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ABSTRACT 

Contact with granular iron has emerged as a significant remediation technology for groundwater 
contaminated with chlorinated aliphatic hydrocarbons. The degradation of halogenated 
compounds by iron is a charge transfer process involving oxidation of iron and reduction of the 
organic compounds. To refine our understanding of the mechanism and kinetics of the charge 
transfer process, electrochemical and spectroscopic measurements were performed on iron 
electrodes in borate buffer and in simulated groundwater solutions of calcium carbonate and 
potassium bromide. These experiments, performed in the presence of two model compounds, a 
degradable compound (carbon tetrachloride) and a non-degradable compound 
(dichloromethane), indicated that carbon tetrachloride acts as an oxidizer of the iron surface 
while dichloromethane is nonreactive i.e., a non-oxidizer. 

Based on electrochemical and spectral evidence, a new conceptual model of the reductive 
dehalogenation of chlorinated aliphatic hydrocarbons by iron is proposed. According to this 
model. the introduction of an oxidizer such as carbon tetrachloride will result in surface film 
formation. The composition and protective properties of these films were shown to be dependent 
on the corrosion behaviour of the iron prior to and after its exposure to the oxidizer. as well as on 
the ionic composition of the water. 

In borate buffer. magnetite and hydrated magnetite were identified as the final products of the 
surface reactions. while carbonate-containing green rust complexes were detected in aqueous 
solutions of calcium carbonate. In these two solutions. the introduction of the oxidizer had no 
effect on the resistance of the iron/solution interface but resulted in an increase of the corrosion 
rate. 

In aqueous solutions of potassium bromide. magnetite, green rusts, Fe(OH)J and a-FeOOH were 
identified as the final products of the surface reactions while the resistance of the iron/solution 
interface increased and the corrosion rate decreased after exposure to carbon tetrachloride. The 
changes in resistance and corrosion rate could not have been anticipated based on measurements 
of the potential, since similar positive shifts of potential were observed in all the solutions after 
exposure to the oxidizer. These changes are, however, in agreement with the fact that, prior to 
the introduction of the oxidizer, the presence of a film was detected in the potassium bromide 
solutions; there was no evidence of such a film in the borate and calcium carbonate solutions. 

With regard to the practical use of iron for the remediation of groundwater contaminated with 
chlorinated aliphatic hydrocarbons, the resuhs suggest that surface films may, or may not, affect 
reaction rates. For example, magnetite and green rust compounds, being non-protective, will not 
prevent charge transfer at the iron/solution interface; charge transfer will however proceed at a 
slower rate than on a bare metal surface. In addition, in the case of green rust compounds. they may 
also play a role as reductants themselves. For Fe(Ol-1)3 and a-FeOOH films, however, the situation 
is different. Being more protective, their presence could result in localized passivation of the iron, 
as seen in this study, and therefore be detrimental from a technological point-of-view. 
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1.0 INTRODUCTION 

I.I Background and goal 

The in siw use of granular iron for degradation of chlorinated aliphatic hydrocarbons (Gillham 

and O'Hannesin, 1994) has emerged as a significant new technology for remediation of 

contaminated groundwater. The degradation of halogenated compounds by iron is a charge 

transfer process involving oxidation of iron and reduction of the organic compounds. Though 

considerable research effort has focused on the degradation pathways and rates of reduction for 

different organic compounds (Gillham and O'Hannesin, 1992, 1994; Matheson and Tratnyek, 

1994; Roberts et al., 1996; Gillham, 1996; Focht et al .. 1996; Johnson et al., 1996). many aspects 

of the charge transfer reactions remain highly speculative. In particular, questions related to the 

corrosion behaviour of iron, rather than to the fate of the contaminants. are still to be answered. 

For example, little is known of the influence of the organic molecules on the corrosion potential 

and corrosion rate of iron. and on the structure and properties of the iron/solution interface. 

Approaches centered on the corrosion behaviour of iron. rather than on the contaminant 

behaviour, were taken in studies of iron particles in contact \\ith water of different ionic 

compositions by Odziernkowski et al. ( 1998) and Reardon ( 1995). In the first, Raman 

spectroscopy was used to identify the surface films formed on electrolytic iron particles during 

contact with simulated groundwater; in the second, corrosion rates were measured by monitoring 

the hydrogen pressure increase in sealed cells containing low alloyed scrap steel granules and 

water. These studies, which were limited to contaminant-free solutions, showed that the nature of 

surface films and the corrosion rate are affected by the ionic composition of the aqueous 

solutions. Finally, Scherer et al. (1997), who used an iron rotating disk electrode to study the 



kinetics of carbon tetrachloride reduction, identified the conditions under which mass transfer 

effects are negligible and the degradation reactions are controlled by charge transfer. 

Following these lines of work, the present study was initiated to investigate the combined 

influence of chlorinated aliphatic compounds and water with different ionic compositions on the 

corrosion behaviour of iron and the structure of the iron/solution interface. By focusing on 

corrosion related issues. the goal was to gain insight concerning mechanistic and kinetic aspects 

of the degradation of halogenated compounds by iron. In addition, passivation of iron surfaces 

and longevity of field applications of the iron technology remain imponant practical questions. It 

was anticipated that the results of this study would contribute to a better understanding of these 

issues as wdl. 

1.2 Literature review 

The subjects of iron corrosion and passivity have been studied extensively for the last 200 years 

(Sato, 1990). Most of that research was driven by the need to prevent the deterioration of 

metallic structures by corrosion processes. Defining the conditions under which a passive film 

would form or breakdov.n was therefore often the main objective. In that light. the possible use 

of organic compounds as inhibitors was considered. It was found that the corrosion rates of many 

metals and alloys in media ranging from acidic to alkaline could be regulated over wide ranges 

with the aid of organic inhibitors (Damaskin et al., 1971 ). The protective properties of these 

materials, which usually contain nitrogen, sulfur, or hydroxyl groups, were generally attributed 

to their adsorption onto the metal surfaces (Cohen, 1978). 
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Another avenue of research is the domain of organic electrochemistry where the synthesis or 

reduction/oxidation of organic compounds by reaction on different electrode materials, including 

iron. is studied. The electroreduction of halogenated organic compounds, with substitution of 

halogen by hydrogen, has been shown to take place under a variety of conditions: in aqueous or 

non-aqueous media, and on non transition or transition metals (Criddle and McCarty, 1991; 

Bukhtiarov et al., 1988; Feoktistov, 1983; Baciocchi. 1983 ). For example, Merica et al., ( 1998) 

reported the electroreduction of hexachlorobenzene at mercury and iron cathodes in methanol 

solutions. The current efficiency and extent of dechlorination were. however, larger on mercury 

than on iron electrodes. 

The first experimental investigations concerning the use of metals to remediate water 

contaminated with halogenated organic compounds were reported in the patent literature about 

30 years ago. Koch ( 1968) developed a cylindrical cell with Mg plates; Sweeny and Fisher 

( 1972, 1973) designed a column reactor with activated metals (including iron) to degrade various 

halogenated organic contaminants. Others (Senzaki and Kumagai, 1988, 1989; Sccno, 1991; 

Takemura, 1992; Gillham and O'Hannesin. 1992, 1994; Schlimm and Heitz. 1996) have since 

considered the use of iron powder or porous metallic bodies of iron and other metals for the 

removal of halogenated hydrocarbons from contaminated water. The original contribution of the 

research by Gillham and O'Hannesin (1992, 1994) is that the use of granular iron, for the 

remediation of water contaminated with chlorinated aliphatic hydrocarbons, was not restricted to 

reactor-type applications, but was also proposed for use in in sil11 penneable reaction barriers. 

The concept of such barriers is remarkably simple, involving the construction of a permeable 

curtain containing granular iron particles across the path of a contaminant plume. As the 

3 



contaminated groundwater passes through the curtain., the contaminants are removed through 

reaction with the iron particles (Gillham. 1996). 

The work by Gillham and O'Hannesin (1992, 1994) originated from the results of a study on 

sampling bias caused by materials used to monitor halocarbons in groundwater, in which it was 

found that galvanized metallic surfaces have the potential to transform polyhalogenatcd 

hydrocarbons (Reynolds et al., 1990). Gillham and O'Hannesin ( 1992) confirmed the results of 

that study and extended the work to include other metals such as iron, zinc, aluminum, brass, 

copper and stainless steel. Higher degradation rates were obtained with iron and zinc. Because of 

its lower cost and toxicity, the use of granular iron in groundwater remediation systems. 

consisting of abo\'e-ground reactors or in situ permeable reaction walls, was proposed (Gillham 

and O'Hannesin. 1994). Several field demonstrations of the technology have now been 

completed. and it has also been used commercially at numerous locations in North America and 

in Europe (USEPA, 1999; Gillham, 1996; Focht et al .. 1996). 

Present avenues of research where corrosion or electrochemical processes are used to decompose 

halogenated organic compounds can be divided into two fields. In the first, energy is supplied to 

the system to promote the degradation reactions, as in an electrolytic cell, while in the second. 

the reaction occurs spontaneously i.e., under open-circuit conditions. as in granular iron 

remediation systems. Advantages of the electrolytic approach over open-circuit methods are that 

it offers more control over the reaction pathway and that higher overpotentials can be reached. 

This may allow the degradation of otherwise recalcitrant species and/or result in faster 

degradation rates. Electrolytic methods have however certain disadvantages. As pointed out by 

4 



Merica el al. ( 1998), a non-aqueous solvent, an expensive supporting electrolyte and/or electrode 

materials that are not environmentally friendly might be required depending on the contaminant 

to be degraded. Finally, the energy required to promote the reactions might render these methods 

economically unviable, particularly for the remediation of contaminated groundwaters which are 

typically not conductive and have low contaminant concentrations. 

On the other hand, above-ground reactors or in situ permeable reaction walls containing granular 

iron particles ofter limited levels of control and may not be practical for remediation of heavily 

contaminated water; they have, however. numerous advantages. They do not require an external 

source of energy since the reactions occur spontaneously, and will occur as long as there is 

charge transfer from the metal to the contaminants. They also do not require the use of additives 

in term of solvents or electrolytes and the reactions have been shown to proceed in typical low­

conductivity groundwater. Finally. the electrode material (iron) and most by-products are 

environmentally friendly, and iron granules used in commercial applications are relatively 

inexpensive. 

1.3 Objectives 

Accepting the view that the degradation of chlorinated aliphatic hydrocarbons by iron involves 

charge transfer at the iron/solution interface, the present study was initiated to investigate the 

combined influence of chlorinated molecules and water with different ionic compositions. on the 

corrosion behaviour of iron and the structure of the solid-solution interface. More specifically, 

the objectives were to: 

I) Investigate the influence of degradable and non-degradable chlorinated aliphatic 

hydrocarbons on the corrosion behaviour of iron: 

5 



a) Detennine if electrochemical measurements can help explain why some compounds are 

degradable while others are not. (For example. are recalcitrant compounds passivating the 

iron surface?); 

b) Determine if the corrosion potential and corrosion rate of iron are affected by the 

presence of a degradable compound. and if so. in what way; 

c) Detennine if the corrosion potential and corrosion rate of iron are affected by the 

presence of a non-degradable compound. and if so. detennine if the changes are of the 

same nature as those observed in the presence of a degradable compound; 

d) Detennine if the behaviour of the degrading and non-degrading compounds is similar 

from one solution to another i.e .. determine the influence of the ionic composition of the 

water; 

e) Detennine if the presence of a film on the iron surface. prior to the introduction of a 

degradable or non-degradable contaminant. has an influence on the subsequent corrosion 

behaviour of iron. 

1) Investigate the effects of degradable organic molecules on the structure and properties of the 

iron/solution interface: 

a) In the case of a cathodically cleaned iron surface. characterize the changes at the 

iron/solution interface following exposure to a degradable compound; 

b) In the case of an iron surface covered by a surface film prior to the introduction of a 

degradable compound. characterize the changes at the iron/solution interface following 

exposure to the compound; 
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c) Determine the nature and electronic properties of films present before or formed after 

exposure to a degradable compound; 

d) Determine the influence of the ionic composition of the water on all of the above. 

3) Generate a conceptual model of the iron/solution interface, in terms of corrosion behaviour 

and structure of the interface, following exposure to a degradable compound: 

a) For the case of a cathodically cleaned iron surface; 

b) For the case of an iron surface covered by a surface film prior to the introduction ofa 

degradable compound; 

c) For water with different ionic compositions. 

To achieve these objectives, the following strategy was adopted. First, the granular iron/ 

contaminated groundwater system was simplified to an iron electrode/ borate buffer system in 

the presence of two model compounds. a degradable compound (carbon tetrachloride-CCL) and 

a non-degradable compound (dichloromethane-CH2Cb). The need to simplify the system arose 

from the fact that granular iron particles used in commercial applications of the technology are in 

fact granules of various unknown mixtures of low alloyed scrap steel covered by a thick 

heterogeneous oxide layer. An iron electrode, on the other hand, is made of pure iron, the surface 

of which can be made oxide-free by electrochemical cleaning procedures. In addition, typical 

groundwaters are non-conductive compared to electrochemical solutions, they have limited 

buffering capacity and they usually contain anions, such as carbonates or halides, which can 

either act as passivating or aggressive agents. A concentrated borate solution, on the other hand, 

has buffering capacity and is slightly inhibiting only in the presence of oxygen. 
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Electrochemical and in situ Raman spectroscopic measurements were performed on the iron 

electrode in contaminant-free borate buffer, then in the presence of CCI.a or CH2Ch. 

Electrochemical experiments were performed where the potential of the electrode was controlled 

i.e., the electrode was polarized. These experiments, which included potentiodynamic 

polarization, Tafel plot and corrosion rate measurements, using various experimental methods, 

allowed us to gain insight into the kinetic aspects of the reactions in the presence and absence of 

contaminants. For other experiments, the potential of the freely corroding electrode at open 

circuit was monitored over time. During these open circuit potential (OCP)-time experiments, in 

situ Raman spectroscopic measurements were performed to investigate the nature of the changes 

at the interface. 

Finally, the investigation was extended to simulated groundwater and the electrochemical and in 

situ Raman spectroscopic measurements were repeated in aqueous solutions of potassium 

bromide and calcium carbonate. 

1.4 Thesis organization and format 

This thesis is divided into six chapters. The first and last chapters are the introduction and 

conclusion, respectively, while chapters 2 to 5 constitute the main body of the thesis. 

This study used electrochemical and spectroscopic techniques to gain insight concerning the 

granular iron remediation technology. Since these techniques are not frequently used in the fields 

of Earth Sciences and Environmental Chemistry, some important electrochemical and other 

related concepts will be introduced in Chapter 2. 
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In the first stage of this study, potentiodynamic polarization, OCP-time and in situ Raman 

spectroscopy measurements were performed in borate buffer. The results of these experiments 

were published in the journal Corrosion Science (Vol. 40, No. 8, pp. 1391-1409, 1998). The 

paper, as published, constitutes Chapter 3. 

In the second stage of this study, the investigation was extended to simulated groundwater and 

experiments were repeated in aqueous solutions of calcium carbonate and potassium bromide. 

Chapter 4 covers the results of OCP-time and in situ Raman spectroscopy measurements 

performed in calcium carbonate solution. The content of Chapter 4 was submitted to the Journal 

of Solution Chemistry in May 1999; its format is therefore the format of the manuscript as 

submitted. The focus of the manuscript is on the in situ identification of carbonate-containing 

green rust, and is of particular importance because it is the first time that this compound. as a 

corrosion product of iron, has been identified in silll by any technique. 

Chapter 5 covers the results of Tafel plot and corrosion rate measurements performed in borate 

buffer and in aqueous solutions of potassium bromide and calcium carbonate. It also covers the 

results of OCP-time and in situ Raman spectroscopy measurements in potassium bromide 

solution. The content of Chapter 5 was submitted to the journal Corrosion Science in September 

and accepted in November 1999; its format is therefore the format of the manuscript to be 

published. 
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2.0 INTRODUCTION TO CONCEPTS 

2.1 Concepts related to corrosion of iron 

Metallic iron was manufactured by reaction between the ore and carbonaceous material over four 

thousand years ago and has been corroding for about the same length of time (Cohen, 1978). 

Corrosion may be defined as a chemical reaction between a metal and its environment (Jones, 

1992, p.4). It actually reflects the tendency of the metal to revert to thermodynamically more 

stable forms such as those in which it occurs naturally on earth. Thus one of the products of 

atmospheric corrosion of metallic iron is iron oxide (a-Fe2O3) which is a form of iron ore 

(Snoeyink & Jenkins, 1980). 

Corrosion potential and corrosion current density [adapted from Fontana and Greene ( 1978, 

pp.313-324)] 

Corrosion processes usually involve transfer of electronic charges; they are therefore 

electrochemical in nature (Jones, 1992, p.5). According to the mixed-potential theory (Wagner 

and Traud, 1938), any electrochemical reaction can be divided into two or more partial oxidation 

and reduction reactions. There can be no net accumulation of electrical charge during an 

electrochemical reaction and thus the total rate of oxidation must equal the total rate of reduction. 

For example, when an iron electrode is immersed in an aqueous solution such as borate buffer. 

the two reactions occurring are iron dissolution (Fe➔Fe2+ +2c1 and hydrogen evolution (21-r +2e· 

➔H2) (Figure 2.1 ). The iron dissolution, defmed as the anodic reaction, is an oxidation reaction in 

which the oxidation state of iron increases, liberating electrons, while hydrogen evolution, the 

cathodic reaction, is a reduction reaction in which the oxidation state of hydrogen decreases, 

consuming electrons. The steady state of this system occurs at the intersection between the two 
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redox systems i.e., at a mixed or corrosion potential Ecorr• This potential is also known as the 

open-circuit potential (OCP). At this point, the total rate of oxidation is equal to the total rate of 

reduction. Because the reaction rate is expressed in terms of current density, the current density 

corresponding to this point is called the corrosion current density icorr• 

- 1000 N 2H++2e•H2 Fe-+ Fe2++2e I 
E u • 100 c( 
~ - icorr 
>-..-·- 10 en 
C 
u Fe2++2e-+Fe C 
.,_ 

1 ·• ·• 
C I Fe/Fez.t •• •• I H+/NI •••• 

u --~ E94,.;,.,.. E941H+/t12 
0 0.1 

-0.7 -0.6 -0.5 -0.4 

Potential (V NHE) 

Fi1ure 2. l Schematic of behaviour of iron in pH 8.4 borate buffer (adapted from Figure 9.18 in 
Fontana and Greene, 1978). 

