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ABSTRACT 

Iron (Fe) minerals and ferrous iron (Fe(II)) play an important role in the several 

natural elemental cycles, including the carbon cycle, nutrient cycles, and the cycling of 

metals. In this work we have characterized the reactivity structural Fe(II) in several Fe 

minerals and in natural soil with uranium. We have studied the reactivity of Fe(II) in 

solution with the Fe oxide goethite conditions relevant to many natural systems. 

Green rusts are widely recognized as an intermediate phase in the Fe cycle. Here 

we investigate the reactivity of green rusts containing different structural anions with 

uraniumVI (UVI). We have also investigated the effect of aqueous bicarbonate on UVI 

sorption and reduction by green rusts. Our findings indicate that green rusts reduce UVI to 

UIV, and that environmentally relevant carbonate concentrations have little effect the rate 

and extent on this reaction. 

We have also investigated UVI reduction by structural Fe(II) in magnetite. 

Magnetite with varying stoichiometry (x = Fe2+/Fe3+) was reacted with UVI. Results from 

x-ray absorption spectroscopy indicate that the redox properties of magnetite dictate 

whether magnetite reduces UVI. In addition, magnetite reactivity can be “recharged” by 

electron transfer from aqueous Fe(II). 

There is little evidence of the reactivity of structural Fe(II) towards UVI in natural 

materials. We have characterized a naturally reduced soil and found it contains structural 

Fe(II) in clay minerals and a possible green rust-like phase. When this soil is exposed to 

UVI we find that Fe(II) reduces a portion of the U added. Our work highlights the 

potential for abiotic reduction of UVI by Fe(II) in reduced, Fe-rich environments. 

We have used 57Fe Mössbauer spectroscopy to study redox reactions of Fe(II) 

with goethite under biogeochemical conditions relevant to natural systems. When Fe(III) 

in goethite is substituted with aluminum or anions such as phosphate, silicate, carbonate, 

and natural organic matter are sorbed onto the surface of goethite, interfacial electron 
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transfer occurs between sorbed Fe(II) and goethite. These results indicate that electron 

transfer between Fe(II) and Fe oxides occurs under environmentally relevant conditions.  

Electron transfer was blocked by phospholipids, however, suggesting electron transfer 

may be inhibited under eutrophic conditions. 
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To keep every cog and wheel is the first precaution of intelligent tinkering. 
Aldo Leopold 
Round River 
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ABSTRACT 

Iron (Fe) minerals and ferrous iron (Fe(II)) play an important role in the several 

natural elemental cycles, including the carbon cycle, nutrient cycles, and the cycling of 

metals. In this work we have characterized the reactivity structural Fe(II) in several Fe 

minerals and in natural soil with uranium. We have studied the reactivity of Fe(II) in 

solution with the Fe oxide goethite conditions relevant to many natural systems. 

Green rusts are widely recognized as an intermediate phase in the Fe cycle. Here 

we investigate the reactivity of green rusts containing different structural anions with 

uraniumVI (UVI). We have also investigated the effect of aqueous bicarbonate on UVI 

sorption and reduction by green rusts. Our findings indicate that green rusts reduce UVI to 

UIV, and that environmentally relevant carbonate concentrations have little effect the rate 

and extent on this reaction. 

We have also investigated UVI reduction by structural Fe(II) in magnetite. 

Magnetite with varying stoichiometry (x = Fe2+/Fe3+) was reacted with UVI. Results from 

x-ray absorption spectroscopy indicate that the redox properties of magnetite dictate 

whether magnetite reduces UVI. In addition, magnetite reactivity can be “recharged” by 

electron transfer from aqueous Fe(II). 

There is little evidence of the reactivity of structural Fe(II) towards UVI in natural 

materials. We have characterized a naturally reduced soil and found it contains structural 

Fe(II) in clay minerals and a possible green rust-like phase. When this soil is exposed to 

UVI we find that Fe(II) reduces a portion of the U added. Our work highlights the 

potential for abiotic reduction of UVI by Fe(II) in reduced, Fe-rich environments. 

We have used 57Fe Mössbauer spectroscopy to study redox reactions of Fe(II) 

with goethite under biogeochemical conditions relevant to natural systems. When Fe(III) 

in goethite is substituted with aluminum or anions such as phosphate, silicate, carbonate, 

and natural organic matter are sorbed onto the surface of goethite, interfacial electron 
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transfer occurs between sorbed Fe(II) and goethite. These results indicate that electron 

transfer between Fe(II) and Fe oxides occurs under environmentally relevant conditions.  

Electron transfer was blocked by phospholipids, however, suggesting electron transfer 

may be inhibited under eutrophic conditions. 
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CHAPTER 1: INTRODUCTION 

Iron Biogeochemistry 

Iron is the fourth most abundant element in the Earth’s crust, and the single most 

abundant redox active metal in the terrestrial environment. Due to this redox activity, iron 

plays a significant role in the chemistry of life and of environmentally relevant abiotic 

processes. In the geosphere, iron cycles between the reduced and soluble Fe(II) oxidation 

state and the oxidized and insoluble Fe(III) oxidation state. Cycling of iron oxidation 

states is linked to the modern cycling of globally important elements, such as carbon—

including xenobiotic compounds (1)—nitrogen (2), phosphorus (3), and the ancient 

cycling of oxygen (e.g. 4). Large quantities of Fe(II) are produced in the subsurface under 

anoxic conditions by the action of dissimilatory metal (or iron) reducing bacteria (DMRB 

or DIRB) coupled to oxidation of organic carbon (1). Abiotic mechanisms for the 

production of Fe(II) also exist, including weathering of iron bearing minerals (5). 

