope of this study. 

(1) Microstructural Inhomogeneities. The chemical composition of the steel 

itself can also lead to pit initiation. Crolet [106] predicted that galvanic coupling between 

the Fe3C and ferrite phases could generate localized corrosion at the interface between 

grains of ferrite and pearlite, although it is not clear how this process could extend to the 

macroscopic level considering the homogenous distribution of pearlite in the steel 

microstructure.  
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In addition, as mentioned above, it is quite common for FeCO3 to precipitate 

within the Fe3C network left over by the corrosion process rather than on the steel surface 

itself. In this condition, the presence of conductive Fe3C residues could also affect the 

protectiveness of the FeCO3 layer [107].   

As stated in a previous context, co-existence of polymorphs of iron sulfides also 

falls into this category of layer inhomogeneity. Due to the different conductivity of each 

phase, galvanic corrosion could occur [108]. For example, pyrite could be formed as part 

of the corrosion product layer at high temperature and lead to localized corrosion [59, 

109].  

The occurrence of pitting on austenitic stainless steel is attributed to the presence 

of MnS inclusions in the microstructure [110, 111]. Although a passive oxide layer exists 

on the steel surface, pits can initiate at the boundary of the circumferential area of MnS 

inclusions as they are thought to dissolve preferentially. An extension of this postulate 

might not be applicable to carbon steel, especially in CO2 environments, since it is 

difficult to expect that any pitting due to inclusions can be sustained. However, the 

presence of inclusions may have a more significant effect in sour environments, when 

considering the properties of the chemisorbed FeS layer.  

Passive films or corrosion product layers contain defects and imperfections, such 

as Schottky defects (a type of point defect encountered in crystal lattices of ceramics); 

these cation vacancy-anion vacancy pairs can diffuse through the crystal lattices. If these 

vacancies move to the layer/solution interface, the layer becomes thinner. If they move to 

the metal/layer interface, the layer may detach, and pits will potentially develop, 
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depending on the diffusion rates of anions and cations in the layer. Cation diffusion can 

be enhanced by anion vacancy occupation by other anions from the solution, e.g., Cl-. 

[112] However, Schottky defects exist all the time, whether or not localized corrosion 

occurs so it is doubtful they play any central role in the occurrence of pitting. Another 

challenge facing this mechanism is that it failed to explain the short time required to 

initiate a pit (less than 1 s or 1 ms) in some cases [113] [114], since the concentration 

development of multiple vacancies is a rather slow process. 

(2) Chemically Induced Phenomena. For CO2 only conditions, a “grey zone” 

theory [6] was proposed to explain both initiation and propagation of localized corrosion. 

Table 5 shows the three main concepts of grey zone theory: high uniform corrosion when 

no layer is present (SFeCO3 <1), low uniform corrosion when the layer is protective (SFeCO3 

>>1), and localized corrosion when only a partially protective layer forms (SFeCO3 ≈1).  

 

Table 5  

Key concepts of “grey zone” theory systems  

(Reprinted with permission from [6]. Copyright 2003 OhioLINK.) 

SFeCO3 <1 

No layer 

SFeCO3 ≈1 

Partially protective layer 

SFeCO3 >>1 

Fully protective layer 

High uniform corrosion 

No localized corrosion 

Low/High uniform corrosion 

Localized corrosion 

Low uniform corrosion 

No localized corrosion 

 

Based on Sun’s “Grey Zone” theory Han [98] and Li [115] proposed a 

mechanistic model for localized corrosion in CO2 environments supported by extensive 
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experimental work. The authors noticed a large increase in potential whenever FeCO3 

would precipitate. They also identified the presence of Fe3O4 at the interface between the 

steel and the FeCO3 layer in certain conditions. The low uniform corrosion was then 

attributed to the presence of this pseudo-passive Fe3O4. However, if for any reason (flow 

effect, change in solution chemistry) the bare steel was to be exposed directly to the 

electrolyte, strong galvanic coupling could be experienced, leading to localized corrosion. 

The authors used a purely statistical approach to simulate the seemingly random process 

of local film/layer failure (i.e., local depassivation).  

Another useful concept is scaling tendency (ST), proposed by van Hunnik [99], as 

shown in equation (25) above. It is the ratio between precipitation and corrosion rate. 

This links competition between the ever-receding substrate, due to corrosion, and the 

growth of the precipitated layer; described as “undermining”. This competition is closely 

related to initiation of localized corrosion because the precipitated layers tend to break 

down due to receding of the substrate, exposing bare metal “active sites” to localized 

attacks (Figure 11). 
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Figure 11  

Using the concept of scaling tendency to describe pit initiation in CO2 environments by 

undermining effect 

 

 

Apart from the changes brought to precipitation of the corrosion product layers, 

dissolution of the layer is also another way of chemically induced initiation of localized 

corrosion. It has been proposed that complexes such as FeSO4
+ could be formed from the 

oxide film and SO4
2- adsorbed thereon [116]. This process leads to thinning (dissolution) 

of the passive film brought by SO4
2-. Chromium oxides are not easily dissolved to form 

such complexes, therefore Cr containing alloys could be resistant to pitting [117].  

Chemical reactions, such as redox reactions, occurring on the protective layer 

could also lead to initiation of localized corrosion. 

(3) Stress or Strain Induced Localized Corrosion. Generally speaking, strain due 

to thermal expansion is not applicable in aqueous systems below 100 °C. However, 

intrinsic stress generated by FeS layer growth was postulated by Sun to play a key role in 

spallation processes [4]. This has also been an area of ongoing research in ICMT, related 

to black powder formation as well as corrosion. The film-breaking mechanism in passive 

metal pitting theories uses the concept of internal stresses inside the passive film as the 

origin of breakdown. The authors hypothesized that a sudden change of potential could 

lead to water chemistry changes [118] or electrostriction [119, 120] and generate internal 
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stresses in the film. This mechanism is more suitable to the fast pit nucleation observed 

experimentally. In this case, the role of “aggressive anions” such as Cl- is to diffuse 

inside the crack and prevent re-passivation [73]. 

(4) Fluid Flow and Cavitation-Induced Localized Corrosion. Shear stress 

associated with fluid flow might play a role in tearing apart the corrosion product at the 

pipe wall to initiate localized corrosion. Li [121] utilized a sensor flushed to the internal 

surface of a thin channel flow cell to directly measure the wall shear stress. These 

measurements were in good agreement with empirical correlations and computational 

fluid dynamics (CFD) simulations. However, the wall shear stresses typically 

encountered in oil and gas operations proved to be several orders of magnitude lower 

than the stress necessary to “peel off” corrosion product layers, or even inhibitor films.  

(5) Pit Initiation Mechanism Related to Localized Corrosion in Sour 

Environments. The corrosion product layer formed in sour corrosion can be comprised of 

iron sulfides (FeS), iron carbonate (FeCO3), iron carbide (Fe3C), and iron oxides 

(Fe3O4/Fe2O3). However, FeS is often the dominant component. Many polymorphs of 

iron sulfides exist, such as mackinawite, pyrite, pyrrhotite, or greigite, depending on 

environmental conditions such as temperature and exposure time. Different 

formation/transformation mechanisms have been proposed [77]. The most common sour 

corrosion product is mackinawite. It features a bilayer structure [23] with the inner layer 

being formed by chemisorption, and the outer layer being formed by the precipitation. 

The thickness of the chemisorbed layer is of the order of several molecular lengths, while 

the outer layer could be as thick as several microns. The so-called “fast kinetics” [122] or 
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“solid-state reaction” [123] of inner mackinawite formation is used to characterize the 

greyish thin layer that rapidly covers the steel surface immediately after exposure to the 

electrolyte. However, it is unclear whether the inner layer or the outer layer plays the 

protective role in localized corrosion. Therefore, it is difficult to propose a breakdown 

mechanism because these mechanisms are proposed based on the structure and properties 

of the protective layers. Yet, several research studies linked the occurrence of localized 

corrosion in sour environments to the presence of certain types of iron sulfide such as 

pyrite [59,108,109] and pyrrhotite [124]. Layer heterogeneity and the resultant galvanic 

coupling was postulated to explain the initiation of localized corrosion. However, it is 

unclear whether any of the localized corrosion mechanisms presented earlier can be 

adapted directly to the initiation of pitting in H2S environments. 

2.3.3.3 Pit Annihilation or Propagation. 

(1) Pit propagation Mechanism Related to Localized Corrosion in Aerated 

Environments. According to passivation theories, the pit nucleation stage is followed by 

several substages such as the early and later stages of pit growth, stable pit growth, and 

re-passivation stages. Several mechanisms have been proposed to explain each of these 

stages by correlating controlling parameters such as potential drops across the pit or 

various layers, pitting current density, geometry of the pit, local pH, and ion 

concentration in the pit. The core idea is an explanation of how aggressive ions could 

prevent re-passivation. In general, the presence of “aggressive” ions inside pits is 

identified as the main factor preventing re-passivation. Other factors such as the potential 

across the layer and local water chemistry would also interact and lead to either re-
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passivation or stable pit growth. Sand’s equation derived by one-dimensional transient 

salt diffusion was used to depict how the pitting current density changes with time, 

electrode geometry, and types of anions (their concentration and diffusion coefficient) 

[125]. The potential hydrolysis of corrosion product could lead to drastic pH drop within 

the pit. This type of modeling can be used to represent how aggressive anions can prevent 

re-passivation [125].  

(2) Pit Propagation Mechanism Related to Localized Corrosion in Sweet 

Environments. Whether or not pits created by local damages on a precipitated FeCO3 

layer can propagate depends on the ability of the environment to re-generate the 

corrosion product layer. Therefore, it is dependent on the local water chemistry (FeCO3 

saturation degree) inside the pit.  

For pits to propagate, the surface of the pit needs to remain bare or at least not as 

well covered than the surrounding “protected” area. This way, it ensures that the pit 

penetration rate is always larger than the corrosion rate underneath the layer. If a pit and 

the layer protected area of the electrode surrounding it can develop a galvanic couple, the 

corrosion rate inside the pits will be higher than the bare steel corrosion rate. This 

situation can be difficult to maintain since both the pH and saturation degree inside the 

pit usually tend to increase as corrosion proceeds, due to the consumption of H+ and 

oxidative dissolution of the metal or alloy. However, if there are other reactions inside the 

pit producing H+, or, if a galvanic couple can develop between the bare steel inside the pit 

and the surrounding area, it can act as the driving force of pit propagation. 

Experimentally, Han designed an artificial pit set up to measure the galvanic coupling 



 

 

68 

current [48, 98] between bare steel and a FeCO3 covered surface. He could verify that 

galvanic coupling can be the driving force for CO2 localized corrosion as long as the 

local water chemistry inside the pit does not favor re-precipitation of FeCO3. Li [115] 

built a two-point electrochemical model for CO2 localized corrosion to predict galvanic 

current and pit propagation/annihilation. In his model, pits were randomly initiated and 

their fate depended mostly on the extent of galvanic current and on grey zone criteria (i.e. 

FeCO3 saturation degree in the bulk and inside the pit). 

(3) Pit Propagation Mechanism Related to Localized Corrosion in Sour 

Environments. As it pertains to localized corrosion of mild steel in marginally sour 

environments, the galvanic coupling between discontinuous and/or heterogeneous 

corrosion product layers and the bare steel surface is thought to be the main driver [94] 

for pit propagation. The differences of conductivities between various corrosion products, 

most of which are polymorphs of FeS or related phases [126], are also thought to play a 

major role. Finally, changes in water chemistry due to iron sulfide transformation 

reactions happening within the pores of precipitated layers were also hypothesized to 

affect the dynamics of pit propagation/annihilation [127]. However, all these approaches 

remain tentative, highlighting the inherent complexity and the lack of clear understanding 

of H2S corrosion mechanisms related to: 

• The extent of how surface water chemistry deviates from the bulk is not 

completely known.  

• The understanding of the kinetics of FeS formation is limited. 
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• The conditions leading to the transformation of FeS polymorphs and related 

phases are poorly understood.  

Consequently, it is essential to first understand what makes a layer protective in 

order to establish how pits initiate on mild steel in marginally sour environments. In 

addition, the identification of sustainable defects or weak points on these otherwise 

protective layers is also paramount.  
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Chapter 3: Objectives, Hypotheses and Scope of Work 

3.1 Motivation 

According to the above literature review, several fundamental gaps in 

understanding could be identified related to corrosion of mild steel in marginally sour 

environments:  

(1) Local conditions at the steel surface are difficult to evaluate but are important to 

determine as they dictate whether or not a layer can form.  

(2) The characteristics of the formed layers (composition, structure, protectiveness), 

and whether they are the product of precipitation or chemisorption, are poorly 

understood.   

(3) The processes related to the formation of defects in the layer, eventually leading 

to pit initiation, have been insufficiently characterized. 

(4) Finally, no criterion for pit propagation/annihilation has ever been proposed for 

marginally sour environments. 

3.2 Objectives 

The main objective of this PhD project is to develop a mechanistic understanding 

for the initiation and propagation of localized corrosion of mild steel in marginally sour 

environments. To meet this objective, it is necessary to achieve specific goals as follows: 

(1) Ensure repeatability of previous work (i.e. occurrence of pitting corrosion in 

marginally sour environments); 

(2) Investigate the effects of influential parameters: partial pressure of H2S and CO2, 

temperature, pH, salt concentration, steel microstructure, O2 concentration; 
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(3) Correlate the corrosion product layer structure and properties to pit initiation, 

investigating the nature of defects or detachments that could lead to protection 

breakdown; 

(4) Correlate local water chemistry and galvanic coupling effects to pit propagation; 

(5) Propose a qualitative mechanistic pitting mechanism. 

3.3 Hypotheses 

In a marginally sour environment, localized corrosion is initiated and sustained 

when a partially protective corrosion product layer is formed.  

The following hypotheses are used to guide this study: 

a) The Fe3C network left by corrosion processes on the steel surface serves as a 

diffusion barrier for Fe2+. Consequently, surface water chemistry deviates from 

that of the bulk. FeS precipitates when surface saturation is reached. 

b) Localized corrosion is initiated when a partially protective FeS layer is formed. 

Defects are due to gaps in surface coverage.  

c) Galvanic coupling exists between pits and their surrounding area covered by FeS 

layers. The magnitude of galvanic coupling current decides pit penetration rate. 

d) The pits annihilate if a protective corrosion product layer is generated inside the 

pit.  

3.4 Scope of Work 

According to the goals and hypotheses stated above, the following experimental 

tasks were proposed and completed during this PhD project: 

Task #1. Repeatability of previous work; 
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Task #2. Parametric study of the occurrence of localized corrosion in slightly sour 

environments; 

Task #3. Characterization of corrosion product layers; 

Task #4. Investigation of the water chemistry near the surface or inside the pits;   

Task #5. Development and experimental validation of pitting mechanism and 

verify it by experiments. 

Each task is described in detail in this section. 

Task #1: Repeatability Study 

            The first step was to ensure the reproducibility of previous work (Table 6). 

Repeatability is especially critical to localized corrosion because pits are thought to be 

difficult to recreate since their initiation mechanism is poorly understood. The aim of this 

first test matrix was to repeat Navabzadeh’s experimental results [93], in which this 

particular type of localized corrosion was first reported. 
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Table 6  

Effect of H2S concentration  

Temperature/°C 30 

pH 5 

Total Pressure/bar 1 

pCO2/bar 0.97 

pH2S/mbar 0 0.04 0.09 

WE Material X65 

NaCl/(wt.%) 1 

Time Duration/days 7 

Agitation/rpm 300 

 

Task #2: Parametric Study 

            The test matrix below (Table 7) was aimed at developing an experimental 

database for the initiation of localized corrosion by investigating the effects of the 

following parameters: pH2S, pCO2, pH, temperature, salt concentration and 

microstructure of the steel.  The choice of numerical values selected for each of these 

parameters is based on what is typically experienced in field applications and on previous 

laboratory experimental work.
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Table 7  

Test matrix of the parametric study (Ptotal = 1 bar, [O2]aq ≈ 20 ppb(w), stir bar rotation speed = 300 rpm) 

 Baseline pH2S pCO2 
Solution 

pH 
Temperature 

NaCl 

wt.% 
Material 

Exposure 

Time 

Temperature/°C 30 30 30 30 60, 80 30 30 30 

pH 5 5 5 4, 6 5 5 5 5 

pCO2/bar 0.96 0.96 
0, 0.53, 

0.82 
0.96 0.8, 0.53 0.96 0.96 0.96 

pH2S/mbar 0.04 
0, 0.02, 0.09, 

0.15 
0.04 0.04 0.03, 0.02 0.04 0.04 0.04 

pH2S/ppm 40 0, 20, 90, 150 40 40 40 40 40 40 

WE Material X65 X65 X65 X65 X65 X65 
Pure 

Iron 
X65 

NaCl Concentration/ 

(wt.%) 
1 1 1 1 1 0, 10 1 1 

Exposure Time/day 7 7 7 7 7 7 7 14 
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Task #3: Characterization of Corrosion Product Layer 

XRD, XPS, FIB-TEM and in situ Raman microscopy were applied to identify the 

phases, structure, and morphology of the corrosion product layers formed on mild steel in 

marginally sour environments. The objective was to correlate the corrosion product layer 

structure and properties to the pit initiation, especially defects or detachments that could 

lead to protection breakdown. The characteristics of the layers formed under different 

conditions, favoring (or not) pitting, were compared. In addition, the characteristics of the 

layers formed inside the pit or outside the pit were determined. This approach provides 

useful information about the mechanism of layer breakdown and pit initiation. 

Task #4: Investigation on Water Chemistry near the Surface or Inside the Pits 

In this task, the effect of oxygen is discussed in terms of: reduction of O2 at the 

steel surface; oxidation of the corrosion product layer (conversion routes from 

mackinawite to hematite); oxidation of H2S in aqueous solution at low temperature to 

evaluate the effect of these side reactions on pit initiation and propagation. 

Task #5: Development and Validation of Pitting Mechanism 

Based on all the investigations, a mechanistic model of localized corrosion in 

marginally sour environments was proposed.   
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Chapter 4: A Parametric Study Based on Formation of Protective Layers  

4.1 Introduction 

As mentioned earlier, localized corrosion is a common failure mode found in oil 

and gas pipelines containing CO2, H2S, and brine [128]. More specifically, issues with 

pitting corrosion in marginally sour environments have also been reported by the industry 

[129]. Researchers in the Institute for Corrosion and Multiphase Technology (ICMT) at 

Ohio University have previously reproduced localized corrosion in CO2 environments 

with low concentrations of H2S [93, 94, 95, 130,131]. 

The term “marginally sour” is used to characterized environments with large CO2 

contents and only traces of H2S [93, 94, 131]. This type of environment is susceptible to 

localized corrosion because it has been found that the presence of a trace amount of H2S 

in a CO2 dominated environment will lower the general corrosion rate by forming thin 

iron sulfide layers [122, 132], but at the same time increase the chances of localized 

attack [131]. Although these studies identified certain experimental conditions that lead to 

the occurrence of localized corrosion, a comprehensive window of operating conditions 

was not properly defined, nor was the mechanism of this type of localized corrosion fully 

clarified. 

When investigating localized/pitting corrosion of steel, it is tempting to refer to 

the well-established theory of localized corrosion of stainless steel in an atmospheric 

environment (iron-oxygen-brine system), involving the disruption of the passive layer 

and pit acidification [133,134]. Passive layers are complicated structures on a nanometer 
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scale [73], composed of oxides and hydroxides. However, these mechanisms cannot be 

applied to localized corrosion of mild steel in marginally sour environments containing 

both H2S and CO2 because the formation, structure and properties of the protective layer 

are completely different. Therefore, any mechanistic study of this phenomenon should 

begin with a systematic evaluation of the controlling operating factors and of layer 

characterization. 

As depicted in Figure 12, the localized corrosion mechanism is typically 

described as a three-step phenomenon: (i) protective layer formation; (ii) pit initiation 

(nucleation); (iii) pit propagation or annihilation. The characteristics of the protective 

layers are thought to govern whether or not localized corrosion will occur and to 

determine what mechanisms are involved. Therefore, layer growth mechanisms, kinetics, 

morphology, and phase identity constitute a major focus of the present localized 

corrosion study.  

 

Figure 12 

Schematic representation of the three steps of localized corrosion 
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Layers formed on the surface of mild steel in marginally sour environments might 

contain iron carbonate (FeCO3), iron sulfide (FexSy), iron carbide (Fe3C) and possibly 

iron oxides (FexOy). Knowledge on FeCO3 and FexSy corrosion product layer growth 

mechanisms has been accumulating over several decades of systematic research on CO2 

and H2S corrosion. The key points are summarized in Table 8. For FeCO3, it is 

understood that the layer is formed by precipitation [135], as shown by reaction (16). The 

driving force for precipitation is the degree of saturation of FeCO3 in aqueous solution 

[6]. FeCO3 precipitates when saturation degree is greater than unity, as shown by reaction 

(19). The layer growth rate is related to the activation energy and the aforementioned 

degree of saturation, as shown by reaction (25). This corrosion product layer can be 

“undermined” by corrosion of the underlying steel, if the ratio of precipitation to 

corrosion rates is near or less than unity, in line with equation (21). This “undermining 

effect” was proposed as an initiation mechanism for localized corrosion in sweet (CO2 

only) environments [6]. 

Corrosion products in sour environments contain at least one polymorph of iron 

sulfide, such as mackinawite (FeS), pyrite (FeS2), pyrrhotite (Fe(1-x)S, x = 0 ~ 0.2), or 

greigite (Fe3S4), depending on environmental conditions such as temperature and pH2S, 

as well as exposure time, although there are different mechanisms proposed for their 

formation / transformation [19]. It is thought that mackinawite is always the initial FeS 

corrosion product [55] and that it is then converted into other forms of iron sulfide. Sun 

[136] proposed a mechanism of iron sulfide layer formation at the steel surface by direct 

reaction between H2S and the iron in the steel, forming a thin layer that spalls and 
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reforms, to produce a thicker outer layer of iron sulfide. Zheng et al. further developed 

the “two layers” theory of iron sulfide formation and proposed that the inner layer forms 

by chemisorption [137], as previously postulated by others [24,138] (reaction (27)), while 

the outer layer forms by precipitation [137] (reaction (19)). The chemisorbed layer is also 

considered to be very thin; of the order of nanometers. The outer precipitated layer of FeS 

can be found on top of the chemisorbed layer, its formation being driven by the saturation 

degree of Fe2+ and S2- in the aqueous solution near the steel surface (Equation (31)) 

[137]. The precipitated layer thickness is usually measured on a micron scale, and its 

growth rate can be defined via precipitation kinetics [137, 139] (Equation (34)). The exact 

role of different iron sulfides in corrosion protection and localized corrosion 

initiation/propagation is poorly understood. One type of localized corrosion in sour 

environments was found to be related to pyrite [59, 108, 109] and pyrrhotite [124], which 

usually appears in H2S dominant environments. In actuality, most of the research found 

in the open literature was done in H2S dominant environments, often without CO2. In 

addition, research on structure and morphology of the corrosion product layers related to 

localized corrosion in marginally sour environments is scarce.  
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Table 8  

FeCO3 layer and FeS layer growth mechanisms*  

 
In CO2 Corrosion  

(by precipitation) 

In H2S Corrosion 

(by precipitation) 

In H2S Corrosion  

(by chemisorption) 

Layer Formation 
𝐹𝑒(𝑎𝑞)

2+ + 𝐶𝑂3(𝑎𝑞)
2− → 𝐹𝑒𝐶𝑂3(𝑠) ↓ 

(16) 
 

𝐹𝑒(𝑎𝑞)
2+ + 𝐻𝑆(𝑎𝑞)

− ↔𝐹𝑒𝑆𝑚(𝑠) ↓ +𝐻(𝑎𝑞)
+  

 

(19) 
 

𝐻2𝑂𝑎𝑑𝑠(𝐹𝑒) + 𝐻2𝑆(𝑎𝑞) → 𝑆𝑎𝑑𝑠(𝐹𝑒) +

𝐻2𝑂(𝑙) + 2𝐻(𝑎𝑞)
+ + 2𝑒−  

(27) 
 

When does the layer 

form? 

𝑆𝐹𝑒𝐶𝑂3 =
[𝐹𝑒2+][𝐶𝑂3

2−]

𝑘𝑠𝑝,𝐹𝑒𝐶𝑂3
> 1 

(23) 
 

𝑆𝐹𝑒𝑆 =
[𝐹𝑒2+][𝐻𝑆−]

𝑘𝑠𝑝,𝐹𝑒𝑆[𝐻
+]
> 1 

(31) 
 

When H2S chemisorbs on the steel 

surface 

How fast does the 

layer form? 

𝑃𝑅𝐹𝑒𝐶𝑂3(𝑆) = 𝑒
28.2−

64851.4

𝑅𝑇
𝑆

𝑉
𝑘𝑠𝑝,𝐹𝑒𝐶𝑂3(𝑆𝐹𝑒𝐶𝑂3 −

1)  

(26) 
 

 

𝑃𝑅𝐹𝑒𝑆(𝑆) = 𝑒
48−

40000
𝑅𝑇

𝑆

𝑉
𝑘𝑠𝑝,𝐹𝑒𝑆(𝑆𝐹𝑒𝑆 − 1) 

(34) 
 

Almost instantaneous when H2S 

present 

Is this layer 

protective? 

Can act as a diffusion barrier depending on 

scaling tendency 

𝑆𝑐𝑎𝑙𝑖𝑛𝑔 𝑇𝑒𝑛𝑑𝑒𝑛𝑐𝑦 =
𝑃𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑖𝑜𝑛 𝑅𝑎𝑡𝑒

𝐶𝑜𝑟𝑟𝑜𝑠𝑖𝑜𝑛 𝑅𝑎𝑡𝑒
 

(25) 
 

Can act as a diffusion barrier depending on 

scaling tendency 

Yes - decreases the rate of 

electrochemical reactions 
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* Where 𝑆𝐹𝑒𝐶𝑂3 stands for saturation degree of FeCO3;  𝑆𝐹𝑒𝑆  stands for saturation degree 

of FeS (mackinawite);  𝑘𝑠𝑝,𝐹𝑒𝐶𝑂3  stands for equilibrium constant of FeCO3;  𝑘𝑠𝑝,𝐹𝑒𝑆  

stands equilibrium constant of FeS (mackinawite);  𝑃𝑅𝐹𝑒𝐶𝑂3(𝑆)  stands for the precipitation 

rate of FeCO3;  𝑃𝑅𝐹𝑒𝑆(𝑆) stands for the precipitation rate of FeS (mackinawite);  𝑆
𝑉
  stands 

for surface volume ratio. 

Another constituent of the corrosion product layer is often iron carbide (also 

called cementite), Fe3C, which is a component of the steel microstructure. Since it does 

not readily corrode, it remains as a residue on the steel surface after the ferrite (α-Fe) 

phase is dissolved, the same being true in marginally sour environments. Corrosion 

products such as FeCO3 and iron sulfide can precipitate within the exposed Fe3C 

network, thus making it an important constituent of the protective surface layers in sour 

corrosion. 