The value of the open-circuit or corrosion potential Econ of an iron electrode in an aqueous 

solution cannot be deduced from the values of the standard electrode potential E0 or the 

equilibrium potential Ecq for the Fe/Fe2+ or W /H2 redox systems. It must however rest between 

the values for EcqFc1Fc2+ and EcqH+IH2• 
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For example, in the case of an iron electrode immersed in pH 8.4 borate buffer in the presence of 

3.4xl0~ M of Fe2+ ions, a corrosion potential of -0.540 V NHE was measured. In the same 

solution, the values of Ecq Fdfe2+ and Ecq11+11-12, calculated using the Nernst equation (Bard and 

Faulkner, 1980, p.51) where RT/F = 0.02569 V and n = 2: 

EcqF,:Jfc2+ = E°Fdfe2+ + RT/nF In ([Fe2+]) 

EcqH·'H:? = E0 H+/fl:? - 2.3 RT /F pH 

are -0.602 and -0.496 V NHE, respectively, while the values of E°F,:/fc::?+ and E0
11+/H:?, which are 

constant, are -0.440 and O V NHE, respectively. In a similar fashion. the value of the corrosion 

current density icorr is also different than the exchange current density io for the Fe/Fe2"'" or H+ /H2 

redox systems and again the latter cannot be used to deduce the former. 

Oxidizer [adapted from Fontana and Greene (I 978, pp.313-324)) 

In the example given above, if some ferric salts were added to the borate buffer, three redox 

systems (Fe/Fe2+, H+/H2 and Fe3 
... /Fe2

~) would then be at play (Figure 2.2). The basic principles 

of the mixed-potential theory also apply to this more complex system. At steady state, the total 

rate of oxidation must equal the total rate of reduction. The total rate of oxidation follows the 

iron dissolution rate until Ecq11+1112 is reached where it increases because of the addition of 

hydrogen-oxidation currents and when EcqFcJ+1Fc2+ is reached, it increases again due to the 

addition of ferrous-ion oxidation. Similarly, the total rate of reduction follows the ferric-ion 

reduction until Ecqu+1112 is reached where it increases because of the addition of hydrogen­

evolution currents. The point at which the total rates of oxidation and reduction are equal is the 

mixed or corrosion potential Ecorr of this system. At this point, the rate of iron dissolution or the 
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corrosion current density icorr is equal to the summation of the rates of ferric-ion reduction and 

hydrogen evolution i.e., icorr = iFc3+/Fc2+ + iH+/H2· 

The presence of the ferric ions resulted in a positive shift of the corrosion potential (from E'corr 

to Ecorr), in an increase of the corrosion current density (from i\:orr to icorr) and in a decrease of 

the hydrogen evolution rate (from i'corr to i"). The ferric ions are acting as oxidizers. The effect 

of an oxidizing agent is dependent on the redox potential of the oxidizer, on its concentration and 

on its exchange current density on the particular metal. 

,.. 
'e 
u • C 
=i -

. 
»--·-c: • Q -C: • .. .. 
~ 
(J 

T ot1I rate of oxidation 

Total rate of reduction 

\.J 
Fe• Fe2•+2e 

i9 .. 

~ •• ,111 ~ •••• ,,.a. 

,_, 
Potential IV NHE) (+) 

Figure 2. 2 Schematic of behaviour of iron in pH 8.4 borate buffer containing some ferric ions 
(adapted from Figure 9.19 in Fontana and Greene, 1978). 
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Passivity [adapted from Fontana and Greene ( 1978, pp.313-324)] 

Iron is considered an active-passive metal. Passivity is a phenomenon observed during the 

corrosion of certain metals and alloys; it can be defined as a loss of chemical reactivity under 

certain environmental conditions. This phenomenon was discovered by Keir in 1790. who 

observed that metallic iron in concentrated nitric acid became suddenly altered (passive) after 

violent metal dissolution had occurred (active). However, if the iron was scratched with a glass 

rod, violent metal dissolution recurred (Sato, 1990). From these experiments, one can conclude 

first that there is a decrease in corrosion rate accompanying the transition from an active to a 

passive state. Secondly, the passive state is relatively unstable and subject to damage which may 

result in a transition from the passive to the active state. These characteristics of passivity. with 

the possibility of using it as a corrosion reduction tool. explain why the subjects of corrosion and 

passivity have been studied extensively for the last :!00 years. 

Polariz.ation curve [adapted from Fontana and Greene (1978, pp.313-324)] 

The typical behaviour of an active-passive metal such as iron can be illustrated most clearly by a 

polariz.ation curve, i.e., a current density vs. potential plot ( Figure 2.3 ). As the electrode potential 

is made more positive than the corrosion potential. the dissolution rate increases exponentially up 

to a maximum anodic current density corresponding to the primary passive potential Epp• This 

potential region, between Ecorr and Epp, is calh:d the active dissolution region. At potentials more 

positive than Epp, the dissolution rate decreases to a very small value and then remains essentially 

independent of potential over a considerable potential region. The potential region in which the 

rate decreases is tenned the active-passive transition region, while the region in which the rate is 

constant is the passive region. At very positive potentials, the dissolution rate again increases 
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with increasing potential; this region, the transpassive region, corresponds to the destruction of 

the passive film and the re-activation of the underlying metal. It also corresponds to the onset of 

oxygen evolution. Finally, at potentials more negative than Ecorr i.e., in the cathodic region, 

hydrogen evolution is taking place. 

Cathodic Anodic 

• =o.. c: • . > : I o: > . - . ·--. =c-~= .. . u . • •· .. . c: .. . . •= ~ . . ... . • ~= • u ... 
Q 
.2 

• 
:::ii--... 
C • -a -C • ... ... 
::, 
0 

Ec~rr E,, 

(-) Potential (+) 

Figure 2. J Polarization curve for an active-passive metal such as iron (adapted from Figure 9.24 
in Fontana and Greene, 1978). 

Potentiostatic vs potentiodynamic procedures [ adapted from Jones ( 1992, pp.122-125)] 

Polariz.ation of an active-passive metal such as iron can be performed potentiostatically or 

potentiodynamically. In potentiostatic procedures, the electrode potential is changed in a step­

wise manner and the resulting current response is recorded. (Galvanostatic polariz.ation is also 
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often performed. In that case, current steps are applied and the potential response is recorded.) 

During potentiodynamic polarization, the procedure is similar except that the electrode potential 

is changed continuously instead of step-wise. This allows the automatic recording of a 

polarization curve. In both procedures, potential is increased in a positive direction (from 

cathodic to anodic currents). When the reverse sweep is also recorded i.e., from anodic to 

cathodic currents, a cyclic voltammogram is obtained (Bard & Faulkner. 1980. p.215). 

Corrosion rate measurements [adapted from Fontana and Greene ( 1978, pp.342-345) and Siebert 

(1985. pp.69-71)] 

The mixed-potential theory forms the basis for two electrochemical methods used to determine 

kinetic paramatcrs of the charge transfer reactions such as the corrosion current density and the 

corrosion rate. These arc the Tafel extrapolation and the linear polariz.ation techniques. 

The Tatel extrapolation method for determining corrosion rate was used by Wagner and Traud 

( 1938) to verify the mixed-potential theory. This technique uses data obtained from cathodic 

and/or anodic polarization measurements. During cathodic polari:zation, sufficient current is 

applied to change the freely corroding potential of an iron electrode in a negative direction from 

Ecorr; in anodic polarization, the potential of the electrode is shifted to more positive values. To 

construct a Tafel plot, the potential of the electrode is plotted against the logarithm of applied 

current (solid lines on Figure 2.4). 

At moderate overpotential~ the cathodic and anodic curves are linear. These regions of linearity 

are referred to as the Tafel regions. The corrosion potential and the corrosion current density can 
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be calculated from the intersection between the extrapolations of the two Tafel regions. The 

corrosion rate is then calculated from the corrosion current density. 
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Figure 2 . .a Tafel plot where ~c and ~. represent the cathodic and anodic Tafel slopes. 
respectively (adapted from Figure 2 in Siebert. 1985). 

The main advantages of the Tafel extrapolation technique are that it can be used to measure very 

low corrosion rates and that it is quick; curves can be generated in an hour or less. There are, 

however, numerous restrictions. For example, this technique is of limited value where more than 

one cathodic reaction occurs. It is also often difficult to extrapolate accurately when the Tafel 

region is not linear over a sufficient potential segment; such is the case when film formation 

occurs during the anodic polari7.ation of a metal. Finally, since currents in the Tafel region are 
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one or two orders of magnitude larger on a log scale than the corrosion current, relatively large 

currents are required to shift the potential from the corrosion potential. The solution must, 

therefore, be conductive enough such that the IR drop does not significantly obscure the Tafel 

behaviour. Since the corrosion rate determined by Tafel extrapolation is seldom accurate, the 

primary use of this technique is to provide a quick check of a given corroding system. 

The disadvantages of the Tafel extrapolation method can be overcome by usmg a linear 

polarization technique. Within 10 mV more cathodic or more anodic than the corrosion potential, 

the electrode potential is a linear function of the applied current and the corrosion current density 

can be calculated from the slope of this line (t.E/ 6iapp). The corrosion rate is then calculated 

from the corrosion current density. The linear polarization technique is more versatile and 

quicker than the Tafel extrapolation method; curves can be generated in minutes. As for the Tafel 

extrapolation method, the solution must be conductive. 

Uncompensated solution resistance [adapted from Mancey (1990. pp. 136-140)J 

In any electrochemical technique. the issue of the conductivity of the solution is of importance. 

The potential of interest is the potential at the electrode/solution interface. However, the potential 

controlled or measured by a potentiostat is the cell potential. If any part of the current path in the 

cell, other than the interface, resists the passage of current, then an additional potential drop will 

occur in the cell, causing the cell potential to differ from the interfacial potential. This additional 

potential drop is often the result of the solution resistance 
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The potential drop or IR drop is the product of the current flowing (I) and of the uncompensated 

solution resistance (Ru), where Ru is the sum of the resistance of the electrode/solution interface 

and of the solution resistance. Compensation for IR drop can be performed post-factum or on­

line (Britz. 1978). In post-factum compensation, the IR effect is measured during the experiment 

and the IR compensation is achieved by subsequent data manipulation, while in on-line 

compensation, the cell potential is corrected for the IR effect in real time. In both cases, the value 

of Ru can be assumed constant for the duration of the experiment or it can be measured at 

intervals during the course of the experiment. When dealing with a system where film growth 

can occur on the working electrode, the value of Ru cannot be assumed constant and therefore it 

has to be measured periodically or continuously. This is why. when performing Tafel plot 

measurements on iron electrodes, a value for Ru has to be determined at each current pulse 

increase. Alternatively. when using a linear polari7_.ation technique. the potential being within 

± 10 mV from the corrosion potential, film growth is unlikely to be significant and a value for Ru 

can be determined prior to the beginning of the experiment and used to program the potentiostat 

for the subsequent measurements. This last point is only valid however when the measurements 

arc very fast (i.e., 7-10 min.); for longer measurements. the possible formation of a film should 

be considered. 

Diffusion (mass transfer) control vs kinetic (charge transfer) control (adapted from Zembura 

( 1991, pp. 152- I 79)] 

Corrosion processes, like all heterogeneous reactions, proceed through a number of consecutive 

steps. Reactants reach the reaction surface (mass transfer) to undergo a chemical transformation 

(charge transfer), then the reaction products leave the reaction surface (mass transfer). The rate 
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of the overall reaction is limited by the rate of the slowest step: mass transfer and/or charge 

transfer. 

In the case of corrosion of solids in liquids with the formation of soluble products, the transfer of 

reactants to and from the reaction surface is accomplished in the liquid phase by convection or 

molecular diffusion. In the bulk of the liquid. the solute is transported by convection. Upon 

approaching the solid surface, the liquid moves increasingly more slowly in relation to the 

surface, while the motion, in most cases, ceases at the interface itself. In the liquid layer adjacent 

to the solid, the transfer of reactants is therefore accomplished by molecular diffusion. 

For a rotating disk system. a solution of the convection-diffusion equation for a solute in a liquid 

at steady state conditions (i.e .. 6c/6t = 0) has been provided by Levich ( 1959): 

j = D (dc/dz)c=o = D (c0 
- c1

)/ 6 

6 = l.61D11131v11161
w1-1 121 

where j is the diffusion flux, D is the diffusion coefficient of the re1ctant, c0 is its concentration 

in the bulk of the solution, c1 is concentration at the disk surface, 6 is the diffusion layer 

thickness, v is the kinematic viscosity, and w is the angular velocity of the disk. A point to note 

is that, in a rotating disk system, the thickness of the diffusion layer is a simple function of the 

angular velocity of the disk. 

If the rate of a reaction at the interface is much faster than the rate of reactant transfer, the 

reaction is said to be controlled by mass transfer, i.e., under diffusion or concentration control. 
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For such a reaction. c1=0 at the disk surface and the corrosion rate varies linearly with the square 

root of the angular velocity of the disk (Figure 2.5). 

e ...... 
~ 

Diffusion-controlled 

' Mixed-kinetics 
¥" or 

with partial blocking 

/ 
Kinetic-controlled 

Figure 2. S The four types of control of a reaction: diffusion-controlled, kinetic-controlled, mixed­
kinetics and diffusion-controlled with partial blocking of active-dissolution sites (adapted from 
Figure 5 .10 in Zembura, 1991 ). 

Alternatively, if the rate of transport greatly exceeds the reaction rate, the reaction is controlled 

by charge transfer, i.e., under kinetic or activation control. For such a reaction. c1=:sc0 on the disk 

surface and the corrosion rate is independent of the disk speed. In intennediate cases, the 

reaction occurs in a mixed-kinetics region. Finally, a fourth type of kinetics occurs when a 

reaction is diffusion-controlled but there is partial blocking of the disk surface by reaction 
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products; the behaviour is then similar to mixed-kinetics. Such behaviour might also be an 

artifact due to a large IR drop when dealing with low conductivity solutions. 

2.2 Concepts related to surface films on iron 

The active-passive behaviour of iron is the result of film formation. The nature of this film is still 

the subject of extensive research throughout the world. However there is general agreement that 

the composition and protective properties of this film. in a given aqueous solution, differ from 

one potential region to another (Gui and Devine, 1991 ). In alkaline aqueous solutions, the initial 

stages of iron oxidation result in the formation of Fc/OH1ds species with the simultaneous 

displacement of pre-adsorbed hydrogen (created by cathodic polarization or cleaning procedure) 

(Burke and Lyons, 1986). In the active dissolution region, the formation of an Fe(Il)-rich film is 

expected. while at potentials more positive than the Epp, the formation of an Fe(lll)-rich film is 

expected. The film formed in the active and active-passive transition region is considered non­

protective. while the film formed in the passive region is protective. In the transpassive region. it 

is the breakdown of this protective film that results in an increase of the iron dissolution rate. 

Different models of the passive film on iron have been proposed; these models involve either one 

or two layers which contain different combinations and arrangements of iron hydroxides, oxides 

or oxy-hydroxides (Figure 2.6). Early studies by Vetter (19S8) and Nagayama and Cohen (1962) 

pointed to a sandwich of inner Fe10,. / outer y-Fe201 as the structure of the passive film (Figure 

2.6A). 
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Figure 2. 6 Various proposed structures of passive films ( adapted from Figure 6 in Cohen. 1978 ). 

Foley et al. ( 1967) also supported the idea of a bi-layer model. ln their case. however. they found 

that when the potential was in the passive region. y-Fe203 was found along with Fe30., but at 

lower potentials. Fe30-1 and/or oxy-hydroxides were observed. Discrepancies also exist with 

regards to the electronic properties of the passive film. Depending on the model, the higher 

valency outer portion of the passive film should be considered an n-type semiconductor 

(Schultze, 1978), an insulator (Cohen. 1978) or a combination of both, i.e., a chemi-conductor 

(Chen and Cahan, 1982); the inner Fe30-1 is regarded as conductive (Schultze, 1978). Finally, 

other questions that are still debated relate to the thickness and mechanical properties of the 

passive film. 
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Precipitate vs surface film 

A precipitate is an insoluble substance produced by a chemical reaction in solution (e.g., the 

spontaneous formation of magnetite on electrolytic iron particles [Odziemkowski et al., 1998]) . 

.. Surface film" is a broader term; it includes precipitates, adsorbed species and films formed by 

other mechanisms than precipitation (e.g., the native film on commercial iron materials which is 

formed by a very specific mechanism of high temperature oxidation [Odziemkowski and 

Gillham, 1997)). 

Ex situ vs in situ techniques 

The current pictures of the film formed on iron result from the use of a variety of electrochemical 

and non-electrochemical techniques, both ex sitll and in situ. There is however evidence that ex 

situ techniques deal with an altered or decomposed film (Uhlig. 1978). In fact. the problem with 

ex situ techniques is that potential and/or environmental control is lost in order to study a sample 

(Chen and Cahan. 1982). For example. in the use of electron microscopy to study the passive 

film on iron. cne must open the circuit (losing potential control), wash and dry the electrode 

( losing control of pH. etc .. ), put the sample in a vacuum environment (losing control of 0 2 

pressure), and bombard the sample with electrons (which are highly reducing and heat the 

specimen). Even if exposure to vacuum and heating by electrons did not change the passive film 

structurally, recent in situ studies by Mossbauer spectroscopy and EXAFS have revealed that 

removal from aqueous solution and the change or elimination of potential control have changed 

the composition of the passive film by eliminating some hydrogen-containing species (Kruger, 

1989). Finally, according to Gui and Devine (1991), the validity of ex situ techniques is even 
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more in question when dealing with films formed in the active and active-passive transition 

regions. 

Raman Spectroscopy 

An important advantage of Raman spectroscopy over other methods of surface analysis is its 

ability to analyze samples in aqueous solutions in situ. Raman spectra are obtained by irradiating 

a sample with a powerful laser source of monochromatic radiation. During irradiation. most of 

the radiation will be transmitted without change but, in addition, some inelastic scattering of the 

radiation will occur (Long, 1977). The scattering of radiation without change of frequency (or 

wavenumber) is called Rayleigh scattering while the scattering of radiation with change of 

frequency is called Raman scattering. When the radiation is scattered to lower frequencies (i.e., 

the irradiated molecules gain energy), Stokes Raman bands arise; when the radiation is scattered 

to higher frequencies (i.e., the irradiated molecules lose energy), anti-Stokes Raman bands are 

produced. Anti-Stokes bands are usually less intense than the corresponding Stokes bands. For 

this reason, the Stokes part of a spectrum is generally used. 

The normal Raman effect is defined as weak because the intensity of Rayleigh scattering is 

generally a thousandth of the intensity of the exciting radiation and the intensity of strong Raman 

bands is generally about a thousandth of the intensity of Rayleigh scattering (Long, 1977). 

Typically, a measurable intensity of Raman scattering will occur only if a sufficiently high tlux 

of photons is incident on the sample and if a large number of scattering entities are present. The 

latter requirement explains why it is nearly impossible to detect Raman scattering from a very 

thin film (Gui and Devine, 1991). Raman scattering from submonolayer quantities of material 

29 



adsorbed on silver electrodes immersed in aqueous solutions has, however, been detected by 

surface enhanced Raman spectroscopy (SERS). It has to be noted that, for normal as well as for 

surface enhanced Raman spectroscopy, the development of more sensitive detectors in the last 

decade has enabled thinner films to be studied with more accuracy. Research projects related to 

iron have benefited from such developments. For example, in the work by Schuhmacher ( 1995) 

performed using a Dilor OMARS-89 spectrometer, normal Raman spectroscopy (NRS) did not 

reveal the existence of any surface film on an iron electrode held at OCP for 17 hours in 

deaerated pH 10 K.Br solution (Fe(OH)2 and magnetite were however detected by SERS), while 

in the present study, performed with a Renishaw 1000 system, green rust and a-FeOOH were 

detected by NRS on an iron electrode under the same conditions. 