Iron oxides might be found together with FeCO3 and/or FexSy due to higher 

surface pH [140], reactions with oxygen [74], or from water at elevated temperature [59, 

109]. 

In CO2 corrosion, the protective layer is FeCO3, often present within the Fe3C 

network. The loss of integrity of this layer has been linked to the occurrence of localized 

corrosion.  Since the FeCO3 layer is formed by precipitation, it is driven by the saturation 

degree of FeCO3 in the solution. Therefore, the possibility of pitting can be predicted by 

the saturation degree of FeCO3 (the grey zone theory [6], Table 5), as well as the rate of 

layer growth compared with the corrosion rate (scaling tendency [49], Figure 11). Iron 
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oxides have been found underneath the FeCO3 layer and were linked to an increase of 

potential and development of localized corrosion [98]. 

Based on these findings in CO2 corrosion, a similar hypothesis can be proposed 

for localized corrosion of mild steel in marginally sour environments. Since adding H2S 

into a CO2 environment leads to lower uniform corrosion rates, the formation of a FeS 

layer could be speculated to be more protective than the formation of an FeCO3 layer. 

Therefore, saturation degree and scaling tendency of FeS can be used to predict if a 

protective layer of FeS is precipitated on a steel surface. Therefore, the central hypothesis 

of this research is as follows, “in a marginally sour environment, localized corrosion is 

initiated and sustained when a partially protective corrosion product layer is formed”.  

In this chapter, a comprehensive parametric study was performed using a small-

scale laboratory setup with the aim of changing the saturation degree of FeS and FeCO3 

by changing these conditions and filtering out the most influential factors of pitting in 

marginally sour environments. The parameters of interest were partial pressure of H2S, 

bulk pH, temperature, the partial pressure of CO2, salt concentration, metal substrate 

microstructure and carbon content, and oxygen ingress. This series of experiments 

defined a window of operating conditions leading to the occurrence of pitting, and 

enabled the characterization of the corrosion product layer structure, and the 

identification of the mechanisms related to the initiation of pitting in marginally sour 

environments. 
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4.2 Experimental Setup and Procedure 

4.2.1 Experimental Materials 

API 5L X-65 mild steel [141] was chosen as the baseline steel type for this 

research due to its wide application for oil and gas pipelines. The composition of the steel 

is shown in Table 9 [142]. Its microstructure consists of large ferrite grains with small 

precipitates of cementite. Pearlite colonies are difficult to identify due to the low carbon 

content, as shown in Figure 13 [143]. The cylindrical working electrode was machined 

from the parent steel material and had a diameter of 1.20 cm and an exposed surface area 

of 5.4 cm2. The steel specimens were obtained from a large piece of pipe provided by a 

major oil and gas company. The composition and microstructure are believed to be 

representative of materials used in production and transportation of hydrocarbon 

products. 

 

Table 9  

Chemical composition (wt. %) of API 5L X65 [142] 

Fe% Mn% Ni% Cr% Cu% Si% Mo% C% 

97.3237 1.5052 0.2909 0.2519 0.1731 0.1668 0.0921 0.0454 

V% Nb% Al% Ti% As%  N% S% Others% 

0.0420 0.0338 0.0282 0.0120 0.0075 0.0067 <0.001 0.0136 
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Figure 13  

Microstructure of X65 (0.05 wt. % C) consisting of large ferrite grains with cementite 

precipitates  

(Reprinted with permission from [143]. Copyright 2014 OhioLINK.) 

 

 

4.2.2 Experimental Equipment 

Experiments were conducted at atmospheric pressure in a 2-liter glass cell (Figure 

14 [144]) with a 1 wt. % NaCl in deionized water solution. Gas (a mixture of hydrogen 

sulfide, H2S and carbon dioxide, CO2) was sparged through the cell continuously at a 

flow rate of around 100 ml/min. A three-electrode electrochemical setup was used and 

consisted of: a static cylindrical electrode as the working electrode (WE), a platinum wire 

as a counter electrode (CE) and a saturated silver-silver chloride (Ag|AgCl) reference 

electrode (RE) connected to the cell externally via a salt bridge with a Luggin capillary. 

A 2” magnetic stir bar at the bottom of the glass cell was used for mixing the solution. 

The concentration of H2S was adjusted with the help of a gas rotameter and measured 

when exiting the cell by a gas sampling pump with H2S colorimetric detector tubes. A 
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carbon scrubber was used to treat the gas coming out of the glass cell to remove the H2S. 

Automatic adjustment of pH over time was achieved by using the measured pH value to 

control a pump moving a part of the solution through an ion exchange resin column.  

 

Figure 14  

Experimental setup for the two-liter glass cell using a stable solution chemistry system 

for small-scale experiments  

(Image courtesy of Cody Shafer, ICMT). 

 

 

4.2.3 Experimental Matrix 

The test matrix (Table 7) was designed to develop an experimental database to 

screen the most influential factors of pitting in marginally sour environments. The 

following parameters were investigated: pH2S, pCO2, pH, temperature, salt concentration, 

material microstructure and carbon content, and O2 ingress. The core idea of these 
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designed experiments involving various factors is to use the changes of saturation degree 

to predict the structure and properties of corrosion product layers, then correlate the layer 

protectiveness with the initiation of pitting.  

4.2.4 Experimental Procedure 

The aqueous solution was initially sparged with CO2 gas for at least three hours to 

purge dissolved oxygen. After the solution was deoxygenated, H2S was added by 

sparging for about half an hour to saturate the solution. H2S gas concentration was 

adjusted by sparging different ratios of CO2 and H2S, from 20 ppm(v) to 150 ppm(v) H2S 

in CO2, corresponding to a H2S partial pressure pH2S = 0.1 mbar and 96.5 mbar 

respectively, at 30C. The pH value was adjusted by adding a deoxygenated hydrochloric 

acid or sodium carbonate aqueous solution. Prior to immersion, the mild steel specimen 

surfaces were polished with 80, 400 and 600 grit sandpaper, rinsed with isopropyl 

alcohol, and dried with an air blower. 

Polarization resistance (Rp) measurements were conducted by polarizing the 

working electrode from -5 mV to +5 mV vs. the open circuit potential. The scan rate was 

0.125 mV/s. Solution resistance was measured independently using electrochemical 

impedance spectroscopy (EIS). The measured Rp was corrected by subtracting the 

measured solution resistance then. The linear polarization resistance (LPR) constant B = 

23 mV/decade was determined by previous longer-term weight loss measurements in 

literature [5]. EIS measurements were carried out by applying an oscillating potential ± 5 

mV around the open circuit potential of the working electrode, using the frequency range 

5 kHz to 0.01 Hz.  
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Ferrous ion concentration in the water samples taken from the solution was 

measured by a spectrophotometer (Hach® DR900 Multiparameter Portable Colorimeter) 

using a 1,10 phenanthroline method and a multipoint standard adsorption curve at 510 

nm. Deionized water was used as the control for the spectrophotometer. Multiple repeats 

of ferrous ion concentration measurements were done for each sample in order to 

establish the accuracy and repeatability of results. 

Scanning electron microscopy (SEM, JEOL JSM-6390) and energy dispersive X-

ray spectroscopy (EDS) were used to analyze the corrosion product layer structure and 

elemental composition.  

Specimens from selected conditions were analyzed by transmission electron 

microscopy (TEM). Sections were cut from the scale with a FEI Nova Nanolab 200 FEG-

SEM/FIB for Focused Ion Beam (FIB) processing and imaged with a FEI Tecnai F30 ST 

TEM. Both SEM and TEM were combined with EDS to analyze the chemical 

composition of the surface layers. The identity of crystalline components of the layers 

was revealed by selected area electron diffraction (SAED). The selected points in the 

corrosion product layer were further probed by precession electron diffraction (PED) to 

further determine the crystal structures of specimen surface. 

Pit penetration rate and pitting density were measured by a high-resolution optical 

profilometer, by scanning the steel surface after the corrosion product layer was removed 

by Clarke solution treatment [145]. Surface profilometry scanning on corroded specimen 

surface was performed on the Alicona InfiniteFocus profilometer microscope. Figure 15 

shows an example of optical profilometry measurements that were used to identify the 
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maximum pit depth. The measured three-dimensional nature of the pit is illustrated here 

by using a color scale, where the maximum depth is shown in the line profile below. 

 

Figure 15  

Optical profilometry measurement 

 

 

4.2.5 Evaluation of Pitting Ratio 

Based on the ASTM standard on examination and evaluation on pitting corrosion 

[145], a rule has been developed to help decide whether localized corrosion occurred or 

not in the present experiments [146]. As demonstrated in Figure 16 after exposure to the 

corrosive environment, steel specimens suffered from both general metal loss and 

localized attack. General corrosion rate could be calculated from total mass loss (here 

weight-loss corrosion rate was used, denoted as CRWL hereafter, equation (35), assuming 

that the contribution of pitting is negligible. The rate of localized attack could be 

evaluated by profilometry using the maximum pit depth (Equation (36). The ratio of pit 

penetration rate (denoted as PPR hereafter) divided by general corrosion rate (here CRWL) 
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is defined as pitting ratio (denoted as PR hereafter) and is used as the criteria for 

determining the occurrence of localized corrosion [equation (37)].  

The rule is as follows: 

A. when this ratio is smaller than 3, the corrosion is judged to be uniform;  

B. when this ratio is larger than 5, it is judged that localized corrosion occurred;  

C. when this ratio is between 3 - 5, the situation is unclear, it is possible that 

localized corrosion initiated but could not be sustained.  

This criterion was only applied to pits that are deeper than 10 µm in order to 

distinguish them from general surface roughening.   

𝑊𝑒𝑖𝑔ℎ𝑡 𝐿𝑜𝑠𝑠 𝐶𝑜𝑟𝑟𝑜𝑠𝑖𝑜𝑛 𝑅𝑎𝑡𝑒 (
𝑚𝑚

𝑦
) =

𝑀𝑒𝑎𝑠𝑢𝑟𝑒𝑑 𝑊𝑒𝑖𝑔ℎ𝑡 𝐿𝑜𝑠𝑠

𝑇𝑖𝑚𝑒
 (35) 

𝑃𝑒𝑛𝑒𝑡𝑟𝑎𝑡𝑖𝑜𝑛 𝑅𝑎𝑡𝑒 (
𝑚𝑚

𝑦
) =

𝑀𝑒𝑎𝑠𝑢𝑟𝑒𝑑 𝑃𝑖𝑡 𝐷𝑒𝑝𝑡ℎ

𝑇𝑖𝑚𝑒
 (36) 

𝑃𝑖𝑡𝑡𝑖𝑛𝑔 𝑅𝑎𝑡𝑖𝑜 =
𝑃𝑒𝑛𝑒𝑡𝑟𝑎𝑡𝑖𝑜𝑛 𝑅𝑎𝑡𝑒/(𝑚𝑚/𝑦)

𝑊𝑒𝑖𝑔ℎ𝑡 𝐿𝑜𝑠𝑠 𝐶𝑜𝑟𝑟𝑜𝑠𝑖𝑜𝑛 𝑅𝑎𝑡𝑒/(𝑚𝑚/𝑦)
 (37) 
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Figure 16  

Pit depth and general corrosion 

 

 

4.2.6 Experimental Safety 

For this work, it is required to carry out all experiments following the ICMT 

protocol for working with H2S gas. All staff and students are trained before using the 

specially equipped H2S room at the ICMT. People working in the room are equipped with 

a self-contained breathing apparatus (SCBA). There is always a buddy outside the room 

watching activities and he/she is equally equipped. The H2S in the outlet gas is scrubbed 

through a series of scrubbers that prevents its release to the atmosphere. 

4.3 Results and Discussion 

The core idea of the designed experiments is to use changes of saturation degree 

to predict the morphologies and properties of corrosion product layers, then correlate the 

layer protectiveness with the initiation of pitting. 

The electrochemical measurements have shown that the corrosion rates in all the 

experiments presented below were stable over the course of the 7-day experiments. 
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Furthermore, the time-averaged LPR measurements agreed well with the weight loss 

measurements; only the latter was used to report general corrosion rates in the text below. 

4.3.1 Effect of H2S Partial Pressure on Pitting 

Experimental results obtained with 0, 20, 40, 90, & 150 ppm of H2S in 1 bar CO2 

and at 30 ºC were compared to identify the lower and upper limits of H2S for localized 

corrosion occurrence. Figure 17 shows the bulk saturation degree calculated for both FeS 

(mackinawite in this work), S(FeS), and FeCO3, S(FeCO3) under these conditions. The 

navy line is the saturation line for FeS and shows the conditions required, in terms of 

[Fe2+], to reach saturation S(FeS) = 1 at a given H2S partial pressure. The orange line is 

the calculated saturation limit for FeCO3 -- S(FeCO3). The corresponding corrosion 

product layer (FeS and/or FeCO3) is expected to form by precipitation at any point in this 

chart above the saturation lines. During each experiment at a specific H2S partial 

pressure, the measured bulk ferrous ion concentration started at zero at the beginning of 

the experiment, and then increased and reached a stable value, usually after 4 days of 

exposure, as indicated by the colored vertical lines in Figure 17. In all five experiments, 

the bulk ferrous ion concentration did not reach the saturation value for either S(FeS) or 

S(FeCO3). Therefore, no precipitated layer would be expected in any of these 

experiments based on bulk water chemistry conditions. 
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Figure 17  

Saturation degree of the bulk solution of both FeSmackinawite (navy line and above) and 

FeCO3 (orange line and above) for different pH2S values.  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0.97 bar, pH2S = 0/0.02/0.04/0.09/0.15 mbar, 1 

wt.% NaCl, 300 rpm stir bar, 7 days exposure, [O2]aq ≈ 20 ppb(w).) 

 

 

General corrosion rates are represented by the measured LPR and weight loss for 

different pH2S values as depicted in Figure 18. Higher partial pressures of H2S typically 

lead to lower steady state general corrosion rates. The reason for the decrease in 

corrosion rate has been attributed in the literature to the formation of a thin FeS layer on 

the steel surface, although the bulk conditions were unfavorable for the precipitation of 

corrosion products. This trend indicates that the FeS layer (not FeCO3, Fe3C or Fe2O3 if 

they also existed in the layer) offers protection against corrosion in marginally sour 

environments. This observation fulfills one aspect of the “grey zone” theory, which 
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requires the formation of a protective layer. For the hypothesis to be verified, the 

occurrence of pitting should be linked to breakdown of this FeS layer. 

 

Figure 18  

LPR (a) and weight loss (b) corrosion rates for different pH2S values.  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0.97 bar, pH2S = 0/0.02/0.04/0.09/0.15 mbar, 1 

wt.% NaCl, 300 rpm stir bar, 7 days exposure, [O2]aq ≈ 20 ppb(w).) 

 
(a) LPR corrosion rate 

 
(b) Weight loss corrosion rate 
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In the absence of H2S, SEM images in Figure 19 reveal that a relatively thick 

layer was formed while no visible layer was found for the other cases with H2S (this 

observation is limited by the resolution of the SEM). More importantly, it indicates that 

extensive pitting occurred with 20 and 40 ppm H2S but not in the other conditions. This is 

consistent with the findings of Navabzadeh [93]. The cross-section images also show the 

morphology of those pits, which seem to be mainly hemispherical and filled with FeS 

embedded in a Fe3C network. A thin layer (most likely FeS) was left behind at the top of 

the pit. However, the resolution of these SEM images is insufficient to determine whether 

the thin layer exists on the remaining steel surface around the pits. It is thought that a 

very thin iron sulfide corrosion product layer (not visible in the SEM images) existed 

because sulfur was detected by EDS there, which is also true for similar experiments 

conducted previously [93]. XRD failed to show a pattern or peaks to support this 

speculation because the layer was too thin to be properly resolved [93]. 
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Figure 19  

SEM cross-section images of specimens at different H2S partial pressure after 7 days 

exposure  

(X65 carbon steel, 30 °C, pH 5, pCO2=0.97 bar, pH2S = 0/0.02/0.04/ 0.09/0.15 mbar, 

1wt. % NaCl, 300 rpm stir bar, 7 days exposure, [O2]aq ≈ 20 ppb(w)) 

   
(a) 0ppm H2S (b) 20ppm H2S (c) 40ppm H2S 

  

 

(d) 90ppm H2S (e) 150ppm H2S  
 

Surface profilometry images of the corroded specimens, after corrosion product 

layer removal by Clarke solution, are displayed in Figure 20. High pitting density was 

observed at 20 ppm and 40 ppm H2S. Lower pitting density was observed at 90 ppm H2S. 

No pitting was found at 0 and 150 ppm H2S. It seems therefore that there is a threshold of 

H2S content for this type of pitting, indicating that the corrosion product layer became 

more stable as iron sulfide content increased, and was fully formed at 150 ppm H2S since 

no pitting was observed. If this layer formed by precipitation, it can be speculated that the 

surface saturation degree of FeS must have been greater than unity, even though the bulk 
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value was not. It is also possible that the layer also underwent a continuous and partial 

process of dissolution, given that the bulk was under saturated with respect to FeS. 

Figure 20 shows the pitting analysis and compares it to the general corrosion 

rates determined by weight loss. The error margins for the general corrosion rate listed in 

the captions of Figure 20 were calculated as follows: each experiment was repeated, so 

the reported (general) corrosion rate is the average values for the two specimens. The 

error margins denote the minimum and maximum measured values. The pit penetration 

rate reported there was based on the deepest pit found on the two specimens from 

repeated experiments. The margin of error reported for the pit penetration rate is 

calculated based on the vertical resolution of the optical measurements. 

The CO2 only (0 ppm H2S) experiment yielded the highest general corrosion rate, 

ca. 2 - 2.5 mm/y. Adding 20 ppm of H2S led to a considerable reduction in the general 

corrosion rate to less than 1.0 mm/y, although severe pitting would be expected to affect 

the calculations. In general, the higher the H2S content in the gas phase was, the lower the 

general corrosion rates became.  

According to the criterion for pitting defined by Brown [146], the specimens 

exposed to 20, 40 and 90 ppm(v) H2S clearly experienced pitting. The pitting density for 

the 90 ppm(v)  H2S was much lower than what was observed for 20 and 40 ppm(v), 

however, according to the ASTM standard [145], this pitting density was actually very 

high when compared to the threshold listed in the standard. Generally, the pitting density 

seemed directly related to H2S concentration.  
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Figure 20  

Surface profilometry analysis of specimens recovered for each experimental condition 

after 7 days exposure after corrosion product layer removed  

(X65 carbon steel, 30 °C, pH5, pCO2 = 0.97 bar, pH2S = 0/0.02/0.04/0.09/0.15 mbar, 1 

wt.% NaCl, 300 rpm stir bar, [O2]aq ≈ 20 ppb(w)) 

   
(a) 0 ppm H2S 

CRWL = 2.10 ± 0.10 mm/y 

Pit density = 0 cm-2 

The red spots are higher, 

not lower than surface. 

(b) 20 ppm H2S 

CRWL = 0.84 ± 0.31 mm/y 

PPR = 5.37 ± 0.11 mm/y 

PR  6 

Pit density = 127 cm-2 

(c) 40 ppm H2S 

CRWL = 0.82 ± 0.22 mm/y 

PPR = 7.30 ± 0.10 mm/y 

PR  9 

Pit density = 25.4 cm-2 

   
(d) 90 ppm H2S 

CRWL = 0.46 ± 0.07 mm/y 

PPR = 3.16 ± 0.34 mm/y 

PR  7 

Pit density = 1.24 cm-2 

(e) 150 ppm H2S 

CRWL = 0.14  0.05 mm/y 

Pit density = 0 cm-2 
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The 40 ppm H2S specimen, where the most severe pitting happened in this series, 

was chosen for FIB-TEM analysis to reveal the detailed structure of the corrosion product 

layer formed. As shown in Figure 21, a very thin and porous layer of about 100 - 200 nm 

thickness was found on the steel surface. This layer was much thinner compared with the 

precipitated FeCO3 layer typically observed in sweet corrosion (micron level), but still 

very thick compared with the passive layer on stainless steel (up to 5 nm). Most parts of 

the layers were detached from the substrate. Consequently, layer detachment alone 

cannot be used as an explanation for pit initiation.  
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Figure 21  

TEM images of the cross section of the specimen for the baseline experiment cut out by 

FIB  

(30 °C, pCO2 = 0.97 bar, pH2S = 0.04 mbar, pH 5, X65, 1 wt.% NaCl, 300 rpm, 7 days, 

[O2]aq ≈ 20 ppb(w)) 

  
(a) top view, ×3500 (b) FIB, ×2000 

  
(c) TEM, ×8500 (d) TEM, ×34000 
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TEM-EDS mapping results of the corrosion product layer on the 40 ppm H2S 

specimen is shown in Figure 22. In this 100 - 200 nm porous layer, iron, nickel, sulfur, 

and oxygen were concentrated, indicating the formation of sulfides and oxides. 

 

Figure 22  

TEM-EDS mapping results of the specimen of baseline condition experiment  

(30 °C, pH2S = 0.04 mbar, pCO2 = 0.97 bar, X65 carbon steel, pH 5, 1wt.% NaCl, 

300rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

 
  

  

 

 

Figure 23 shows the EDS line scan result of the corrosion product layer on the 40 

ppm H2S specimen. From the left side to the right side of the image, the very top layer 

was platinum coated for FIB cutting. Underneath was one layer of palladium, which was 

plated after the steel specimen was drawn out from the glass cell to prevent oxidation. 
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Below these two plated layers, above the steel substrate, were corrosion product layers 

containing sulfur and oxygen. This result clearly shows that apart from sulfides or 

potentially elemental sulfur, oxides are an important part of the layer; especially the inner 

part of the layer near the steel surface. When and how these oxides were formed 

remained uncertain. Although further investigation was needed, SEAD cannot provide 

phase identification information of the layers, only the diffraction pattern of the steel 

substrate was obtained. A meaningful diffraction pattern of the layer is very difficult to 

obtain because the layer is actually nanocrystalline with not enough lattice repeat units 

for X-ray diffraction [19]. Such layers can be considered as being “X-ray amorphous”.  
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Figure 23  

TEM-EDS line scan results of the specimen in baseline condition  

(30 °C, pH2S = 0.04 mbar, pCO2 = 0.97 bar, X65 carbon steel, pH 5, 1 wt.% NaCl, 300 

rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

 

Platinum Corrosion Product Layer Base metal 
 

 
 

To summarize, the experimental results obtained at different H2S partial pressures 

revealed that a thin FeS layer was responsible for a significant decrease in corrosion rate, 

as compared to the CO2 only conditions. The general corrosion rates decreased with the 

increase of H2S partial pressure. Localized corrosion happened when 0<pH2S<150 

ppm(v). The pit initiation could have been related to the breakdown of the FeS layer 

formed under these conditions. The integrity of this protective layer seemed to be related 

to the partial pressure of H2S, as no pitting was observed at pH2S=150 ppm(v). However, 
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no clear correlation could be associated with the saturation degree of FeS in the bulk 

solution. 

4.3.2 Effect of pCO2 on Pitting 

The effect of pCO2 on pitting in marginally sour environments was determined by 

running a series of experiments from 0 to 0.97 bar of CO2 and at a fixed pH2S =0.04 

mbar (40 ppm(v)) with N2 mixed as balance gas for a total pressure of 1 bar (atmospheric 

pressure). Figure 24 shows the saturation degree for both FeS and FeCO3. In all of these 

experiments, the measured bulk ferrous ion concentration was always far lower than the 

concentration required to reach the saturation value of 1 for either S(FeS) or S(FeCO3). 

Consequently, no precipitation was expected in these experiments based on bulk water 

chemistry conditions.  
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Figure 24  

Saturation degree of bulk solution for both FeSmackinawite (blue line and above) and FeCO3 

(orange line and above) for varied pCO2  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0/0.53/0.82/0.97 bar, pH2S=0.04mbar, total 

pressure is 1 bar, the balance is N2, 1 wt.% NaCl, 300 rpm stir bar, [O2]aq ≈ 20 ppb(w)) 

 

 

Figure 25 shows that any increase of CO2 partial pressure generally leads to an 

increase of the general corrosion rates. The pCO2 = 0.53 bar results were slightly higher 

than expected in this trend, although this experiment displayed higher pitting density (as 

shown in the next section); this could affect the average mass loss and consequently the 

general corrosion rate.  
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Figure 25  

LPR and weight loss corrosion rates for varied pCO2  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0/0.53/0.82/0.97 bar, pH2S = 0.04 mbar, total 

pressure is 1 bar, the balance is N2, 1 wt.% NaCl, 300 rpm stir bar, [O2]aq ≈ 20 ppb(w)) 

 
(a) LPR corrosion rate 

 
(b) Weight loss corrosion rate 

 

Figure 26 shows SEM cross-section images of specimens from experiments 

conducted at different pCO2 values, where no distinct corrosion product layer can be seen 

on the surface of the steel. Although pitting initiation seems to be observed in the 

experiment conducted at pCO2 = 0 bar, the pit depth is too low (10 - 15 m deep pits) to 
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be truly characterized as pitting. In addition, specimens were retrieved after one, three- 

and seven-days exposure. The pit depths found on these samples were almost the same, 

and on the scale of surface roughness. Therefore, it can be deduced that at pCO2 = 0 bar 

localized initiation may have happened, but no further propagation occurred. Similar 

results were previously reported by Fang, et al., in an H2S only corrosion study [147]. 

This suggests that, in the experimental conditions selected for this study, pitting may 

initiate in the presence of H2S, but does not propagate without CO2. For the specimens 

obtained at pCO2=0.53 bar and pCO2 = 0.97 bar, large pits were easily captured in the 

cross-sectional analysis. No pits were captured in the cross sections of the specimen from 

the pCO2 = 0.82 bar CO2 experiments, although there could have been some, according to 

the surface profilometry results in Figure 27 where pits are seen. The process of cross-

sectioning a steel specimen does not always ensure that specific localized corrosion 

features will be captured, especially if the pitting density is low, since the specimen is cut 

at a random location. 
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Figure 26  

SEM cross-section images of specimens at different CO2 partial pressure after 7 days 

exposure  

(X65 carbon steel, 30°C, pH5, pCO2 = 0/0.53/0.82/0.97 bar, pH2S = 0.04mbar, total 

pressure is 1 bar, the balance is N2, 1 wt.% NaCl, 300 rpm, 7 days, [O2]aq ≈ 20 ppbw) 

  
(a) 0 bar CO2 (b) 0.53 bar CO2 

  
(c) 0.82 bar CO2 (d) 0.97 bar CO2 

 

The profilometry images (Figure 27) show that pitting occurred in all the cases 

that contained CO2.  A similar pitting density, independent of pCO2, was observed for the 

different conditions. This finding supports the hypothesis that pitting in marginally sour 

environments is related to pH2S and probably a very thin FeS layer.  However, the 
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propagation rate of the pits seems to be related to pCO2, or to a larger extent to the 

overall corrosivity of the fluid, for the range of conditions used. This is demonstrated by 

the fact that pit penetration rates for pCO2 = 0.53 bar and pCO2 = 0.82 bar were smaller 

than in the 0.97 bar pCO2 experiment.  
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Figure 27  

Surface profilometry analysis of specimens recovered for each experimental condition 

after 7 days exposure after corrosion product layer removed  

(X65 carbon steel, 30°C, pH5, pCO2=0/0.53/0.82/0.97 bar, pH2S=0.04mbar, total 

pressure is 1 bar, the balance is N2, 1 wt.% NaCl, 300 rpm stir bar, [O2]aq ≈ 20 ppb(w)) 

    
(a) 0 bar CO2 

CRWL = 0.18 ± 0.08 mm/y 
PPR = 0.78 ± 0.05 mm/y 

PR  4 
Pit density = 0 cm-2 

(b) 0.53 bar CO2 
CRWL = 0.75 ± 0.03 mm/y 
PPR = 4.35 ± 0.92 mm/y 

PR  6 
Pit density = 99.2 cm-2 

    
(c) 0.82 bar CO2 

CRWL = 0.54 ± 0.03 mm/y 
PPR = 4.03 ± 0.05 mm/y 

PR  7 
Pit density = 13.6 cm-2 

(d) 0.97 bar CO2 
CRWL = 0.82 ± 0.22 mm/y 
PPR = 7.3 ± 0.10 mm/y 

PR  9 
Pit density = 25.4 cm-2 
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Figure 28, the TEM image for the pCO2 = 0 bar experiment, reveals that, in H2S 

only condition, a two-layer structure was formed. The total thickness of the two layers 

was about 500 nm. The layer seemed continuous and relatively dense. This layer offered 

some protection because: 1) the general corrosion rate was low (0.18 ± 0.08 mm/y); 2) no 

localized corrosion happened under this condition. Such a thick layer (compared with 

oxide layers or passive layers) was unexpected because the bulk solution was unsaturated 

with respect to mackinawite according to measurements of [Fe2+] and pH used for 

calculation of saturation degrees. Assuming that the layers were formed by precipitation, 

this indicated that the surface water chemistry was different from the bulk solution. 

Previous research findings in CO2 only environments indicated that the surface pH value 

could be one to two units higher than that in the bulk solution [48, 108].  
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Figure 28  

TEM images of the cross section cut out by FIB from the specimen of H2S/N2 experiments  

(30 °C, pN2 = 0.97 bar, pH2S = 0.04 mbar, X65, pH 5, 1 wt.% NaCl, 300 rpm, 7 days, 

[O2]aq ≈ 20 ppb(w))  

  
(a) top view, ×2500 (b) FIB, ×2500 

  
(c) TEM, ×8500 (d) TEM, ×34000 

 

TEM-EDS mapping results (Figure 29) show that Fe, O, S, Ni elements were 

concentrated in the corrosion product layers. This indicates that sulfides and oxides were 

part of the composition of the corrosion product layers. 
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Figure 29  

TEM-EDS mapping results of the specimen of the H2S/N2 experiment  

(pH2S = 0.04 mbar and pN2 = 0.97bar, X65 carbon steel, 30°C, pH 5, 1 wt.% NaCl, 300 

rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

 
  

   

 

The TEM-EDS line scan results of the pCO2 = 0 bar specimen are shown in 

Figure 30. From the left side to the right side of the image, the very top layer corresponds 

to the platinum coating for FIB cutting. Underneath that layer was another coating of 

palladium, which was sputtered after the steel specimen was withdrawn from the glass 

cell to prevent oxidation. Below these two plated layers, above the steel substrate, were 

two layers containing sulfur and oxygen, indicating the possible existence of iron sulfide, 

as well as iron oxide or hydroxide. The outer layer was richer in elemental sulfur, while 
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the inner layer was richer in elemental oxygen. The presence of oxygen is somehow 

unexpected. Nitrogen as a sparge gas was used to deaerate the aqueous solution for over 

two hours every time before the start of experiments, then N2 and H2S were bubbled in 

solution together for half an hour before the specimens were loaded. Consequently, it is 

not expected to retain significant dissolved O2 in the environment (aqueous concentration 

of oxygen in solution was measured at around 20 ppb(w)). Several explanations can be put 

forward to account for the presence of oxygen in the layer. The most logical one is that 

the layer could have been oxidized during post- retrieval, during sample handling, storage 

and/or analysis. These scenarios are revisited in depth in Chapter 5. 

According to Table 9, manganese, nickel, and chromium are the most abundant 

alloying elements in the X65 steel specimen used in this study. However, only nickel was 

enriched in the two layers structure, especially in the upper layer. This enrichment of 

nickel could be due to the possible compound nickel sulfide (NiS) as it is found to be 

insoluble even in strong acid solutions. [19, 148, 149]. 
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Figure 30  

TEM-EDS line scan results of the specimen of H2S/N2 experiment  

(30 °C, pH2S = 0.04 mbar, pN2 = 0.97 bar, X65 carbon steel, pH5, 1 wt.% NaCl, 300 

rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

 
 

Platinum Corrosion Product Layer Base metal 

 
 

It is clear from the experimental results that the presence of CO2 is absolutely 

necessary for pitting initiation. Without CO2, the FeS layer appears fairly protective while 

the added acidity due to the presence of H2CO3 appears to be related to layer damage and 

loss of protectiveness. At this point, it is hypothesized that the presence of any weak acid 

(in addition to H2S(aq)) is enough to increase the local surface H+ concentration, by 

dissociation, leading to local dissolution of the layer, preferential corrosion and pitting 

initiation. In addition, galvanic corrosion could also be involved since the pitting 



115 
 

penetration rate seems to be higher than the corrosion rate typically experienced in CO2-

only environments at the same pH value. 

4.3.3 Effect of pH on Pitting 

The effect of pH on pitting in marginally sour environments was evaluated at pH 

4.0, 5.0 and 6.0 in the bulk solution. The vertical lines shown in Figure 31 represent the 

range of concentration of ferrous ions observed during each experiment. The saturation 

values for both FeS and FeCO3 are dependent on solution pH value. Fewer ferrous ions 

were required to reach saturation at higher pH 6. Figure 31 shows that both FeS and 

FeCO3 were far from saturation in the experiments at pH 4 and pH 5. At pH 6, S(FeCO3) 

exceeded the saturation value of 1, while S(FeS) was very close to saturation, all based 

on bulk solution conditions. This indicates that supersaturation with respect to both types 

of corrosion products was likely at the steel surface. Consequently, a protective corrosion 

product layer, composed of possibly both FeS and FeCO3, could have been expected in 

the pH 6 case.  
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Figure 31  

Saturation degree of both FeSmackinawite (blue line and above) and FeCO3 (orange line and 

above) under various pH in the bulk solution  

(X65 carbon steel, 30 °C, pH 4/5/6, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 1 wt.% NaCl, 

300 rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

 
 

Figure 32 shows the trend of the changes of general corrosion rates with pH: 

increased H+ concentration leads to higher corrosion rates. Since pH is the logarithmic 

value of [H+], this change is drastic. This agrees with the saturation degree calculation 

results in Figure 31. The scaling tendency (equation (25)) also increased with increasing 

pH, which would indicate a more protective FeS layer at higher pH, with no pit initiation. 

Compared with weight loss corrosion rates, the LPR corrosion rates are relatively higher. 

This is because when calculating the corrosion current density from LPR measurements, 

surface area of the working electrode should be divided. The existence of mackinawite 

and carbide on the steel surface increased the surface area, but this increase was not 
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included in the calculation. Therefore, the corrosion rates calculated from LPR 

measurement are larger than the actual values. 

 

Figure 32 

LPR and weight loss corrosion rates under various pH in the bulk solution  

(X 65 carbon steel, 30°C, pH 4/5/6, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 1 wt.% NaCl, 

300 rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

 

(a) LPR corrosion rate 

 

(b) Weight loss corrosion rate 
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Cross-section images, shown in Figure 33, indicate a high degree of pitting 

corrosion at pH 4 and 5, with similar pit depth in both cases. At pH 6, no pits are visible 

in the cross-section image, and this observation can be generalized over the entire 

specimen surface, as shown by profilometry analysis.  

 

Figure 33  

SEM cross-section images at different pH after 7 days exposure  

(pH = 4/5/6, X65 carbon steel, 30 °C, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 1 wt.% NaCl, 

300 rpm stir bar, [O2]aq ≈ 20 ppb(w)) 

   

(a) pH 4 (b) pH 5 (c) pH 6 

 

Figure 34 shows surface profilometry results done on specimens after removal of 

the corrosion product layer. Severe pitting is observed on the pH 4 specimen, 

accompanied by a very high general corrosion rate. Pitting density decreased significantly 

at pH 5, while the pit propagation rate remained almost the same. At pH 6, no pitting was 

detected and a very low general corrosion rate was measured.  
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Figure 34  

Surface profilometry analysis at different pH after 7 days exposure after corrosion 

product layer was removed  

(Captions show the general corrosion rate as measured by weight loss (CRWL), the 

Pitting Penetration Rate (PPR) and the Pitting Ratio, pH = 4/5/6, X65 carbon steel, 30 

°C, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 1 wt.% NaCl, 300 rpm stir bar, [O2]aq ≈ 20 

ppb(w)) 

    

(a) pH 4 

CRWL = 2.25 ± 0.11 mm/y 

PPR = 7.49 ± 0.03 mm/y 

PR  3 

Pit density = 57.0 cm-2 

(b) pH 5 

CRWL = 0.82 ± 0.22 mm/y 

PPR = 7.3 ± 0.10 mm/y 

PR  9 

Pit density = 25.4 cm-2 

(c) pH 6 

CRWL = 0.09 ± 0.01 mm/y 

Pit density = 0 cm-2 

 

 

The corrosion product layer formed under the pH 6 condition, as shown in Figure 

35 and Figure 36, is similar to that obtained at pH 5 (Figure 21). This is somehow 

surprising as pitting occurred at pH 5 and not at pH 6; also, the general corrosion rate at 

pH 5 was higher than at pH 6 (0.8 mm/year at pH 5 compared to 0.2 mm/year at pH 6). 

Consequently, some differences in terms of corrosion product layer coverage, attachment 

or compactness are expected. It is possible that the random selection of the location of the 
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TEM analysis did not reflect these differences while they may appear on other locations. 

More striking differences exist between the compact layer obtained in H2S-only 

environment (Figure 28) and the seemingly more porous layer generated in systems 

containing both H2S and CO2, at pH5 or 6 (Figure 21 b and c). In the presence of CO2, 

the dissociation of H2CO3 leads to a lower surface pH, which could be the reason for the 

lack of compactness and increased porosity of the corrosion products.  

The explanation behind the absence of pitting at pH 6 remains fairly elusive but 

could be linked to the surface pH, which is logically higher compared to pH 5. A higher 

surface pH represents a less aggressive environment and may also favor the formation of 

iron oxides or oxyhydroxides.  
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Figure 35  

TEM images of the cross section cut out by FIB from the specimen of pH 6 experiments  

(30°C, pH6, 0.97 bar CO2, 0.04 mbar H2S, X65, 1wt.% NaCl, 300 rpm, 7 days, [O2]aq ≈ 

20 ppb(w)) 

  
(a) top view, ×1500 (b) FIB, ×6000 

  
(c) TEM, ×8500 (d) TEM, ×17000 
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Figure 36  

TEM-EDS mapping results of the specimen of pH 6 experiment  

(30 °C, 0.04 mbar H2S and 0.97 bar CO2, pH 5, 1 wt.% NaCl, 300 rpm, 7 days, [O2]aq ≈ 

20ppb(w)) 

 

  

  

 

 

TEM-EDS line scan result of the specimen corresponding to the pH 6 experiment 

is shown in Figure 37. This distribution of elements along the indicative line shows that 

the layer is comprised of Fe, O, S and Ni. This could infer the presence of iron oxides and 

sulfides in the layer (0.2 to 0.4 µm), although it is unclear at this point if the oxides were 

formed during the test or during post-processing and exposed to air. The coexistence of 

oxides and sulfides has been observed already for high temperature sour conditions [59], 

[150]: magnetite was formed due to reaction between steel and water, then the outer part 

of the layer was converted into iron sulfide. However, this work was done at low 
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temperatures, direct reaction between steel and water vapor is less likely to occur. Further 

studies and discussion about the existence of oxides will be one of the topics in the 

following Chapter 5. 

 

Figure 37  

TEM-EDS line scan results of the specimen pH 6 experiment  

(30°C, X65 steel, 0.04 mbar H2S and 0.97 bar CO2, 1 wt.% NaCl, 300rpm, 7 days, [O2]aq 

≈ 20 ppb(w)) 

 
 

Platinum Corrosion Product Layer Base metal 

 
 

Figure 38 shows the electron diffraction pattern (image on the right side) at the 

circled area near the inner layer in the image on the left side. The ring pattern is 

unfortunately not very clear but can be used to identify the polycrystalline sulfide 
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compounds. The diameter of a ring is measured (Figure 39) and converted to the d-

spacing in real space between lattice planes. When comparing this pattern with the 

database of crystal diffractions, a possible match can be established with pyrrhotite 

(Fe0.91S, Table 10), although mackinawite (FeS) was expected. The discrepancy can be 

explained by the fact that the first few molecular layers where nanocrystal mackinawite is 

supposed to form cannot be derived by the diffraction equation, which requires long-

range order of the crystal structure repeat units [19]. 

 

Figure 38  

TEM-SAED results near the inner layer of the specimen of pH 6 experiment  

(30°C, X65 steel, 0.04 mbar H2S and 0.97 bar CO2, 1 wt.% NaCl, 300rpm, 7 days, [O2]aq 

≈ 20 ppb(w)) 
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Figure 39  

Pattern analysis of the specimen of pH 6 experiment  

(30°C, X65 steel, 0.04 mbar H2S and 0.97 bar CO2, 1 wt.% NaCl, 300 rpm, 7 days, [O2]aq 

≈ 20 ppb(w)) 

 

 

Table 10  

Sulfide analysis - possible match with Fe0.91S 

Ring number Ring Diameter (nm-1) Ring Radius (nm-1) d Spacing (nm) 

1 6.78 3.39 0.29 

2 8.08 4.04 0.25 

3 8.73 4.37 0.23 

4 9.91 4.96 0.20 

5 10.8 5.4 0.19 

6 13.63 6.82 0.15 

7 17.8 8.9 0.11 
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Figure 40 shows the precession electron diffraction (PED) acquired in the 

rectangular area. Each pixel on the map represents a square of 4 nm × 4nm. The 

orientation map suggests that the crystal lattice parameter of the oxide compound was 

around 10 nm. Several phases of iron sulfides (FeS, Fe7S8, etc., as listed in the upper right 

corner in Figure 40) were selected for the data analysis. The colored map, in the lower 

right corner, suggests that mackinawite (FeS) is the most dominant iron sulfide present. 

 

Figure 40  

Orientation/phase map by PED near the inner layer of the specimen of pH 6 sample  

(30°C, X65 steel, 0.04 mbar H2S and 0.97 bar CO2, 1 wt.% NaCl, 300 rpm, 7 days, [O2]aq 

≈ 20 ppb(w)) 
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Figure 41 shows the TEM-SAED results near the outer layer of the specimen 

corresponding to the pH 6 experiment. The diameter of a ring is measured and converted 

to the d-spacing in real space between lattice planes. Five rings were measured. They all 

match with magnetite very well. Therefore, the oxide formed near the outer layer can be 

identified as magnetite, Fe3O4. 

 

Figure 41  

TEM-SAED results near the outer layer of the specimen of pH 6 experiment  

(30 °C, X65 steel, pH2S = 0.04 mbar, pCO2 = 0.97 bar, 1 wt.% NaCl, 300 rpm, 7 days, 

[O2]aq ≈ 20 ppb(w)) 

  

 

In Figure 42, a PED map (the image on the right side) was acquired in the 

rectangular area of the image on the left side. Each pixel in the map represents 10 nm. 

Both magnetite (Fe3O4) and hematite (Fe2O3) were used for data analysis, as listed in the 
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upper right corner. The orientation map suggests the crystal size of the oxide is around 20 

nm. The overlapped map in the lower right corner suggested that PED reliably identified 

Fe3O4. This agrees well with the previous SAED result.  

 

Figure 42  

Orientation/Phase Map by PED near the outer layer of the specimen of pH 6 experiment  

(30 °C, X65 steel, 0.04 mbar H2S and 0.97 bar CO2, 1 wt.% NaCl, 300 rpm, 7 days, 

[O2]aq ≈ 20 ppb(w)) 

 

 

 

 

In summary, pitting in marginally sour environments was observed at pH 4 and 5. 

Also, the tendency of occurrence of localized corrosion could be lowered by increasing 

the pH in the system. Phase identification by SAED and PED indicate that 

nanocrystalline mackinawite was the phase most likely present as the inner layer; the 
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outer layer being composed of magnetite, as a possible product of mackinawite oxidation. 

However, when and how the oxidation of the outer layer happened remains unknown. 

Further investigation is required. The findings revealed that the presence of a buffering 

weak acid (H2CO3) seems to be related to a weakening of the protectiveness of the layer, 

at least at pH 5 and lower. 

4.3.4 Effect of Temperature on Pitting 

The effect of temperature on pitting was investigated at pH2S = 0.04 mbar (40 

ppm) by performing experiments at 30°C, 60°C, and 80°C. Since the experiments were 

conducted in a glass cell at atmospheric pressure (PT=1 bar), the changes in vapor 

pressure lead to different values of pCO2 with temperature, from 0.97 bar at 30°C, to 0.82 

bar at 60°C and 0.53 bar at 80°C. According to the water chemistry calculation for the 

bulk conditions, the solution was under-saturated with respect to FeS and FeCO3 in 

experiments at 30C, saturated only with respect to FeS at 60C, and saturated with 

respect to both FeS and FeCO3 at 80C, as shown in Figure 43. Based on the arguments 

developed above, one should expect localized corrosion to happen at 30C, probably not 

at 60C, and definitively no pitting was expected at 80C, due to high supersaturation with 

respect to both FeS and FeCO3. 

 

 

 

 

 



130 
 

Figure 43  

Saturation degree of both FeSmackinawite (blue line and above) and FeCO3 (orange line and 

above) at various temperatures in bulk solution  

(X65 carbon steel, 30/60 /80 °C, target pH5, pCO2 = 0.97/0.82/0.53 bar, pH2S = 

0.04/0.03/0.02 mbar, 1 wt. % NaCl, 300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w)) 

 

 

Figure 44 shows that the general corrosion rates increased dramatically as the 

temperature increased, which was also fully expected. As a rule of thumb, an increase of 

temperature by 10°C leads to a doubling of the reaction rate. The weight loss corrosion 

rate results were lower than the utilized electrochemical method (LPR), especially at 

higher temperature, but the general trend was similar. The reason for the discrepancy 

between LPR and WL results typically is related to the determination of the B value used 

for the conversion of polarization resistance and current density. This B value is chosen 

based on previous experiments [3] and is kept constant for all the experiments for the 

sake of consistency. Although it is expected to change with operating conditions, the 

dependence of temperature on the B value is still difficult to determine experimentally. 
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Overall, the corrosion rate values obtained with WL are to be trusted while the LPR data 

help defining their trend with time. Generally, the corrosion rates decreased with time at 

60 °C and 80 °C, with the only exception at the time when the experiments started.  At 30 

°C, the corrosion rates did not decrease with time due to the propagation of pitting. 

 

Figure 44  

LPR and weight loss corrosion rates at various temperatures  

(X65 carbon steel, 30/60/80 °C, target pH 5, pCO2 = 0.97/0.82/0.53 bar, pH2S = 

0.04/0.03/0.02 mbar, 1 wt. % NaCl, 300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w)) 

 
(a) LPR corrosion rate 

 
(b) Weight loss corrosion rate 
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Figure 45 shows SEM cross-section images of specimens at different 

temperatures, which confirm the hypothesis based on saturation. At 30C, pitting is 

clearly detected, while at 60C, the surface morphology seems to indicate that pits 

initiated and then grew larger and agglomerated to form a uniformly rough surface. This 

is a typical description of uniform corrosion. At 80C, the morphology of the corrosion 

attack appeared different with a very rough surface but no distinct pitting.  

 

Figure 45  

SEM cross-section images of specimens at different temperatures after 7 days exposure  

(X65 carbon steel, 30/60/80 °C, 0.97/0.82/.53 bar CO2, pH5, 1 wt.% NaCl, 300 rpm stir 

bar, [O2]aq ≈ 20 ppb(w)) 

   

(a) 30°C (b) 60°C (c) 80°C 

 

Surface profilometry shown in Figure 46 clearly indicates that pitting was 

observed at 30C with a very high pit penetration rate, while at 60C and 80C the 

corrosion attack was extensive but uniform.  
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Figure 46  

Surface profilometry scanning images of different temperatures after 7 days exposure 

after corrosion product layer removed  

(pH = 5, X65 carbon steel, 30/60/80 °C, pCO2 = 0.97/0.82/.53 bar, pH2S = 0.04 mbar, 1 

wt.% NaCl, 300 rpm stir bar, [O2]aq ≈ 20 ppb(w). The scales of the surface height of the 

three images were deliberately kept the same.) 

    
(a) 30°C 

CRWL= 0.82 ± 0.22 mm/y 

PPR = 7.3 ± 0.10mm/y 

PR  9 

Pit density = 25.4 cm-2 

(b) 60°C 
CRWL = 3.92 ± 0.01 mm/y 

Pit density = 0 cm-2 

(c) 80°C 
CRWL = 3.82 ± 0.01 mm/y 

Pit density = 0 cm-2 

 

 

Pitting corrosion was only observed at 30°C, while severe but uniform corrosion 

was experienced at higher temperatures. It is postulated that above 60°C, the pitting 

density is so high that pits agglomerate rapidly leading to a uniformly corroded surface. 

In these conditions, the corrosion product layer is not protective. High temperature 

simultaneously accelerated both uniform corrosion and the pit initiation related reactions 

at the same time. At lower temperatures, localized corrosion is more likely to occur 

because the initiation sites are much fewer than at elevated temperatures. According to 
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the rule of thumb of localized corrosion: “large cathode area, small anode area”, the less 

the pit initiates, the more dangerous it could be. 

4.3.5 Effect of Salt Concentration on Pitting 

The effect of sodium chloride concentration on pitting was investigated at pH 5, 

pH2S = 0.04 mbar (40 ppm) and pCO2 = 0.97 bar by performing experiments without any 

NaCl and with adding 1 and 10 wt.% NaCl. The saturation degrees of FeS and FeCO3 are 

illustrated in Figure 47, which shows that both FeS and FeCO3 are far from being 

saturated, over the whole range of bulk NaCl concentrations tested. Here, the saturation 

degree of FeS does not change with NaCl concentration because neither the dissociation 

equilibrium constant equation [151] nor the solubility constant equation [39] of FeS 

includes dependence on the ionic strength. It is understood to be incorrect but no other 

expression of the equilibrium constants is available. This is not the case with FeCO3 

where both the solubility constant as well as the dissociation constants are a function of 

ionic strength (NaCl concentration) [14].  
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Figure 47  

Saturation degree of both FeSmackinawite (blue line and above) and FeCO3 (orange line and 

above) of various salt concentrations in bulk solution  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 0/1/10 wt.% NaCl, 

300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w)) 

 

 

It should be noted that besides deionized water, about 20 ml of 0.1 M Na2CO3 

was added into the solution of the 0 wt.% NaCl (blank) experiment for pH control 

purposes. Therefore, it was not strictly salt-free. As shown in Table 11, the ionic strength 

of the 0 wt.% NaCl solution with 20 ml of 0.1 M Na2CO3 is of the order of 10-6 compared 

with 10-2 for the 1 wt.% NaCl solution. Therefore, the comparison between the two 

solutions is meaningful. 
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Table 11  

Ionic strength of solutions of various NaCl weight percentage 

Weight percent Concentration Ionic strength Salt 

0.01% 1.71×10-3 2.92×10-6 NaCl 

0.1% 0.0171 2.92×10-4 NaCl 

1% 0.171 0.0292 NaCl 

10% 1.71 2.92 NaCl 

0.01% 0.001 4 ×10-6 Na2CO3 

 

Figure 48 shows that the highest general corrosion rate was obtained at 1 wt. % 

of NaCl; while the lowest was at 10 wt. % of NaCl. With the increase in NaCl 

concentration to 10%, the general corrosion rate decreased significantly, as was expected 

(from a previous experimental study by Fang et al. [152]). Increases in NaCl 

concentration, or by extension in any salt concentration, decreases the solubility of CO2 

and H2S in water; a phenomenon called the “salting out” effect, as mentioned in Chapter 

2. The presence of high salt content also renders the solution highly non-ideal, affecting 

the activity of ionic and dissolved species; and therefore, the physical properties of the 

solution. Elaborating on these phenomena is out with the scope of this study, the main 

purpose of this experimental series being to test if high NaCl contents affect the pitting 

tendency in marginally sour environments. As mentioned earlier, the presence of Cl- is 

known to affect the protectiveness of passive films. In addition, increasing the ionic 
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strength of the solution, and therefore its conductivity, could also enhance any galvanic 

corrosion if present. 

 

Figure 48  

LPR and weight loss corrosion rates of various salt concentrations  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 0/1/10 wt.% NaCl, 

300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w)) 

 
(a) LPR corrosion rate 

 
(b) Weight loss corrosion rate 
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SEM cross-section images of specimens at different NaCl concentrations are 

shown in Figure 49. There does not seem to be a major difference in the pit morphology 

or depth with different NaCl concentrations, which is consistent with the reasoning 

presented above and the saturation calculations shown in Figure 47. 

 

Figure 49  

SEM cross-section images of specimens at different salt concentrations after 7 days 

exposure  

(X65 carbon steel, 30 °C, pH 5, 0.97 bar CO2, pH2S = 0.04 mbar, 0/1/10 wt.% NaCl, 300 

rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

   

(a) 0 wt.% NaCl (b) 1 wt.% NaCl (c) 10 wt.% NaCl 

 

Surface profilometry scanning images of specimens exposed to different NaCl 

concentrations are shown in Figure 50. As the concentration of NaCl increased, the pit 

density increased even if there was no significant change in pit penetration rates. The 

pitting density could be related to the conductivity of the solution. Higher salt 

concentrations made the galvanic coupling effect between the steel and iron sulfide layer 

stronger [108, 124]. In summary, the presence of NaCl or Cl- does not seem to directly 
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affect layer protectiveness breakdown and the occurrence of pitting corrosion. It does 

have an effect on the extent of pitting, which can be linked to the enhancement of the 

galvanic coupling in the presence of highly conductive electrolyte. NaCl or Cl- 

concentration is consequently not found to be a controlling parameter in the protective 

layer breakdown mechanism. 