The difference in frequency between the exciting radiation and Raman bands is independent of 

the wavelength of the exciting radiation and characteristic of the vibrational (or rotational) 

energy change of the sample molecules. Vibrational spectra of samples in solutions often consist 

of broad and overlapped bands as a result of collisional broadening and near concurrent 

frequencies (Semmler, 1989). In order to interpret and quantify these spectra. one has to 

manipulate the data by mathematical techniques. Examples of data treatments include baseline 

correction (where a baseline is fitted to a spectrum before any other data treatment), smoothing 

(where the noise is removed) and band fitting (where overlapped bands in composite profiles are 

resolved). 

Raman spectroscopy will not differentiate between the inner and outer layer of the film 

(Melendres et al., 1992). However, because of the high penetration depth of the Raman laser 
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beam, it is possible to obtain spectra from the inner and outer portion of the film simultaneously. 

The laser penetration depth can be estimated by a procedure described by Dilnnwald and Otto 

( 1989). The penetration depth of light, d, is a function of the imaginary part, k, of the complex 

refractive inde~ n + ik, of the surface film. It is defined as d = )J2k, where l is the wavelength 

of light in vacuum. For an energy of 1.96 eV, a k value of =:::0.5 was measured for natural Fe3O.a 

(Buchenau and MUiler, 1972), while a k value of ::::0.3 was found for the passive film on Fe in pH 

8.4 borate buffer (Azumi et al., 1986). Using a 632.8 nm wavelength laser (corresponding to 1.96 

eV), the laser penetration depth for Fe3O.a and the passive film would therefore be 632.8 and 

1055 nm, respectively. 
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3.0 INFLUENCE OF CHLORINATED SOLVENTS ON POLARIZATION AND 
CORROSION BEHAVIOUR OF IRON IN BORA TE BUFFER 

The following paper, as published in the journal Corrosion Science (Corrosion Science, 40, pp. 

1391-1409, 1998), covers the results of the potentiodymanic polarization, OCP-time and in situ 

Raman spectroscopy measurements performed in borate buffer. 

Following publication of the paper, the authors were made aware of the convention according to 

which Tafel slopes are to be expressed as absolute values. Therefore, the ''decrease of the 

cathodic Tafel slope (from -180 to -280 mV/decade)" reported on p.42 should t:-e replaced by 

"an increase ofthe cathodic Tafel slope (from 180 to 280 mV/decade)'". 

3.1 Cover page 

INFLUENCE OF CHLORINATED SOLVENTS ON POLARIZATION AND 
CORROSION BEHAVIOUR OF IRON IN BORATE BUFFER 

PASCALE M. L. BONIN, MAREK S. ODZIEMKOWSKI and ROBERT W. GILLHAM 

Department of Earth Sciences, University of Waterloo, 
Waterloo. Ontario. Canada N2L 3G l 

Abstract - A new remediation technology for groundwater contaminated with chlorinated 
solvents is through contact with granular iron. To refme our understanding of the reaction 
mechanism, electrochemical and spectroscopic measurements were performed on iron electrodes 
in deaerated borate buffer containing an amount of a degradable ( carbon tetrachloride) or non­
degradable (dichloromethane) compound. The results of polarization measurements indicated 
that carbon tetrachloride acts as an oxidizer towards iron while dichloromethane is nonreactive. 
Magnetite and hydrated magnetite, identified by Raman spectroscopy, are the final products of 
the surface redox reactions. Based on electrochemical and spectral evidence, a new conceptual 
model for the reductive reactions is proposed. 

Keywords: A. iron, borate, chlorinated solvents, iron oxides, 8. Raman spectroscopy. 
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3.2 Introduction 

Chlorinated solvents such as tetrachloroethene, trichloroethene and carbon tetrachloride are some 

of the most important groundwater contaminants in North America 1
. These compounds are said 

to be persistent in the subsurface environment because they do not transform at appreciable rates 

under most natural biological or abiotic conditions 1
. 

Several studies have examined ways of enhancing the degradation rates of chlorinated 

solvents 2
-6. Using granular iron and a wide range of dissolved chlorinated organic compounds, 

Gillham and O'Hannesin 7 reported half-lives that are 5 to 15 orders of magnitude lower than 

those reported for natural rates of abiotic degradation. Their work originated from the results of a 

study on sampling bias caused by materials used to monitor halocarbons in groundwater, in 

which it was found that galvanized metallic surfaces have the potential to transform 

polyhalogenated hydrocarbons 8
• Gillham and O'Hannesin 9 confirmed the results of that study 

and extended the work to include other metals such as iron, zinc, aluminium, brass, copper and 

stainless steel. Higher degradation rates were obtained with iron and zinc. Because of its lower 

cost and toxicity, the use of granular iron in groundwater remediation systems, consisting of 

above- ground reactors or in situ permeable reaction walls. was proposed 9
. Several field 

demonstrations of the technology are now in progress 10
•

11
. 

The degradation of chlorinated solvents by iron is a charge transfer process involving oxidation 

of iron, dissociation of water and reductive dechlorination of the organic compounds according 

to the following equations 7: 

2Fe0 
➔ 2Fe2

+ + 4e· (1) 
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3H2O ➔ 

21-r + 2e· ➔ 

X-Cl + Ir + 2e· ➔ 

31-r + 3OH. 

x-H + er 

(2) 

(3) 

(4) 

Matheson and Tratnyek 12 proposed 3 possible mechanisms for the reductive dehalogenation of 

chlorinated solvents by iron in aqueous systems: (A) direct electron transfer from iron metal at 

the metal surface; (B) reduction by Fe2\ (C) catalysed hydrogenolysis by H2. Acknowledging 

the fact that the degradation reactions involve charge transfer at the iron/solution interface, the 

present study was initiated to refine our understanding of the mechanism of the reductive 

dehalogenation of chlorinated solvents in the presence of iron. The influence of the organic 

molecules on the polariz.ation and corrosion behaviour of iron, as well as their effect on the 

structure of the iron/solution interface. was investigated by means of electrochemical and 

spectral measurements. Potentiodynamic polariz.ation. open circuit potential-time and in situ 

Raman measurements were performed on iron electrodes in deaerated borate buffer to which an 

amount of a degradable compound (carbon tetrachloride-CCL) or non-degradable compound 

(dichloromethane-CH2Ch) 7 was added. 

Borate solution was chosen because of its buffering capacity. The selected ratio of borate to boric 

acid resulted in a solution pH of8.4, which is typical of many natural groundwaters 7. The choice 

of the borate buffer was also based on the fact that the iron/borate interface has been extensively 

studied by many electrochemical techniques 13
•
15 and in situ spectroelectrochemical techniques 

such as Raman spectroscopy 16-
19, ellipsometry 20•22 and x-ray adsorption near edge spectroscopy 

(XANES) 23
•
25, thus creating an extensive literature background for our study. 
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J.J Experimental methods 

In all experiments, the working electrode was a disk of polycrystalline iron (99.99% purity) 

pressed into a Kel-F holder. For the polarization measurements, the iron disk had a diameter of2 

mm. For the open circuit potential-time and Raman measurements, the diameter was 5 mm. The 

auxiliary electrode was platinum. Potentials were measured against a Ag/AgCI electrode and 

then converted to NHE. Prior to each experiment, the iron electrode was polished with 1200 

grade SiC emery paper, washed in copious amounts of distilled water, and ultrasonically cleaned. 

The iron electrode was then immersed in deaerated borate buffer and cathodically cleaned for 

900 s. The 0.0357M Na2B,1O1 + 0.15M H38O3 solution. prepared from distilled water, had a pH 

of8.4 and a redox potential Eh, after deaeration. of0.3 V NHE. 

Potentiodynamic polarization measurements were carried out on a stationary iron electrode using 

a Model 273 PAR potentiostat /galvanostat, interfaced to a DEC PRO-380 series personal 

computer via an IEEE-488 interface. Software written in house was used for data acquisition and 

potentiostat control. Forward and reverse potential sweeps were performed at a rate of I mV/s 

over two ranges of potential: from -0.8 to + 1.2 V NHE, and from -0. 7 to + 1.3 V NHE. 

The open circuit potential of the iron electrode was monitored over time using a high impedance 

(1014 ohms) preamplifier. The use of such a preamplifier was required to prevent current flow 

between the working and the reference electrodes. The high impedance unit was coMected to a 

UPC601-U Universal PC Sensor Interface Card transmitting data to a DTK Corp. 386 computer. 

The data were recorded at rates of 4 to 60 points/minute. The measurements were repeated at 

least twice. The data were reproducible within 2%. 
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In situ Raman spectra were obtained with a Renishaw I 000 Raman microscope system. The 

instrument consists of an Olympus microscope, a single spectrograph titted with holographic 

notch filters for spectroscopy mode, and a Peltier-cooled CCD detector. The optical efficiency of 

the instrument is high (~0%), as is its sensitivity. The detection of a very weak signal (I 

photon/s) is therefore possible 26. Excitation was achieved using the 632.8 nm line of a Melles 

Griot 35mW HeNe laser. All Raman measurements were carried out using backscattering 

geometry. The long working-length objective lens used in the spectral studies has an objective 

magnification 50 (OLYMPUS IC50/MSPLAN 50, oo/0 / = 180, NA = 0.55). It allows the study 

of a spot size of 2 µm with a confocal depth of field of 3 µm. The laser was operated at its 

maximum power of 35 mW; this translates to ca. 3 mW at the sample surface. Such low light 

intensity is unlikely to alter the surface film composition, particularly for in - situ measurements. 

In contrast to our previous work 27
, the high sensitivity of the Renishaw l 000 Raman system 

permits the iron electrode to be located further away from the optical window ( ca. 5 mm) 

allowing the Luggin capillary to be placed 2-3 mm from the electrode. A previously-designed 

three-electrode spectroelectrochemical cell 28 was modified to accommodate an injection port. 

The chlorinated solvent (pure phase CCL or CH2Ch) was injected directly into the aqueous 

solution through a Teflon septum; 0.2 mL of solvent was injected in the electrochemical cell 

filled with 300 mL of borate solution while 17 µL was injected into the 25 mL Raman cell 

(resulting in a ratio of 0. 7 µL of solvent per mL of solution in both cells). In the electrochemical 

cell, deaeration with N2 was performed in and above the solution prior to the solvent injection, 

and above the solution after the injection of the solvent. The solution was continuously stirred 

using a Teflon stir bar. Since there was no headspace in the Raman cell, deaeration stopped once 
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the cell was filled with deaerated solution. Prior to the introduction of the solution. the cell had 

been purged with N2. No stirring was performed. 

The pure phase chlorinated solvents that were injected did not dissolve entirely. In addition. the 

solvents being volatile, the aqueous concentrations decreased over time. Dissolved aqueous 

concentrations, averaged over the duration of an experiment. are therefore reported. Organic 

analyses were performed, via a pentane extraction procedure, using a Hewlett Packard 571 OA 

gas chromatograph. The chromatograph was equipped with a 63Ni electron capture detector 

(ECO) and a glass column packed with 10% squalane on chromasorb P.A W-DMCS (80/100 

mesh). The carrier gas was a mixture of 95% argon and 5% methane, with a flow rate of 20 

ml/min. Analyses were performed on samples collected during the polarization experiments. No 

samples were collected during the open circuit potential-time and Raman measurements. 

3.4 Results 

3.4.1 Potentiodynamic polarization measurements in borate buffer 

The anodic polari:zation of the electrode immersed in solvent-free deaerated borate buffer 

resulted in a typical anodic polarization curve for an active-passive metal such as iron 29
•
30 

(Figure 3.1 - where only the forward sweep has been plotted). A corrosion potential Ecorr of -0.53 

V NHE was observed while the maximum anodic current density, corresponding to the primary 

passive potential Epp, occurred at -0.34 V NHE. This is in accord with Rubim and Dunnwald 18 

(sweeping rate of 10 mV/s) and Kerkar et al. 31 (unspecified rate). Other studies have reported a 

value of-0.36 V NHE for Epp (sweeping rates of 16-60 mV/s) 2021
.3

2
. 
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Based on free energy thermodynamic considerations, CCt. and CH2Ch should act as oxidizers of 

an iron electrode, and by doing so should undergo reductive dechlorination, since their relative 

half-reaction reduction potentials are +2.2 and +l.O V NHE, respectively 1
. According to the 

mixed-potential theory 33
, the addition of an oxidizer to a solvent-free solution should result in a 

positive shift of the corrosion potential, an increase of the corrosion rate as well as a decrease of 

the overpotential of the cathodic reactions 34 (which is expressed by a decrease of the cathodic 

Tafel slope 35
). The magnitude of these effects is a function of the redox potential of the oxidizer 

and its concentration 34
. 
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Fi1ure 3. I Potentiodynamic polarization curves in solvent-free borate buffer, in the presence of 
8.52x10 ... M of CCL. and in the presence of S.llxl0"3M ofCH2Ch. Sweep rate (dE/d/) was 1 
mV/s. 
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As shown on Figure 3.1, the polarization of the iron electrode in a borate buffer to which CCL& 

had been added (resulting in an average aqueous concentration of 8.52x 1 ff°'M) indicated that 

CCL& indeed acts as an oxidizer (i.e., anodic inhibitor) of the iron electrode. In the presence of 

CCL&, there is a positive shift of the corrosion potential (from -0.53 to -0.4 V), an increase in the 

corrosion current density io (from 0.04 to 0.06 mNcm2
) and a decrease of the cathodic Tafel 

slope (from -180 to -280 mV/decade). This is accompanied by the disappearance of the 

active/passive transition region indicating that the iron electrode goes directly from an active 

dissolution state to a passivated state during its polarization. Finally, in the passive region, the 

anodic currents are lower than in solvent-free borate buffer. 

When the experiment was performed in a solution to which CH2Ch, the non-degradable 

compound, had been added (resulting in an average aqueous concentration of 5.11 x I 0"3M), the 

cathodic Tafel slope is unchanged, there is no visible increase in corrosion current density and 

the shift of the corrosion potential is insignificant. The main effect of CH2Ch appears in the 

passive region where the currents were lower than in solvent-free borate buffer, most probably 

due to adsorption of CH2Ch on the electrode surface. 

Due to volatilization in the headspace above the solution, the concentration of solvent in solution 

decreased with time. To evaluate the effect of the concentration of CCL. or CH2Ch on the 

polarization behaviour of iron, some experiments were performed where there was a delay 

between the injection of the solvent and the beginning of the sweeping. The electrode was not in 

solution during this delay. As expected, the longer delays resulted in higher volatilization losses 

i.e., in smaller aqueous concentrations of solvent, which had a lesser influence on the 
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polarization behaviour of iron. This is shown on Figure 3.2, where for a smaller concentration of 

CC4 (2.02xl04 M instead of 8.52xl04 M after an overnight delay), the changes in corrosion 

potential and cathodic slope were smaller and there was no visible increase in the corrosion 

current density. The influence of the aqueous concentration of CH2Ch (5.89xl04 M instead of 

5. l lxlff3M after a few hours delay), on the polarization behaviour of iron can be seen in Figure 

3.3. Again the main effect lies in the passive region where the anodic currents vary inversely 

with the CH2Ch aqueous concentration. 
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Ficure J. l Influence of CCL. concentration. Potentiodynamic polarization curves in borate buffer 
in the presence of2.02xlff4M and 8.52xlff4M ofCC4. Sweep rate (dE/dt) was 1 mV/s. 
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Figure J. J Influence of CH2Ch concentration. Potentiodynamic polarization curves in borate 
buffer in the presence of5.89xl0'4 M and 5.l lxlff3M ofCH2Ch. Sweep rate (d.E/dJ) was I mV/s. 

By plotting the potentiodynamic polarization curve in the form of a cyclic vollammogram (CV), 

a peak can be observed at the end of the reverse sweep performed in the solution containing 

8.52xl0-1M of CCLi (Figure 3.4). This cathodic peak could be due to desorption of solvent or 

dissolution of surface films. The fact that the peak was not observed in the presence of CH2Ch, 

which did not have a significant influence on the polarization of iron but nevertheless adsorbed 

on the surface of the electrode in the passive region, suggests that this peak be attributed to the 

reduction of surface films. To verify this hypothesis, two additional sets of experiments were 

performed. In the first set, the CV of an Fe electrode immersed in borate buffer spiked with CCL. 

was measured over a potential range of -0.8 to -0.53 V (Ei:«r in solvent-free borate buffer), and 
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no cathodic peak or hysteresis was observed. For the second set, the upper potential limit was -

0.4 V, which corresponds to Ecorr in borate buffer containing 8.52xl0-4M of CCL. In this case, at 

a more positive potential, film formation should be expected and the cathodic reduction of this 

film resulted in the appearance of the cathodic reduction peak and hysteresis. 
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Figure .3. 4 Cyclic voltammogram of Fe in solvent-free borate buffer, in the presence of 8.52x 1 O"°' 
M of CCL and in the presence of 5.l lxl0-3M ofCH2Ch. Sweep rate (dE/dt) was 1 mV/s. 

Based on the results of the potentiodynamic polariz.ation experiments performed over a range of 

-0. 7 to + 1.3 V NHE, it appears that both solvents (CCL and CH2Ch) do not have a significant 

influence on the polarization behaviour of the iron electrode in the transpassive region. These 
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experiments confirmed that these solvents are more susceptible to degradation by reduction than 

oxidation, as expected based on their relative half-reaction reduction potentials 1
• 

3.4.2 Open circuit potential-time measurements in borate buffer 

The change of the open circuit potential of an iron electrode, freshly cathodically cleaned or kept 

immersed in borate buffer for a given time. was monitored over time following the injection of 
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Fi1ure 3. S Open circuit potential-time measurements in borate buffer. (a) injection of CH2Ch -
electrode freshly cleaned; (b) injection of CH2Ch - electrode immersed for 24 h; (c) injection of 
CCI.a - electrode freshly cleaned; (d) injection of CCL. - electrode immersed for 24 h; (e) injection 
of CCL. - electrode immersed for 68 h. 
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The injection of CCI.a, at the end of the cathodic cleaning period, resulted in a positive shift in 

potential to the active dissolution potential region (Figure 3.6). This shift, from -0.54 to -0.46 V, 

occurred over a period of approximately 1000 s. Once the potential stabilized, it stayed constant 

until the end of the experiment. 
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0.001 Ecorr=-0.53 V 
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Fi111re J. 6 Plot of the maximum (solid symbols) and final (open symbols) potentials reached in 
the open circuit potential-time measurements with CCI.a (freshly cleaned electrode, 24 and 68 h 
of immersion) on the polarization curve obtained in solvent-free borate buffer. 
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Keeping the iron electrode immersed in solvent-free borate buffer for a given time (24 or 68 h) 

resulted in pre-oxidation of the Fe electrode. This pre-oxidized Fe surface, upon introduction of 

an oxidizer in the system. should act as a catalyst in the sense that it should promote faster 

further oxidation of the iron electrode. This phenomenon, similar to electrocatalysis due to 

premonolayer oxidation of noble metals 36, was observed when the injection of CCL was 

performed after 24 and 68 h of immersion. The potential shifts were then larger, reaching the 

active-passive transition potential region (Figure 3.6), and more rapid. The magnitude of the 

shifts was related to the time of immersion (+0.20 V after 24h and +0.25 V after 68h). 