 

Figure 50  

Surface profilometry scanning images of specimens at different salt concentrations after 

7 days exposure after corrosion product layer removed  

(X65 carbon steel, 30 °C, pH5, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 0/1/10 wt.% NaCl, 

300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w)) 

    

(a) 0 wt.% NaCl 

CRWL = 0.35 ± 0.01 mm/y 

PPR = 4.69 ± 0.22 mm/y 

PR  13 

Pit density = 11.2 cm-2 

(b) 1 wt.%NaCl 

CRWL = 0.82 ± 0.22 mm/y 

PPR = 7.3 ± 0.10 mm/y 

PR  9 

Pit density = 25.4 cm-2 

(c) 10 wt.% NaCl 

CRWL = 0.18 ± 0.01 mm/y 

PPR = 4.86 ± 0.20 mm/y 

PR  27 

Pit density = 34.7 cm-2 

 

 



140 
 

4.3.6 Effect of Microstructure on Pitting 

The purpose of this section is to identify the effect of material microstructure and 

composition on pitting occurrence and characteristics. A series of experimental results 

were performed with pure iron and X65 steel at 30 °C, pH2S = 0.04 mbar (40 ppm), pCO2 

= 0.97 bar, pH 5 and 1 wt.% NaCl (baseline conditions). The experiments were done with 

pure iron as a control since its microstructure does not contain iron carbide (Fe3C). X65 

and pure iron specimens were tested in independent experiments. The bulk solution 

saturation degrees of FeS and FeCO3 were always below unity, as presented in Figure 

51. The saturation degree for the pure iron and X65 experiments are exactly the same in 

this chart since the water chemistry is not affected by the substrate microstructure. 

 

Figure 51  

Saturation degree in the bulk solution of systems featuring different working electrode 

materials  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 0/1/10 wt.% NaCl, 

300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w)) 
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Figure 52 shows the general corrosion rates of pure iron and X65 in the tested 

conditions. Weight loss corrosion rates show the corrosion rate of X65 was higher than 

pure iron, because: 1) galvanic coupling between ferric and carbide microstructure could 

contribute slightly to the general corrosion rate; 2) localized corrosion happened on X65, 

not on pure iron.  

The cross-section images of X65 and pure iron specimens acquired by SEM 

backscattering and EDS mapping (highlighting sulfur) are displayed in Figure 53. Neither 

pitting nor a corrosion product layer could be observed on the surface of the pure iron 

specimen. As for the X65 steel, a thin corrosion product layer could be observed by SEM 

on the surface of the specimen. As mentioned earlier, this thin layer is hypothesized to be 

made of an inner FeS layer and an outer Fe3O4 layer. According to EDS analysis, the 

corrosion product layer contained: iron, sulfur and carbon as major elements, lesser 

amounts of oxygen, and trace amounts of alloying elements; which is similar to the TEM-

EDS results in Figure 22. 
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Figure 52  

LPR and weight loss corrosion rates of different working electrode materials  

(X65 carbon steel, 30 °C, pH 5, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 0/1/10 wt.% NaCl, 

300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w)) 

 
(a) LPR corrosion rate 

 
(b) Weight loss corrosion rate 
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Figure 53  

The cross-section images by SEM backscattering and EDS mapping for the iron (blue), 

sulfur (yellow), carbon (red) and oxygen (green) element  

(Pure iron/X65 carbon steel, 30 °C, pH5, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 1 wt.% 

NaCl, 300 rpm stir bar, 7 days, [O2]aq ≈ 20 ppb(w))  

  
(a) Pure iron, SEM, ×500 (b) X65, SEM, ×500 

 

  

  

  

  
(c) Pure iron, EDS (d) X65, EDS 



144 
 

Surface profilometry images of X65 and pure iron specimens are shown in Figure 

54. No pits were found on the entire surface of the pure iron specimen, although the 

experimental conditions were the same as for X65 steel, where severe pitting occurred. 

This is consistent with the existence of a thin FeS layer as seen in Figure 53, and the 

arguments presented above stating that for pitting to occur a damaged layer needs to be 

present on the metal surface. 

 

Figure 54  

Surface profilometry scanning images of specimens of X65 and pure iron specimens after 

7 days exposure after corrosion product layer removed  

(Pure iron/X65 carbon steel, 30 °C, pH 5, pCO2 = 0.97 bar, pH2S = 0.04 mbar, 1 wt.% 

NaCl, 300 rpm, [O2]aq ≈ 20 ppb(w)) 

   
(a) Pure iron 

CRWL=0.72±0.01mm/y 

Pit density = 0 cm-2 

(b) X65 

CRWL=0.82±0.22mm/y 

PPR=7.3±0.10mm/y 

PR  9 

Pit density = 25.4 cm-2 
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For the pure iron case, no layer could be detected with SEM (Figure 53). 

However, a higher magnification analysis using TEM revealed the presence of a thin 

film. As shown in Figure 55, the layer found on the pure iron surface is broken and 

detached. A gap up to 1 μm can be seen between the substrate metal and the layer on 

more than 50% of the analyzed surface.  
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Figure 55  

TEM images of the corroded pure iron specimen cross section cut out by FIB  

(30 °C, Pure iron, CO2 = 0.97 bar, pH2S = 0.04 mbar, pH 5.01 ± 0.01, 1 wt.% NaCl, 300 

rpm, 7 days, [O2]aq = 20 ppb(w)) 

  
(a) Pure iron, top view, ×1500 (b) Pure iron, FIB, ×5000 

  

(c) Pure iron, TEM, ×8500 (d) Pure iron, TEM, ×17000 

 

TEM-EDS mapping results of the pure iron sample are shown in Figure 56. The 

presence of Fe, S and O could be clearly identified. However, the S element signal 

displays the same intensity on the substrate, the layer or the palladium layer. This could 
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be an indication that the S element content in the layer is extremely low. Besides that, the 

interface appears broken and many voids can be seen. These voids could have been 

created during the FIB cutting process and may not have been present during the 

experiments.  It is quite likely that the layer was intact during the test since the general 

corrosion rate for pure iron, in this case, was lower than for X65, and since no pitting was 

observed on pure iron. Anyhow, the results indicate that the breakdown of this protective 

layer is related, to some extent, to the carbon content, alloying, and the microstructure of 

the steel.  

 

Figure 56  

TEM-EDS mapping results of pure iron sample  

(30 °C, pH2S = 0.04mbar, pCO2 = 0.97 bar, pH 5, 1 wt.% NaCl, 300 rpm, 7 days, [O2]aq 

≈ 20 ppb(w)) 

    

 

Figure 57 shows the line scan result of the pure iron specimen under TEM. Sulfur 

is detected, yet the signal for oxygen is stronger. 
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Figure 57  

TEM-EDS line scan results of pure iron sample  

(30 °C, pH2S = 0.04mbar and pCO2 = 0.97 bar, pH 5, 1 wt.% NaCl, 300 rpm, 7 days, 

[O2]aq ≈ 20 ppb(w)) 

 
 

Platinum Corrosion Product Layer Base metal 

 
 

4.3.7 Effect of Time on Pitting 

A longer-term experiment (14 days long) was run at the baseline condition, in 

order to investigate if the pitting would sustain with time. The SEM images of the 

corrosion product layers are shown in Figure 58. The surface profilometry images after 

the corrosion product layer was removed by Clarke solution are shown in Figure 59. 

These images clearly indicate that pits continue to grow over time, although the pits 

would tend to become shallow. The pits seemed to be partially filled with corrosion 
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products. The corrosion product layer covered the pit at the early stage, then the layer 

would collapse and expose the pit. A single test is not enough to draw firm conclusions 

on the pitting density or pitting rate trends with time. However, the results show that the 

pitting rate after 7 and 14 days of exposure is about the same, indicating that the pitting 

corrosion was still very much active even after 14 days of exposure. 
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Figure 58  

SEM images at different exposure time  

(X65 carbon steel, 30C, pH 5.01 ± 0.01, pCO2 = 0.96 bar, pH2S = 0.04 mbar, 1 wt.% 

NaCl, 300 rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

  
(a) after 1 day (b) after 3 days 

  
(c) after 7 days (d) after 10 days 

 

 

(e) after 14 days  
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Figure 59  

Surface profilometry of steel surface after the layer was removed by Clarke solution at 

different exposure time  

(X65 carbon steel, 30C, pH 5.01 ± 0.01, pCO2 = 0.96 bar, pH2S = 0.04 mbar, 1 wt.% 

NaCl, 300 rpm, 7 days, [O2]aq ≈ 20 ppb(w)) 

   
(a) After 1 day,  

PPR = 22.6 mm/y 

Pit density = 18.6 cm-2 

(b) After 3 days,  

PPR = 7.2 mm/y 

Pit density = 2.48 cm-2 

(b) After 7 days,  

PPR = 7.3 mm/y 

Pit density = 25.4 cm-2 

  

 

(c) After 10 days,  

PPR = 9.5 mm/y 

Pit density = 8.06 cm-2 

(d) After 14 days,  

PPR = 6.6 mm/y 

Pit density = 13.0 cm-2 
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4.4 Conclusions 

The experimental results clarified the effect of particular parameters on the 

occurrence of pitting in marginally sour environments. The most severe localized 

corrosion was found at 30 °C, 0.04 mbar H2S and 0.97 bar CO2, pH 5, 1 wt.% NaCl, 300 

rpm, 7 days, [O2]aq = 20 ppb(w), which is referred to as the baseline condition hereafter. 

Pitting was observed at the following conditions:  

a) H2S partial pressures of 0.02 to 0.09 mbar (but not at 0 mbar and 0.15 mbar); 

b) CO2 partial pressure of 0.53 to 0.97 bar (but not at 0 bar i.e. in pure H2S solution); 

c) pH 4 and 5 (but not at pH6);  

d) 30C only (but not 60 or 80C); 

e) NaCl concentrations from 0 to 10%; 

f) On specimens containing a Fe3C phase (but not on pure iron). 

The partial pressure of H2S and CO2, pH, temperature, and ionic strength all can 

affect the saturation degree of the FeS in solution. Pitting only initiated when H2S was 

present in this system and propagated only when CO2 was present. These were proven by 

the fact that: 1) no pitting was found in CO2 only experiments; 2) localized corrosion 

initiated but never propagated in the H2S only experiments.  

Chloride concentration was not found to be related to pit initiation as pitting was 

found in experiments at 0 wt.% of NaCl. However, the pitting density seemed to increase 

with increase in NaCl content, inferring a process controlled at least in part by galvanic 

coupling. 
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As summarized in Table 12, FIB-TEM, SAED, and PED analysis showed that a 

very thin layer of FeS, thought to be mackinawite, formed within the porous iron carbide 

network at the steel surface to retard general corrosion of the steel surface. Damage and 

breakdown of this thin FeS layer is hypothesized to lead to pit initiation. This finding, 

together with the observation that no pitting happened without CO2, indicated that the pit 

propagated when the breakdown spots of the protective FeS layer were exposed to the H+ 

buffering effect conferred by H2CO3. Further pit propagation then followed due to 

galvanic coupling between the underlying steel and the conductive mackinawite 

corrosion product layer.  
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Table 12  

A Summary of FIB-TEM analysis of the product layer of the selected conditions related to 

the occurrence of localized corrosion. Iron oxides was found together with sulfides in the 

layer. (30 C, pH2S = 0.04 mbar, [NaCl] = 1 wt. %, 7 days) 

pH 5.0 5.0 6.0 5.0 

pCO2/bar 0.97 0 0.97 0.97 

WE material X65 (carbide) X65 (carbide) X65 (carbide) Pure Iron 

(no 

carbide) 

Uniform or 

localized 

corrosion 

Severe pitting No pit No pit No pit 

Layer thickness 100~200 nm 1 m 200-300 nm > 1 m 

Morphology: Porous layers Two-layer 

structure 

Porous layers Thick 

oxide layer 

Phase 

identification 

Amorphous 

FeS and FexOy 

Inner FexOy 

rich layer, 

500nm;  

Outer FexSy 

rich layer, 

800nm 

Inner part of the 

layer: Fe0.91S; outer 

part of the layer: 

Fe3O4 

Thick 

oxides 

layer 

 

However, despite all the above enlightening findings, there were several questions 

yet to be answered. The origin and effect of oxides or oxyhydroxides discovered by 

TEM-SAED in this system need further investigation. Answers to these unexplained 
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observations could help to reveal the detailed pit initiation mechanism in marginally sour 

environments. 
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Chapter 5: Pit Initiation Based on the Oxidation of the Chemisorbed Iron Sulfide 

Layers 

5.1 Introduction and Research Goals  

 “Marginally sour” or “slightly sour” environment [53, 93] features low 

temperature and a trace amount of H2S. It has been reported that even a trace amount of 

H2S in a CO2 dominant environment (sweet) will decrease general corrosion rate by 

forming thin iron sulfide layers, but can increase the possibility of localized attack [93, 

94]. Previous studies [93, 94, 130, 131, 153, 154] have shown occurrences of localized 

corrosion, but have not fully revealed the mechanism of this type of pitting attack. The 

ratio of H2S and CO2 partial pressures [155] has been used to define this transition 

between sweet and marginally sour environments. However, this description has its 

limitations [63] as the occurrence of localized corrosion is related to the water chemistry 

and the state of the steel surface, not just the composition of the gas phase. Alternatively, 

the surface saturation degree of FeS and FeCO3 at the steel substrate surface should be 

considered [53, 93]. 

Localized corrosion is usually thought to initiate due to a localized failure of a 

protective layer formed on the steel surface. In general, the pit initiation mechanism 

remains fairly elusive, especially as it relates to how exactly the layer breaks down to 

induce pitting. For example, in O2 containing systems, the effect of Cl− is observed as an 

important detrimental factor in the breakdown of passive layers. According to Strehblow 

[73], there are three major interpretations of passive layer breakdown, all involving the 

effect of chloride ions: the penetration mechanism (diffusion of anion and cation 
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vacancies through the passive layer), the film breaking mechanism (microcracks 

produced by potential fluctuation), and the adsorption mechanism (the passive layer was 

dissolved by the complexation effect of aggressive ions such as SO4
2- ). However, the 

characteristics of most sour corrosion product layers differ greatly compared to passive 

films and different breakdown mechanisms must be considered. 

In CO2 dominated environments, the corrosion product layer is often comprised of 

a mixture of FeCO3, Fe3C, and possibly iron oxides. FeCO3 cannot be qualified as a 

passive layer as it is typically very thick (few microns). The formation of the layers in 

CO2 corrosion could bring the open circuit potential higher (ΔE < 100 mV) [140], but not 

as high as is typically the case in truly passive behavior. In addition, it has been 

hypothesized that the decrease in corrosion, accompanied by the formation of FeCO3, is 

due mostly to the formation of a thin (few nm) iron oxide layer between the steel 

substrate and the FeCO3 crystals [140]. This so called “pseudo-passive” layer, provides 

protection on uniform corrosion. Localized corrosion may initiate if the oxide layer 

coverage is not uniform. However, the relationship between potential and occurrence of 

pitting, typical of stainless steel for example, is not observed in CO2 corrosion [140]. 

Therefore, there is no “critical potential” in CO2 localized corrosion driving the initiation 

of localized corrosion. Mechanical damage of the layer could lead to pitting and has been 

attributed to the effect of fluid flow shear stress [121, 156] and erosion [157]. However, it 

was found that except for cavitation, the shear force of the fluid flow is never high 

enough to damage an FeCO3 layer [121]. Sun attributed the observation of damage to an 

FeS layer to internal stresses and the initiation to the microcracks within the corrosion 
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product layer [4]. However, the reported case cannot be applied in a wider scope because 

microcracks and defects are common in these precipitated layers, but pitting is not always 

there. An incompletely generated layer, a partially dissolved layer, or a broken layer (by 

intrinsic stress or external mechanical forces) could be explanations for pit initiation. The 

characteristics of an incompletely generated layer or a partially dissolved layer is 

governed by local water chemistry. In CO2 environments, the “grey zone” theory 

describes how such damages in the layer can develop and how localized corrosion can be 

initiated [6, 49]. The factors that can lead to localized corrosion of mild steel in H2S/CO2 

environments are summarized in Figure 60. 

 

Figure 60 

Factors that can lead to localized corrosion of mild steel in H2S/CO2 environments 
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Chapter 4 described the parametric study performed to identify the key 

parameters controlling the occurrence of pitting in marginally sour environments [53]. 

The baseline condition, for which severe pitting occurred, was selected at 30C, pH 6.00 

 0.01, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir bar, O2(aq) ≈ 20 ppb(w), 7 days. A very 

thin layer of FeS thought to be mackinawite, formed within the porous iron carbide 

network of mild steel to retard general corrosion. Although the bulk aqueous environment 

was not saturated with respect to FeS, it was postulated that this layer formed by 

precipitation that occurred because of a higher saturation of iron sulfide within the porous 

iron carbide structure. This was due to water chemistry being inherently different close to 

an actively corroding surface. The surface characterization of the specimen surface after 

the experiment revealed that the corrosion product layer was a porous 100~300 nm layer 

of iron sulfides and iron oxides (FIB-TEM, Figure 35). SAED showed the phases in 

question to be mackinawite (FeS) and magnetite (Fe3O4). However, the existence of the 

oxide was not expected since O2 content was thought to be very low (O2(aq)≈ 20 ppb(w)). 

Limited research has been reported on the effect of oxygen on CO2 corrosion 

[158, 159]. In the presence of CO2 (pCO2 > 0.5 bar) but without H2S, ingress of oxygen 

below 100 ppb(w) in the aqueous phase is commonly reported to have a negligible effect 

on general or localized corrosion. Noticeable effects are only observed with a dissolved 

O2 content above 1 ppm(w) [158, 159]. More broadly, the formation of oxides in the 

absence of O2 (or with only traces of O2 present) has been observed by FIB-TEM 

underneath a FeCO3 layer in a CO2 environment. The formation of this oxide layer was 

accompanied by an increase in potential [140] and very high surface pH (pH 8) [48]. The 
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pH near the steel surface was much higher than that in the bulk solution because the 

FeCO3 corrosion product layers served as the mass transfer barrier. This oxide was 

proposed to be formed due to high pH value near the steel surface, not due to the 

dissolved O2. This discontinuous character of the iron oxide layer was related to the 

initiation of localized corrosion in CO2 environments. 

In high-temperature H2S environments, magnetite has been reported to be always 

found underneath iron sulfide [60]. It was proposed that this magnetite was formed by a 

precipitation reaction between water and steel at high temperature (20), because the 

saturation degree of the Fe3O4 was much higher than for mackinawite at high temperature 

(~120 ºC). The outer side of the Fe3O4 layer was also reported to be converted partially 

into iron sulfide [109]. As partial pressure of H2S increased, the outer layer was 

characterized as mackinawite, troilite, pyrrhotite, and pyrite [60]. The authors found that, 

at 25 ºC, no magnetite was detected and mackinawite was the only product of corrosion 

[60]. However, there was one piece of information missing: the oxygen ingress content 

was not monitored during the experiments. This said, the experiments were performed in 

a closed autoclave, so O2 ingress could be expected to be minimal [60].  

In the simultaneous presence of O2 (ppm level) and H2S, several oxidized sulfur-

containing compounds can form [30, 31] that strongly influence uniform and localized 

corrosion. A number of research works deliberately blending a relatively large amount of 

oxygen (more than 500 ppm) into H2S environments were performed to study the effect 

of oxygen on corrosion [30] and stress cracking [31]. Oxygen has been linked to the 

occurrence of localized corrosion and pH decreases in the aqueous solution in the high 
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H2S pressure environments [30]. In relation to the oil and gas production industry, Crolet 

[29] warned that oxygen is detrimental in sour corrosion environments because of 

acidification effects. 

For low temperature low H2S concentration experiments, if any oxide was found 

together with sulfide, usually it was considered as an aftereffect from specimen handling 

and analysis. Since CO2 and H2S gases continuously flow into the test cell, the 

concentration of dissolved oxygen in the aqueous solution is thought to be kept at a 

minimum. Mackinawite was found to be vulnerable to oxidation in the air, especially in 

the presence of water [19], heat [74], and light [160]. Therefore, the oxides found are 

often considered as the product of mackinawite oxidation during material analysis. In the 

glass cell experimental setup, the O2 concentration in the liquid phase was measured at a 

level between 20 to 40 ppb(w). The presence of low levels of oxygen in the system was 

mainly due to the test apparatus (small leakage around o-rings) and procedure (specimen 

insertion and retrieval), which led to limited ingress of air. As mentioned above, in the 

presence of CO2 (pCO2 > 0.5 bar) but without H2S, noticeable effects of O2 

contamination are only visible with dissolved O2 content above 1 ppm(w)  [158, 159].  

However, considering the high reactivity between H2S and O2, the presence of 20 

to 40 ppb(w) of O2 in the aqueous phase may have a non - negligible effect, especially in 

marginally sour environments. In this section, a series of experiments was designed to 

investigate how O2 content (≤ 40 ppb(w)) can affect the corrosion process, how oxides can 

form on the steel surface, and what roles these oxides may play in localized corrosion 

initiation. 
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5.2 Experimental Procedure 

Two kinds of testing apparatuses were used in this study – they are shown in 

Figure 61. Figure 61(a) shows the original reactor “type (a)” with rubber stoppers in the 

lid for hanging steel specimens using nylon line; this setup exhibited poor oxygen ingress 

control, with aqueous oxygen concentrations of around 20 ppb(w). Figure 61(b) presents 

the updated reactor “type (b)” featuring ports on the lid, which enabled insertion and 

retrieval of specimens without risking O2 contamination. This new design ensured that 

the concentration of O2 in the aqueous phase could be maintained below 3 ppb(w). Two 

different mixing elements were used: hanging specimens with stir bar agitated solution 

for the original reactor (type a), and fixed specimen holders with central rotating impeller 

for the updated glass cell setup (type b). While the impeller glass cell system provided 

better control over the chemistry and mass transfer characteristics, the two experimental 

setups yielded comparable results in term of corrosion. Both types of the cells were 

connected to a H-type ion exchange column to bring down the pH value in the solution to 

the set value during the experiments [144]. However, this system was only capable of 

correcting increases in pH (not decreases). The (a) type cell was used in the experiments 

with [O2](aq) ≈ 20 ppb(w) or above, type (b) cell was used in the experiments with [O2](aq) 

< 3 ppb(w). Half square inch specimens made of API 5L X65 mild steel were used for 

corrosion testing in all the experiments. The chemical composition of the API 5L X65 

steel is listed in Table 9. 
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Figure 61  

Stable solution chemistry system for small scale lab test: (a) with hanging specimens and 

stir bar in a glass cell; (b) with fixed specimen holders and rotating impeller in a glass 

cell  

(Images courtesy of Cody Shafer, ICMT) 

 

  

(a) (b) 

 
 

The experimental methodology is shown in Figure 62. The procedure for both 

types of reactors is similar. First, the 1wt.% NaCl electrolyte (pH was set to 5.01 ± 0.01) 

was sparged with CO2 for over two hours, then with a mixture of H2S and CO2 for 30 

minutes. This brought down the dissolved O2 concentration in the system to the desired 

value. Four steel specimens were loaded to begin the corrosion experiment. Single 

specimens were retrieved after one day, three days and seven days of exposure for 

surface analysis by, on a select basis, scanning electron microscopy (SEM), energy 
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dispersive X-ray spectroscopy (EDS), surface profilometry (for pitting measurement), 

Raman microscopy, and focused ion beam-transmission electron microscopy (FIB-TEM). 

  

Figure 62  

Flow chart of experimental procedure 

 

 

In order to investigate whether a trace amount of oxygen ingress would play a role 

in pitting in marginally sour environments, three experiments were conducted with 

dissolved oxygen concentration below 3 ppb(w), at 20 ppb(w), and above 20 ppb(w). As 

listed in Table 13, the other environmental conditions were identical: 30C, pH 5.01 ± 

0.01, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir bar, 7 days. The other conditions were 

chosen based on the previous parametric study [53] where the most severe pitting 

happened. 
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Table 13  

Test matrix of the effect of various oxygen ingress concentrations 

Temperature 30C 

pH 5.0 

Material API 5L X65 

Ptotal 1 bar 

PCO2 0.96 bar 

PH2S 0.04 mbar 

[O2](aq) 
Between 40 

and 20 ppb(w) 
≈ 20 ppb(w) < 3 ppb(w) 

Glass Cell Setup 
Stir bar 

Type (a) 

Impeller 

Type (b) 

Impeller 

Type (b) 

 

5.3 Investigation of the Origin of O2 Ingress and the Formation of Oxides 

In order for any iron oxides to form in the sour corrosion test, three scenarios 

were hypothesized:  

1)   The freshly polished steel surface could have been oxidized at the pre-processing 

stage, after the isopropanol and deionized water rinse but before loading into the 

glass cell. 

2)   The corrosion product layer, which formed during the experiment on the steel 

specimen, could have been oxidized after it was retrieved from the electrolyte and 

dried in the air before analysis.  

3)   Iron oxide could have formed in the liquid phase during the corrosion 

experiments.  
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A series of short experiments were designed to test each hypothesis. The 

corresponding method and results are listed together, considering each hypothesis, in 

Table 14. 

 

Table 14  

Possible explanations for the presence of oxides 

Hypothesis Testing Methodology Observation/Comments 

#1. The specimen was 

oxidized before loading 

in the glass cell. 

Collect Raman spectra 

of the freshly polished 

and rinsed specimens. 

No peaks observed, implying no 

attachment of any oxides to the 

steel surface. This hypothesis 

was refuted. 

#2. The corrosion 

product layer was 

oxidized after specimen 

retrieval from the glass 

cell and drying. 

XRD, XPS, FIB-TEM 

and Raman to analyze 

the possible oxidation 

of the layer. 

Mackinawite is oxidized easily 

in the air. The oxidizing speed 

depends on the thickness of the 

layer. Specimen preservation is 

needed in material analysis. 

#3. Iron oxides form 

during the corrosion 

experiments due to 

oxygen ingress into the 

system. 

Oxygen level 

monitored at the outlet 

scrubber of the system; 

Use of in situ Raman 

flow cell and flow loop. 

Mackinawite corrosion product 

layer can be oxidized by [O2]aq 

during the corrosion 

experiment.  

 

It must be noted that iron oxidized could also be generated without the presence 

of oxygen; rather, it is a redirect reaction between iron and water. Based on the 

thermodynamics, iron could react with water directly at high temperatures or high pH 
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[161]. As discussed in the introduction part, magnetite was found in high temperature and 

H2S concentration environments, due to the higher saturation degree of Fe3O4 than any 

iron sulfides, as proposed by Gao et al [60]. However, when it comes to the baseline 

condition at 30 °C and pH 5 in this work, this possibility of direct reaction is small. That 

is why this possibility was not proposed in Table 14. 

To challenge the first hypothesis in Table 14, a Raman spectrum was collected 

from the freshly polished and isopropanol / deionized water rinsed X65 steel specimen 

(Figure 63). The spectrum shows no oxides were present on the steel surface. This meant 

that no significant oxidation occurred before the steel specimen was loaded into the glass 

cell. Therefore, the first hypothesis was refuted. 

 

Figure 63  

No oxidation observed on freshly polished X65 specimen 
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To test the second hypothesis as shown in Table 14, a X65 specimen was 

immersed in a 1 wt.% NaCl electrolyte saturated with a gas phase of 0.97 bar CO2 and 

0.04 mbar H2S at 30C, pH 5, and agitated with a 300 rpm stir bar for 7 days. After the 

experiment, the specimen was retrieved from the glass cell, rinsed with deoxygenated 

deionized water, dried with a cold air blower, placed in a vacuum desiccator for about 5 

minutes, and sealed in a nitrogen purged, gas-filled, and sealed plastic bag. The bag was 

not opened until it was ready for analysis on the Raman microscope platform. The first 

scan result is line (a) in Figure 64. Only two characteristic peaks for mackinawite [162] 

were detected, and the spectrum indicated no prominent sign of oxidation. After the first 

scan, another focus spot was selected, the second scan result after approximately 20 

minutes exposure to air is line (b) in Figure 64. Besides mackinawite, characteristic peaks 

for magnetite were also detected. The only explanation for this change is that 

mackinawite was oxidized in the air [74]. Then, a different spot was selected and a third 

Raman scan was conducted after approximately 60 minutes exposure to air, which is 

shown by line (c) in Figure 64. Apart from mackinawite and magnetite, the third scan 

also picked up hematite, which is a further oxidation product of mackinawite. This 

analysis shows that mackinawite is very sensitive to oxidation in air in plain daylight 

[160] and especially under the high intensity laser of a Raman microscope. 

The extent of oxidation depended on the initial thickness of the FeS layer. In 

similar experiments, it has been noted that when the analyzed mackinawite layer was 

thinner than 100 nm, it had entirely turned yellow in color immediately after being 

retrieved from the glass cell. In the present case, the layer was thicker than 300 nm, so it 
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is suspected that not all the layer was yet oxidized, as shown in the Raman spectrum 

collected as line (a) in Figure 64. This observation confirmed that the second hypothesis 

in Table 14 is plausible: the magnetite identified by SAED with FIB-TEM in Figure 21 

(d) and Figure 35 (d) could be an oxidation product of mackinawite after exposure to air, 

in post-processing analysis.  

 

Figure 64  

Oxidation of mackinawite with time measured with a Raman microscope (laser excitation 

line 532 nm, power 25W  

The specimens were corroded at 30C, pH 5.01 ± 0.01, 0.97 bar CO2, 0.04 mbar H2S, 

300 rpm stir bar, 7 days, [O2](aq) ≈ 20 ~ 40 ppb(w)). 
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In order to address the third hypothesis listed in Table 14, O2 content in the 

aqueous phase was monitored continuously with an oxygen meter for the entire duration 

of the test (as opposed to the beginning and end of the test only, as is commonly done), as 

shown in Figure 65. The minimum O2 content obtained for the best sealing case is listed 

in Figure 66. It was achieved using the updated type b 2-liter glass cell with the sampling 

ports as shown in Figure 61(b). The following observations could be made: (1) The initial 

two hours sparging with CO2 or N2, before injection of H2S, decreased the dissolved O2 

content from 8 ppm(w) to 3 ppb(w); (2) during the seven days of testing, dissolved O2 

content could reach as low as 3 ppb(w) even though CO2/H2S sparging was maintained; 

(3) loading/removing specimens (day 1, 3 and 7) through pulling specimens out from the 

sampling ports on the glass cell lid would lead to a temporary spike in dissolved O2 up to 

1 ppm(w), slowly decreasing back to less than 3 ppb(w) over a period of 20 minutes.  
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Figure 65 

Measuring dissolved oxygen concentration by placing oxygen meter at the end of the gas 

outlet of the experimental setup  

 
 

Figure 66  

Typical oxygen monitor results of a 7-day experiment in the type b setup as shown in 

Figure 61 (b) 
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Table 15 shows some of the typical oxygen concentration in a glass cell reactor 

when a continuous gas flow of CO2/N2 with H2S is sparged at ambient pressure at 30 ºC. 

As shown in Figure 66, the minimum oxygen content achievable in the type b glass cell 

setup was [O2]aq = 3 ppb(w). Using the type (a) glass cell setup, the minimum level was 

[O2]aq = 20 ppb(w) of dissolved oxygen, especially in long term experiments (e.g., 7 days). 

[O2]aq = 8000 ppb(w) is the dissolved oxygen level in the atmosphere with 20% of O2 in 

the air. Considering the baseline conditions, the corresponding partial pressure of O2 and 

H2S are as follows: pO2 = 7.92×10-5 bar (by oxygen meter) and pH2S = 4×10-5 bar (by gas 

detector tube). Although the dissolved H2S concentration is 3.75×10-6 mol/L, which is 

100 times more than the dissolved oxygen (9.38×10-8 mol/L), oxygen was continuously 

replenished in the cell due to leakage. 

 

Table 15  

Oxygen concentration in the experimental setup 

[O2]aq/ppbw* [O2]aq/(mol/L) pO2/bar O2 gas content in the gas phase (ppmv) 

3 9.38×10-8 7.92×10-5 78 

20 6.25×10-7 5.28×10-4 521 

40 1.25×10-6 1.06×10-3 1042 

8000 2.50×10-4 2.11×10-1 208508  

* 1 ppbw = 1 ng/g 
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Only in situ observation of the oxidation of the FeS layer could prove that the 

presence of about 20 ~ 40 ppm(w) of dissolved oxygen in solution was enough to alter the 

corrosion product layer during an experiment. For that purpose, a specially designed cell 

was developed for in situ Raman spectroscopy analysis. Details of the in situ Raman cell 

design are shown in chapter 7 and only the results are discussed here. Figure 67 shows 

the experimentally acquired Raman spectrum of the corrosion product obtained in situ 

[spectrum (a)], the standard curve of oxidized mackinawite (FeS) [spectrum (b)], and the 

standard curve of magnetite (Fe3O4) [spectrum (c)]. The results confirmed that, under 

baseline condition with 20 ~ 40 ppb(w) of dissolved oxygen, the corrosion product layer 

was made of mackinawite that was partially oxidized into magnetite. A peak 

corresponding to the carbonate group was also identified and likely corresponds to the 

presence of siderite (FeCO3). This finding confirmed that the oxidation of mackinawite 

product layer into iron oxide, due to the presence of 20 ~ 40 ppb(w) of dissolved oxygen, 

can occur in sour corrosion experiments.  

Consequently, the presence of oxides in the corrosion product layer composition 

can be explain by in situ as well as ex situ (post processing) oxidation of mackinawite 

corrosion product layer. 
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Figure 67  

In situ Raman spectroscopy analysis: direct proof of oxidation of mackinawite into 

magnetite in the aqueous solution on a corroding surface  

(Baseline condition with [O2]aq = 3~20 ppb(w), after 4 days) 

 

 

While these preliminary results provided insight on the possible source of O2 

contamination, a more thorough and systematic study, performed in well-controlled 

environments, was warranted to differentiate the effects of trace amounts of O2 present 

during the experiments, from the inevitable exposure to air in specimens post-processing.  
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5.4 Effect of Various Oxygen Concentrations 

The preliminary results, presented above, seem to indicate that even traces of O2 

present during a test can influence both general and localized corrosion in marginally 

sour environments. To clarify this scenario, a series of experiments (Table 13) were 

designed and conducted in the improved setup (Figure 61b), enabling better control of O2 

concentration in the aqueous phase. The results present the core of the discussion about 

this work. 

Linear polarization resistant (LPR) and weight loss corrosion rates obtained from 

these three experiments are compared in Figure 68. The general corrosion rate decreased 

as the oxygen concentration decreased. The basic mechanism of H2S corrosion, without 

oxygen, dictates that H2S should adsorb on the steel surface to form a chemisorbed FeS 

layer – Sads(Fe) [24]. More mackinawite could precipitate but only if the surface 

saturation value, S(FeS), exceeds unity [5]. In the presence of less than 3 ppb(w) dissolved 

O2, it is thought that the low corrosion rate (0.1 mm/y) was due to the protectiveness of 

the FeS chemisorbed layer since the FeS surface saturation never exceeded unity. 

However, for the experiment where around ca. 20 ppb(w) of oxygen was maintained, the 

general corrosion rate was higher than the <3 ppbw case (0.3 mm/y). The corrosion rate 

reached 0.9 mm/y when the oxygen ingress level is 20~40 ppbw. This experimental 

observation suggested that the chemisorbed FeS layer, assuming it is unaffected by the 

presence of dissolved oxygen, provides most of the protection against corrosion. For 

comparison, similar conditions but without H2S would yield a corrosion rate of 2~3 

mm/y. 
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Figure 68  

Linear polarization resistance (a) and weight loss (b) corrosion rate  

(The specimens were corroded at 30C, pH = 5.01 ± 0.01, pCO2 = 0.97 bar, pH2S = 0.04 

mbar, 300 rpm stir bar, 7 days.) 

  

(a) (b) 

 

With less than 3 ppb(w) of dissolved O2, TEM analysis in Figure 69 and Figure 70 

shows that there was no visible layer at the surface after the 7 day corrosion test. Figure 

70 shows the Pt (orange) and Pd (green) plated layers on top of the steel surface (red). 

Figure 70 also shows that there was no oxygen (blue) or sulfur (purple) near the surface. 

The presence of sulfur was detected but at the wrong location – above the Pd plated layer, 

which is obviously a mischaracterization and should be disregarded. The most plausible 

explanation for the low corrosion rate obtained in O2 < 3 ppb(w) condition is the presence 

of an extremely thin chemisorbed FeS layer protecting the surface.  

In the presence of dissolved O2 from 20 ppb(w) to 40 ppb(w), this chemisorbed 

layer could have been damaged, leading to higher corrosion rates. In turn, the release of 
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Fe2+ increased the FeS surface saturation leading to the precipitation of a much thicker 

(100~300 nm) layer of FeS that could then be partially oxidized, as shown in Figure 21 

(d). The corrosion mechanism and layer formation process in the presence of oxygen 

seem significantly more complex. The initial chemisorbed FeS layer may have been 

damaged by reaction with O2, leading to exposure of the underlying metal and severe 

pitting corrosion. Once the chemisorbed FeS layer was damaged, the rate of metal loss 

was driven by the presence of corrosive CO2. As a consequence, the increased corrosion 

rate led to an increase in pH and in FeS saturation level, then eventually to further 

precipitation of mackinawite that was unprotective.  
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Figure 69  

FIB-TEM analysis of the corroded specimen with dissolved oxygen concentration less 

than 3 ppb(w)  

(The specimens were corroded at 30C, pH5, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir 

bar, 7 days, [O2](aq) < 3 ppb(w).) 

  
(a) Surface morphology of the corroded 

specimen (b) FIB cutting 

  
(c) TEM cross section image (d) TEM image with high magnification 
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Figure 70  

TEM-EDS analysis of the corroded specimen with dissolved oxygen concentration less 

than 3 ppb(w)  

(The specimens were corroded at 30C, pH5, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir 

bar, 7 days, [O2](aq) < 3 ppb(w).) 

  

  

  

  
 

In the conditions where [O2]aq < 3 ppb(w), it is important to mention that no visible 

corrosion layer could be detected (Figure 69). Efforts were made to confirm that a thin 

chemisorbed FeS layer could form on the steel surface. These efforts centered around the 

use of Pourbaix diagrams since experimental detection of chemisorbed layer using 

standard microscopy tools is difficult even with highly specialized equipment. The 

Pourbaix diagram (E-pH), shown in Figure 71, was drawn considering both 
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chemisorption and precipitation reactions based on literature data [24]. The large light 

blue area represents the domain of stability of chemisorbed Sads(Fe).  The small rectangle 

overlain on the diagram represents the actual experimental conditions of the baseline test 

(steel specimen OCP of 400~440 mV vs. SHE and pH = 5.00~5.10). The location of this 

baseline condition is outside the stability domain of mackinawite (grey-colored zone in 

the diagram).  However, the baseline conditions do fall within the domain of stability of 

chemisorbed Sads(Fe).  It is hypothesized that the presence of this chemisorbed Sads(Fe) 

film is enough to decrease the corrosion rate to 0.1 mm/y with 0.00004 bar H2S in 1 bar 

CO2. The thermodynamic calculation results seem to agree with the experimental 

observations. The main reactions applicable to the system are displayed below [24]: 

𝐹𝑒(𝑎𝑞)
2+ + 𝐻2𝑆(𝑎𝑞)↔𝐹𝑒𝑆𝑚(𝑠) ↓ +2𝐻(𝑎𝑞)

+  (19) 

𝐻2𝑆(𝑎𝑞) + 𝐻2𝑂𝑎𝑑𝑠(𝐹𝑒) ↔ 𝑆𝑎𝑑𝑠(𝐹𝑒) + 𝐻2𝑂(𝑙) + 2𝐻(𝑎𝑞)
+ + 2𝑒− (27) 
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Figure 71  

Fe-S-H2O Pourbaix diagram at 298.15 K considering chemisorbed layers, excluding the 

pyrite phase 

 
 

Figure 72 shows the surface profilometry of the corroded specimens after the 

corrosion product layers were removed by Clarke solution [163]. Figure 72 (a) shows 

high pitting density and high pit penetration rates with [O2](aq) > 20ppb(w). Figure 72 (b) 

([O2](aq) ≈ 20 ppb(w)) shows lower pitting density (although the absolute density value is 

still high considering that the total area is as small as 1.6 cm2) and similar pit penetration 

rate compared with Figure 72 (a) ([O2](aq) > 20 ppb(w)).  Figure 72 (c) ([O2](aq) < 3 ppb(w)) 

shows no pitting at all.  



182 
 

In summary, localized corrosion became a severe risk when oxygen concentration 

was higher than or equal to 20 ppb(w) [O2](aq) in marginally sour environments. In other 

words, only the “oxygen - free” ([O2](aq) < 3 ppb(w)) condition was able to eliminate the 

risk of pitting in marginally sour environments. It should be noted that the corrosion 

product layer became thinner as the oxygen concentration decreased. In the oxygen-free 

condition ([O2](aq) < 3 ppb(w)), it seems that there was no corrosion product layer formed 

at all. However, it has been documented that H2S, unlike H2CO3, can be chemisorbed 

very easily onto the steel surface in aqueous solution [24]. The presence of this 

nanometer thick chemisorbed layer explains why the general corrosion rate was low, 

even if no layer could be visually detected on the steel surface (Figure 69 and Figure 70) 

when the oxygen content was less than 3 ppb(w). It is somewhat counterintuitive, albeit 

well documented, that such a thin mackinawite layer (much less than 100 nm or only 

several layers of molecules) could decrease the general corrosion rate from 2 ~ 3 mm/y 

(in H2S free environment) to about 0.1 mm/y. In addition, this layer seems to be very 

sensitive to even a trace amount of oxygen (more than 3 ppb(w)). It can thereby be 

postulated that oxygen partially oxidized the metastable Sads(Fe) layer, leading to 

inhomogeneities in the layer, and ultimately causing the occurrence of pitting. The 

exposed bare steel locations were then exposed to the corrosive aqueous CO2 

environment at pH 5. A typical corrosion rate in this condition but without H2S should be 

2 ~ 3 mm/y, which is similar to the pitting corrosion measured on the steel specimens.  
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Figure 72  

Surface profilometry image after layer removal. (the specimens were corroded at 30C, 

pH 5.01 ± 0.01, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir bar, 7 days) 

   
With corrosion product 
layer  

Corrosion product layer 
removed 

 (a) Stir bar cell, O2 > 20 ppb  

   
With corrosion product 
layer  

Corrosion product layer 
removed 

 (b) Impeller cell, O2 ≈ 20 ppb  

   
With corrosion product 
layer (c) Impeller cell, O2 < 3 ppb 

Corrosion product layer 
removed 
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Figure 73 shows the ferrous ion concentration measurements at different oxygen 

concentrations. The general trend is that the dissolved iron concentration increased with 

the increased general corrosion rate, which was caused by the increase of oxygen 

concentration. It is important to mention that the spectrophotometry technique used to 

measure the iron ion concentration cannot discriminate between Fe2+ and Fe3+ and that 

the measurement result should be interpreted as the total dissolved iron ([Fe3+] + [Fe2+]) 

in the solution. 

 

Figure 73  

The change of total amount of [Fe2+]/[Fe3+] with time  

(The specimens were corroded at 30 C, pH = 5.01 ± 0.01, pCO2 = 0.97 bar, pH2S = 

0.04 mbar, 300 rpm stir bar, 7 days.) 

 
 

Increases or decreases in pH are expected in corrosion experiments due to the 

release of Fe2+ or the precipitation of metal carbonates or sulfides. As mentioned earlier, 
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any change in pH was adjusted using the H-type exchange resin and this section discusses 

the tendency of the system to either increase or decrease the pH.  Figure 74 shows that 

pH had a tendency to decrease with time when [O2](aq) < 3 ppb(w), although this tendency 

is reversed when [O2](aq) ≈ 20 ppb(w). As mentioned previously in the experimental setup 

section, the H-type ion exchange resin column could only decrease (not increase) the pH 

of the solution. Therefore, deoxygenated Na2CO3 solution was injected into the system 

through a syringe to bring the pH back to near 5.0 when necessary, so that corrosion rates 

at different O2 concentration but the same other experimental conditions remained 

comparable.  

Multiple reactions govern the pH in this system: 1) electrochemical reaction 

involving Fe and H2S to produce Fe2+ and HS- which tend to increase pH; 2) precipitation 

of FeS releases H+; 3) direct reduction of O2 at the cathode consumes H+; 4) oxidation of 

H2S by O2 into sulfite [31], thiosulfate [29], or even sulfate [31] producing H+ ions in this 

process (through a process that might involve metal cations as a catalyst [27, 28]). 

Apparently, there is no simple linear relation between pH and O2 content. It is important 

to mention that the extent of H2S oxidation occurring in these sets of experiments is still a 

speculation at this stage. It is the subject of investigation presented in Chapter 6. 
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Figure 74  

pH changes with time  

(The specimens were corroded at 30C, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir bar, 

7 days.) 

 
 

5.5 Proposed Mechanism of Pit Initiation in Marginally Sour Environments 

According to thermodynamic calculations in the Fe-S-H2O system (see Figure 71 

[24]), a chemisorbed Sads(Fe) film is very stable over a large area on the Pourbaix 

diagram, particularly in low pH conditions where precipitated iron sulfides are usually 

unstable. This Sads(Fe) chemisorption film protects the steel surface from corrosive 

species such as H2CO3 or H+. However, this layer seems to be vulnerable to O2 ingress 

and can be partially oxidized into iron oxides if enough dissolved O2 is present, as shown 

by the in situ Raman spectrum in Figure 67. Experimental observations showed that pit 

initiation occurred due to the presence of oxygen, which means that the phase change 

from iron sulfide to iron oxide is related to pit initiation. However, this does not 
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automatically translate into part of steel surface being directly exposed to the corrosive 

environment. Afterall, Fe3O4 and Fe2O3 are very difficult to be dissolved in aqueous 

solution [164], just as FeS and NiS. This said, based on the fact that the single crystal 

volume of mackinawite, greigite, and magnetite are different, the total volume changes 

induced by the phase change from mackinawite to magnetite could be sufficient to 

expose part of the steel surface, leaving behind localized spots free of the protective layer 

that can then actively corrode. This pit initiation mechanism is schematically represented 

in Figure 75. 

 

Figure 75  

Proposed mechanism of pit initiation in marginally sour environments  

  
(a) Fully protective Sads(Fe) layer (b) Steel surface exposed by volume 

change caused by partially oxidation of 

Sads(Fe) layer 

 

5.6 Summary 

Trace amount of oxygen can cause pitting of mild steel in a marginally sour 

environment. This was verified by experiments at different oxygen concentrations (< 3 

ppb(w), 3 ~ 20 ppb(w), 20 ~ 40 ppb(w)) at baseline conditions of 30 °C, pH = 5.00 ± 0.01, 

pCO2 = 0.97 bar, pH2S = 0.04 mbar, 300 rpm stir bar, 7 days.   
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Specifically, for each experimental condition, the following observations can be 

made: 

• No pitting occurred when the dissolved O2 concentration was kept below 3 

ppb(w) during the entire duration of the test and no corrosion product could be 

identified with TEM. The general corrosion rate remained as low as 0.1 mm/y. 

• Pitting was found when the dissolved O2 concentration was greater than or equal 

to 20 ppb(w). A 200 nm thick corrosion product layer (mixture of iron sulfide and 

iron oxide) was identified with TEM. The general corrosion rate was about 0.8 

mm/y. 

• It is hypothesized that the dissolved O2 partially oxidized the protective 

chemisorbed FeS layer, leaving small unprotected areas exposed to corrosive 

solution. This scenario can explain the initiation of localized corrosion.  

This conclusion only applies to specific conditions in marginally sour 

environments (i.e., low pH2S and low pH). Previous research results [53] show that when 

the H2S partial pressure was higher than 0.15 mbar or when the pH was higher than 6.00 

± 0.01, no pitting occurred. This mode of localized corrosion could be mitigated either by 

eliminating dissolved oxygen or by increasing the pH of the aqueous environment. 
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Chapter 6: Pit Propagation Based on Acidification by Catalytic Oxidation of 

Dissolved Hydrogen Sulfide 

6.1 Introduction 

A common characteristic of marginally sour environments is that they feature low 

partial pressure H2S that often translates into a saturation degree of FeS lower than unity. 

In other words, unless the surface pH and/or Fe2+ concentration are high, no corrosion 

product is expected to precipitate in these conditions according to thermodynamic 

calculations. However, pitting was found in marginally sour environments repeatedly [53, 

93, 94, 95], which should imply the presence of a partially protective layer or film on the 

substrate surface. A systematic parametric study indeed found that the occurrence of this 

type of pitting failure was related to the lack of protectiveness of a mackinawite corrosion 

product layer, which could have formed through a chemisorption process (in chapter 4) 

[165]. It also found that the pH of the aqueous solution played a key role (in chapter 4 

and chapter 5) [165, 166]. Analysis of the main constituents of the corrosion product 

layer identified the presence of sulfides but also of oxides, which was rather unexpected. 

Additional experiments were designed to trace the origin of these oxides and revealed 

that a minuscule degree of oxygen ingress during the completion of the tests was the 

reason why pitting occurred in marginally sour environments (in chapter 5) [166]. When 

the O2(aq) concentration was kept below 3 ppb(w), the chemisorbed FeS layer [Sads(Fe)] 

was able to protect the steel surface from acidic corrosion caused by the presence of H+ 

and H2CO3(aq). However, this chemisorbed FeS layer could be oxidized by trace amounts 

of dissolved oxygen (> 3 ppb(w)). Therefore, this partially oxidized layer was 
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heterogenous in terms of protectiveness. It was hypothesized that the volume change 

caused by phase change led to exposure of the unprotected steel surface to the corrosive 

aqueous environment (H+ and H2CO3(aq)). This mechanism was proposed for explaining 

pit initiation in marginally sour environments. 

However, two additional questions remained unanswered:  

1) How do pits propagate in marginally sour environments?  

2) Why does the pH decrease during the corrosion process when [O2]aq < 3 

ppb(w)? 

Both thermodynamic calculations and experimental verifications are described in the 

section below in order to address these two problems, which seem inevitably linked. 

Traditional models of pit propagation often feature “a cathode of large area and an 

anode of small area”. This means that while most of the area of the steel surface is 

protected, and acts as a cathode, small localized areas of the steel surface act anodically 

and experience environments conducive to sustained high corrosion rates. More 

specifically, in order to maintain a high corrosion rate inside the pit, the potential at the 

bottom of the pit must be lower than the surrounding area, or/and the water chemistry 

inside the pit must prevent the formation of a corrosion product layer. Usually, the latter 

scenario can be narrowed down to situations where the pH inside the pit is lower than in 

the bulk solution, or where some other aggressive ions (Cl- in the case of stainless steel, 

for example) are present. Another factor to consider in localized corrosion is the 

conductivity of the corrosion product layer. If the layer has a larger electrical 

conductivity, the galvanic coupling effect between the actively corroding small area and 
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the large protected area can be enhanced. Therefore, most of the pit propagation models 

couple mass transfer, electrochemical reactions, chemical reactions, potential and current 

density distributions inside of the pit, seeking de-passivation, pit acidification, and 

galvanic coupling to support a higher corrosion rate in the pit.  

In aerated environments, hydrolysis of Fe3+ could produce H+ and thereby leads to 

pit acidification [133]. This lower pH would make the environment inside the pit more 

corrosive. The presence of “aggressive ions” such as Cl− or SO4
2− could also prevent re-

passivation [73].  

In CO2 corrosion environments, the “grey zone” theory has been used to explain 

both pit initiation and pit propagation [140]: When the saturation degree of FeCO3 inside 

the pit is less than unity, no FeCO3 layer can precipitate, thereby promoting pit 

propagation. Han, et al., [98] measured the galvanic coupling effect and surface pH value 

inside a pit and calculated the current density and potential distribution [115]. However, 

inside the pit, the pH naturally tends to increase due to the release of Fe2+ and 

consumption of H+, increasing the saturation degree and making the environment 

paradoxically less corrosive and favorable for corrosion product precipitation. Only 

periodic changes in the environment or specific fluid flow conditions (top-of-the-line 

corrosion (TLC) [167] or high local turbulence level) can explain how saturation degree 

could remain less than unity [115].  

In H2S/CO2 corrosion environments, the galvanic coupling effect occurring 

between the steel surface and pyrite [108] or pyrrhotite [124] were studied extensively. 

The existence of galvanic coupling in the presence of mackinawite remains to be 
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identified due to its instability. However, the facts that conductivity of mackinawite 

(metallic) is larger than pyrite (semiconducting) [168] and that the corrosion rate inside 

the pit was much higher than the mackinawite layer-free corrosion rate [53, 165] seem to 

suggest galvanic coupling does work when mackinawite is the protective layer. Analysis 

of the bulk solution chemistry related to pitting in sour environments showed H2S can be 

oxidized into elemental sulfur, SO3
2−, and SO4

2− [30], but no effort was done to generate a 

potential current distribution between the pit and the surrounding area.  

Since the occurrence of pitting in marginally sour environments can be directly 

linked to the presence of trace amounts of O2(aq), it is essential to investigate the effects of 

oxygen in detail (see chapter 5) [166]. Overall, the effect of the presence of dissolved 

oxygen on a sour corrosion system can be divided into three aspects: 1) Oxygen can be 

directly reduced on the steel surface, adding an additional cathode reaction; 2) Oxygen 

can react with H2S in the aqueous solution producing multiple possible sulfur compounds 

as possible oxidation products; 3) Oxygen can induce the transformation of the corrosion 

product layer from ferrous sulfides (mackinawite) to ferric oxides (hematite).  

The addition of the oxygen reduction reaction increases the general corrosion rate, 

but the added rate would be proportional to the dissolved O2 concentration, which is very 

small in this case, and may not be sufficient to explain the occurrence of pitting [166]. 

This will be discussed in more detail in this chapter.  

Oxidation kinetics between H2S and O2 has been studied extensively and typically 

leads to the formation of sulfite (SO3
2-), sulfate (SO4

2-), thiosulfate (S2O3
2-), polysulfides 

(Sx
2-), and elemental sulfur (S8) [30, 31, 169]. When it happens in the gas phase, most 
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often the application is in the synthesis of elemental sulfur or sulfuric acid. The most 

common industrial process for this is the well described Claus process. V2O5 was chosen 

as the catalyst in the sulfuric acid synthesis industry because it is the only transitional 

metal that can remain as an oxide rather than sulfide at very high temperature (above 

250°C). The gas phase H2S oxidation reaction is reported not to occur below 120ºC [26]. 