Subsequent declines of potential, and a potential arrest at -0.34 V, were observed for the pre­

oxidation experiments (see insert, Figure 3.5). The potential arrest reflects the passage between 

the active/passive transition to the active dissolution region and corresponds to the Epp. The 

potential declines and arrest were attributed to the autoreduction of the higher valency outer 

portion of the surface film 13
. Chloride ions, released during the reductive dehalogenation of 

chlorinated solvents 7, might have facilitated the autoreduction of the film 37
•
38. Another possible 

mechanism for film removal. chemical dissolution, is rather unlikely due to the high pH of the 

borate buffer. 

Many studies 13
•
15

.2°-
22

•
37

•
38 have reported a second potential arrest during the galvanostatic 

cathodic reduction of surface films on iron. This second potential arrest, corresponding to the 

reduction of the Fe3O,1 inner layer, appears at potential lower than the equilibrium potential for 

hydrogen evolution (-0.496 V NHE in a borate buffer of pH 8.4) 13. For the 24 and 68h 
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immersion experiments, the final stabilized potentials were -0.42 and -0.41 V respectively, 

suggesting that the inner Fe30., layer might not be reduced. 

The effect of the injection of CH2Ch, at the end of the cathodic cleaning period or after 24 h of 

immersion, was similar to the observed background potential drift of the electrode in solvent-free 

borate buffer (from -0.54 to -0.53 V after 24h of immersion). This shift might be related to an 

increase of Fe2
+ ions in solution, as predicted by the Nemst equation 34

. This is assuming, 

however, that the change of Fe101a1 in solution (from 3.4x10-6M to 8. lx10-6M after 24h of 

immersion), as measured by AA. is representative of an increase of Fe2
+ ions in solution. In 

accordance with the polariz.ation experiments, the open circuit potential-time measurements 

indicated that CCL acts as an oxidizer of the iron electrode while CH2Ch is nonreactive. 

3.4.J Raman spectroscopy in borate buffer 

Consistent with the electrochemical data and independent of the electrode treatment. the 

injection of CH2Ch did not result in the formation of a surface film which could be detected by 

Normal Raman spectroscopy. In the case of a fresh cathodically-cleaned Fe electrode. the 

injection of CCL caused a shift of potential to the active dissolution potential region. The surface 

film, being in the initial stage of formation, was most probably too thin to be detected by Nonna( 

Raman spectroscopy. In contrast, the pre-oxidation by immersion of the Fe electrode followed by 

the injection of CCI,., causing the fonnation of an Fe(III) surface film followed by its 

autoreduction, resulted in measurable spectral change. Since all Raman spectral measurements 

were performed 3600 s after the injection of the solvent, they represent the final products of the 

surface redox reactions. 
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In Figure 3. 7, the spectrum of the Fe surface after 24 h of immersion in solvent-free borate buffer 

[Figure 3.7(a)), which shows only the Raman signal of borate ion in solution at 878 cm·1
, is 

compared with the Raman spectra obtained from three randomly selected areas of the electrode 

surface after the injection ofCC4 [Figure 3.7 (b,c,d)]. 

>­-·-.,, 
C ., -C -

200 400 600 800 1000 

Raman Shift /cm-1 

Fi1ure J. 7 In situ Raman spectra of the Fe surface, preoxidized for 24 h, before (a) and after the 
injection of CCL. (b,c,d). 
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The Raman band at 669 cm·' is attributed to the strongest A •s mode of Fe3O4 27
•
39. y-Fe2O1 is also 

characterized by a main peak around 650-700 cm·1 40. Discrimination between the different 

spine I structures is usually based on the broadness and shape of the peak 40. In the case of Fe3O4, 

a single symmetric band is observed, while for y-Fe2O3, the band observed in that region is very 

broad and has two shoulders 27
•
40. Finally, the fact that the potential reached the active/passive 

transition region (and not the passive region) followed by the autoreduction of the film reinforces 

the assignment ofthis band to the strongestA1g mode of magnetite. 

The assignment of the band at 547 cm·1 is more difficult. It might be attributed to the T2 8 mode of 

magnetite (540 cm·') 27
•
39 or to one of the vibrational modes of Fe(OH)2 

41 . The intensity ratio of 

the A ,8!T28 modes in a standard Fe3O4 sample is 6.6 27. The average intensity ratio of the bands 

/669//s41 measured for the data presented in Figure 3.7 is 5.02 ± 0.24, indicating that the band at 

547 cm·1 is stronger than expected for a magnetite sample. Therefore it might be attributed to the 

combination of the T28 mode of magnetite and an Fe(OH)2 band at 550 cm·1 41 (i.e., fs..1 = 

/s4o(fe3Q4) + /sso(fe(OH)2)). The latter was further suggested by the observation of a shoulder at 

466 cm·1 in Figure 3. 7(b,d) which may be due to the presence of Fe(OH)2 
41 . A band at 460 cm·' 

has been reported for laboratory-synthesized Fe(OH):? 41 ; according to Gui and Devine 16. it 

represents the £8 mode of Fe(OH)2. The increase in pre-oxidation time from 24 to 68 h [Figure 

3.8 (a,b,c)] caused the increase of the /669/fs..1 ratio to 5.53 ± 0.17. Further calculations performed 

on the baseline corrected and bandfitted data (Figure 3.9 and Figure 3.10) indicate that, for a 

longer pre-oxidation time, the increase of the ratio can be attributed to a decrease of the 

contribution of the Fe(OH)2 band at 550 cm·' to the total intensity of the 547 cm·1 band. This 

change was accompanied by the disappearance of the shoulder at 466 cm·', as would be expected 
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if our band assignment is correct. The band at ca. 391 cm·• is assigned to iron oxyhydroxide 

species since it falls at the same frequency as the strongest bands of a - FeOOH 42
'
43

. Similarly 

the band at 479 cm·•, visible only in Figure 3.8(c), might be attributed to a- FeOOH 42
•
43

. 
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Fi1ure 3. 8 /n situ Raman spectra of the Fe surface, preoxidized for 68 h, before (a) and after the 
injection of CCI.a (b,c). 
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The broad, complex bands observed at ca. 448 and ca. 495 cm·' do not correlate with any known 

iron oxide, hydroxide or oxyhydroxide species (see Table 2 in Ref. 19). Kanno and Hiraishi 44 

observed similar bands in a glassy Fe(NO3)J solution at 450 and 506 cm·1
; in a glassy FeCh 

solution these bands were detected at 440 and 485 cm·1
• In both cases the bands were assigned to 

the £8 and A18 stretching modes of [Fe(OH2)6]3
\ respectively. In borate buffer after 10 min of 

cathodic reduction at -900 mV SCE. Oblonsky and Devine 19 observed two bands at 405 and 490 

cm·'. They attributed these bands to symmetric stretching modes of Fe2
+ - OH2 and Fe3

+ - OH2. 

Comparable bands at ca. 420 and ca. 505 cm·1 were observed in ·green rust' complexes and were 

assigned to Fe2
+ - OH and Fe3

+ - OH stretching modes. respectively 45 . Very similar bands at 434 

and 510 cm·1 were observed by Simard et al. 46 during pitting corrosion of steel in bicarbonate 

buffer. In the latter experiment. the correctness of the band assignments was confirmed by an 

experiment with heavy water 46
. In all these cases. the bands at 405 - 434 and 490 - 510 cm·' are 

the results of the destruction of the surface film by pitting corrosion 45
.4
6 or by electrochemical 

reduction 19
. Deconvolution of the broad. asymmetric band at ca. 448 cm·1 indicated the 

existence of two bands under a broad envelope. one ranging from 425 (Figure 3.10) to 442 cm·' 

(Figure 3.9) and a band at ca. 450 cm·1
• In the light of previous findings 19

•
44•45•46, the bands at ca. 

448 and ca. 495 cm·1 should be attributed to the £8 and A 18 stretching vibrations· of the double 

layer species Fe3
• - OH2, while the lowest frequency band might be assigned to the stretching 

mode of the double layer species Fe2
+ - OH or Fe2

+ - OH2. 

In the presence of er, which is a product of the dechlorination reaction 7
, one or more water 

molecules in the [Fe(H20)6]3
+ solution species will be replaced by chloride. This will shift the 

• Considering the Ci. symmetry of the [Fc(OH2M:1+ cation, the defonnation vibration H:O - Fe1
• - OH2 at 325 cm·1 should 

be the weakest of all bands; thcrcfon: it is not surprising that it was not observed in this study. 
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Fe3
+ - OH2 vibrations; Kanno and Hiraishi 44 suggest that the [FeCl(H2O)s]2

+ species has a Fe -

OH2 band at 485 cm·1 and that the [FeCh(H2O).it species has a Fe - OH2 band at 440 cm·'. The 

£8 mode of [Fe(H2O)6]3
+ is expected to be weaker than the A 18 mode. No Raman spectral 

evidence was observed in our measurements for Fe-Cl vibrations; these would occur at 332 cm·' 

or less 47
• However the fonnation of [Fe(OH)(H2O)s]2

+ cannot be ruled out; such a species would 

account for a lower frequency of Fe3
+ - OH2 vibration than for [Fe(H2O)6)

3
+. 
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Fi1ure J. 9 Bandfitting of the in situ Raman spectra of the Fe surface, preoxidized for 24 h, after 
the injection of CCI.a. Lower portion of the figure: spectrum 3. 7(b ); upper portion: spectrum 
3.7(d). 
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Figure J. to Bandfitting of the in situ Raman spectra of the Fe surface, preoxidized for 68 h. after 
the injection of CCl.i. Lower portion of the figure: spectrum 3.8(b); upper portion: spectrum 
3.8(c). 

3.S Discussion 

There are discrepancies between the different models of the passive film on iron 30
. Depending 

on the model, the higher valency outer portion of the passive film should be considered an n-type 

semiconductor "1
, an insulator 30 or a combination of both i.e., a chemi-conductor 21

• According 

to the semiconductor model 41
, when the potential of an electrode is more cathodic than the flat 

band potential (-10 mV NHE in solvent-free borate buffer pH 8.4 25). the oxide/electrolyte 

interface will be negatively charged and will therefore repel negatively-charged ions or 

molecules 23
. At potentials more anodic than the flat band potential, the oxide surface will be 

ss 



positively charged and will therefore attract negatively-charged ions or molecules 23. Non-polar 

aliphatic chlorinated solvents such as CCL and CH2Ch, due to charge separation between carbon 

and chlorine atoms, develop momentary central-electron-poor and peripheral-electron-rich 

structural regions .. 9 . This is why, in the polarization experiments, the only significant effect of 

CH2Ch is in the passive region where, due to adsorption of CH2Ch molecules on the surface of 

the electrode. the currents were lower than in solvent-free borate buffer. 

The injection of CCL into a borate buffer hosting an iron electrode, freshly cathodically-cleaned 

or pre-oxidized, resulted in positive shifts of potential which corresponded to surface film 

formation. The composition and protective properties of the film are dependent on the potential 

history of the iron electrode after its exposure to the oxidizing solvent. In the case of a fresh 

cathodically-cleaned iron electrode, the injection of CCL resulted in a potential shift from the 

corrosion potential to the active dissolution potential region. The surface film, being in an early 

stage of formation. was most probably too thin to be detected by Normal Raman spectroscopy. 

According to Burke and Lyons 50
, the initial stages of Fe oxidation in aqueous alkaline solutions 

result in the formation of Fe/OHads species with simultaneous displacement of pre-adsorbed 

hydrogen created by the cathodic cleaning procedure: 

Fe + Off ➔ 

Fe/I-lads ➔ 

Fe/OHads + e· 

Fe + I-r + e· 

(5) 

(6) 

As noted by Simpraga and Conway 51
, the oxidation state of Fe in such a film is an indeterminate 

quantity, though some degree of electronic charge transfer from Fe to the OHads species is 
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expected. In consequence the formation of a quasi-bulk film of Fe(OH)2 / non-stoichiometric 

magnetite might be expected 13•52
. Fe(OH)2, being unstable, will convert over time to Fe30,. 52. 

In the case of an iron electrode that has been pre-oxidized, the injection of CCI.a resulted in a 

potential shift from the corrosion potential to the active/passive transition potential region. At 

more positive potentials than the Epp. an Fe(III) film is expected 17
.2
7_ This film. being formed in 

the active/passive transition region, is expected to be less protective than a film formed in the 

passive region. Therefore some degree of charge transfer through the film might be expected 

causing both the reductive dechlorination of the solvent and the autoreduction of the film. 

Following the autoreduction of the Fe(lll) film and the stabilization of the potential in the active 

dissolution region. the main components of the film, as seen in the Raman spectra, will be 

magnetite and hydrated magnetite Fe(OH)2•2FeOOH. Upon aging, hydrated magnetite should 

convert to magnetite. Ionic species in a solution of general formula [Fe(OH)n(OH2)6-nj<3•n>+ are 

the products of the hydrolysis of Fe./+ and Fe.11 :.?+ "7. These latter, in our case. result from 

corrosion and autoreduction reactions. Raman results indicate that the dominant ionic species at 

the interphase are [Fe(OH)(OH2)s)2+ or [Fe(OH2)6]3 ... while Fe1/+ species are depleted. The 

depletion ofFe1/+ in the interphase might result from the formation of magnetite: 

➔ 

or/and non-stoichiometric magnetite (where 2n+ 3m=8): 

nFe2
+ + mFe3+ + 4H20 ➔ Fe/~e,,,3+0,. + 8Ir (8) 
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The supporting evidence for the above are the decrease of the lowest frequency band, attributed 

to the Fe2
+ - OH or Fe2

+ - OH2 stretching vibration, and the simultaneous increase of the Fe30,. 

band, for longer pre-oxidation times. 

A product of the reductive dehalogenation of CCL are chlorine ions 7
. However, the Raman 

spectra of the pre-oxidized Fe surface obtained after the injection of CCL did not reveal the 

presence of a er peak (Figs 3.7 and 3.8). This might be due to the fact that, even if all the CCL 

in solution ("" I xl0-3 M) were reduced, the maximum concentration of er ions in solution (2x10·3 

M) would not be sufficient to result in a Raman signal. The formation of Cl-green rust is 

therefore unlikely (Figure 3.11 ). The formation of borate-green rust is also rather unlikely since 

no change in the borate peak was observed after the injection of CCL (Figure 3. 7). 
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Figure J. II Stability regions for Fe solid species in borate buffer (pH 8.4). This figure was made 
using the thermodynamic data of Refait and Genin 54 following a format used by Sagoe-Crentsil 
and Glasser 55

. 
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Raman spectroscopy will not differentiate between inner and outer layers of the film 53
• 

However, because of the high penetration depth of the Raman laser beam (see Appendix), it is 

possible to obtain spectra from the inner and outer portion of the film simultaneously. In 

addition. it is logical to assume that the denser species will be located in the inner portion of the 

interface. Magnetite, being the denser species 20
, should therefore occupy the inner layer of the 

film. Based on this evidence. it is now possible to conceptualize the solid/electrolyte interface for 

the cases of a fresh. cathodically-cleaned, Fe surface and of a pre-oxidized Fe surface in borate 

buffer after exposure to CCL (Figure 3.12). For both cases, upon aging of the film, the main 

surface product will be magnetite. From a technological point-of-view, this is very important. 

Magnetite. being electronically conductive 48
• will allow for charge transfer through the 

interphase and, as a consequence, reductive dechlorination will continue to proceed. The 

degradation will, however, be proceeding at a slower rate since charge transfer rate is slower 

through an oxide than on bare metal surface 48
. Another possible mechanism for the degraciation 

of the chlorinated solvents. as proposed by Matheson and Tratnyek 12. is catalysed 

hydrogenolysis by molecular H2. However, based on Marcus and Protopopotrs theoretical 

calculations 56• atomic H is adsorbed on a magnetite covered surface. Therefore atomic Hads, 

rather than molecular H2, will play a role in that mechanism. 

It has been advanced 12 that the corrosion behaviour of iron will differ from a highly conductive 

medium (such as borate buffer) to low conductivity simulated groundwater solutions. To 

evaluate this, electrochemical and spectral measurements were performed in solutions of 

potassium bromide and calcium carbonate prepared to simulate groundwater .u. The 

electrochemical experiments gave results very similar to those observed in borate buffer. The 
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spectroscopic results however indicated that the structure of the interface and the nature of the 

surface films differ from one solution to another. Therefore, the conceptual model proposed here 

is only valid in borate buffer; in solutions typical of groundwater. a model of the interface is still 

to be proposed 43
• 
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Fi1ure 3. ll Conceptual model for the reductive dehalogenation of chlorinated solvents by iron in 
borate buffer. Cases of a fresh cathodically-cleaned Fe surface and of a pre-oxidized Fe surface. 
A"- represents anions in solution: Off, (B,.O,)2-and (803)3-. The "?" indicates uncertainties; see 
text for details. 
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3.6 Conclusion 

Based on the electrochemical and Raman spectral results obtained in the present study, combined 

with literature data 17
, a new conceptual model of the reductive dehalogenation of chlorinated 

solvents by iron is proposed. According to this model, the introduction of an oxidizer will result 

in surface film formation. Based on free energy thermodynamic considerations, both CCL and 

CH2Ch should act as oxidizers of an iron electrode, but as shown in the present study, only CCli 

has the ability to oxidize the Fe surface while CH2Ch is nonreactive. In the case of a fresh 

cathodically- cleaned Fe surface, a quasi-bulk Fe(OH)2/Fe30,. film should be expected. For a pre­

oxidized Fe surface, an Fe(III) film should form. then be reduced resulting in the formation of a 

Fe30.i/Fe(OH)2•2FeOOH film. Excess of [Fe(OH)(OH2)s]2
+ or [Fe(OH2)6]3

+ ions should also be 

present in the double layer region as a result of hydrolysis reactions. For both cases, upon aging 

of the film. the main surface product will be magnetite. Magnetite. being electronically 

conductive 48
, will allow for charge transfer and therefore for reductive dechlorination. Another 

mechanism. catalysed hydrogenolysis by Hadson the magnetite surface. might also play a role in 

the reduction of the chlorinated solvents. 
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3.7 Appendix 

The laser penetration depth can be estimated by the procedure described by Dunnwald and 

Otto57
. Raman spectra were measured using the 632.8 run (1.96 eV) line ofan HeNe laser with 

ca. 3 mW power at the electrode surface. It is known that the penetration depth of light, d, is a 

function of the imaginary part, k, of the complex refractive index, n + ik, of the surface film 57
. It 

is defined as d = c/2ku = )J2k, where u, A, and c are, respectively, the frequency, wavelength. 

and velocity of light in vacuum. The imaginary part of the refractive index for natural Fe3O.i for 

1.96 eV was measured to be about 0.5 58
; thus the laser penetration depth for Fe3O.i is 

approximately 632 run. Iron hydroxides and oxyhydroxides, which were detected in this study, 

are characterized by smaller k values. Thus a deeper laser penetration depth should be expected 

for these compounds. The passive film on Fe in borate buffer (pH=8.4) for 1.96 eV exhibits the k 

value of 0.3 59
; thus a laser penetration depth of 1055 nm for such a film is expected. 
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4.0 IN SITU IDENTIFICATION OF CARBONATE-CONTAINING GREEN RUST ON 
IRON ELECTRODES IN SOLUTIONS SIMULATING GROUNDWATER 

The following manuscript, as submitted to the Journal of Solution Chemistry, covers the results 

of open circuit potential-time and in situ Raman measurements performed in aqueous solution of 

calcium carbonate. 