Oxidation of H2S has also been reported to occur in the aqueous phase at lower (near 

room) temperatures, in the presence of dissolved oxygen. Two very common industrial 

applications use this reaction: oxygen scavengers [28] or water treatment [170]. Most 

published works naturally focus on the selection of highly efficient catalysts and on 

kinetic studies. Thermodynamic aspects have not experienced the same level of research 

focus and are as of yet not fully understood. The catalytic efficiency of transition metal 

oxides other than V2O5, such as Fe, Ni, Co, and Cu containing oxides (or salts of these 

metals), have been determined at low temperature in aqueous solution [19]. However, in 

this case, the type of sulfur compounds produced depends on conditions such as 

temperature and reactant concentrations through the laws of thermodynamics and not the 

type of catalyst, which is a kinetic parameter. For instance, A. K. Dalai and coworkers 

reported that they could not experimentally identify elemental sulfur as a desired 

commercial byproduct of these oxidation reactions [170]. This is in part because there 

were no thermodynamic predictions in their research work. Therefore, thermodynamics 

of low temperature, low concentration H2S oxidation will be revisited in this chapter. 

Water sample analysis and pH monitoring performed during the corrosion experiments 

are used to experimentally verify the thermodynamic predictions in this chapter. 
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 The crystallization process of mackinawite, its transformation and oxidation are 

common topics of interest for geochemists [19]. Mackinawite can be formed 

homogeneously in freshwater environments. It can also precipitate heterogeneously, in 

the form of nanocrystals, and can easily be mistakenly reported as amorphous FeS by 

XRD [19] or electron diffraction. While the oxidation of mackinawite has been reported 

to occur in the absence of O2 above 70 ºC through direct reaction with water [19], most 

studies agree that oxygen is necessary, especially at low temperature [76]. The most 

common products of mackinawite oxidation are greigite [19] and pyrite [39]. Greigite has 

been reported to form only at low pH, the reason being that the mackinawite crystal 

structure must first partially dissolve before transforming to form the greigite lattice [19]. 

Other products of mackinawite transformation could be goethite, magnetite, and 

hematite, depending on the presence of an aqueous phase and on temperature [74]. 

Thermodynamic calculation of oxidation of mackinawite will be discussed in this work 

together with the oxidation of dissolved H2S, because both are related to the sulfur 

chemistry in sour corrosion. 

6.2 Contribution of the O2 Reduction to the Overall Cathodic Reaction 

As stated in the introduction, the most straight-forward effect brought by oxygen 

to an electrochemical system is its cathodic reduction. The presence of O2 increases the 

general corrosion rate as its reduction can be added to the total cathodic reaction. 

However, given the small amount of O2 ingress, this contribution is indeed minimal. As 

shown in Figure 76, calculated by a corrosion model, the contribution of the O2 reduction 
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reaction to the total cathodic current density is negligible, even considering 1000 ppb(w) 

of dissolved O2. 

 

Figure 76  

Evans diagram in marginally sour environment with O2  

(30C, pH5, 0.97 bar CO2, 0.04 mbar H2S, [O2](aq) = 1 ppm(w) ). Only the limiting current 

of the O2 reduction is shown here.) 

 
 

6.3 Thermodynamics of the oxidation of dissolved H2S at low temperatures 

Multiple possible oxidation products of H2S have been reported, and are listed in 

reactions (40) - (42); the calculated standard Gibbs free energies for these reactions are 

also listed. Most of the reactions release H+ as a byproduct, except for reaction (39). This 
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means that the solution will tend to acidify only if the oxidation product of H2S is not 

elemental sulfur. Pourbaix diagram and phase equilibrium diagrams are developed in 

order to determine which product is the most stable species at a given set of conditions (i. 

e., temperature, concentrations).  

S (-2/x) 𝐻𝑆(𝑎𝑞)
− + (𝑥 − 1)𝑆(𝑠)

0 → 𝑆𝑥(𝑎𝑞)
2− + 𝐻(𝑎𝑞)

+  ∆𝐺° = 53.65 𝑘𝐽/𝑚𝑜𝑙 (38) 

S (0) 2𝐻2𝑆(𝑎𝑞) + 𝑂2(𝑎𝑞) → 2𝑆(𝑠)
0 + 2𝐻2𝑂(𝑙) ∆𝐺° = − 543 𝑘𝐽/𝑚𝑜𝑙 (39) 

S (+2) 2𝐻2𝑆(𝑎𝑞) + 2𝑂2(𝑎𝑞) → 𝑆2𝑂3(𝑎𝑞)
2− + 𝐻2𝑂(𝑙) + 2𝐻(𝑎𝑞)

+  ∆𝐺° = −1086 𝑘𝐽/𝑚𝑜𝑙 (40) 

S (+4) 2𝐻2𝑆(𝑎𝑞) + 3𝑂2(𝑎𝑞) → 2𝑆𝑂3(𝑎𝑞)
2− + 4𝐻(𝑎𝑞)

+  ∆𝐺° = − 395 𝑘𝐽/𝑚𝑜𝑙 (41) 

S (+6) 𝐻2𝑆(𝑎𝑞) + 2𝑂2(𝑎𝑞) → 𝑆𝑂4(𝑎𝑞)
2− + 2𝐻(𝑎𝑞)

+  ∆𝐺° = −841 𝑘𝐽/𝑚𝑜𝑙 (42) 

Stability diagrams, such as Pourbaix diagrams, are frequently used to demonstrate 

the most stable species in an electrochemical system. Usually, the x-axis shows the most 

influential factor in water chemistry speciation – pH, while the y-axis shows the 

equilibrium potential with respect to the standard hydrogen electrode (SHE) as calculated 

by the Nernst equation. The open circuit potential (OCP) measured during the 

electrochemical experiments is the resting potential measured between working electrode 

and the environment (with respect to the reference electrode). The OCP is the potential at 

which the electrochemical system has reached a steady state, which is typically used as 

the potential of the electrochemical system in the Pourbaix diagram [171, 172]. The 

Pourbaix diagram can be used to identify zones corresponding to the most 

thermodynamically stable species under a given pH and OCP. A Pourbaix diagram can be 

drawn based on electrochemical reactions written in a generalized form as in reaction 

(43) and equation (44).  
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𝑎𝐴(𝑎𝑞) + 𝑏𝐵(𝑎𝑞) + 𝑛𝑒
− ↔ 𝑐𝐶(𝑎𝑞) + 𝑑𝐷(𝑎𝑞) +𝑚𝐻(𝑎𝑞)

+  (43) 

𝐸 = 𝐸𝑜 −
𝑅𝑇

𝑛𝐹
(𝑙𝑛

[𝐶]𝑐[𝐷]𝑑

[𝐴]𝑎[𝐵]𝑏
− 2.303𝑚𝑝𝐻) (44) 

As shown in Figure 77, a Pourbaix diagram of 0.01 bar H2S in aqueous solution at 

298.15 K was made to predict the oxidation product of H2S at the electrode surface. The 

thermodynamic data used is derived from the literature [173]. Here, the transformation 

reactions used are listed in equation (45)- (50). These reactions shown here only involve 

with the thermodynamically most stable species (e.g., only SO4
2-, no S2O3

2-). It should be 

noted that there is no oxygen in these reactions – here, the oxygen effect is reflected by 

the potential of the electrode, which is supposed to be pushed to the positive side due to 

the oxygen reduction reaction (reaction (51)). It shows that at pH 5, the steel surface must 

be polarized to above 0V vs. SHE in order for H2S to be oxidized. The measured OCP in 

the corrosion test was usually not as high as 0V vs. SHE. Assuming that the OCP can be 

used to represent the electrochemical potential of the system, the oxidation of dissolved 

H2S should not happen. However, the diagram clearly identifies conditions when 

oxidation of H2S into elemental sulfur and sulfates is thermodynamically possible.  

𝑆𝑂4(𝑎𝑞)
2− + 10𝐻(𝑎𝑞)

+ + 8𝑒− ↔ 𝐻2𝑆(𝑎𝑞) + 4𝐻2𝑂(𝑙) (45) 

𝐻𝑆𝑂4(𝑎𝑞)
− + 9𝐻(𝑎𝑞)

+ + 8𝑒− ↔ 𝐻2𝑆(𝑎𝑞) + 4𝐻2𝑂(𝑙) (46) 

𝑆𝑂4(𝑎𝑞)
2− + 9𝐻(𝑎𝑞)

+ + 8𝑒− ↔ 𝐻𝑆(𝑎𝑞)
− + 4𝐻2𝑂(𝑙) (47) 

𝑆(𝑠)
0 + 2𝐻(𝑎𝑞)

+ + 2𝑒− ↔ 𝐻2𝑆(𝑎𝑞) (48) 

𝑆𝑂4(𝑎𝑞)
2− + 8𝐻(𝑎𝑞)

+ + 6𝑒− ↔ 𝑆(𝑠)
0 + 4𝐻2𝑂(𝑙) (49) 
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𝐻𝑆𝑂4(𝑎𝑞)
2− + 7𝐻(𝑎𝑞)

+ + 6𝑒− ↔ 𝑆(𝑠)
0 + 4𝐻2𝑂(𝑙) (50) 

𝑂2(𝑎𝑞) + 4𝐻(𝑎𝑞)
+ + 4𝑒− ↔ 2𝐻2𝑂(𝑙) (51) 

 

Figure 77  

Pourbaix diagram of the H2S - H2O system [298.15K, 1 atm, pH2S = 0.01 bar (1 v.%)] 

 
 

A second Pourbaix diagram was developed considering a lower H2S content (0.04 

mbar, Figure 78) that corresponds to the baseline condition in the previous parametric 

studies (indicated with a small rectangle in the diagram). These conditions led to pitting 

corrosion. This diagram shows that the oxidation of dissolved H2S was also not 

thermodynamically favored in these conditions. In addition, elemental sulfur is not 

predicted to be stable under any conditions, as opposed to what is shown with a higher 
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H2S content (0.01 bar, Figure 77). In other words, H2S can only be oxidized into SO4
2-

directly when the H2S content is sufficiently low. Again, if the measured OCP during the 

corrosion experiments is representative of the electrochemical potential of the system, 

there should be no oxidation of dissolved H2S. However, as it will be shown later on, 

experimental observations seem to indicate otherwise, since a decrease in pH, which can 

be associated with H2S oxidation, as well as direct measurement of SO4
2- in the water 

samples, were observed during the test. 

 

Figure 78  

Pourbaix diagram of H2S -H2O system [298.15K, 1 atm, pH2S = 0.04 mbar (40 ppmv)].  

(The small rectangle (E = -440 ~ -400 mV, pH(bulk) = 5.00 ~ 5.10) in the diagram is the 

baseline condition in terms of localized corrosion in marginally sour environments.) 
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Both Figure 77 and Figure 78 show that the electrode must be polarized into a 

more positive potential to enable oxidation of dissolved H2S in anoxic environments. 

However, the presence of some O2 is not reflected in the measured electrode potential 

indicated in Fig.3 (the latter reflecting the mixed potential of the corroding Fe surface 

rather than the bulk aqueous conditions). What is more relevant here than the corroding 

surface, is how much oxygen is needed to enable the oxidation of dissolved H2S. 

Therefore, the oxidation driving force in the diagram should be changed from potential 

(concentration of electrons) to concentration of dissolved oxygen in this system. The 

phase equilibrium diagram in Figure 79 was drawn to identify the threshold of dissolved 

oxygen concentration enabling H2S oxidation. The thermodynamic data again comes 

from the literature [173]. The main idea is to correlate oxygen concentration with pH 

based on the Gibbs free energy. Therefore, this phase equilibrium diagram is a prediction 

tool similar to the Pourbaix diagram but now reflecting aqueous solution conditions. 

Several of the redox reactions considered are listed in reactions (38) - (42); the rest are 

similar oxidation reactions with HS- and S2- rather than H2S(aq). The equilibrium constants 

associated with these reactions are calculated according to their associated standard 

Gibbs free energies. The reaction quotient can be written as shown in equation (53), 

considering a generalized form of the redox reaction, shown in reaction (52) . Therefore, 

the equilibrium concentration of one reactant or product can be calculated from the 

equilibrium constant and concentrations of the remaining reactants and products 

(equation (54)). Reactions that do not produce H+ are reflected as horizontal lines in the 



201 
 

diagram. Similarly, for reactions that do not involve O2 are reflected as vertical lines in 

the diagram. 

𝑎𝐴(𝑎𝑞) + 𝑏𝐵(𝑎𝑞) + 𝑛𝑂2(𝑎𝑞) ↔ 𝑐𝐶(𝑎𝑞) + 𝑑𝐷(𝑎𝑞) +𝑚𝐻(𝑎𝑞)
+  (52) 

𝐾𝑐 =
[𝐶]𝑐[𝐷]𝑑[𝐻+]𝑚

[𝐴]𝑎[𝐵]𝑏[𝑂2(𝑎𝑞)]
𝑛 (53) 

log[𝑂2(𝑎𝑞)] =
1

𝑛
(−𝑚𝑝𝐻 + 𝑐 log[𝐶] + 𝑑𝑙𝑜𝑔[𝐷] − 𝑎𝑙𝑜𝑔[𝐴] − 𝑏𝑙𝑜𝑔[𝐵] − 𝑙𝑜𝑔𝐾𝑐)  (54) 

Using the method described above, a phase equilibrium diagram plotting 

log[O2(aq)] vs. pH (Figure 79) was drawn for the H2S-O2-H2O system at 298.15 K, 1 atm 

with 1 v. % H2S. The predictions in this work were compared with commercial software 

(Geochemist's WorkBench) and its database [174, 175]. As a result, it showed good 

agreement. The diagram shows that when pH < 4.5, dissolved H2S is predicted to be 

readily oxidized into elemental sulfur, then further oxidized into sulfate with higher O2 

content. This reaction is thermodynamically predicted to occur even with O2(aq) 

concentrations far below the ppt(w) level. By comparison, the lowest residual dissolved 

oxygen concentration measured during all the experimental series was of the order of 

ppb(w) (Table 15), which should be more than enough to enable this conversion. This 

means that oxidation of dissolved H2S is thermodynamically possible under the 

experimental conditions associated with sour corrosion studies. The extent and speed of 

this reaction are indeed not predicted by these equilibrium diagrams. The observations 

derived from the log[O2(aq)] vs. pH diagram are consistent with those from the E-pH 

diagram (Figure 77), in the sense that both diagrams identify conditions when H2S can 

indeed be oxidized into elemental sulfur or sulfates.  
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Figure 79  

Phase equilibrium diagram of the H2S-O2-H2O system [298.15K, 1 atm, pH2S = 0.01 bar 

(1 v.%)] 

 
 

To better simulate the experimental conditions corresponding to the marginally 

sour environments of this study, another log[O2(aq)] vs. pH phase equilibrium diagram 

(Figure 80) was drawn for the H2S-O2-H2O system at 298.15 K, 1 atm with 40 ppmv H2S. 

The conditions corresponding to the baseline experiments are depicted as a small 

rectangle in the diagram. Some differences exist when compared with the equilibrium 

diagram developed for a higher concentration of H2S (Figure 79). In the case of 40 ppm 

H2S, dissolved H2S can be oxidized into sulfate directly, and the zone of elemental sulfur 

stability does not exist. An important finding is that the dissolved H2S can indeed be 

oxidized considering the baseline condition. This seems to be inconsistent with the E-pH 
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diagram generated for the same condition (Figure 78). The explanation is related to the 

fact that the reactions between dissolved oxygen and dissolved H2S did not occur at the 

surface of the working electrode. Therefore, the OCP may not be an accurate reflection of 

the electrochemical potential of the system, especially considering reactions occurring in 

the bulk solution. In other words, this finding suggests that while Pourbaix diagrams can 

effectively predict the thermodynamics of electrochemical and chemical reactions 

occurring on the substrate surface, other phase equilibrium diagrams may also be useful 

to characterize homogeneous reactions happening in the bulk solution and identify 

thermodynamically stable bulk species. 
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Figure 80  

Phase equilibrium diagram of H2S-O2-H2O system [298.15K, 1 atm, pH2S = 0.04 mbar 

(40 ppmv)]  

(The small rectangle ([O2]aq = 10-8 ~ 10-4 mol/L, pH = 5.00 ~ 5.10) in the diagram is the 

baseline condition in terms of localized corrosion in marginally sour environments.) 

 
 

NACE standard TM 0177 [176] states that “oxygen contamination is evident by a 

cloudy (opaque) appearance of the test solution”, which corresponds to the formation of 

elemental sulfur. Since in marginally sour conditions, elemental sulfur is not expected as 

a by-product of H2S oxidation, the solution should remain transparent and clear even 

though sulfate species may be formed in the solution. Since whether an H2S containing 

solution would turn to opaque when exposed to air depends on such conditions as 
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temperature, pH, and H2S concentration (or partial pressure in the corresponding gas 

phase), a third phase equilibrium diagram (Figure 81) was developed to characterize this 

phenomenon based on various H2S partial pressures (pH2S=1 bar, 0.1 bar, 0.01 bar, 1 

mbar, 0.5 mbar, 0.3 mbar) at 25°C. According to this diagram, elemental sulfur 

formation, for example, is expected when pH2S > 0.01 bar at pH 5 and when pH2S > 300 

ppm at pH 1.  

 

Figure 81 

Using phase equilibrium diagram of H2S-O2-H2O system to predict formation of 

elemental sulfur (298.15K, 1 atm) 
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Other less stable oxidation products of dissolved H2S, such as SO3
2- and S2O3

2-, 

can be included in the phase equilibrium diagram if the presence of the most stable 

species (SO4
2- for example) is suppressed [173]. Although they are not as stable 

thermodynamically speaking, they could still be detected experimentally by analyzing the 

composition of the aqueous phase if their formations are kinetically favored [30, 31]. In 

summary, the oxidation of H2S should generate SO4
2− although traces of SO3

2− and 

S2O3
2− could also be detected - elemental sulfur would only precipitate if the H2S content 

is significantly higher. In marginally sour environments, considering the low content of 

H2S, SO4
2- is probably the most prominent detectable product, although equilibrium 

diagrams are not indicators of reaction kinetics.  

6.4 Thermodynamics of the oxidation of mackinawite corrosion product layer 

The prediction exercise as described above was repeated considering the 

mackinawite - O2 - H2O system to investigate the overall effect of oxygen on the 

corrosion product layers in the marginally sour environments, using reactions (55) - (65). 

These reactions revealed that the most stable sulfur containing product during the 

transition from iron sulfides to iron oxides is SO4
2−, not elemental sulfur. Therefore, it 

makes sense that no elemental sulfur was observed in the acquired in situ Raman 

spectrum for the partially oxidized mackinawite (Figure 67, [166]).   

6𝐹𝑒𝑆𝑚(𝑠) + 𝑂2(𝑎𝑞) + 2𝐻2𝑆(𝑎𝑞) ↔ 2𝐹𝑒3𝑆4(𝑠) + 2𝐻2𝑂(𝑙) (55) 

6𝐹𝑒𝑆𝑚(𝑠) + 13𝑂2(𝑎𝑞) + 6𝐻2𝑂(𝑙) ↔ 2𝐹𝑒3𝑂4(𝑠) + 12𝐻(𝑎𝑞)
+ +6𝑆𝑂4(𝑎𝑞)

2−  (56) 

2𝐹𝑒𝑆𝑚(𝑠) + 9𝑂2(𝑎𝑞) + 14𝐻(𝑎𝑞)
+ ↔ 𝐹𝑒2𝑂3(𝑠) + 7𝐻2𝑂(𝑙)+2𝑆𝑂4(𝑎𝑞)

2−  (57) 
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𝐹𝑒𝑆𝑚(𝑠) + 2𝐻(𝑎𝑞)
+ ↔ 𝐹𝑒(𝑎𝑞)

2+ + 𝐻2𝑆(𝑎𝑞) (58) 

4𝐹𝑒3𝑆4(𝑠) + 33𝑂2(𝑎𝑞) + 16𝐻2𝑂(𝑙) ↔ 6𝐹𝑒2𝑂3 + 16𝑆𝑂4(𝑎𝑞)
2− + 32𝐻(𝑎𝑞)

+  (59) 

𝑂2(𝑎𝑞) + 6𝐹𝑒(𝑎𝑞)
2+ + 8𝐻2𝑆(𝑎𝑞) ↔ 2𝐹𝑒3𝑆4(𝑠) + 12𝐻(𝑎𝑞)

+ + 2𝐻2𝑂(𝑙) (60) 

𝐹𝑒3𝑆4(𝑠) + 8𝑂2(𝑎𝑞) + 4𝐻2𝑂(𝑙) ↔ 𝐹𝑒3𝑂4 + 8𝐻(𝑎𝑞)
+ +4𝑆𝑂4(𝑎𝑞)

2−  (61) 

4𝐹𝑒3𝑂4(𝑠) + 𝑂2(𝑎𝑞) ↔ 6𝐹𝑒2𝑂3(𝑠) (62) 

𝑂2(𝑎𝑞) + 4𝐹𝑒(𝑎𝑞)
2+ + 4𝐻2𝑂(𝑙) ↔ 2𝐹𝑒2𝑂3(𝑠) + 8𝐻(𝑎𝑞)

+  (63) 

𝐹𝑒2𝑂3(𝑠) + 6𝐻(𝑎𝑞)
+ ↔ 2𝐹𝑒(𝑎𝑞)

3+ + 3𝐻2𝑂(𝑙) (64) 

4𝐹𝑒(𝑎𝑞)
2+ + 𝑂2(𝑎𝑞) + 4𝐻(𝑎𝑞)

+ ↔ 4𝐹𝑒(𝑎𝑞)
3+ + 2𝐻2𝑂(𝑙) (65) 

In the absence of oxygen, the chemisorption of H2S and precipitation of the thin 

mackinawite layer on the steel surface can be illustrated by a Pourbaix diagram, as shown 

in Figure 71. In this chapter, the effect of the presence of dissolved oxygen is presented 

as a log[O2(aq)] vs. pH phase equilibrium diagram, as shown in Figure 82 that considers 

0.01 bar H2S. This diagram indicates that mackinawite can be oxidized into greigite, 

magnetite or hematite depending on the pH.  
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Figure 82  

Phase equilibrium diagram of the mackinawite-O2-H2O system [298.15 K, 1 atm, pH2S = 

0.01 bar (1 v.%)] 

 
 

Figure 83, which depicts a marginally sour environment with 40 ppm(v) of H2S, 

shows that mackinawite can only be oxidized to magnetite and hematite when pH > 6. 

The specific conditions of the baseline test (bulk pH 5 and 20 ppb(w) of dissolved oxygen) 

are indicated in Figure 83 by the small rectangle. It clearly shows that hematite is the 

most stable species in these conditions. The chemisorbed or precipitated FeS layer 

formed during the experiments would gradually dissolve, releasing Fe2+, which ends up 

being oxidized into hematite. These reactions would also generate sulfates as byproducts. 

These statements, of course, do not take into account the kinetics of the reactions. Based 
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on the previous experimental observations at various oxygen concentrations, hematite 

was seldomly detected via in situ analysis. Instead, when [O2]aq is between 20 ~ 40 

ppb(w), only magnetite (not hematite) was detected on the corroding steel surface using in 

situ Raman spectroscopy (Figure 67, [166]). However, ex situ Raman microscopy did 

reveal the presence of hematite after exposure of the precipitated layer to air plus laser 

induced heating (Figure 64, [166]).  

 

Figure 83  

Phase equilibrium diagram of Mackinawite-O2-H2O system [298.15K, 1 atm, pH2S = 

0.04 mbar (40 ppmv)]  

(The small rectangle ([O2]aq = 10-8 ~ 10-4 mol/L, pH = 5.00 ~ 5.10) in the diagram is the 

baseline condition in terms of localized corrosion in marginally sour environments.) 
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In summary, the thermodynamic predictions and the experimental observations 

suggest that the chemisorbed or precipitated FeS layer can be oxidized in the presence of 

dissolved oxygen into iron oxides (magnetite being more kinetically favored over 

hematite in the presence of traces of oxygen). This scenario is postulated to describe how 

the observed pitting initiated on X65 steel during experiments conducted in marginally 

sour environments [166]. 

6.5 Kinetics of the Oxidation of Dissolved H2S at Low Temperatures 

6.5.1 Background and Previous Results 

Kinetically, oxidation of gaseous H2S cannot readily happen without a catalyst 

[28]. However, H2S oxidation can occur in aqueous solution near room temperature [30, 

31, 170], the proposed mechanism involving a catalytic cycle and transition metals [19]. 

Transition metal ions such as Fe2+, Mn2+, Ni2+, and Co2+ could serve as a catalyst as 

shown in reactions (8) and (9); where M therein is representative of any of the 

aforementioned transition metals [27]. The catalyst has no selectivity in terms of eventual 

products (S0 or SO4
2-) [170].  

4𝑀(𝑎𝑞)
2+ + 𝑂2(𝑎𝑞) + 2𝐻2𝑂(𝑙)→4𝑀(𝑎𝑞)

3+ + 4𝑂𝐻(𝑎𝑞)
−  (8) 

2𝑀(𝑎𝑞)
3+ + 𝐻𝑆(𝑎𝑞)

− →2𝑀(𝑎𝑞)
2+ + 𝑆(𝑠)

0 + 𝐻(𝑎𝑞)
+  (9) 

As shown in the Table 9, the API 5L X65 steel used in this study contains mainly 

Fe (97.32 wt. %), a significant amount of Mn (1.51 wt.%), and traces of Ni (0.29 wt.%) 

and Cu (0.17 wt.%). As proven in other kinetics related research [170], at pH 6.8, with 

0.005 mg/L of Ni2+, 200 ppm H2S(aq) could bring the O2(aq) down from 7 mg/L to 3 mg/L 

within 240 seconds. The same research also found that at pH 6.5, with 5 mg/L of Fe2+, 
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200 mg/L H2S(aq) could bring the O2(aq) down from 6 mg/L to 2 mg/L within 1000 seconds 

[170]. Considering the baseline condition in marginally sour corrosion [X65 in 40 ppm(v) 

(=0.13 mg/L) H2S at 30ºC, pH 5.01 ± 0.01], the measured [Fe2+] was usually around 20 

mg/L after 7 days of exposure. Therefore, [Ni2+] dissolving proportionally should be up 

to 0.06 mg/L. The measured Fe2+ and Ni2+ concentrations in the marginally sour 

environments are within the same order of magnitude as has been reported in the 

literature and should be enough to catalyze the oxidation of H2S(aq) by O2(aq).   

 As shown in Figure 74, pH increases gradually when [O2](aq) > 20 ppb(w); pH 

decreases gradually when [O2](aq) < 3 ppb(w); pH fluctuates around 5.01 when 3 ppb(w) < 

[O2](aq) < 20 ppb(w). This indicates that there are multiple reactions affecting pH at the 

same time in the system. Some of these reactions are well known: electrochemical 

dissolution of metal consumes H+ via the reduction reaction (equation (66)); precipitation 

of FeS produces H+ (equation (19)); reduction of O2 consumes H+ (equation (67)); 

oxidation of H2S produces H+ (equation (42)). For every 1 mol of O2 that is reduced, 4 

mol of H+ is consumed. Therefore, when the oxygen content is higher, its effect on 

increasing the pH would be relatively more pronounced. However, the concentration of 

O2(aq) in solution is so low that the contribution of the reduction of O2(aq) on pH change 

may not be significant. The iron dissolution reactions and the precipitation of FeS could 

have counteracting effects. However, since not all of the dissolved Fe is expected to 

precipitate as FeS, the overall effect should lead to an increase in pH. As for the oxidation 

of H2S, its contribution to pH change is difficult to evaluate, especially since the kinetics 

are dependent on the catalyst. It is unclear which of the two reactions, dissolved oxygen 
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reduction and H2S oxidation, will have the stronger effect on pH, although it can be 

speculated that the likelihood of a dissolved oxygen molecule being reduced at the metal 

surface is higher than two molecules of dissolved oxygen and H2S reacting at a catalyst 

site. Anyhow, when the corrosion rate was high, the pH increased because of the effect of 

the corrosion reaction that dominates the other two reactions, although the dissolved 

oxygen content was paradoxically higher. When the corrosion rate was lower, which 

corresponded to a lower dissolved oxygen content, the pH decreased due to the oxidation 

of H2S(aq) – in this case the reduction of O2(aq) was negligible. 

𝐹𝑒(𝑠) + 2𝐻(𝑎𝑞)
+ → 𝐹𝑒(𝑎𝑞)

2+ + 2𝐻(𝑎𝑑𝑠) (66) 

𝐹𝑒(𝑎𝑞)
2+ + 𝐻2𝑆(𝑎𝑞) → 𝐹𝑒𝑆𝑚(𝑠) + 2𝐻(𝑎𝑞)

+  (19) 

𝑂2(𝑎𝑞) + 4𝐻(𝑎𝑞)
+ + 4𝑒− ↔ 2𝐻2𝑂(𝑙) (67) 

2𝑂2(𝑎𝑞) + 𝐻2𝑆(𝑎𝑞) ↔ 𝑆𝑂4(𝑎𝑞)
2− + 2𝐻(𝑎𝑞)

+  (42) 

As discussed in detail in section 2.1.6, separation of sulfide, sulfite, sulfate, 

thiosulfate, and polysulfide through HPLC remains an analytical challenge [32, 33]. 

Fortunately, according to the thermodynamic predictions in the last section, sulfate is the 

most stable and most common oxidation product of H2S. Therefore, a simple and 

effective analytical method for water samples in marginally sour environments was used 

in order to verify the predictions by the phase equilibrium diagram here. The [SO4
2−] was 

measured by the SulfaVer 4 method® (employing BaCl2) using UV/Vis spectroscopy to 

verify if catalytic oxidation was happening in this system. At the same time, the pH was 

left uncontrolled during the entire seven-day experiment to observe how much the pH 

would drop.  
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6.5.2 Experimental Procedure 

As depicted in Figure 61(b), a two-liter glass cell reactor with a specially designed 

stainless lid featuring five polyether ether ketone (PEEK) sampling ports (one for an 

epoxy sealed X65 working electrode, four for half-square inch X65 steel corrosion 

coupons) was used in the experiments. pH was monitored by not controlled in these 

experiments. The testing condition was at 30 ºC, 1 bar total pressure. The beginning pH = 

5.01 ± 0.01.  The stir bar rotation speed was 300 rpm. A 1 wt. % NaCl solution was 

prepared. CO2 gas was used to sparge the sealed system for at least two hours to bring the 

dissolved oxygen concentration to less than 10 ppb(w), then a mixture of 100 ppm(v) H2S 

in CO2 was sparged into the sealed system. Gas flows were adjusted to control the ratio 

between the pure CO2 and H2S/CO2 mixed gas flow to achieve the 40 ppm(v) 

concentration of H2S, which was verified by a special H2S testing reagent. The H2S and 

CO2 gases used contains a measured [O2](aq) less than 0.6 ppb(w). The [O2](aq) in the glass 

cell during experiments was controlled by cleaning and tightening of all the contact 

surfaces. Therefore, each experiments achieve a [O2](aq) as measured by the oxygen 

meter.  The electrolyte was sparged with the H2S/CO2 mixture for 5 hours prior to 

specimen loading. A water sample was taken after the five hours of sparging. Then the 

X65 specimens were loaded into the system after this measurement. The corrosion 

experiment was started with the pH monitored and recorded during the entire 

experimental process. Water samples were again retrieved after 5 and 7 days of the 

corrosion experiment and analyzed with the HACH® 600 UV/Vis to detect if there was 

any SO4
2-. The two-liter aqueous solution was extracted with toluene at 50°C after the 
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corrosion experiment to determine if any elemental sulfur was present. The extracted 

concentrated toluene solution was placed into a glass petri dish for Raman microscopy 

analysis. 

6.5.3 Results and Discussion 

The experimental results are shown in Figure 84. Overall, the average [O2]aq was 

measured to be ca. 7 ppb(w). As shown in the timeline of the experimental procedures, a 

water sample was taken after five hours of sparging before the steel specimens were 

loaded. At that point, the measured [SO4
2−] was zero. When the specimens were loaded, a 

sharp increase of [O2]aq was measured, but the [O2]aq content decreased quickly and 

reached a stable level of around 7 ppb(w) in the liquid phase. After five days, the 

measured [SO4
2−] was 3 mg/L; after seven days, it was 4 mg/L. This reading is indeed 

small but has to be compared with the concentration of O2 in this system. Actually, the 

[SO4
2−] measurements in the related research [30, 31] also only found small 

concentrations. The trend of pH changes was in agreement with the production of SO4
2−: 

it began to drop after the steel specimens were inserted in the solution. An estimation of 

the generated concentration of [SO4
2-] corresponding to a pH drop from 5.0 to 4.6 in 24 

hours via oxidation reaction (42) yielded values around 5 mg/L [SO4
2-] and consumption 

of 0.6 ppb(w)/min of O2. A more precise calculation should include the effect of the O2 

diffusion and reduction, as well as the consumption of H2S through the corrosion 

reactions and FeS precipitation.  In summary, the simultaneous increase in H+ and SO4
2− 

concentrations seems to prove that the catalytic oxidation of H2S occurred at the low 

dissolved oxygen concentration present. Coincidently, this effect is only visible when the 
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oxygen content is low enough to ensure that the FeS layer remains undamaged (i.e., the 

corrosion rate remains low). It should also occur at higher oxygen content, but its effect 

on bulk pH would be masked by the products of the corrosion reactions. It is postulated 

that this reaction can also play a role in the pitting process, contributing to the local 

acidification of the pit.  

 

Figure 84  

Water chemistry analysis by UV/Vis & pH monitoring (30 ºC, initial pH=5.01, pCO2 = 

0.97 bar, pH2S = 40 mbar, [O2]aq = 7 ppb(w)). 

 

 

Another point worth discussing is the accuracy of this measurement. The 

measurement range of the SulfaVer 4 method® (BaCl2) by UV/Vis is 2~70 mg/L. 

Therefore, readings of 3 and 4 mg/L may quantitatively not be very convincing since they 
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are very near the detection limit. However, the accuracy of the measurement is not as 

important as the knowledge that the reaction (H2S oxidation) does occur. The 

measurement method is based on the reaction between Ba2+ and SO4
2- to form a 

homogeneous white solid suspension of BaSO4 (68). Naked eye observation of the 

solution during the measurement clearly showed that the reaction was indeed happening 

giving confidence in the overall findings.  

𝐵𝑎(𝑎𝑞)
2+ + 𝑆𝑂4(𝑎𝑞)

2− ↔ 𝐵𝑎𝑆𝑂4(𝑠) ↓ (68) 

Figure 85 shows Raman results from toluene extraction of the two-liter solution 

after a 7-day corrosion experiment in comparison to the standard RRUFF database [177] 

(top) and a sulfur powder measured with the same equipment (middle). The results (the 

bottom curve) did not capture the fingerprint peaks of elemental sulfur compared with the 

sulfur powder sample or the RRUFF database value. This could be due to the fact that: 1) 

no elemental sulfur was generated in this system; 2) the amount of elemental sulfur was 

too small to be detected by the Raman microscope; or 3) the sulfur stayed within the 

corrosion product layer without leaching out into the bulk solution.  
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Figure 85   

Toluene extraction after 7-day experiment for Raman analysis detection of elemental 

sulfur 

 
 

6.6 Pit Propagation Mechanism: Solution Acidification near Steel Surface by 

Catalytic Oxidation of H2S(aq) 

The previous sections helped identify possible reactions that could explain the in-

situ formation of oxides and the acidification of the solution in marginally sour corrosion 

with traces of oxygen ingress. A qualitative pit propagation mechanism is proposed here 

considering: 1) galvanic coupling between the small actively corroding anode (exposed to 

a solution containing H2CO3) and the larger protected surface covered by FeS acting as 

the cathode; 2) the pit acidification caused by catalytic oxidation of H2S(aq) by O2(aq). 

Based on the pH monitoring observation in this work, the pit acidification, in this case, is 
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very mild (from 5.0 to 4.5). It is not comparable to the large pH shifts expected for the 

passive system, well-known pit acidification theory. Therefore, the implication of this 

mild pit acidification in marginally sour environments is mostly related to a decrease in 

FeS saturation value inside the pit, which prevents the regeneration of a protective fes 

layer despite a high [Fe2+] in the pit. The pit acidification is not thought to drive the 

increase in corrosion rate, at least at the same level as the galvanic coupling does. This 

process is represented in Figure 86. In this scenario, due to the conductivity of 

mackinawite and the geometry of the small anode area inside the pit, the current density 

inside the pit is much larger than at the outside cathode area. At the same time, H2S(aq) is 

oxidized by dissolved O2, even at low temperatures. The reaction is catalyzed by Fe2+, 

which is most abundant inside the pit. This reaction releases H+ and SO4
2- as products. 

Therefore, inside the pit a pH result that is lower than in the bulk solution. These factors 

taken together constitute a credible pit propagation mechanism in marginally sour 

environments.  
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Figure 86  

Proposed pit propagation mechanism 

 

(a) [Fe2+] is higher inside the pit 

 

(b) Catalytic oxidation of H2S(aq) by O2(aq), most significant where [Fe2+] is elevated 

 

(c) [H+] is higher inside the pit 
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6.7 Summary 

The modelled potentiodynamic sweep showed that the contribution of the O2 

reduction to the overall cathodic reaction was not prominent enough to provoke a 

significant increase of corrosion rate observed with increased but limited ingress of 

oxygen. Thermodynamic calculation predicted that an extremely low concentration of 

oxygen (i.e. at the ppb(w) level) would be enough to oxidize dissolved H2S at low 

temperatures, be it in the presence of catalysts such as Fe2+ or Ni2+. The thermodynamic 

calculation also predicted that the mackinawite corrosion product layer could be oxidized 

into magnetite and finally hematite in the presence of traces of oxygen in the aqueous 

solution. Measurements proved that H+ and SO4
2-, products of H2S oxidation, were 

formed during the corrosion experiments with traces of oxygen. 

The initial hypothesis introduced in chapter 3 was: in a marginally sour 

environment, localized corrosion is initiated and sustained when a partially protective 

corrosion product layer is formed. To decide whether such a layer would form, the 

saturation degrees of FeS and FeCO3 were the core of the discussion. However, both the 

thermodynamic calculations and the experimental observations presented in this work 

revealed that the pitting mechanism of mild steel in marginally sour environments was 

not related to a partially formed layer, but rather to a layer that was partially damaged by 

reaction with dissolved oxygen. However, it is still unclear whether these damages can be 

attributed to oxidation of the chemisorbed layer [Sads(Fe)] or to the competitive 

chemisorption between oxygen [forming Oads(Fe)] and H2S [forming Sads(Fe)], or if the 

H2S chemisorption layer [Sads(Fe)] was converted into oxides remains unclear. 
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Consistent with the experimental observations, pit acidification and galvanic 

coupling were proposed as the cause of pit propagation in this study.  

 



222 

Chapter 7: Application of in situ Raman Microscopy on the Study of Corrosion 

Product Formation in Marginally Sour Environments 

7.1 Introduction  

Understanding the structure and properties of surface layers is of key importance 

in the study of localized corrosion. Understanding mechanisms associated with the 

localized corrosion of steel in oxygen containing aqueous solutions has been the topic of 

a vast body of literature over the past century [97, 178, 179, 180]. As stated by H. 

Strehblow: “One of the most important developments over the past 20 years in the study 

of passivity has been the application of surface analytical techniques” [73]. Mechanisms 

of localized corrosion of steel in carbon dioxide containing aqueous solutions have also 

received a lot of attention [181]. However, research on localized corrosion of mild steel 

in hydrogen sulfide containing solutions is relatively sparse due to the complexity of the 

required experimental methods due to the toxicity of H2S. Therefore, a lot of work 

remains to be done on understanding the role of corrosion product layers formed in sour 

environments relating to localized corrosion.  

In O2 containing aqueous solution, the layer growth begins after the adsorption of 

O2 on the steel surface. Usually, the thickness of the oxide layer is less than 100nm. If 

these oxides films have semiconducting properties, as for the oxides of Fe, Cr, Ni, and 

Cu, they will grow only up to a few nanometers in thickness [66]. For example, the 

thickness of the passive film on stainless steel is usually up to only 5 nm [7]. The study of 

this type of nano-scale films carries a lot of analytical challenges as very specialized 

techniques must be used. X-ray photoelectron spectroscopy (XPS) [68], secondary ion 
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mass spectrometer (SIMS), extended X-ray absorption fine structure (EXAFS), Auger 

electron spectroscopy (AES) [67] and scanning tunneling microscope (STM) [69] are 

typically needed to identify passive layers and study their structures. Oxide layers are 

also often examined in cross-section analysis using transmission electron microscopy 

(TEM) enabling direct visualization of the layer.  

It has been noted that the as-characterized passive layer structure could be 

different following ex situ and in situ materials analysis processes. This is because post-

processing of the specimen (drying process, exposure to air) can lead to structural 

changes to the layers. For example, Bockris and co-workers [69] reported, using a 

transfer device for Auger analysis, that the passive film on iron is composed of Fe(OH)2, 

forming a polymeric layered structure. O’Grady [71] used in situ Mössbauer 

spectroscopy to examine both in situ and “dried” (i.e., ex situ) passive films. The in situ 

films consisted of chains of iron atoms connected by dioxy and dihydroxy bonds, further 

linked by water. However, the film changed to more closely resemble γ-Fe2O3 upon 

removal from the passivating medium and upon drying and aging.  

In CO2 environments, a FeCO3 precipitation layer can typically reach several tens 

of microns in thickness, plus incorporate residual Fe3C inside. These layers are easily 

visible in cross section analysis under SEM. However, their degree of protectiveness has 

been linked to the presence and characteristics of a thin layer of oxide formed on the 

metal surface, rather than being ascribed to the presence of a thicker FeCO3 layer. FIB-

TEM analysis was required to make this observation [140]. 
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In sour environments (H2S/CO2), study of the structure and properties of 

corrosion product layers is much more complicated because of the potential for numerous 

FeS polymorphs to co-exist as well as because of the complications associated with sulfur 

chemistry. A large body of knowledge does exist, derived from geochemistry research, 

particularly that related to the formation of mackinawite (FeS)/troilite (FeS)/pyrrhotite 

(Fe1-xS) as well as the S2
2− containing mineral pyrite (FeS2). Pyrite typically forms at high 

H2S pressure and high temperature [109]. Its conductivity has been used to explain the 

occurrence of localized corrosion and galvanic coupling between pyrite and steel [108]. 

Pyrite is the thermodynamically most stable product of several formation and 

transformation reactions involving mackinawite, greigite, troilite, and pyrrhotite [109]. 

On the other hand, mackinawite is often found to be the initial (kinetically favored) iron 

sulfide corrosion product forming on the substrate surface under most conditions [39]. 

Localized corrosion was also found at low H2S partial pressure and low temperature. 

Therefore, studies considering mackinawite, instead of pyrite, are crucial in 

understanding localized corrosion mechanisms in low temperature and low H2S partial 

pressure environments. However, this is quite challenging because of the following 

aspects:  

1) Mackinawite is unstable and easily oxidized during post-processing.  

2) Freshly formed mackinawite is usually amorphous or nanocrystalline [19], which 

can lead to misidentification using typical diffraction-based techniques.  
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3) Mackinawite formed as corrosion product layer can be very thin at low 

temperature and low H2S partial pressure, which can add to the difficulty of the 

analysis, especially when the substrate is actively corroding underneath. 

4) The precursor or first few layers of mackinawite, which is formed by 

chemisorption (Sads(Fe), [100]) is very difficult to detect using common analysis 

techniques. 

5) The co-existence of other corrosion products or residual phases, such as iron 

oxides, iron carbide, and iron carbonate all increase the complexity of the 

analysis. 

Therefore, it is necessary to find a suitable, preferably in situ, analytical tool to facilitate 

the study of localized corrosion. 

Oxidation of mackinawite in the air at room temperature can readily occur, 

although it is logically not as fast as at higher temperature. Studies have reported only 

partial oxidation of mackinawite into another phase [39]. Therefore, if the layers of 

interest are thick enough (for example, if they are formed at comparatively higher H2S 

partial pressure), scanning electron microscopy/energy dispersive X-Ray spectroscopy 

(SEM/EDS) and X-ray powder diffraction (XRD) can give satisfactory results and 

provide the correct phase identification information. XPS only provides information 

about the top several layers of atoms, consequently, this can provide information about 

surface oxidation of mackinawite. Cross-sectional analysis using the focused ion beam 

technique combined with transmission electron microscopy (FIB-TEM) could offer 

information about the entire layer and, if further combined with selected area electron 
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diffraction (SAED) and process electron diffraction (PED), enables phase identification, 

provided that the layer thickness is greater than 100 nm [165, 166]. However, if the outer 

layer of mackinawite has been oxidized, no ex situ analysis could determine if the 

oxidation occurred due to the experimental environment or due to post processing. 

Therefore, in situ Raman spectroscopy is an appealing technique since: 

1) Raman spectroscopy is relatively simple to use and does not require vacuum. 

2) The applied incident laser light can transmit through several types of transparent 

media, such as air, water, glass, and plexiglass or any other transparent plastics 

(e.g., acrylic, polyethylene, polypropylene, polycarbonate), without significant 

losses. 

3) Both crystalline and amorphous materials can be detected by Raman shift 

responses. 

4) Species in aqueous solution can also be detected by confocal Raman spectroscopy 

if the concentration is higher than the detectable threshold [182, 183]. 

These characteristics make in situ Raman spectroscopy a very promising analytical tool 

for the study of corrosion product layers formed at low H2S pressures and low 

temperature. This is especially adaptable to marginally sour environments that have fewer 

safety-related complications but result in extremely thin, albeit complicated, corrosion 

product layers that are difficult to be identified. A properly designed system enables the 

Raman laser signal to go through the aqueous solution and the transparent reactor 

window to arrive at the surface of interest, interact with the surface layer structure, and 

then scatter back to the detector. Although the freshly precipitated mackinawite was 
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usually nanocrystalline or “amorphous”, the characteristic Raman peaks can be detected 

[74, 75]. 

 However, the corrosion product layers formed in the marginally sour 

environments may contain several phases; their responses to the Raman signal must be 

considered and differentiated if an effective spectrum with characteristic peaks is desired. 

Carbonyl groups usually have one very strong peak at Raman shift round 1300 cm-1, 

therefore FeCO3 can be detected by this characteristic peak [184]. Iron oxides have 

multiple close peaks, but these peaks are not overlapping with each other. Therefore, they 

can be differentiated from one another. Fe3C displays a plateau with double peaks at 

around 1100 cm-1 [185, 186]. Both iron sulfides (e.g., mackinawite, pyrite) and elemental 

sulfur are weak Raman scatterers; this makes their certain identification a challenge. This 

present work described the design and development of an in situ Raman cell and 

addressed these issues mentioned above about the proposed identification of phases 

formed during the corrosion process. The work also logically focuses on corrosion 

product layers formed in marginally sour environments.  

7.2 Experimental Setup and Procedures 

7.2.1 Experimental Equipment 

A Bruker confocal Raman microscope SENTERRA II was used in the 

experimental work. A ×10 objective with 7 mm focal length, a ×50 objective with 1 mm 

focal length, and a ×50 objective with 10 mm focal length were used for calibration with 

mineralogical specimens, ex situ analysis and in situ spectral acquisition, respectively.  A 

He–Ne laser of 514 nm wavelength with 25 mW output power and 732 nm wavelength 
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with 100 mW output power at backscattering mode was applied for each analysis. The 

confocal pinhole diameter was of 25 × 100 μm. Raman spectra were first collected in the 

spectral region of 80 ~ 4000 cm−1 with a resolution of 4 cm−1, then at 80 ~ 1600 cm−1 

with a spectra resolution of 1.5 cm−1 at a different spot on each sample. Spectral 

acquisitions required five accumulations for a good signal-to-noise ratio. 

The in situ Raman flow cell was designed as shown by the 2D sketch in Figure 

87, which displays a cross section of the reactor. The specimen was fixed in the center of 

the reactor, with the fluid flowing through the reactor. The 3D sketch drawn by 

Solidworks is shown in Figure 88. The specimen was inserted into a gas-tight 3D printed 

plastic enclosure with a sapphire window. The idea was based on the fact that glass is 

transparent under the Raman signal (laser). 

 

Figure 87  

2D design sketch of the 3D printed in situ Raman flow cell (IRFC) reactor  
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Figure 88  

In situ Raman flow cell (IRFC) reactor 3D sketch  

(Image courtesy of Cody Shafer, ICMT) 

 

 

The in situ Raman flow loop was designed based on the sketch shown in Figure 

89. The in situ Raman flow cell (IRFC) reactor was connected with two reservoirs of 

aqueous solutions with detachable connectors and three-way valves. The flow loop could 

be switched between 1) the 30 ºC, pH 5.01 ± 0.01, 0.97 bar CO2 and 0.04 mbar H2S 

saturated 1wt.% NaCl solution; and 2) the nitrogen saturated deionized water at 30 ºC. 

Pictures in Figure 91 show the finished in situ Raman flow loop and cell. 
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Figure 89  

P&ID of the designed in situ Raman flow loop 

 
 

Figure 90  

Pictures of the in situ Raman flow cell & flow loop 
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7.2.2 Experimental Procedure 

The entire flow loop was rinsed thoroughly with deionized water before each 

experiment. Then, two liters of 1 wt. % NaCl, prepared with deionized water, was added 

into the flow loop. The temperature was set at 30°C. CO2 gas with chemical grade purity 

was sparged into the aqueous solution for at least 2 hours. The pH was first adjusted to 

near 5 by addition of Na2CO3, then the automatic titration system with an ion exchange 

resin column was turned on to adjust the pH to precisely 5.01 ± 0.01 and where it was 

maintained at this value. Then a H2S/CO2 gas mixture with the ratio of 100 ppm H2S in 1 

bar CO2 was sparged into this solution together with the pure CO2 gas. A rotameter was 

used to adjust the volume ratio between the H2S/CO2 mixture and the pure CO2 gas to get 

the required concentration of H2S. Five X65 steel specimens (four for weight loss, one as 

the working electrode) were loaded into the 2-liter glass cell after the conditions were 

stable. Another X65 steel specimen was loaded into the in situ Raman flow cell. The in 

situ Raman flow cell was connected to the flow loop. The corrosion experiment was then 

started. During the 7-day exposure, the in situ Raman flow cell could be detached from 

the flow loop whenever needed. The dissolved oxygen concentration of the solution was 

monitored by a Hach® Orbisphere oxygen sensor at the outlet of the gas sparging system 

during the 7 days of each experiment. 

7.3 Results and Discussion 

7.3.1 Seal test of the IRFC 

Methylene blue as an oxygen indicator was used together with glucose to test 

whether oxygen ingress could occur inside the Raman cell after it was disconnected from 
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the flow loop. The redox reaction, which induces the color change, is shown in Figure 91 

[187]. 

 

Figure 91  

Using methylene blue as oxygen indicator to test cell tightness  

(Thyphoon7979 https://commons.wikimedia.org/wiki/File:Complete reactions of blue 

bottle experiment .png), https://creativecommons.org/licenses/by-sa/4.0/legalcode) 

 
 

As shown in Figure 92, the methylene solution is originally blue in color. After 

being heated to above 40C, it is reduced into a colorless anoxic solution. The solution 

would only turn blue if exposed to oxygen. During operation, the solution remained 

colorless for at least one day. The threshold of color change for methylene blue is 

measured to be 1.3 ppm by an Orbisphere oxygen meter at the gas outlet incorporated in 

the experimental setup. It is understood that this method is rather crude since it cannot 
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detect dissolved oxygen content below 1.3 ppm. However, it constituted an initial 

pass/fail method to validate the cell design. 

 

Figure 92  

Sealing capacity of the IRFC 

  
(a) Before deoxygenation (b) One day after deoxygenation 

 

7.3.2 Calibration with Minerals of Known Structures 

Bulk mineral specimens of known crystalline identity were introduced into the 

Raman cell to verify that they could be successfully identified during normal operating 

conditions. The cell was first tested with calcite because calcite has a hugely prominent 

intense peak of a carbonyl group (C=O in carbonate), which is expected to be easily 

detectable through a sapphire lens, given the sapphire itself will contribute to the 

background signal on the Raman spectrum. The calibration result by ×10 objective is 

shown in Figure 93. From bottom to top: the first (a) and second (b) spectra are reference 

data of calcite and corundum (sapphire window), respectively, from the RRUFFTM 

database (American Mineralogist Crystal Structure Database); the third spectrum (c) is 

commercially available calcite mineral in air, directly exposed to the laser; the fourth 

spectrum (d) is calcite inside the IRFC; the fifth spectrum (e) is with deionized water 
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injected into the IRFC with the calcite. The fourth spectrum (d) shows that both the lens 

and the sample signal were picked up in the spectrum when the ×10 objective was used. 

With the two characteristic peaks of corundum near 400 cm-1 and 600 cm-1 labeled and 

subtracted, the Raman spectrum appears just as it would without the lens. The fifth 

spectrum (e) shows that water does not add extra peaks below a Raman shift of 1300 cm-

1, where the inorganic bond movement relating to corrosion products and scales is 

located. Since the focusing length of the ×10 objective is ca. 7 mm in this case, the 

optical system failed to focus on the different horizontal heights. Therefore, the structural 

information from the lens, the sample, and the media in between were combined in one 

spectrum. If an objective of higher magnification and longer working focal length is 

applied, and the confocal function at different heights is enabled, the sample information 

could be separated from the media and the lens. 
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Figure 93  

Calibration of IRFC with calcite mineral standard sample (×10 objective) 

 
 

After calibration with calcite, which takes advantage of strong intensity of the 

signal, pyrite was tested to check for smaller signal intensity (compared to corundum) 

and whether Raman fluorescence would be a concern of the IRFC. The calibration result 

is shown in Figure 94. From bottom to the top, the first (a) and second (b) spectra are 

references from the RRUFFTM database of pyrite and corundum, respectively; the third 

spectrum (c) was acquired from a commercially available pyrite mineral in air, directly 

exposed to the laser; the fourth (d) spectrum was pyrite inside the IRFC; the fifth (e) 

spectrum was acquired after deionized water was injected into the IRFC with the pyrite. 
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Although the peak intensity of pyrite was small compared with that of corundum, as 

shown in the fourth spectrum, a very good focus facilitated by water made it detectable, 

as shown in the fifth spectrum. Pyrite is not as easily oxidized in air near room 

temperature as has been stated elsewhere [188], nor was it oxidized immediately after 

being in contact with water in air. 