4.1 Cover page 

IN SITU IDENTIFICATION OF CARBONATE-CONTAINING GREEN RUST ON 

IRON ELECTRODES IN SOLUTIONS SIMULATING GROUNDWATER* 

P.M.L. BONIN, M.S. ODZIEMKOWSKI, E.J. REARDON and R. W. GILLHAM 

Department of Earth Sciences, University of Waterloo, 

Waterloo, Ontario, Canada N2L JG 1 

• Dedicated to Professor Donald E. Irish on the occasion of his retirement and in recognition of 
his contribution to solution chemistry and metal/electrolyte interface studies. 

Abstnct - Open circuit potential-time and spectral measurements were performed on iron 
electrodes in aqueous solutions containing calcium carbonate to simulate groundwater, to which 
an amount of carbon tetrachloride was added. In the case of a pre-oxidized iron electrode, the 
injection of the chlorinated aliphatic hydrocarbon resulted in the formation of carbonate­
containing green rust In situ identification, performed by Raman spectroscopy, was based on bands 
at ca. 433,509 and 1053 cm·1 which were assigned respectively to the Fe2+- OH stretching mode of 
green rust, the Fe3

• - OH stretching mode of green rust and the stretching vibrations of carbonate 
ions in the interlayer regions of the green rust. The assignment of the Fe2+ - OH and Fe3+ - OH 
stretching mode bands w~ confirmed by parallel experiments using D2O solution. The results of the 
open circuit potential-time experiments are in good agreement with literature thermodynamic data 
for iron in carbonate-containing aqueous solutions. 

Keywords: Open circuit potential; Raman spectroscopy; iron; green rust; carbon tetrachloride; 
calcium carbonate; deuterated water; thermodynamic data. 
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4.2 Introduction 

A new remediation technology for groundwater contaminated with chlorinated aliphatic 

hydrocarbons involves contact with granular iron < 
11

. The nature and electronic properties of surface 

films formed during the degradation reactions could influence the longevity of field installations. In 

a previous study 121, where column experiments were performed in an attempt to identify precipitates 

formed on granular iron following exposure to solutions simulating groundwater, the formation of 

green rust was not observed. In the present study, electrochemical and spectral measurements were 

performed on iron electrodes in aqueous solutions of calcium carbonate to which an amount of a 

degradable chlorinated compound (carbon tetrachloride-CCL) was added. In the presence of the 

contaminant, which acts as an oxidizer m, carbonate-containing green rust was identified in situ by 

Raman spectroscopy. 

Green rusts are Fe2+-Fe3
• layered double hydroxide (LDH) compounds belonging to the hydrotalcite 

mineral group <·0. LDH compounds consist of positively-charged brucite-like layers separated by 

interlayers of anions and water molecules. These interlayer regions have been used as reaction 

galleries to promote organic synthesis reactions 141 and reductive dechlorination of organic 

compounds such as carbon tetrachloride 151
. There are two types of green rusts: green rust one (GRI) 

with planar anions such as er <
61 and CO{ (7), and green rust two (GR2) with three-dimensional 

anions in the interlayers such as S0..2° <
11

. 

Carbonate-containing green rust was discovered , as a corrosion product of iron, in municipal water 

pipes by Stampfl (7)_ It has been extensively studied by Taylor and Murad <9•
131 and Hansen <

1
" 1, 

among others. Drissi et al. 0 5>, who synthesized stoichiometric GRl(C0/1 by oxidation ofFe(OH)2 
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in aqueous solution, determined its chemical fonnula to be [Fe111>f'e<ID>(OH}12][CO3·2H2O]. Based 

on their estimate of the standard free energy of formation of stoichiometric GRl(CO/-), they also 

drew the Pourbaix diagram of iron in carbonate-containing aqueous solution illustrating its stability 

region in terms of potential and pH. In a study by Abdelmoula et al. 061, devoted to checking the 

validity of the Pourbaix diagram devised by Drissi et al. 051, the formation of carbonate-containing 

green rust by corrosion of metallic iron disks in NaHCO1 solutions was reported. Identification of 

the green rust compound was, however, perfonned ex situ, by X-ray diffiaction (XRD) and 

Mossbauer spectroscopy. For these methods, the iron disks were removed from solution then 

quickly dried before analysis. In addition. both techniques involved exposure to air 051: during 

scanning for the XRD analyses and in the transfer to the cryostat in the case of Mossbauer 

spectroscopy. Green rust, an intermediate transient compound between metallic iron and common 

rust !
161. oxidizes quickly in air !151. Finally, since the validity of ex situ surface analysis for the study 

of passive films on Fe has often been questioned < 17 
and rcfc:rcru:cs 

thcre 
in>, it is reasonable to question its 

validity in the case of transient films such as green rusts. A more valid approach is to study these 

films in situ, i.e., without losing potential or environmental control <
18

•
19>, by an in situ technique 

such as Raman spectroscopy, for example. 

Raman spectra of green rusts as products of pitting corrosion <20•221 or autoreduction of Fe(III) oxide 

films 1231 as well as of synthetic green rusts <2,.·25
> and natural green rust minerals 12,.·25

> have been 

previously reported. Of particular intercs is the work of Simard et al. <22> who were the first to 

obtain spectral evidence of chloride and phosphate ions in the interlayers of green rust structures 

formed in bicarbonate and phosphate solutions. In the present study, Raman spectra of carbonate­

containing green rust formed as a corrosion product of iron are reported. 
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4.3 Experimental methods 

In all experiments, the working electrode was a 5 mm diameter disk of polycrystalline iron 

(99.990/o purity) pressed in a Kel-F holder. The auxiliary electrode was platinum. Potentials were 

measured against a Ag/ AgCI electrode and then converted to NHE. Prior to each experiment, the 

iron electrode was polished with 1200 grade SiC emery paper, washed in copious amounts of 

distilled water and ultrasonically cleaned. The iron electrode was then immersed in a deaerated 

aqueous solution of calcium carbonate and cathodically cleaned for 900s. The l.2xl0·3M CaCO3 

solution. prepared from distilled water, was deaerated and equilibrated with a 5% CO2 I 95% N2 

gas mixture. After this procedure. the pH and redox potential Eh (in V) of the solution were 

respectively 6.4 and 0.3. 

The open circuit potential (OCP) of the iron electrode was monitored over time using a high 

impedance (1014 ohms) preamplifier to prevent current flow between the working and the reference 

electrodes. The high impedance unit was connected to a UPC601-U Universal PC Sensor Interface 

Card which transmitted data to a DTK Corp. 386 computer. The data were recorded at rates of 4 to 

60 points I minute. 

In situ Raman spectra were obtained with a Renishaw l 000 Raman microscope system. The 

instrument consists ofan Olympus microscope, a single spectrograph fitted with holographic notch 

filters for spectroscopy mode, and a Peltier-cooled CCD detector. The optical efficiency of the 

instrument is high (::::30%), as is its sensitivity, allowing the detection of a very weak signal ( l 

photon/s). Excitation was achieved using the 632.8 nm line of a Melles Griot 35 mW HeNe laser. 

All Raman measurements were earned out using backscattering geometry. The objective lens used 
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in this study has a magnification of 50. When set-up in confocal mode, it allows the study of a spot 

size of2 µm2 with a focal depth of field of 4 µm. In non-confocal mode, the focal depth is 26 µm. 

In the present study, the oon-confocal mode was used. The laser was operated at its maximum 

power of 35 mW; this translates to ca 3 mW at the sample surface. Such low light intensity is 

unlikely to alter the surface film composition, particularly for in situ measurements. A three­

electrode spectroelectrochemical cell with an injection port, as illustrated by Brolo et al. !
26>, was 

used. 

The chlorinated hydrocarbon {pure phase CCL) was injected directly into the solution through a 

Teflon septum; 0.2 ml of contaminant was injected into the electrochemical cell filled with 300 

ml ofCaCO3 solution while 17 µL was injected into the 25 ml Raman cell (resulting in a ratio of 

0.7 µL of chlorinated hydrocarbon per ml of solution in both cells). In the electrochemical cell. 

deaeration with the 5% CO2 I 95% N2 gas mLxture was performed in and above the solution prior 

to contaminant injection. and above the solution after injection. The solution was continuously 

stirred using a Teflon stir bar. Since there was no headspace in the Raman cell. deaeration stopped 

once the cell was filled \\ith deaerated solution. Prior to the introduction of the solution. the cell 

had been purged with N2. No stirring was performed. 

In situ Raman measurements were repeated in a D2O solution of calcium carbonate to confirm the 

band assignment of species containing OH" functional groups. 
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4.4 Results and Discussion 

As previously reponed (3), the polarization of an iron electrode in pH 8.4 borate buffer to which an 

amount of pure phase carbon tetrachloride had been added indicated that CCL acts as an oxidizer of 

iron. In the presence of the contaminant, there was a positive shift of the corrosion potential an 

increase in the corrosion current density and an increase of the cathodic Tafel slope. The change of 

the OCP of a freshly cathodically-cleaned iron electrode, in deaerated aqueous solution of calcium 

carbonate, following the injection of carbon tetrachloride (0.2 mL of pure phase CCL in 300 mL of 

solution) was monitored over time (Figure 4.1 ). As observed in borate buffer !3>, the injection of the 

contaminant resulted in a positive shift of potential (curve 1: from -0.54 to -0.46 Vin about 600 s). 
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Fi1ure 4. I Open circuit potential (OCP)- time measurements. (1) Freshly cathodically-cleaned iron 
electrode; (2) Iron electrode pre-oxidized for 17 h. 
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Keeping the iron electrode immersed in a contaminant-free aqueous solution of calcium carbonate 

for a given time ( 17h) resulted in the pre-oxidation of the Fe electrode, and probably in the 

formation of ferrous hydroxide as observed in 3.4xlO'"'M KBr solution l2l_ This pre-oxidized Fe 

surface, upon introduction of an oxidizer (CCL&), should act as a catalyst in the sense that it should 

promote faster and further oxidation of the iron electrode and/or the Fe(OH)2 film covering the 

electrode surface. This phenomenon, similar to electrocatalysis due to premonolayer oxidation of 

noble metals!27>, was observed when the injection of the chlorinated hydrocarbon was performed 

after 17 h of immersion. The potential shifts were then larger and more rapid (curve 2: from -0.56 to 

-0.40 V in about 150 s). A subsequent decline of potential was observed (from -0.40 to -0.44 V). 

This decline may be a consequence of a change in impedance of the metal/solution interface. 

The OCP of the iron electrode drifted during the immersion time in contaminant-free solution (from 

-0.54 to -0.56 V in 17 h). This drift is related to local changes of pH. From the Nemst equation128 >, a 

shift of -0.02 V corresponds to an increase in pH of 0.3 (from 6.4 to 6. 7) in the vicinity of the 

electrode. 

ln the case of a freshly cathodically-cleaned iron electrode, the injection of CCL& caused a shift of 

potential but the surface ti~ being in the initial stage of formation, was prooobly too thin to be 

detected by Normal Raman spectroscopy. 

Raman measurements were also performed on the iron electrode, kept immersed for 17 h in 

deaerated aqueous solution of calcium carbonate. Before the injection of CCL&, the surface was free 

of precipitates (spectrum A, Figure 4.2) except for the presence of calcite crystals (spectrum B). 
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Figure "· 2 In situ Raman spectra of the Fe surface pre-oxidized for 17 h in aqueous solution of 
calcium carbonate. (A, B) two different locations en the electrode before the injection of CCI.a; 
(C, D) two different locations on the electrode I hour after the injection of CCI.a. 

Identification of the rhombohedral crystals was based on the spectral features in the range I 00 to 

I 100 cm·'. The bands at 1085 and 712 cm·' are due to the internal vibrational modes of the 

carbonate ion (A11 and Eg), while the bands at 281 and 153 cm·' are attributed to lattice vibrational 

modes of calcite (both of the E1 type) <29
). Other carbonate minerals, such as aragonite, ankerite and 

siderite, also exhibit four dominant lines in this spectral region, but their locations and intensities 
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differ <
29

>_ The formation and growth of the calcite crystals was favoured during the immersion 

period. as indicated by the potential drift and corresponding pH increase. Calcite crystals were 

however observed on a fresh cathodically-cleaned iron electrode prior to the injection of the 

contaminant. Initiation of the nucleation process might therefore be due to the cathodic cleaning 

procedure itself, or more precisely, to the pH increase resulting from the hydrogen evolution 

reactions. Finally the band at 1065 cm·1 (spectrum B. Figure 4.2) is attributed to the symmetric 

stretch of free CO/- ions of saturated carbonate solution <3oJt >. 

Spectrum C (Figure 4.2 and Table 4.1) was recorded one hour after the injection of CCL. The 

bands at ca. 433 and ca. 509 cm·1 are assigned respectively to Fe2+ - OH and Fe3+ - OH stretching 

modes of green rust. Similar bands were observed by Boucherit and Hugot-Le Goff 1211 (420 and 

505 cm·\ Simard et al. <
22

> (434 and 510 cm·1
), and Odziemkowski and Gillham <

231 (420 and 507 

cm"1
). The band at ca. 1053 cm·1 corresponds to the symmetrical stretching vibration of CO{ and 

indicates that carbonate ions are incorporated into the structure of the green rust. This band is at a 

lower frequency than would be expected if the CO{ species were integrated into the structure of 

carbonate minerals such as calcite, aragonite, ankerite or siderite (1085-1091 cm·1
}'

291
, and at a 

lower wavenumber than for aqueous CO{ (1065 cm·1
)'

30
•311. This shift of symmetric stretching 

vibrations of cot ions to lower frequency (1061 cm·1
, see Table 4.1) was also observed in 

experiments <321 where hydroxyl ions in powdered meixnerite were replaced by carbonate ions, 

resulting in the formation of hydrotalcite. Meixnerite (hydroxide end-member) and hydrotalcite 

(carbonate end-member) are Mg2+/Al3+ minerals that are isornorphous to pyroaurite minerals 

(Mg2•/Fe3J and green rust compounds (Fe2+/Fe3J. According to Moroz and Arkhipenko m,, who 

studied the structure ofhydrotalcite and also obtained spectral evidence of interlayer CO{ ions, the 
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shift of stretching vibrations relative to the free ion vibrations gives evidence of a slight electrostatic 

interaction of the interlayer co/· ions to the octahedral layers of the minerals. 

Table 4. 1 Raman bands (in cm·') and band assignments. 

H2O D2O Bands H2O• D2O• H2O• D2O• Bands 
GR GR Assignment Hydrotalcite Hydrotalcite Meixnerite Meixnerite Assignment 

433 417 Fe2• -OH or OD 485 484 491 483 Mg2
• -OH or OD 

Stretch Stretch 

509 494 Fe3
• -OH or OD 554 550 553 543 

Al 3--OH or OD 
Stretch Stretch 

Interlayer Interlayer 

1053 . co/ 1061 1060 CO32
• 

S~mmetric Symmetric 
Stretching Stretching 

•From Reference 32. 

Spectrum D (Figure 4.2) was also recorded one hour after the injection of CCL. but at a different 

location on the electrode surface. Of particular interest is the simultaneous detection of calcite 

(bands at 153,281 and 1084 cm·1) and carbonate-containing green rust (bands at 433, 509 and l057 

cm·1). Simultaneous detection of these species at the interface was made possible by using the non­

confocal mode of the Raman microscope. 

The ratios of the intensity of the Fe2
+ - OH/ Fe3

+ - OH peaks shown on spectrum C and D (Figure 

4.2) are 1.63 and 1.15, respectively. For stoichiometric GRl(CO/°) (IS>, an Fe2
+/ Fe3+ ratio of2 has 

been found, while for a natural green rust mineral containing OH" ions only 12•0, a ratio close to 1 

has been reported. This means that the difference between the 2 ratios observed in the present study 

might be due to a depletion of co/· ions in the interlayers of the green rust formed in the proximity 
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of a calcite crystal (spectrum D). Since the calcite crystals form the initial sink for the carbonate 

ions, the subsequent formation of green rust in their proximity will be in a depleted solution. Further 

away from the calcite crystals, however, the solution is richer in carbonate ions and so is the green 

rust (spectrum C). 

At other locations on the electrode, the situation was even more complex (Figure 4.3). In addition to 

calcite (band at 281 cm·1
) and green rust (bands at 433 and 509 cm"1

). iron oxyhydroxide species 

were detected. The band at ca. 381 cm·1 occurs at the same frequency as the strongest bands of a­

FeOOH <
3•0 . 

300Q,--...-------------.---------.----------, 

322 496 

1600 200 400 600 800 
R1m1n Shift (cm-11 

Fi1ure 4. 3 In situ Raman spectrum of the Fe swface pre-oxidized for 17 h in aqueous solution of 
calcium carbonate 1 hour after the injection of CCI.a. 
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These iron oxyhydroxide species are probably the products of the oxidation of green rust. The band 

at ca. 456 and the possible band at ca 496 cm·1 do not correlate with any known iron oxide, 

hydroxide or oxyhydroxide species (see Table 2 in Ref. 35). Such bands were observed on an iron 

electrode pre-immersed for 24 h in borate buffer after exposure to CC4 <3>_ In the light of previous 

findings <
35

• 
36

• 
21

• 
22

• 
3>, they are assigned to the E8 and A18 stretching vibrations of the double layer 

species H2O - Fe3
+ - OH2. These ionic species are probably the products of the hydration of Fe3

\i;­

which result from the oxidation ofFe2
+ produced by the corrosion reactions. Finally, the band at 322 

cm· 1 might be attributed to the deformation vibration ofH2O - Fe3
+- OH2. Alternatively, the band at 

322 cm·1 might be assigned to Fe-Cl vibrations 1371 when one or more water molecules in the 

[Fe(H20)6)3
+ solution species are replaced by chloride ions produced by the degradation of CC4 by 

iron 111
. 

To confirm the assignment of Fe2
+ - OH and Fe3

+ - OH stretching modes. experiments were 

repeated in D2O solution of calcium carbonate (Figure 4.4 and Table 4.1 ). Raman measurements 

were performed on the iron electrode kept immersed for 17 h in deaerated solution. Before the 

injection of CC4 (spectrum A), the surface was free of precipitates. Spectrum 8 was recorded one 

hour after the injection of CC4. Formation of green rust in D20 solution resulted in a shift of the 

peaks to lower frequencies. from 433 cm·1 for Fe2
+ - OH to 417 cm·1 for Fe2

+ - OD, and from 509 

cm·1 for Fe3
+ - OH to 494 cm·1 for Fe3

+ -OD. These shifts, 16 and 15 cm·1 respectively, are consistent 

with the mass increase when OH groups are replaced by OD groups according to the following 

equation <31>: 

Voo / Vot1 = Vcrr.,,,/rnoo) 
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Reardon et al. <
32

> also noticed shifts to lower frequencies when they synthesized hydrotalcite and 

meixnerite in deuterated water (Table 4. l ). In addition, they were able to obtain spectral evidence of 

the interlayer CO/" ions in the hydrotalcite formed in D20 solution (band at 1060 cm·1
; see Table 

4.1). 

8000~----......... -------------.....-------,-----, 

:a,. -'iii 
C • -= 

200 
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Figure .a." In situ Raman spectra of the Fe surface pre-oxidized for 17 h. (A) Before the injection of 
CC4 in D20 solution of calcium carbonate; (B} l hour after the injection of CC4 in D20 solution of 
calcium carbonate; (C) l hour after the injection of CCI.a in aqueous solution of calcium carbonate. 

At other locations on the electrode in D20 solution, the surface was more heterogeneous (Figure 

4.5). In addition to green rust (bands at 417 and 494 cm"1
), calcite crystals were detected (bands at 

155, 282, 712 and 1085 cm·1
; spectrum A). Contrary to what was observed in water, where the 

formation and growth of calcite crystals was favoured by the cathodic cleaning procedure and 
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dwing the immersion period, there were no calcite crystals before the injection of the contaminant. 

It is not clear why calcite crystals did not fonn prior to the introduction of the contaminant. Some 

hypotheses might be that, in DiO solution, a longer time is required for the precipitation of calcite 

crystals or that a different process altogether is responsible for the initiation of their nucleation. 

Finally, bands at 216, 313 and 459 cm·1 (spectrum B) are attributed to CCI.a molecules on the 

surface of the electrod~. 

The ratios of the intensity of the Fe2
+ - OD/ Fe3

+ - OD peaks shown on Figure 4.4 (spectrum B) and 

Figure 4.5 (spectrum A) are 1.89 and 1.97 respectively. These ratios, higher than observed in water. 

indicate a higher proportion of Fe2
+ and therefore a composition that is closer to non-stoichiometric 

green rust (with interlayers OD groups), which in fact falls in the category of non-stoichiometric 

iron hydroxides 139>. The green rust formed in D20 solution is also probably free of carbonate ions 

since no spectral evidence of the presence of interlayer CO/° ions was obtained. In addition. 

contrary to what was observed in water, the composition of the green rust formed in D20 solution 

does not appear to be affected by its proximity to calcite crystals. Simard et al. 1221 reported similar 

results i.e., spectral evidence of chloride ions in green rust fonned in aqueous solutions but no 

evidence of the presence of er ions in deuterated solution. Again. it is not clear why a different 

behavior was observed in deuterated solution. The authors can only speculate that a longer time or a 

different mechanism might be required in D20 solution for anions to be incorporated into the green 

rust structure. 
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Figure 4. S In siw Raman spectra of the Fe surface pre-oxidized for 17 h in D20 solution of calcium 
carbonate 1 hour after the injection of CCL. A) and B) were obtained at two different locations on 
the electrode. 

In the present study, green rusts were observed on pre-oxidized iron electrodes after exposure to 

CCI.a. It is believed they form due to the oxidizing action of the contaminant on ferrous hydroxides 

formed during the pre-oxidation period. The Pourbaix diagram of iron in carbonate-containing 

aqueous solutions (Figure 6, from Ref. 15) predicts the formation of carbonate-containing green rust 

under the conditions observed in the pre-oxidation experiments after exposure to the contaminant: a 
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CaCO3 concentration of l.2xlff3M, a pH of 6.7, a maximum potential of -0.40 V (■) and a final 

potential of -0.44 V (Q). In the case of a freshly cathodically-cleaned iron electrode, where the pH 

was 6.4 and the potential shifted to -0.46 V after exposure to the contaminant (A), the formation of 

GR 1 (CO{) is not however thermodynamically favourable and was not observed. 

-0.1 

-0.2 a-FeOOH 
I 

-0.3 
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-0.7 
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Fipre 4. 6 Pourbaix diagram of iron in carbonate-containing aqueous solutions. Pre-oxidized 
electrode: (■) maximum potential of -0.40 V, (□) final potential of -0.44 V, pH of 6.7, and 
CaCO3 concentration of l.2xto·3M. Freshly cathodically-cleaned electrode: (A) final potential 
of -0.46 V, pH of 6.4, and CaCO3 concentration of l .2xl 0"3M. By permission of the publisher. 
Copyright <Q/ 995 by Elsevier Science ltd. 

82 



The same was true in the contaminant-free precipitate study mentioned previously m. In that study, 

the experimental conditions were as follows: a CaCO3 concentration of 1.2xlff3M, a pH of 9.8, a 

solution redox potential of -0.3 V, and a maximum corrosion potential of -0.61 V. The only 

difference between the two studies was that aragonite was observed rather than calcite. This may be 

due to the higher pH of the solution. 

4.5 Conclusion 

In the case of a pre-oxidized iron electrode immersed in an aqueous solution of calcium carbonate, 

the introduction of an oxidizer such as carbon tetrachloride resulted in the formation of a corrosion 

product referred to as carbonate green rust. In situ identification. performed by Raman 

spectroscopy, was based on bands at ca. 433 and ca. 509 cm·1 which were assigned respectively to 

the Fe.?+ - OH and Fe3+ - OH stretching modes of green rust. A band at 1053 cm·1 was attributed to 

the stretching vibrations of CO/, indicating the presence of carbonate ions in the interlayer regions 

of the green rust. The composition of the green rust was affected by its proximity to calcite crystals, 

which were fanned before and during the development of the green rust compounds. The presence 

of [Fe(H2O)6)
3
+ ions and of iron oxyhydroxides, as hydrolysis products and products of the 

oxidation of green rust respectively, was also detected. The assignment of the Fe2
• - OH and Fe3 

... -

OH stretching mode bands was confirmed by parallel experiments using D2O solution. The shifts of 

the peaks to lower frequency, 16 and 15 cm·1 respectively, were consistent with the mass increase 

due to the replacement of OH groups by OD groups. Furthermore, these experimental data are 

consistent with the thermodynamic calculations by Drissi et al. os>. 
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The degradation of chlorinated aliphatic hydrocarbons by iron is a charge transfer process involving 

oxidation of iron. dissociation of water and reductive dechlorination of the organic compounds (I). 

With regards to the granular iron remediation technology, green rust compounds may play a role at 

several levels. First, as corrosion products due to the oxidizing action of contaminants on iron. as 

was found in the present study. Secondly, as products of the autoreduction of Fe(III) oxide films. 

which are present on dry commercial grade granular iron, after exposure to groundwater 1231
. In both 

cases, due to their porosity and lack of protective properties 1221
, green rust compounds will not 

prevent charge transfer at the metal/solution interface. Finally as reductants contributing to the total 

reduction of contaminants in iron systems, as was found by Erbs et al., 1"
01 who reported the 

reductive dechlorination of carbon tetrachloride using sulfate-containing green rust. In that case, it 

was found that green rust oxidizes to magnetite during the degradation reactions. Since magnetite is 

electronically conductive. charge transfer will still proceed but at a slower rate than on bare metal. 
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5.0 ELECTROCHEMICAL AND RAMAN SPECTROSCOPIC STUDIES OF THE 
INFLUENCE OF CHLORINATED SOLVENTS ON THE CORROSION BEHAVIOUR 
OF IRON IN BORA TE BUFFER AND IN SIMULATED GROUNDWATER 

The following manuscript, accepted for publication in November 1999 by the journal Corrosion 

Science, covers the results of the Tafel plot and corrosion rate measurements performed in borate 

buffer and in aqueous solutions of potassium bromide and calcium carbonate. The results of the 

OCP-time and in situ Raman spectroscopy measurements in potassium bromide solutions are 

also included, as well as summary of the results of these experiments in borate buffer and in 

calcium carbonate solution. 

5.1 Cover page 

Electrochemical and Raman Spectroscopic Studies of the Influence of Chlorinated Solvents 

on the Corrosion Behaviour of Iron in Borate Buffer and in Simulated Groundwater 

Pascale M.L. Bonin 1 
•, Wojciech J~dral 2

, Marek S. Odziemkowski I and Robert W. Gillham 1 

1 Department of Earth Sciences, University of Waterloo, 
Waterloo, Ontario, Canada N2L 3G l 

2 Department of Chemistry, University of Warsaw 
Pasteura l, 02-093 Warsaw, Poland 

Abstract - The remediation. by contact with granular iron, of groundwater contaminated with 
chlorinated halocarbons necessitates a flow of electrons at the iron/solution interface. To refine 
our understanding of the mechanism and kinetics of the charge transfer process, electrochemical 
and spectroscopic measurements were performed on iron electrodes in borate buffer and in 
simulated groundwater solutions of calcium carbonate and potassium bromide before and after 
exposure to carbon tetrachloride. The results of these measurements highlighted the combined 
influence of the organic contaminant and inorganic ions on the corrosion behaviour of iron as 
well as on the nature of the films formed in their presence. 

Keywords: iron, borate buffer, calcium carbonate, potassium bromide, carbon tetrachloride, 
corrosion potential, corrosion rate, Raman spectroscopy, green rust, iron oxides. 
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5.2 Introduction 

A remediation technology for groundwater contaminated with chlorinated aliphatic hydrocarbons 

is through contact with granular iron [I]. The degradation of halogenated compounds by iron 

involves oxidation of iron and reduction of the organic molecules. Though considerable research 

effort has focused on the degradation pathways and rates of reduction for different organic 

compounds [1-4], many aspects of the charge transfer reactions remain highly speculative. A 

useful approach to gain insight concerning the mechanism and kinetics of the electron transfer 

process may be to study the corrosion behaviour of iron under different conditions. This 

approach was taken in two studies of iron particles in contact with contaminant-free water of 

different ionic compositions [5,6]. In the first, Raman spectroscopy was used to identify the 

surface films formed on electrolytic iron particles during contact with simulated groundwater; in 

the second. corrosion rates were measured by monitoring the hydrogen pressure increase in 

sealed cells containing commercial iron granules and water. 

The corrosion behaviour of iron was also considered in a study [7] where the granular iron/ 

contaminated groundwater system was simplified to an iron electrode/ borate buffer system in 

the presence of two model compounds: a degradable compound (carbon tetrachloride-CCL) and 

a non-degradable compound (dichloromethane-CH2Ch). The potentiodynamic polarization of a 

stationary iron electrode indicated that CCI.a acts as an oxidizer of iron, while CH2Ch is non­

reactive (a non-oxidizer). The change of the open circuit potential (OCP) of the stationary iron 

electrode. freshly cathodically cleaned or pre-oxidized by immersion in borate buffer, was also 

monitored after the addition of CCI.a or CH2Ch. In both cases, a positive shift of potential was 

observed after the injection of CCL., while the injection of CH2Ch had no significant effect on 
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the potential. To gain insight concerning the changes at the interface after the addition of CCl.i. in 

siw Raman spectra of the electrodes were taken. An important advantage of Raman spectroscopy 

over other methods of surface analysis is its ability to analyze samples in situ; the Raman effect 

is. however, intrinsically weak [8]. In the case of pre-oxidized electrodes. the products of the 

surface redox reactions. as well as of the ions present in the double layer region. were identified. 

In the case of freshly cathodically cleaned electodes, however, the surface film, being in an 

initial stage of formation. was most probably too thin to be detected by Normal Raman 

spectroscopy (NRS). 

In our previous study. CCl.i was characterized as an oxidizer because its presence caused the 

corrosion potential. the corrosion current density and the cathodic Tatel slope to increase 1
. For a 

single reversible reaction (e.g., oxidation/reduction of copper in a highly concentrated acidic 

solution). the exchange current density can be used to determine the heterogeneous charge 

transfer rate constant for the reduction reaction. For complex irreversible reactions such as the 

oxidation/reduction of iron in a basic and/or low conductivity aqueous medium in the presence of 

CCl.i, this procedure cannot be applied. First. it is not possible to isolate the contribution of the 

contaminant reduction reaction to the overall cathodic current. Second, in the case of a weak acid 

( e.g., boric acid), dissociation of the acid will result in higher cathodic currents, while film 

formation on the electrode surface during anodic polarization will affect the slope of the anodic 

branch. Other factors will result in additional errors. For instance, when using an electrode of 

1 In our previous study, a decrease of the cathodic Tafel slope was reported. This is because we were not aware of 
the conventim according to which Tafel slopes are to be expressed as absolute values. The deaease of negative 
values reported should therefore have been expressed as an increase in absolute values. We would like to thank the 
reviewers of this paper for indicating this convention to us. 
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large surface area. different parts of the electrode may perform in different ways. This effect will 

be enhanced by a long polarization time and a low conductivity solution. A solution of low 

conductivity may also introduce errors in the potential reading due to uncompensated solution 

resistance (Ru). On the other hand. using an electrode of smaller diameter will result in less 

precision in the measurements of Ru and current. A good compromise. for approximate 

measurements such as Tafel slopes in high pH solutions. may be to use a relatively large 

electrode over short times of polarization. and with IR drop compensation. 

In a study of the Fe/borate buffer/CCL system by Scherer et al., [9], it is advanced that near the 

corrosion potential in the presence of CCL., hydrogen evolution is not an important mechanistic 

intermediate in the reductive dechlorination of the contaminant. On "steady-state j-E curves" 

obtained in contaminant-free borate buffer and in the presence of CCL., the difference in current 

densities at Ecorr1cc1-1 was attributed to the reduction of CCL and was used to calculate a charge 

transfer rate constant for the reduction of the chlorinated hydrocarbon. From these measured j-E 

curves, exchange current density and Tatel slope values for the Fe/Fe2
•, W/H2<gJ and CCL./CHCh 

redox couples were also determined. However, it is not clear how these single reaction kinetic 

parameters were calculated since the Fe/water/CCL system involves three irreversible 

interdependant redox reactions. In addition. based on thermodynamic calculations and 

experimental data. it has been found that adsorbed hydrogen will be present at potentials well 

above the equilibrium potential for hydrogen evolution (IO]. and thus the assertion that hydrogen 

evolution is not an important intermediate step would seem to be in question. Finally, the kinetic 

parameter determinations could be in error since the study was performed without IR drop 

compensation on a large electrode and with very long polariz.ation times. 
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The present study was undertaken to detennine the kinetic parameters of the charge transfer 

reactions. The parameters considered included cathodic and anodic Tafel slopes and the 

corrosion current density, as well as the corrosion rate of iron and the resistance of the 

metaVsolution interface. Our goal was also to refine our understanding of the mechanism of the 

charge transfer process at the iron/solution interface in borate buffer, in the case of a cathodically 

cleaned electrode after exposure to carbon tetrachloride, and to extend our investigation to 

simulated groundwater. More specifically, our objectives were to determine the influence of the 

organic molecules on the corrosion behaviour of iron. as well as their effect on the structure of 

the iron/solution interface. In order for the degradation reactions to proceed. there must be a flow 

of electrons at the iron/solution interface. Determination of the nature and electronic properties 

of surface films, present before or formed during e:<posure to contaminants, is therefore 

important in developing an understanding of the electron transfer process. 

To achieve these objectives, Tafel plots and corrosion rates were measured in borate buffer and 

in aqueous solutions of potassium b1omide and calcium carbonate with an iron rotating disk 

electrode (RDE). Measurements were possible in the low conductivity simulated groundwater by 

compensating for IR drop. OCP-time and in situ Raman measurements were also performed in 

aqueous solutions of potassium bromide. A summary of the results of OCP-time and in situ 

Raman measurements in borate buffer [7] and in calcium carbonate solution [ 11] will be 

provided for reference and comparison purposes. 
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5.3 Experimental methods 

Four aqueous solutions were prepared from distilled water, using chemical grade reagents, and 

were deaerated with N2 (except the calcium carbonate solution which was deaerated with a 5% 

CO2/ 95% N2 gas mixture). The four solutions included: 

I) (0.15M H38O3 + 0.0357M Na2B,.O,) borate buffer of pH 8.4; 

2) l .2x l ff 3M CaCO3 solution of pH 6.4 ± 0.2 after deaeration; 

3) 3.4xIO'"" M KBr solution of pH 7 ± 0.2 after dearation; 

4) 3 .4x lo'"" M KBr solution with the pH, after deaeration, adjusted to l O with KOH. 

Solutions 3 and 4 will be referred to as the low and high pH K.Br solutions, respectively. The 

CaCO3 and KBr solutions were prepared to simulate dilute groundwater in carbonate anci non­

carbonate aquifers, respectively, while solutions of higher pH were intended to replicate 

conditions in batch and column experiments with granular iron [ 1-5), where pH values above 9 

are commonly observed. 

Open circuit potential-time and in situ Raman measurements were performed using a 5 mm 

diameter 99.99% pure iron disk pressed into a Kel-F holder. The working iron electrode was 

stationary. The auxiliary electrode was platinum. Potentials were measured against a Ag/ AgCI 

electrode and then converted to NHE. Prior to each experiment, the iron electrode was polished 

with 1200 grade emery paper, washed in copious amounts of distilled water, and ultrasonically 

cleaned in distilled water. The iron electrode was then immersed in one of the 4 deaerated 

aqueous solutions and cathodically cleaned by applying a current density of I 00 µAlcm2 for 1 S 

minutes. In the Tafel plot and corrosion rate measurements, the working electrode consisting of a 

93 



¼ inch diameter 99.99% pure iron disk pressed into a Kel-F holder was a rotating disk. The 

auxiliary and reference electrodes were platinum and Ag/ AgCI. Prior to each experiment, the 

iron ROE was cleaned following a procedure similar to that used for the stationary electrode, the 

only differences being that it was also polished with a felt polishing cloth using I µm alumina 

powder suspensions and ultrasonically cleaned in methanol. 

Open circuit potential-time and in situ Raman measurements were performed following a 

procedure described by Bonin et al. [7]. The OCP of the iron electrode was monitored over time 

using a high impedance (I 0 14 ohm) preamplifier. In situ Raman spectra were obtained with a 

Renishaw 1000 Raman microscope system set-up in non-confocal mode. The chlorinated 

hydrocarbon (pure phase CCL or CH2Ch) was injected into the deaerated aqueous solutions via a 

Teflon septum covering the injection port of the electrochemical or Raman cell. 

The Tafel plot and corrosion rate measurements were carried out using a Model 273 PAR 

potentiostat, interfaced to an IBM PC computer via an IEEE-488 interface. Software written in 

house based on Head Start© architecture was used for data acquisition and potentiostat control. 

The ROE was installed in an Analytical Rotor (PINE Instruments Company) and set at a rotation 

speed of 3000 rpm. At such speed, it has been found that mass transport effects are negligible 

[9]. The experiments were performed with IR drop compensation, using the current interrupt 

technique described in the instruction manual of the Model 273 PAR potentiostat. The Lugg in 

capillary was shaped and positioned in a way such as to minimize the uncompensated solution 

resistance (Ru). The chlorinated hydrocarbon (pure phase CCI,.) was introduced into the 

94 



deaerated aqueous solutions by flushing the cell with a CCl.t-saturated argon gas, starting 15 

minutes prior to the beginning and during the experiments. 