 

Figure 94  

Calibration of IRFC with pyrite 

 
 

7.3.3 Detection of Sulfate Species with in situ Raman 

As shown above, the Raman cell showed promising results with identifying 

deposited solid phases on metal specimens.  It can also be used to detect specific 
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chemicals present at small concentration in a solvent. This is of prime interest for the 

research reported in this dissertation since it could potentially be used to detect products 

of H2S oxidation (i.e. sulfate species). Consequently, a series of a calibration tests were 

performed to explore the resolution limit for SO4
2- detection. As shown in Figure 95, 

different concentrations of Na2SO4 could influence the intensity of its characteristic peak 

near 980 cm-1 [189]. However, the detection limit for Na2SO4 is 0.01 mol/L, which may 

be too high to be truly useful. For instance, water chemistry calculation shows that at 

baseline condition (30°C, 1 wt. % NaCl, pH 5.01 ± 0.01, 0. 97 bar CO2 and 0.04 mbar 

H2S), the HCO3− concentration is 0.002 mol/L, and the dissolved H2S concentration is 3.7 

× 10-6 mol/L. Therefore, it is unlikely that sulfate solute will be detected in in situ Raman 

spectra in the sour corrosion experiments. Although there is 0.17 mol/L NaCl in the 

solution, neither Na+ nor Cl− can be detected by Raman spectroscopy as they are simple, 

rather than polyatomic, ions [189]. NaCl could affect the position of H2O’s characteristic 

peak near 3500 cm-1, but this information is not helpful in corrosion studies. 
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Figure 95  

Raman spectra of standard Na2SO4 solution of various concentrations showing the 

characteristic peak of Na2SO4 detectable above 0.01 mol/L 

 
 

7.3.4 Possible Oxidation Products of Mackinawite 

Raman spectroscopy uses an inelastic scattering of monochromatic light to detect 

vibrational, rotational, and other low-frequency modes. One of the unique merits of this 

method is that Raman spectroscopy can be applied through water and through glass, 

which makes analysis of the material through a specialized holder possible. It is 

understood that mackinawite is vulnerable to oxidation in air, especially considering laser 

heating effects, as well as traces of dissolved oxygen in the H2S aqueous solution. 



239 
 

However, as stated in Chapter 5, ex situ Raman spectra cannot tell whether the oxidation 

happened during the corrosion tests or post-processing [166]. Therefore, the optimal 

option is to apply in situ Raman in an anaerobic environment to prevent oxidation. 

There are many possible oxidation products of mackinawite and it is worth 

investigating what phases could be expected. Reported oxidation products of 

mackinawite include greigite [82, 190], elemental sulfur, magnetite [75, 191], goethite 

(-FeO(OH)), and lepidocrocite (-FeO(OH)) [74].  Greigite was deemed as an 

intermediate oxidation product, which converts into oxides and elemental sulfur over a 

period of time [191]. In addition, hematite (-Fe2O3) and maghemite (-Fe2O3) have been 

reported as oxidation products of mackinawite [74].  It has been found [75] that 

mackinawite oxidation does not necessarily mean that a new phase will be detected. Fe 

(III) has been reported to incorporate into the tetrahedral sites of mackinawite [192] and 

will not be detected as a new phase if its content is lower than 20% [193].  

One of the challenges facing this study is that the standard database of iron 

sulfides for Raman spectra is in places sparse and incomplete. Generally speaking, the 

nanocrystalline [75], amorphous [193, 194], or partially oxidized mackinawite [75, 195] 

all have distinct peaks, shifted peaks, or broadened peaks as compared to a well-

crystallized mackinawite [75]. Typical Raman shift peak positions for mackinawite and 

its oxidation products are summarized in Table 16. According to Bourdoiseau et al., [75], 

freshly synthesized nanocrystalline mackinawite has two peaks, one at 208 cm−1, which 

corresponds to its lattice mode [196]; and another at 281~298 cm−1, which is the 

symmetric stretching mode of FeS [75]. Further, the degree of crystallinity will change 
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the latter, not the former. The 208 cm−1 peak shifts to 214~218 cm−1 in amorphous 

mackinawite, and even shifts to 254 cm−1 in the case where the specimen is first pre-

corroded aerobically before sulfide is added. However, a careful comparison between 

some of the in situ Raman spectra [74, 75] with other ex situ Raman spectra [193, 194, 

197] reveals that hematite is commonly mistakenly labeled as mackinawite. Simply put, 

any “mackinawite” spectrum that includes peaks other than 208 cm−1 (1st peak in Table 

16) and 282 cm−1 (2nd peak in Table 16), like 395 cm−1 (3rd peak in Table 16) or 1310 

cm−1 (4th peak in Table 16), does not identify mackinawite but is representative of its 

oxidation. 
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Table 16  

Reported Raman peak positions for mackinawite and other relevant iron sulfur- 

containing phases 

Compound Composition 
1st 

peak 

2nd 

peak 

3rd 

peak 

4th 

peak 

Nanocrystal Mackinawite [75] FeS 208 282   

Amorphous Mackinawite [193] FeS 214 282   

Amorphous Mackinawite [194] FeS 218 281 395  

Oxygen Pre-corroded Mackinawite 

[198] 
FeS 254 302 362  

Mackinawite (This work) FeS 218 284 395  

Pyrrhotite [199] Fe(1-x)S 326 376   

Greigite [200] Fe3S4 248 345   

Goethite [201] -FeO(OH)  300 390  

Lepidocrocite [75, 202] -FeO(OH) 250 380 525  

Magnetite [203] Fe3O4 297 523 666  

Hematite [204, 205] Fe2O3 223 289 404 1310 

Maghemite [206] Fe2O3 377 510 670 715 

Cementite (Cohenite) [207] Fe3C 1360 1580   

Elemental sulfur [208] S8 154 220 473  

Siderite [209] FeCO3 188 290 732 1087 
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7.3.4.1 Ex situ Raman Spectra of Thick Mackinawite/Pyrrhotite Layer 

Formed at High H2S Partial Pressure. Ex situ Raman spectroscopy was used to analyze 

both thick and thin layers in order to verify if the corrosion product layers have been 

oxidized after being retrieved from the reactor and dried. Later, it will be compared with 

the in situ Raman spectra. 

First, a thick FeS layer formed on C1018 steel and prepared at 80 °C under 2 bar 

H2S, pH 4.0, 1 wt.% NaCl for 2 weeks, was analyzed by ex situ Raman spectroscopy. 

Figure 96 shows the thickness of the layer is about 3 m (a), with scattered pyrrhotite 

crystals on top of mackinawite (b) [210]. 

 

Figure 96  

SEM analysis of the thick mackinawite layers  

(Reprinted with permission from [210]. Copyright 2019 OhioLINK.) 

  
(a) SEM of cross section of the 

layers. 
(b) SEM shows pyrrhotite on top of 

mackinawite 
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Figure 97 shows the XRD analysis of the layer confirming both mackinawite and 

pyrrhotite were present [210]. This analysis was performed immediately after the specimen 

was retrieved from the reactor, so no sign of oxidation was found. 

 

Figure 97  

XRD analysis of the layer showing both mackinawite and pyrrhotite  

(Reprinted with permission from [210]. Copyright 2019 OhioLINK.) 

 
 

Figure 98 compares two Raman spectra of the corroded C1018 steel specimen 

with a 3 m thick mackinawite/pyrrhotite layer, with related RRUFFTM database spectra. 

This specimen was the same one that was characterized by XRD, but was exposed to air 

for a significant time before Raman analysis was performed. Both mackinawite and 

hematite were identified in the Raman spectra, although mackinawite seemed to be 

dominant. Here the mackinawite qualitatively corresponds to the bulk of the layer 
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composition. However, the pyrrhotite crystals could not be detected by Raman analysis, 

possibly because they were too scattered on the surface and because the location of the 

analysis missed them; Raman microscopy (laser spot size 0.5 ~ 10 μm) yields spectra 

from an area orders of magnitude smaller than XRD (spot size > 20 μm). 

 

Figure 98  

Ex situ Raman spectra of the 3 μm thick mackinawite / pyrrhotite corrosion product layer 

and comparison with RRUFF data 

 
 

7.3.4.2 Ex situ Raman Spectra of Thin Mackinawite Layers Formed at Low 

H2S Partial Pressure. The analysis was repeated ex situ on a much thinner layer. Two 
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experimental conditions were chosen: 1) 30C, pH 5.01 ± 0.01, 0.97 bar CO2, 0.04 mbar 

H2S, 300 rpm stir bar, 7 days, [O2](aq) ≈ 20 ~ 40 ppb(w); 2) 30C, pH 6.01 ± 0.01, 0.97 bar 

CO2, 0.04 mbar H2S, 300 rpm stir bar, 7 days, [O2](aq) ≈ 20 ~ 40 ppb(w). The corrosion 

product layers formed under these two conditions were typically porous, existing as a ca. 

200 nanometer thick mixture of iron sulfide and iron oxide. As shown in Figure 38 and 

Figure 39, neither XRD nor SAED could provide precise diffraction patterns of these 

nanolayers. SAED could identify the outer layer at pH 6 as magnetite, the inner layer was 

mistakenly matched with Fe0.91S (Figure 39, Table 10). PED made the correct diffraction 

mapping match as mackinawite (FeS, Figure 40). Figure 99 summarizes these layers’ 

structural information and compares them. 
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Figure 99  

TEM images of the cross section cut out by FIB from the specimen of pH 6 experiments  

(30°C, 0.97 bar CO2, 0.04 mbar H2S, X65, 1wt.% NaCl, 300 rpm, 7 days, [O2]aq = 20 

ppb(w)) [166] 

  
(a) pH 5, × 34000 (b) pH 6, × 17000 

 

Besides TEM-EDS, XPS was also applied on the specimen generated at the pH 6 

condition (X65, 30°C, 0.04mbar H2S and 0.97 bar CO2, pH 6.01 ± 0.01, 1wt.% NaCl, 300 

rpm, 7 days). As Figure 100 and Figure 101 show, iron sulfide, oxide or hydroxide were 

detected, which agrees with the FIB-TEM results. The sampling depth of the XPS is very 

limited compared with FIB-TEM. Therefore, the sample could not be plated with any 

protective layer such as Au or Pd for preservation before transferring to the XPS 

sampling chamber. Although the samples had been sputtered to remove contamination, 

whether this procedure was completely effective to remove ex situ oxidation products is 

unknown. Consequently, whether the oxyhydroxide or oxide was generated in situ or ex 
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situ cannot be unequivocally determined with this method. Therefore, XPS is not an ideal 

tool in terms of layer analysis in sour corrosion studies when specimen oxidation is 

expected.  

 

Figure 100  

XPS results—the elemental composition of the corrosion product layers 
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Figure 101  

XPS spectra of pure iron and X65 specimens exposed to the pH 6 condition (X65, 30°C, 

0.04 mbar H2S and 0.97 bar CO2, pH 6.01 ± 0.01, 1wt.% NaCl, 300 rpm, 7 days) 

  

  
 

In Figure 102, the Raman spectra of both pH 5 (baseline condition) and pH 6 

specimens were compared with the RRUFF database spectra of all the possible oxidation 
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products of iron sulfides. The curve (f) is the Raman spectra of a corroded X65 steel 

specimen with a 200 nm porous corrosion product layer, according to FIB-TEM analysis. 

A possible combination of mackinawite and hematite fits spectrum (f), because: 1) the 

first peak of curve (f) from the left could be explained by an overlap between 218 cm-1 

(mackinawite) and 223 cm−1 (hematite, Fe2O3); 2) the second peak of curve (f) could be 

an overlap with mackinawite at 282 cm−1, hematite at 289 cm−1, and goethite at 298 cm−1; 

3) plateaus near the Raman peaks at 404 cm−1 and 1310 cm−1 belong to hematite only. On 

the other hand, only magnetite can be identified in the “baseline pH 5” spectrum (e) by 

the peak near 666 cm-1, which indicates the mackinawite has been oxidized. The 

mackinawite peaks failed to be detected on spectrum (e). Again, this agrees with the 

previous findings based on TEM (Figure 99) that the baseline corrosion product layer 

was very thin and porous; the uneven surface of this layer returns weak signals. 

Compared to the layers formed at pH 5, the morphological features formed at pH 6 seem 

more ordered, which echoes the TEM-SAED findings (Figure 38 and Figure 39) once 

again. However, it is noteworthy that the mackinawite formed at pH 5 was oxidized into 

magnetite, while the similar layer formed at pH 6 was oxidized into hematite.   
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Figure 102  

Ex situ Raman spectra of the thin mackinawite corrosion product layer and comparison 

with RRUFF data  

 
 

7.3.4.3 Oxidation Route of Mackinawite in the Air (Converted from 

Magnetite to Hematite with Time). In order to determine the oxidation route of 

mackinawite, another ex situ Raman analysis (Figure 64) was performed on a freshly 

retrieved and dried specimen from a corrosion experiment at the baseline condition 

(30C, pH 5.01 ± 0.01, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir bar, 7 days, [O2](aq) ≈ 

20 ~ 40 ppb(w)). This first scan (a) of this specimen shows that the mackinawite in the 

layer had not yet been oxidized; the second scan performed 20 minutes later on a 

different spot shows that the mackinawite had been partially oxidized into magnetite; 
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while the third scan performed 40 minutes later on another spot suggests that the 

mackinawite was finally converted into hematite. Therefore, the oxidation route of 

mackinawite in the air appears to be as follows: 

mackinawite → magnetite → hematite. 

 

 

Figure 64  

Oxidation of mackinawite with time measured with a Raman microscope (laser excitation 

line 532 nm, power 25W  

(The specimens were corroded at 30C, pH 5.01 ± 0.01, 0.97 bar CO2, 0.04 mbar H2S, 

300 rpm stir bar, 7 days, [O2](aq) ≈ 20 ~ 40 ppb(w).) [166] 
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7.3.5 In situ Test Result on Precipitated Mackinawite Layer  

Since mackinawite is extremely sensitive to oxidation in post-processing (drying 

process and storage), as shown by previous studies on thick, thin and freshly retrieved 

corrosion product layers (Figure 98, Figure 102, and Figure 64), in situ Raman is 

probably the only way to show the original status of the mackinawite corrosion product 

layers in sour corrosion. Therefore, a 7 day corrosion experiment was performed at the 

baseline conditions (30C, pH 5.01 ± 0.01, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm stir 

bar, 7 days, [O2](aq) ≈ 3 ~ 20 ppb(w)), where localized corrosion was observed repeatedly. 

In situ Raman analysis was done every day to investigate the formation and 

transformation (i.e., oxidation) of corrosion product layers. As shown in Figure 67, after 

four days of exposure, the in situ Raman spectrum of the corrosion product layer shows 

that mackinawite has been partially oxidized into magnetite due to the presence of 7 

ppb(w) of dissolved O2. This finding reveals that O2 could still affect H2S corrosion, if 

there are traces of dissolved O2 (>3 ppb(w)). When continuously sparged with gases such 

as H2S, CO2, and/or N2, O2 could still effectively impact this corrosion system. At this 

stage, it is hypothesized that the initiation of pitting is due to the partial oxidation of the 

FeS layer. To verify this hypothesis, no pitting should be detected at O2 content below 3 

ppb(w). 
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Figure 67  

In situ Raman spectroscopy analysis: direct proof of oxidation of mackinawite into 

magnetite in the aqueous solution on a corroding surface  

(Baseline condition with [O2]aq = 3~20 ppb(w), after 4 days) [166] 

 
 

7.3.6 In situ Test Result on Chemisorbed Sads(Fe) Layer 

Corrosion experiments at baseline condition with [O2]aq < 3 ppb(w) were 

performed to verify the finding that oxygen induced pitting corrosion in marginally sour 

environments. As a reminder, neither a corrosion product layer nor pitting was found 

during the 7-day experiments, as shown in the FIB-TEM (Figure 70) and IFM results 

(Figure 72). However, one phenomenon worth noting is that this “layer-free” steel 

surface featured a relatively very low corrosion rate at 0.1 mm/y (Figure 68) compared 
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with other conditions where a thick layer could be observed. Therefore, it was speculated 

that a chemisorbed Sads(Fe) layer [24] had formed and was responsible for this lower 

corrosion rate and pitting-free result. It is a challenge for Raman observation given the 

assumption that the Sads(Fe) is akin to a monomolecular layer. It is important to note that 

maintaining a dissolved O2 content below 3 ppb(w) is a challenge due to the complex flow 

loop design, which involves multiple connectors. Therefore, the best effort to control 

ingress of oxygen could only achieve about a [O2]aq = 5 ~ 7 ppb(w) average during the 7 

days experiment at the baseline conditions. The surface condition of the corroding X65 

steel specimens under the naked eye and microscope after 1, 3 and 7 days are shown in 

Figure 103. It shows that basically, the steel surface remained shiny in the first three 

days, while signs of formation of a precipitated layer were apparent after seven days of 

exposure. This is because [O2]aq reached 7 ppb(w) at that point, compromising the 

chemisorbed layer and leading to a surface saturation of FeS larger than unity. 
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Figure 103  

Surface condition of the corroding X65 steel specimens under naked eye and microscopy 

after 1, 3- and 7-days exposure  

(The baseline condition at 30C, pH 5.01 ± 0.01, 0.97 bar CO2, 0.04 mbar H2S, 300 rpm 

stir bar, 7 days, [O2](aq) = 5 ~ 7 ppb(w)) 

    
after 1 day, in situ under microscopy ex situ under microscopy 

    
after 3 days, in situ under microscopy ex situ under microscopy 

    
after 7 days, in situ under microscopy ex situ under microscopy 
 

As shown in Figure 104, in situ and ex situ Raman spectra of the corroding 

surface at the baseline condition with [O2]aq = 5 ~ 7 ppb(w) after 1, 3, and 7 days of 

exposure were compared with each other. The main result is that no clear product of 

mackinawite oxidation could be identified in the in situ analysis, yet the presence of 

mackinawite could also not be confirmed. The Raman peaks on the in situ Raman spectra 



256 
 

were not prominent compared with the noisy background, probably due to the attenuation 

of the laser signals with the longer focal length or the aqueous solution as the 

transmission medium. In contrast, the ex situ Raman spectra (line g. k and m) identified 

mackinawite but also magnetite. The in situ Raman spectra show a relatively strong peak 

around 150~200 cm-1, which could be the possible match of bending or torsion vibration 

modes of the S-S bond in elemental sulfur (S8). The literature [211] shows that the 

vibrations in the spectra of S8 molecule appear as regions of stretching (ν, 400–475 cm−1), 

bending (δ, 152–267 cm−1) and torsion (τ, 86 and 150–191 cm−1).  However, the 

stretching mode related peak of S-S bond around 473 cm−1 was missing, although it is 

usually a strong peak at 25 °C in S8 crystals. A reported Raman application on 

chemisorption of H2S on copper impregnated activated carbon showed that the 

chemisorbed product was CuS [212]. Therefore, the Sads(Fe) Raman spectrum should 

feature the same peaks as mackinawite at around 208 ~ 218 cm−1 (lattice vibration) and 

281 ~ 298 cm−1 (symmetric stretching). However, once again, the peaks around 282 cm−1 

are missing. Either the single broadened peak around 150 ~ 200 cm−1 in the in situ Raman 

spectra potentially related to the bending or to the torsion of the Fe-S bond without 

showing much stretching activity. At least the ex situ Raman spectrum shows that this 

layer featured the two characteristic peaks of mackinawite after being retrieved from the 

aqueous solution. More work, such as surface enhancement, is needed to obtain more 

detailed structural information about the Sads(Fe). 
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Figure 104  

In situ and ex situ Raman spectra of the corroding surface after 1, 3, 7 days of exposure  

(30°C, initial pH=5.01, pCO2=0.97 bar, pH2S=40 mbar, [O2]aq = 5~7 ppb(w)) 
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7.4 Summary 

Due to the high reactivity between dissolved oxygen and H2S/iron sulfides, 

standard analytical tools that required ex situ analysis are often not ideal for the analysis 

of generated surface layers during sour corrosion. In contrast, in situ Raman constitutes a 

promising tool in terms of phase identification of the corrosion product layers formed in 

H2S corrosion. This method was implemented, and the preliminary findings are outlined 

below: 

• An in situ Raman flow cell was designed, fabricated in-house using 3D printing 

and implemented in an existing glass cell setup enabling the study of corrosion 

product layer formation and transformation during experiments. O2 ingress could 

be controlled to an acceptable level and a good seal of the cell could be 

maintained after being disconnected from the flow system to facilitate anaerobic 

Raman analysis; 

• Aqueous sulfate species concentration lower than 0.01 mol/L cannot be detected 

by Raman spectroscopy using the experimental setup developed in this work; 

• Ex situ Raman spectra showed that mackinawite layers were sensitive to oxidation 

in air, especially under the localized heating effect of the Raman laser; 

• In situ Raman spectra showed that mackinawite layers were sensitive to partial 

oxidation in the aqueous solution by traces of dissolved oxygen ([O2]aq > 3 

ppb(w)); 
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• In situ Raman spectra could identify very thin layers (less than 300 nm thickness), 

be it amorphous or nanocrystalline mackinawite, through the glass lens and 

aqueous solution; 

In situ Raman spectra failed to identify the chemisorbed mackinawite layer – Sads(Fe), 

while ex situ Raman spectra achieved it successfully.  
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 Chapter 8: Conclusions and Future Work 

8.1 Conclusions 

An innovative and thorough investigation of localized corrosion of mild steel in 

marginally sour environments was completed. As a result, the root cause of this type of 

pitting, the presence of traces of oxygen, was successfully identified; a mechanism of pit 

initiation and propagation was proposed and verified experimentally. Thermodynamic 

modeling and kinetics considerations were used to explain the effect of traces of oxygen 

on the H2S corrosion systems, affecting both the formation/transformation mechanism of 

the corrosion product layers and the chemistry of the aqueous solution. The main findings 

are: 

• A comprehensive parametric study helped define the range of operating 

parameters conducive to repeatable occurrence of pitting on X65 steel in 

marginally sour environments containing H2S and CO2: 

o At H2S partial pressure between 0.02 to 0.09 mbar; 

o At pH 4 and 5 (but not at pH6);  

o At 30C only (but not 60 or 80C); 

o At O2 content above 3 ppb(w). 

• Surface analysis by FIB-TEM with SAED and PED showed that the corrosion 

product layer formed on X65 steel in marginally sour environments in the 

presence of traces of O2 typically consisted of porous layers of 100~300 nm 

thickness, mainly constituted from mackinawite and magnetite.  
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• Experimental results obtained with different oxygen concentrations revealed that 

oxygen induced pitting can occur in the H2S corrosion system.  

o In “anoxic” environments (O2(aq) < 3 ppb(w)), H2S is thought to first 

chemisorb on the steel surface to form Sads(Fe). This layer is deemed to act 

as precursor to mackinawite, subsequently formed by precipitation from 

supersaturation of the local aqueous phase. Experimental results showed 

that the chemisorbed layer seemed to lead to a significant reduction of the 

corrosion rate, compared to equivalent layer-free steel environments at the 

same temperature, CO2 partial pressure, and pH but without H2S. 

o When traces of oxygen ([O2]aq > 3 ppb(w)) were present in marginally sour 

environments, the Sads(Fe) protective layer is hypothesized to have been 

partially compromised by oxidation, exposing the base metal underneath 

the chemisorbed layer to the corrosive environment and leading to pit 

initiation.  

• Results from in situ Raman analysis indicate that the mackinawite layer was 

oxidized into magnetite in the aqueous solution at the baseline condition (X65 in 

0.04 mbar H2S and 1 bar CO2 at 30ºC, pH 5.01 ± 0.01) in the presence of traces of 

oxygen. 

• Thermodynamic modeling (using phase equilibrium diagrams) confirmed that 

mackinawite could be oxidized into magnetite at pH > 6, and ultimately, into 

hematite. 
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• Thermodynamic modeling also predicted that dissolved H2S could be oxidized 

into H2SO4 in the presence of O2 at low temperatures. Kinetic studies 

(measurements of sulfate species and proton buildup over time in the aqueous 

phase) confirmed that this reaction did happen in the tested environments, with 

dissolved Fe2+ and possibly Ni2+, acting as catalysts. 

• Catalytic oxidation of H2S was proposed to be more prominent inside the pit, 

where the Fe2+ concentration was higher. Consistent with the experimental results, 

pit acidification and galvanic coupling are suggested to be the main drivers of the 

pit propagation.  

• More generally, this work shows clearly that experimentation in marginally sour 

environments requires very tight control of the dissolved O2 content. Many 

studies had shown previously that low H2S content could lead to localized 

corrosion, but they all failed to identify oxygen contamination as the culprit. This 

led to erroneous conclusions that the present work is, in part, correcting.    

8.2 Future Work 

• Sulfur chemistry is very complex as many different redox and other chemical 

reactions can occur. While such reactions may not play a significant role in the 

modeling of uniform corrosion (especially when the oxygen content is low), they 

can become very influential in localized corrosion studies. A more comprehensive 

water chemistry model including the oxygen effect will likely prove useful to 

fully understand how sour corrosion is affected. 
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• The chemisorption process of H2S on the iron/steel surface and the FeS formation 

should be further studied in strictly anoxic conditions. It is important for any 

future work to monitor and report oxygen concentration for any kind of sour 

corrosion study. The effect of oxygen should be included in the modeling of sour 

pitting corrosion. FeS saturation and layer formation kinetics should be studied in 

rigorously oxygen-free environments. 

• In situ Raman is a promising tool in terms of phase identification in sulfur 

chemistry research. It is also a versatile technique that could be applied to other 

systems (CO2 corrosion, corrosion inhibition). More work should be done to 

utilize its potential in corrosion research.  

• One observation that remains unresolved so far is that no pitting occurred on pure 

iron in marginally sour environments. From the perspective of microstructure of 

iron and steel, it might relate to the selective adsorption of oxygen or H2S on 

carbide and/or ferrite phases, or the formation of pentlandite [(Ni,Fe)9S8] on X65. 

However, more details should be proposed and verified to evaluate this line of 

reasoning. For example: Is the Sads(Fe) layer different due to the presence of 

carbide? Or is the difference only shown with the presence of oxygen? 

• It seems worthwhile to consider the consequences of the presence of trace 

amounts of oxygen as evidenced in this work for industrial systems such as 

marginally sour oil and gas production, where oxygen ingress may occur. 
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