The Tafel plot measurements were performed by applying 3 sets of 10 pulses of cathodic current, 

followed by 3 sets of 10 anodic pulses. Each pulse had a duration of 0.2 s. In the first set, the 

magnitude of the pulses increased from :i:20 to 200 µA and the electrode was allowed to rest at 

its OCP for about 4 s between each pulse. In the second set, the magnitude of the pulses 

increased from ::=:::200 µA to 2 mA and the rest period lasted 5 s; in the third set, the magnitude of 

the pulses increased from ::=::2 to 20 mA and the rest period was 7 s. In total, it took less than 3 

minutes to complete the measurement of one Tafel branch (cathodic or anodic). During each 

pulse, the electrode potential. corrected for IR drop. was sampled SO times and the values 

corresponding to the last 15 sampled points were averaged and used to construct a Tafel plot 

[ 12). 

The corrosion rate measurements were performed by applying 10 pulses of current. lasting 10 s 

each. going from cathodic to anodic currents. Between the pulses, the electrode was allowed to 

rest at its OCP for 35 s. Each measurement took about 7 minutes. During each pulse, the 

electrode potential was sampled SO times and the values corresponding to the last 15 sampled 

points were averaged and used to construct a current-potential plot. The upper and lower current 

limits in this train of current steps were chosen in such a way that the electrode potential did not 

deviate more than 10 mV from the corrosion potential (OCP). Under these conditions, the 

polarization current (pulse amplitude) did not deviate far from the corrosion current. 
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Consequently, the current-voltage curves were linear and the corrosion current was calculated 

using the linear approximation of the Butler-Volmer equation [12]: 

J=Jo (-nf/RT) 11 

where J is the cell current density 

Jo is the corrosion current density 

n is the number of electrons (n=2 for iron) 

F is the Faraday constant 

R is the universal gas constant 

T is the temperature 

11 is the overpotential i.e .. E - E.:orr 

The corrosion rates. expressed in nm/h, were calculated from Jo using the formula: 

CR (nm/h) = J0 (Ncm2) x 55.85 (g/mol) x 3600 (s/h) x I0'(nm!cm) 

2 x 96487 (C/mol) x 7.86 (g/cm3
) 

(1) 

(2) 

In the corrosion rate measurements, an average value for the uncompensated solution resistance 

was first determined and then used to program the potentiostat for the subsequent measurements. 

Ru was determined by applying a cathodic current pulse (0.0S to 0.1 mA) of a few seconds to the 

iron electrode followed by a zero current pulse of a few seconds. During each pulse, the current 
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was interrupted about I 000 times, the value of iRu was measured and the corresponding Ru was 

calculated. 

5.4 Results and Discussion 

5.4.1 Open circuit potential-time measurements on stationary iron electrodes 

OCP-time experiments were performed in borate buffer and in simulated groundwater. For the 

low and high pH KBr solutions, the results are presented in Figures 5.1 and 5.2 and summarized 

in Table 5.1; for the borate (7) and calcium carbonate (11] solutions. the results are summarized 

in Table 5.1. In a first set of experiments, the OCP of a cathodically cleaned iron electrode was 

monitored prior to and after the injection of CCL or CH2Cb. In all the solutions. the injection of 

CCL resulted in a positive shift of potential; the largest shifts were observed in the KBr solutions 

(Table 5.1, and curves I on Figures 5.1 and 5.2). On the other hand. the injection of the non­

degradable compound had no significant effect on the potential (Table 5.1. and curves 2 on 

Figures 5.1 and 5.2). 

In a second set of experiments, the iron electrode was kept immersed in contaminant-free 

solutions for periods ranging from 17 to 70 h. Immersion of the Fe electrode resulted in its pre­

oxidation and probably in the formation of ferrous hydroxide (13,14). Due to its sensitivity to 

oxidation and its amorphous structure [IS), Fe(OH)2 is difficult to identify by most surface 

analytical techniques including NRS. The only nonnal Raman spectral evidence of this 

compound was obtained on synthesized material in an ex situ study by Thanos [ 15). 

Identification of ferrous hydroxide by SERS has, however, been reported by many authors [5,16-

18). Upon introduction of an oxidizer such as CCI.a, the pre-oxidized Fe surface acted as a 

catalyst in the sense that it promoted faster and further oxidation of the iron electrode and/or the 
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Fe(OH)2 film covering the electrode surface. Indeed, the potential shifts when the electrodes 

were pre-oxidized were larger and more rapid (Table 5.1, and curves 3 on Figures 5.1 and 5.2). 

The magnitude of the shift increased with longer duration of immersion. Subsequent potential 

declines were observed in all the pre-oxidation experiments. These declines may have been a 

consequence of a change in impedance of the metal/solution interface. 

-250 
Low pH KBr 

-350 -w 
:%: z 
> -450 
E - 3b 
w 

-550 

1,2 t injection 

-650 
-1000 0 1000 2000 3000 4000 

time (sec) 

Fipre 5. I Open circuit potential-time measurements in low pH K.Br solution. I) injection of CCL 
- electrode freshly cleaned; 2) injection of CH2Ch - electrode freshly cleaned; 3a) injection of 
CC4 - electrode immersed for 17 h; 3b) injection of CCL - electrode immersed for 70 h; 4) 
injection ofCH2Ch- electrode immersed for 17 h. 
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Figure 5. 2 Open circuit potential-time measurements in high pH KBr solution. l) injection of 
CCL - electrode freshly cleaned; 2) injection of CH2Ch - electrode freshly cleaned; 3) injection 
of CCL - electrode immersed for 17 h; 4) injection ofCH2Ch- electrode immersed for 17 h. 

In all the solutions, a potential drift was observed during the immersion time in contaminant-free 

solution (Table 5.1 ). In borate buffer and in the potassium bromide solutions, the drifts were 

positive and might be attributed to increases of Fe2 
.. ions in the solutions [7]. These positive 

drifts may also be due to the oxidizing action of 02 which, even if precautions were taken to 

properly seal the cell and if deaeration was pursued during the experiments, may have been 

present in minute amount in the solutions. The largest drifts were again observed in the KBr 

solutions. In the calcium carbonate solution, the potential drift was negative, possibly related to a 

local change of pH in the vicinity of the electrode [11]. Finally, as observed in borate buffer, the 
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effect of the injection ofCH2Ch after 17 h of immersion in the potassium bromide solutions was 

similar to the background potential drift (curves 4 on Figures 5.1 and 5.2). 

Table S. I OCP-tirne measurements, on freshly cathodically cleaned and pre-oxidized iron 
electrodes, in the 4 solutions (all potentials in mV NHE). 

OCP of freshly cathodically cleaned iron electrodes in mV NHE 

1 Solution Contaminant free After injection of CCI~ After injection of CH:Cl: 

E • r--0 E ar-lh Potential shift E • r-lh Potential shift 

Borate -540 -460 80 -530 10 

CaC03 -540 -460 80 --- ---
Low pH KBr -570 -420 ISO -560 10 

High pH KBr -610 -410 200 -540 70 

OCP of pre-oxidized iron electrodes in m V NHE 

Solution and time Contaminant free After injection of CCI~ 

Of immersion E alli:r unm. Potential EltllL, Potential E • r~lh Potential 
Drift Shift Decline 

Borate- 24 h -530 10 -330 200 -420 -90 

Borate- 68 h -530 10 -280 250 -410 -130 

CaC03 -17 h -560 -20 -400 160 -440 -40 

Low pH KBr - 17 h -560 10 -330 230 -420 -90 

Low pH KBr - 70 h -520 so -270 250 -330 -60 

High pH KBr -17 h -560 so -370 190 -410 -40 

S.4.2 /n situ Raman measurements on stationary iron electrodes 

In order to investigate the nature of the changes at the iron/solution interface after exposure to 

carbon tetrachloride, in situ Raman measurements were performed on the iron electrodes pre­

oxidized in borate buffer and in simulated groundwater, prior to and 1 hour after the injection of 

CCI.a. A summary of the Raman bands observed in all the solutions is presented in Table 5.2, 

while the spectra obtained in the low and high pH KBr solutions are shown in Figures 5.3 and 

5.4, respectively. 
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Prior to the injection of carbon tetrachloride, in the case of an iron electrode pre-oxidized for 70 h 

in the low pH K.Br solution, the majority of the surface was free of Raman features except for the 

presence of a weak band at 672 cm·1
, which is attributed to the A1 8 mode of magnetite (spectrum a, 

Figure 5.3). 
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Fipre 5. J /n situ Raman spectra of the Fe surface pre-oxidized for 70 h in low pH KBr solution, 
before (a) and after (b) the injection of CCL.. 
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Spectrum b (Figure 5.3) was recorded one hour after the injection of CCI.a (Table 5.2). The signal 

of the band at 672 cm·1 was then much stronger and two additional bands, at 297and 550 cm·1
, 

assigned to the T28 mode of magnetite, were also observed. 

Table 5. 2 Raman bands (in cm"1
) observed on pre-oxidized iron electrodes, after the injection of 

CCL, in the 4 solutions. 

Borate Borate CaCO1 KBr KBr Band Assignment RF 
low pH high pH 

24 h 68 h 17 h 70h 17 h 

1084 Internal vibration of carbonate ions in calcite 19 
(A, .. mode) 

1053-1057 Symmetric stretch of carbonate ions in green 20,21 
rust structure 

878 878 Symmetric strech of borate ions 18 
669 668 672 675-679 Maw,etite (A 1• mode)• 22,23 
547 546 550 Ma2netite (T,. mode) 0 22.23 

509 S07-513 Fej• -OH stretchiniz mode of J!reen rust 24-26 
495 495 496 494 Vibration ofFe3

- -OH2 (A, 11 mode) in 27 
[Fe111(OH)n(H,O)c,.nl3"n ions 

479 a- FeOOH 28.29 
466 Fe(OH), IS 
4S4 449 456 448 Vibration of Fej• -OH2 (E8 mode) in 27 

[Fe111(OH)n(H2O)c,.n)3
"" ions 

442 425-434 433 Vibration ofFe··-oH or Fe··-ott2 in 16 
[Fe11(OH)n(H2O)c,..)2"" ions 

433 431 Fe··-oH stretching mode of green rust 24-26 
391 390 381 385 Stronizest mode of a - FeOOH 28,29 

322 322 Deformation vibration of H2O-Fe'· -OH2 in 27 
[Fe111(OH)n(H2O)1,..)3

"" ions' 
318 Fe-Cl stretches of [Fe(H2O)5Cl]·· or 27,30 

[Fe<H2O)~Cl2r ions 
297 Maimetite (T2• mode) 22,23 

281 Lanice vibration of calcite (E. mode) 19 
250 a-FeOOH 28,29 

153 Lattice vibration of calcite (E. mode) 19 

(a) The higher frequency of this band, in the high pH KBr solution, might be due to a contribution from Fe(OH)3 

(31 ). 

(b) The higher frequency of this band might be due to a contributim of the strongest mode ofFe(OH)2 [ 15). 

(c) This band might also be attributed to Fe-Cl stretches of [Fe(H2O)5Cl]2
• or [Fe(H2O)~Ctir ions (27,30). 
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The bands at ca 448 and ca 494 cm·• do not correlate with any known iron oxide, hydroxide or 

oxyhydroxide species [16]. These bands, which were also observed in borate buffer and in calcium 

carbonate solution after exposure to CCL., are attributed to the E1 and A1 8 stretching vibrations of 

Fe3+- OH2 in the double layer species [Fe(H20)6]3+. These ions are the products of the hydration of 

Fe3+, which results from the oxidation of Fe2• produced by the corrosion processes. Assignment 

of the band at 433 cm·• is less certain. It can be attributed either to the stretching mode of Fe2
+ -

OH2 [16] or Fe2+ - OH in [Fe(H2O)6]2+ ions, as in borate buffer [7], or to the Fe2+- OH stretching 

mode of green rust [24-26], as in calcium carbonate solution [11 ]. In the latter case, however. a 

band at 509 cm·•, assigned to the Fe3+- OH stretching mode of green rust, was also observed; this 

band is not present on Figure 5.3. Finally, the band at 322 cm·• might be attributed to the 

deformation vibration of H2O - Fe3+- OH2 in [Fe(H2O)6]3 
.. ions. Alternatively, it might be assigned 

to Fe-Cl vibrations in the instance where one or more water molecules in the cation complexes are 

replaced by chloride ions, produced by the degradation of CCL. 

In the high pH KBr solution, after 17 h of immersion and before the injection of CCL. either no 

bands or 3 very weak bands were identified on the electrode (spectrum~ Figure 5.4). The bands 

at 431 and 513 cm·• are assigned to the Fe2•- OH and Fe3+- OH stretching modes of green rust 

respectively, while the band at 385 cm·• is attributed to the strongest mode of a-FeOOH. Green 

rusts are Fe2+-FeJ+ layered double hydroxide compounds consisting of positively-charged brucite­

like layers separated by interlayers of anions [32]. In the present case, hydroxyl anions are probably 

occupying the interlayer region; if bromide ions were present, a band at wavenumber lower than 

200 cm·• would be expected [33]. 
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Figures. 4 ln situ Raman spectra of the Fe surface pre-oxidized for 17 h in high pH KBr solution, 
before (a) and at two different locations after (b,c) the injection of CCl.i. 

Spectrum b (Figure 5.4) was recorded one hour after the injection of CCL (Table 5.2). It should 

be noted that, due to the injection procedure itself, it is difficult to obtain consecutive spectra from 

precisely the same location. Nevertheless, in this case, stronger signals of the 3 bands present before 

the injection of the contaminant were detected. In addition, another band indicative of the presence 
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of a-FeOOH on the swface of the electrode was observed at 250 cm-1. Finally, a very broad. 

asymmetric band in the 650-750 cm·1 spectral range was also detected. Its deconvolution indicated 

the existence of two bands under the envelope (lower portion of Figure 5.5). The first band, 

attributed to the A1 8 mode of magnetite, was fitted by fixing the full width at half maximum 

{FWHM) at 38 cm·1; for natlU'al magnetite, FWHM values of 34 to 42 cm-1 have been reported 

[22,23]. For the second band, a fit was obtained by fixing the center at 692 cm· 1
; such a value is 

characteristic of Fe(OH)3 [3 I]. 

Spectrum c {Figure 5.4) was also recorded one hour after the injection of CCL. but at a different 

location on the electrode surface (Table 5.2). The bands at 43 l and 510 cm·1 are assigned to the 

Fe2
+ - OH and Fe3

+ - OH stretching modes of green rust respectively. Again, the green rust probably 

contains hydroxyl ions in the interlayers since no Br· peak was detected. The band at 318 cm·1 is 

attributed to Fe-Cl stretches of [Fe(H2O)sC1]2
+ or [Fe(H2O).1Chr ions [27,30]. A!temative 

assignment of the band at 318 cm·1 to the deformation vibration ofH2O - Fe3
+- OH2 in [Fe(H2O)6)3

• 

ions is not considered here~ concurrent presence of bands at ca 448 and ca. 494 cm·1
, attributed to 

the E8 and A1 8 stretching vibrations of Fe3
+ - OH2, would then be expected. Finally, the broad, 

asymmetric band at 676 cm·1 is attributed to the A1 8 mode of magnetite with a contribution from 

Fe(OH)3, as expressed by the shoulder at 687 cm·1
. Deconvolutiol' of this band confirmed the 

existence of two peaks (upper portion of Figure 5.5). Both were fitted without fixing any 

parameters. For the magnetite band, the calculated FWHM of 42 cm·1 is in very good agreement 

with literature data [22,23]. 
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Figures. s Band fitting of the in situ Raman spectra of the Fe surface pre-oxidized for 17 h in high 
pH KBr solution after the injection of CCI.a. Lower portion of the figure: spectrum 5.4(b); upper 
portion: spectrum 5.4(c). 

Band fitting of spectra obtained at other locations on the electrode in the high pH KBr solution 

(oot shown here) gave similar results; on each spectrum. a band at 675 to 679 cm-1
, having a 

FWHM ranging from 42 to 51 cm·1
, was present. These values, being outside the FWHM ranges 

reported for natural magnetite, indicate that Fe30,. and Fe(OH)3 were present in each case. On the 
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other hand, in the low pH KBr solution, the FWHM values observed for the strongest peak of 

magnetite were always within the range of values for natural magnetite, suggesting that magnetite 

is the sole product of the surface redox reactions in that solution. 

5.4.3 Tafel plot measurements on iron rotating disk electrodes 

The rl!sults of the Tafel plot measurements performed on the iron ROE in borate buffer (Figure 

5.6) confirmed the trends previously reported [7]. In the presence of 2. 7x I 0-3 M CCL, the 

corrosion potential increased from -460 to -340 mV, the corrosion current density increased 

from 0.03 to 0.04 mNcm2 and the cathodic Tafel slope increased (from 290 to 340 mV/decade). 

Due to their very low conductivity, attempts to measure Tafel slopes in the two KBr solutions 

were not successful; however, a Tafel plot was measured in the calcium carbonate solution 

(Figure 5.7). In the presence of 5.3x10·3 M CCI.i, there was a positive shift of the corrosion 

potential (from -500 to -370 mV), an increase in the corrosion current density (from 0.05 to 0.11 

mA/cm2
) and an increase in the cathodic Tafel slo:,e (from 320 to 350 mV/decade). 

Due to effects related to Ru, the magnitude of the Tafel slopes reported for the borate and 

calcium carbonate solutions should not be used as a precise source of quantitative information. 

What is informative, however, is the fact that increases of cathodic Tafel slopes were observed in 

both solutions, after the introduction of the contaminant, and that these increases were not 

accompanied by significant changes of uncompensated solution resistance in either solutions. 
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Figure 5. 6 Tafel plot in borate buffer. before(□.-) and after(~.-----) the injection of CCL.. 

The corrosion current density values extrapolated from the Tafel plots were used to calculate iron 

corrosion rates, with the help of formula 2. Due to the fact that the Log J-Potential curves are 

possibly not at steady state and that the Tafel behaviour on the anodic side is valid for a very 

small range in current, one has to keep in mind that these values are very approximate. In 

contaminant-free solution, the presence of carbonate ions resulted in a higher corrosion rate (68 

nm/h) than in borate buffer { 44 mr./h}, as e~pected [34]. In the presence of CCL., the corrosion 

rates increased to 149 and 58 nrn/h, respectively. The magnitude of these increases was related to 

the amount of contaminant in solution, 5.3xto·3 M of CCL. in CaCO3 solution, compared to 

2.7xl0-3 Min borate buffer. 
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Figure 5. 7 Tafel plot in calcium carbonate solution. before (□. -) and after (':), -----) the 
injection of CCL. 

5.4.4 Corrosion rate measurements on iron rotating disk electrodes 

Failure to measure Tafel slopes in the two potassium bromide solutions prompted the use of 

another technique to determine the kinetic parameters in these solutions, and to probe the borate 

and calcium carbonate systems with more precision. In this technique, current-steps resulting in 

overpotentials of ±10 mV from the corrosion potential are applied such that the system quasi­

equilibrium is maintained, and the overpotential vs current response is linear. The corrosion 

current density, which is determined from the slope of this line, is used to calculate the iron 

corrosion rate. 
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The results of the corrosion rate measurements in borate buffer and in calcium carbonate solution 

(Table 5.3) are consistent with the results of the Tafel plot measurements. In contaminant-free 

solution. the presence of carbonate ions resulted in a higher corrosion rate ( 11.6 nm/h) than in 

borate buffer (3.0 nm/h). In both solutions, the corrosion potential shifted positively and the 

corrosion current density increased in the presence of CCL. This translated to iron corrosion 

rates of 26.4 and 5.3 nm/h, respectively. The magnitude of these increases was related to the 

amount of contaminant in solution. 5.3x10·3 M of CCL in CaCO3 solution. compared to 3.4xlff3 

M in borate buffer. The uncompensated solution resistance. 3.0 kn in CaCO3 solution and 0.2 

kn in borate buffer, was not affected by the addition of the contaminant. 

Table 5. J Corrosion rate measurements in the 4 solutions. 

Solution # of data E.:un CR R.. 
(mVNHE) (nmlh) (kohm) 

Mean Std Dev. Mean Std Dev. Mean Std Dev. 

Borate Contaminant free 5 -489 7 3.0 0.2 0.2 0.002 

3 Ax 10·3 M of CCl4 9 -411 5 5.3 0.9 0.2 0.002 

CaC03 Contaminant free 13 -520 3 11.6 1.1 3.0 0.03 

5.3x 10·3 M ofCCl4 6 -422 3 26.4 1.3 3.0 0.01 

Low pH KBr Contaminant free 4 -500 1 2.0 0.2 13.7 0.3 

5.6xto·3 M ofCCl4 5 -148 25 1.0 0.2 15.8 0.7 

High pH KBr Contaminant free 6 -525 7 0.56 0.03 7.0 0.2 

4.2xl0-4 M of CCI,. 5 -30 15 0.30 0.03 9.0 1.2 

The corrosion rates obtained from these measurements are smaller, by a factor of 10 in borate 

buffer and 5 in calcium carbonate solution, than those calculated from the Tafel plots. The higher 

corrosion rates obtained in the Tafel plot measurements are however an artifact due to the 
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formation of a film on the iron electrode during anodic polarization. The presence of this film 

affects the slope of the anodic branch. which in turn affects the determination of the intersection 

between the cathodic and anodic branches and therefore the value of the corrosion potential and 

corrosion rate. A confirmation of the presence of a film on the electrode after large anodic 

polarii.ation during the Tafel plot measurements comes from the results of the OCP 

measurements. In contaminant-free borate buffer, the open circuit potential was more negative 

for a freshly cathodically cleaned electrode (-540 mV NHE) than for a pre-oxidized electrode (-

530 mV NI-IE). Similarly, in contaminant-free borate buffer, the corrosion potential was more 

negative in the corrosion rate measurements (-489 mV NHE) than in the Tafel plot 

measurements (-460 mV NHE). Finally, in the OCP measurements, the addition of CCL to the 

borate buffer resulted in a smaller shift of potential for a clean electrode (+80 mV NHE) than for 

an oxidized electrode (+200 mV NHE); the same trend was observed in the corrosion rate and 

Tafel plot measurements where the shifts were +78 and +120 mV, respectively. 

Another factor that might explain the difference between the corrosion rate values obtained from 

the two methods is that the inaccuracy of the Ru value has a smaller influence on the results from 

corrosion rate measurements than from Tafel plot measurements. In low conductivity solutions, 

the values obtained from corrosion rate measurements are therefore more a~curate. 

In the low and high pH KBr solutions, prior to the introduction of CCL, the corrosion rates were 

2.0 and 0.56 nm/h, respectively (Table 5.3). These rates are smaller than in borate and carbonate 

solutions. This is contrary to what one would expect since bromide ions are considered to be 

aggressive anions [35], while borate and carbonate ions are characterized as passivating anions 
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[34]. This might be due to the presence of a film on the electrode surface prior to the 

measurements and despite the cathodic cleaning procedure. Indeed, after immersion and before 

the injection of CCL.. the presence of magnetite was detected in the low pH KBr solution. while 

green rusts and iron oxyhydroxides were detected in the high pH solution. No evidence of such 

films was obtained, with NRS, in borate and calcium carbonate solution prior to the injection of 

the contaminant. 

In the two KBr solutions. the introduction of the contaminant resulted in the apparent passivation 

of the electrode. In the low pH KBr solution. following exposure to 5.6xlff3 M of CCI.a. the 

corrosion potential shifted drastically in the positive direction (to -148 mV NHE) and the 

corrosion rate decreased (from 2.0 to 1.0 nm/h). This is not due to a higher concentration of 

dissolved CCL in that solution since the corrosion rate also decreased (from 0.56 to 0.3 nm/h) in 

the presence of a much smaller concentration of contaminant ( 4.2x I ff°' M of CCL.) in the higher 

pH solution. Rather the apparent passivation was due to the nature and/or thickness of the film 

on the surface of the electrode after exposure to the oxidizer. For the two K.Br solutions. the Ru 

increased in the presence of CCL (from 13.7 to 15.8 kQ and from 7.0 to 9.0 kQ. respectively). 

The uncompensated solution resistance is the sum of the solution resistance and the resistance of 

the metal/solution interface (i.e., surface films and double layer region}. In all the solutions, it is 

reasonable to assume that the solution resistance was constant throughout the experiments i.e., 

that there was no significant iron and/or contaminant dissolution in the time frame of the 

experiments (7 minutes). Therefore, the increases in Ru corresponded to increases in the 

resistance of the metal/solution interface, which is probably connected with film formation on 

the electrode surface, as suggested by the Raman spectral studies. 
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In summary, it appears that in contaminant-free solution. the anions have the following effect on 

the corrosion rate: carbonate > borate > bromide at open-circuit potential in these solutions. A 

similar trend was observed by Reardon [6]. It is worth noting that the corrosion rates of the iron 

electrode obtained here in contaminant-free solutions (ranging from 0.56 to 11.6 nm/h) are about 

5 orders of magnitude greater than the rates for commercial iron granules in different saline 

solutions reported by Reardon [6]. These very significant differences are due to the fact that 

commercially-produced iron granules, which are made of various unknown mixtures of low 

alloyed scrap steel, are covered by a thick heterogeneous oxide layer [24] as a result of the 

thermal treatment during the production process. 

S.S Conclusion 

In borate buffer and in calcium carbonate solution. the corrosion rate increased and the resistance 

of the metaVsolution interface stayed constant in the presence of carbon tetrachloride. This is in 

agreement with the fact that there was no spectral evidence of the presence of a film, prior to the 

injection of the contaminant, on the iron electrodes pre-oxidized in these solutions. After 

exposure to the contaminant, magnetite and hydrated magnetite [Fe(OH)z•2FeOOH] were 

identified as the final products of the surface redox reactions in borate buffer; carbonate­

containing green rust complexes were detected in the calcium carbonate solution. Upon aging of 

the film, hydrated magnetite might convert to magnetite. Since magnetite and green rust are not 

protective, charge transfer and reductive dechlorination will continue to proceed, but at a slower 

rate than on the bare metal surface. From a technological point-of-view, green rust complexes 

might have additional benefits since they can serve as reductants themselves in the degradation 

reactions [36]. 
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In the K.Br solutions, the resistance of the metal/solution interface increased and the corrosion 

rates decreased after exposure to CCI.i. This could not have been anticipated based solely on the 

results of the OCP-time experiments, since the potential-time behaviour in these solutions was 

similar to the behaviour in borate and calcium carbonate solutions. It is, however, in agreement 

with the results of the in situ Raman measurements. After immersion in solutions and prior to 

contaminant injection, the presence of magnetite was detected in the low pH KBr solution; green 

rusts and iron oxyhydroxides were detected in the high pH solution. After exposure to the 

oxidizer. magnetite was the final and only product of the surface redox reactions in the low pH 

solution; green rust. magnetite. Fe(OH)3 and a-FeOOH were identified in the high pH solution. 

Fe(OH)3 and a-FeOOH are more protective. and their presence could result in localized 

passivation of the electrode. For the two K.Br solutions, the decrease of the corrosion rates after 

exposure to CCl.i was probably due to the nature and/or thickness of the films present before and 

formed after the injection of the contaminant. 
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6.0 CONCLUSION AND FUTURE WORK 

6.1 Conclusion 

The results of potentiodynamic polarization experiments, performed on stationary iron electrodes 

in borate buffer, indicated that only CCL has the ability to oxidize the iron surface while CH2Ch 

is non-reactive i.e., a non-oxidizer (Table 6.1 ). In the presence of CCL. there was a positive shift 

of the corrosion potential, an increase of the corrosion current density and an increase of the 

cathodic Tafel slope. Thus, with respect to the iron electrode, CCL was clearly acting as an 

oxidizer. This provides independent evidence that the dechlorination of CCL is a redox process. 

When the potentiodynamic polarization experiments were performed in the presence of CH2Ch, 

such changes were not observed. The non-degradability of CH2Cb may therefore be due to the 

fact that it does not act as an oxidizer of the iron. 

These results are in agreement with the results of polarographic experiments where half-wave 

reduction potentials of -0.54 and -1.36 V NHE have been measured for CCL and CH2Ch. 

respectively (Dean, 1987). In the present study, under open circuit conditions. corrosion 

potentials ranging from -0.54 V NHE (in borate and calcium carbonate solutions) to -0.61 V 

NHE (in potassium bromide solution) have been measured. At these potentials, the degradation 

of CCL should be expected but not that of CH2Ch, which requires a potential much more 

negative than the corrosion potential of the iron in typical groundwater solutions. 
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Table 6. I Summary of the results of the electrochemical and spectroscopic experiments 
performed on iron stationary and rotating disk electrodes in borate buffer and in simulated 
groundwater. 

Ellperiments State of Contaminant Solution 
performed oa electrodes 
stationary 
electrodes Borate CaCO3 Low pH High pH 

KBr KBr 

Potentiod)11amic Clean CCl4 Oxidizer 
polariz.ation N/A 

CH2Cl2 Non-
reactive 

Open circuit Clean CCl4 Positive potential shift 
potential-time 

CH2Cl2 No potential shift 

Oxidized CCl4 Larger and faster positive potential shift 

CH2Cl2 No potential shift 

In situ Raman Clean Contaminant No detectable film 
spectroscopy -free 

cc, .. No detectable ti Im 

Oxidized Contaminant No detectable ti Im Magnetite Green rust 
-free a-FeOOH 
CCl4 Magnetite Green rust Magnetite Green rust 

Magnetite 
Fe(OH)3 

a-FeOOH 

Ellperimenls Parameter Contaminant Solution 
performed oa measured 
£!!!!! rolatia1 
Disk electrodes Borate CaCO3 Low pH High pH 

KBr KBr 

Tafel plot CR(nm/lt) Contaminant 44 68 
-free NIA 
CCl4 / 

Corrosion rate R,.(kohm) Contaminant 0.2 3.0 13.7 7.0 
-free 
cc, .. ::: / 

CR(nm/h) Conraminanr 3.0 11.6 2.0 0.56 
-free 
cc, .. 

/ "' 
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The findings of the potentiodynamic polarization experiments were also supported by the results 

of open circuit potential-time experiments performed in borate buffer as well as in aqueous 

solutions of calcium carbonate and potassium bromide (Table 6.1 ). In all of the solutions, a 

positive shift of potential was observed after the introduction of an oxidizer such as CCL, while 

no significant change of potential was observed in the presence of CH2Ch. When the OCP-time 

experiments were repeated on pre-oxidized iron surfaces, the introduction of CC'4 resulted in 

larger and faster positive shifts of potential confirming the role of the pre-oxidized iron surface 

as a catalyst. 

The shifts of potential observed in all solutions after the injection of CC4, on clean or pre­

oxidized iron electrodes, corresponded to surface film formation. To investigate the nature of the 

changes at the iron/solution interface, in situ Raman spectroscopic experiments were performed 

(Table 6.1 ). In the case of clean iron electrodes, the film was most probably too thin to be 

detected by nonnal Raman spectroscopy. For pre-oxidized electrodes. however. the final 

products of the surface redox reactions were successfully identified. 

On the iron electrodes pre-oxidized in borate buffer and in calcium carbonate solution. there was 

no spectral evidence of the presence of a film prior to the injection of the contaminant. After 

exposure to CCL., however, magnetite and hydrated magnetite [Fe(OH)2•2FeOOH] were 

identified in borate buffer, while carbonate-containing green rust complexes were detected in the 

calcium carbonate solution. Identification of the green rust compound was based on bands 

assigned to the Fe2
+ - OH and Fe3+ - OH stretching modes of green rust but also on a band assigned 

to the stretching vibrations of carbonate ions located in the interlayer regions of the green rust. 
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Carbonate-containing green rust, as a corrosion product of iron, was discovered 30 years ago 

(Stampfl, 1969). However, this study represents the first time that this corrosion product has 

been identified in situ by any technique and also the first time that spectral evidence of interlayer 

carbonate ions has been obtained. 

Contrary to what was observed in borate buffer and in calcium carbonate solution, after pre­

oxidation and prior to contaminant injection, the presence of a film was detected in the KBr 

solutions. [n the low pH solution. magnetite was identified; green rusts and iron oxyhydroxides 

were detected in the high pH solution. After exposure to the oxidizer, magnetite was the final and 

only product of the surface redox reactions in the low pH solution; green rust, magnetite, 

Fe(OH)3 and a-FeOOH were identified in the high pH solution 

Tafel plot and corrosion rate measurements were performed on iron rotating disk electrodes. The 

results of these experiments indicated that, in borate buffer and in calcium carbonate solution. the 

resistance of the metaVsolution interface stayed constant and the corrosion rate increased in the 

presence of carbon tetrachloride (Table 6.1 ). This was not the case in the K.Br solutions where 

the resistance of the metaVsolution interface increased and the corrosion rate decreased after 

exposure to CCL.. This could not have been anticipated based solely on the results of the OCP­

time experiments, since the potential-time behaviour in these solutions was similar to the 

behaviour in borate and calcium carbonate solutions. lt is, however, in agreement with the results 

of the in situ Raman measurements. After pre-oxidation and prior to contaminant injection, the 

presence of a film was detected in the K.Br solutions; there was no evidence of such a film in the 

borate and calcium carbonate solutions. For the two KBr solutions, the increase of the resistance 
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of the metal/solution interface and the decrease of the corrosion rate after exposure to CCL was 

probably due to the nature and/or thickness of the films present before and formed after the 

injection of the contaminant. Finally, it appears that, in contaminant-free solution as well as in 

the presence of CCL, the anions have the following effect on the corrosion rate: 

carbonate>borate>brornide. In term of resistance of the metal/solution interface, a different trend 

was observed (bromide>carbonate>borate) but this was probably more a reflection of the ionic 

concentration of each solution than of the type of anions present. 

Based on the results obtained in this study, a new conceptual model of the reductive 

dehalogenation of chlorinated aliphatic hydrocarbons by iron is proposed. According to this 

model, the introduction of an oxidizer such as CCL will result in surface film formation. The 

composition and protective propenies of these films were shown to be dependent on the potential 

history of the iron surface prior to and after its exposure to the oxidizer as well as on the ionic 

composition of the water. With regards to the practical use of iron for the remediation of 

groundwater contaminated with chlorinated aliphatic hydrocarbons, these surface films may, or may 

not, affect the reaction rates. For example, magnetite and green rust compounds, being non­

protective, will not prevent charge transfer at the metal/solution interface; charge transfer will 

however proceed at a slower rate than on a bare metal surface. In addition, in the case of green rust 

compounds, they may also play a role as reductants themselves and thus enhance reaction rates. For 

Fe(OH)3 and a-FeOOH films, however, the situation is different. Because these compounds are 

more protective, their presence could result in localized passivation of the iron, as seen in this 

study, and therefore be detrimental from a technological point-of-view. 
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Finally, this study demonstrated the usefullness of electrochemical and spectroscopic methods as 

investigative tools to gain insight on the iron technology. One has to remember however that in field 

applications of the technology, the chemical conditions are much more complex than presented 

here. 

6.2 Future \Vork 

1) The findings of this study are limited to a single degradable/non-degradable compound 

couple: carbon tetrachloride and dichloromethane. It would be useful to extend the 

investigation to other couples, for example chloroform / dichloromethane and trichloroethane 

/ 1-2 dichloroethanc, in order to answer questions such as: 

a) Could a compound be degradable in the presence of iron but not act as an oxidizer of 

iron? For example, chlorofonn has been found to degrade in the presence of iron 

(Gillham and O'Hannesin, 1994). As for dichloromethane, however, to be reduced by a 

redox process, chlorofonn requires a potential (-1.39 V NHE) which is much more 

negative than the corrosion potential of the iron in typical groundwater solutions (Dean, 

1987). The degradation of chloroform in the presence of iron is therefore probably due to 

another mechanism. such as catalyzed hydrogenolysis by Hads on the iron or magnetite 

surface. If chloroform is proven to be a non-oxidizer, experiments performed with the 

chloroform/ dichloromethane couple could help elucidate the importance of catalyzed 

hydrogenolysis in the degradation of chlorinated aliphatic hydrocarbons. 

b) Do all the non-degradable compounds have no influence on the corrosion behaviour of 

iron or are some compounds non-degradable because they actually passivate the iron 

surface? 
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c) Can the results of the present study be put to use to develop a screening technique to 

detennine if a particular compound is likely to be degradable? 

2) Iron (10 hydroxides, green rust complexes and magnetite have been identified as some of the 

products of surface redox reactions in simulated groundwater. Being non-protective, the 

degradation of chlorinated aliphatic hydrocarbons by iron will proceed by charge transfer 

through these films. In addition, degradation of the halogenated molecules could result from 

surface reactions with the films themselves, as was found by Erbs et al. ( 1999), who reported 

the reduction of carbon tetrachloride in the presence of green rust. 

To differentiate the relative contribution of these two mechanisms. charge transfer versus 

surface reactions, to the overall degradation reactions, batch experiments could be 

performed. These experiments would involve the preparation of vials containing granular 

particles of iron (II) hydroxide, green rust complexes or magnetite, without an iron core 

substrate. By comparing the degradation rates there obtained with the rates obtained in the 

presence of granular iron covered by these films. determination of the contribution of each 

material to the overall degradation reactions could be established. 

3) The surface of as-received granular iron particles used in commercial applications is covered 

with iron oxides (Odziemkowski, 1997). Some of these oxides are protective and will 

therefore prevent charge transfer reactions from occurring. In the presence of water 

(Odziemkowski, 1997) or chlorinated organic molecules (the results of the present study), 

these oxides have been found to undergo an autoreduction process. This process, by acting as 

124 



an activation and/or rejuvenation mechanism. might play a fundamental role in the 

immediate and long term performance of granular iron remediation systems. Further 

investigation of these autoreduction processes could therefore be beneficial in the production 

and selection of commercial iron materials. 
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