Weathering of iron bearing silicate minerals is the primary source of iron oxides and 

oxyhydroxides—called Fe oxides hereafter for the sake of brevity—in the pedosphere, 

and is the ultimate source for most iron in the environment. The production of aqueous 

Fe(II) by both abiotic and biotic processes can result in mobile Fe(II) in the subsurface 

depending on the geochemical conditions (i.e. anoxic conditions, neutral pH), which can 

interact with various mineral surfaces. The presence of mineral surfaces catalyzes the 

reaction of Fe(II) with environmental contaminants (e.g. 6, 7, 8), and may be an 

important pathway for transformation of contaminants in the subsurface.  

Interactions of Fe(II) with a variety of mineral surfaces have been studied and 

have typically been described using surface complexation models (i.e. 9, 10, 11). Such 

methods are based on measurements in the change of solution Fe(II) concentrations in the 

presence of mineral surfaces, and uptake is determined by the difference between a final 

and initial concentration. Surface complexation models are then used based on the 
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formation of assumed surface and Fe complexes depending on pH. Surface complexation 

modeling, however, does not capture the complete range of reactions that occur between 

cations and mineral surfaces. In the case of divalent cations, such as Mg(II) and Fe(II), 

adsorption onto trivalent metal hydroxides (Fe(III), Al(III)) surfaces can induce 

transformation of amorphous M(OH)3 precipitates and oxides to crystalline M(II)-M(III) 

hydroxide solids (12, 13). Fe(II) is known to catalyze the recrystallization of 

thermodynamically unstable Fe oxides such as ferrihydrite and lepidocrocite to goethite, 

magnetite, and green rust (14-16).  

In addition, a growing body of research indicates that complex redox-driven 

dynamics occur when Fe(II) adsorbs to Fe(III) oxides. Recent experiments into secondary 

mineralization reactions of Fe(III) oxides in the presence of Fe(II) have shown that when 

55Fe radiolabeled iron oxides (goethite, lepidocrocite, and ferrihydrite) were exposed to 

aqueous Fe(II) that 55Fe(II) was released from the underlying oxide into solution over 

time (17). Our research group and others have used Mössbauer spectroscopy to 

demonstrate that electron transfer between aqueous Fe(II) and solid phase Fe(III) occurs, 

resulting in template growth of the underlying oxide (18-21). In addition to electron 

transfer, recent work has shown a complete reworking of crystal faces of hematite occurs 

in the presence of dissolved Fe(II) due to a potential difference between (001) and (hk0) 

faces, which causes oxidation of Fe(II) at (001) faces and formation of hematite 

overgrowths. Oxidation of Fe(II) at the (001) face is followed by bulk electron transfer 

through the hematite crystal, and reductive dissolution of Fe(II) from spatially separated 

(hk0) crystal faces (22, 23).  

Further work by our group and others tracking changes in aqueous Fe(II) and 

solid goethite isotopic composition indicates that a similar process may be happening in 

goethite suspensions exposed to Fe(II). Handler and colleagues have proposed that a 

mechanism termed the “redox-driven conveyor belt” may be responsible (24, 25). These 

results suggest that the iron oxide sorbent is not merely a static surface in the adsorption 
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reaction, and that Fe(II) causes time dependent changes to the Fe(III) substrate which 

may cause an evolution of reactivity through time. Such knowledge has necessitated the 

incorporation of Fe(II) to Fe(III) electron transfer into surface complexation models (11), 

and represents a step forward in prediction of iron-iron interactions in subsurface 

environments. 

Based on this work, it is now clear that a paradigm shift is well underway in our 

understanding of iron oxide reactivity, and a new conceptual model of iron oxides as 

highly dynamic minerals is emerging. It is unclear, however, whether this conceptual 

model of iron oxides can be extended to the complex milieu that exists in the geosphere, 

as most of the spectroscopic work to date has been done under minimal complexity so 

that the interaction between Fe(II) and Fe(III) can be isolated. For example, it is well 

known that iron oxides in the environment can incorporate various cations into their 

structure, especially the highly abundant Al(III) cation (26-28). Iron oxides can also serve 

as an adsorbent for a multitude anions present in natural environments, such as carbonate, 

phosphate, silicate, and natural organic matter (29-33), as well as anionic contaminants 

such as arsenate (As(V)) and arsenite (As(III)) (34). Under this new paradigm it is 

unclear whether cation and anion sorption can still be modeled as a static process under 

reducing conditions in the presence of iron oxides. If the static model for iron oxide 

surfaces towards sorption is an invalid assumption, the fate of many inorganic 

contaminants, such as arsenate, chromate, and uranium will need to be reevaluated. 

Furthermore, little is known about the reactivity of iron oxides with structural cation 

substitution and sorbed with anions towards contaminants in the presence of Fe(II). The 

role of structural Al and sorbed anions in the reaction of Fe(II) with goethite (α-FeOOH) 

is explored in Chapter 5 of this thesis. 



 

 

4

Uranium Biogeochemistry 

Uranium (U) is a radioactive metal that is ubiquitous at low levels in all crustal 

materials ( e.g. soils ~2 ppm (35)), however, much higher concentrations at many U.S. 

Department of Energy sites are a result of the technological uranium cycle. 

Contamination of the subsurface has resulted from both mining and further processing of 

uranium for nuclear technology (36, 37). Under atmospheric conditions (i.e. oxic and 

containing CO2) uranium is oxidized to the hexavalent oxidation state, as the UVIO2
2+ 

cation, and is highly mobile in aqueous solution due to its strong complexing affinity for 

carbonate dissolved in water (CO3
2-) (38, 39). At near neutral pH values and in low 

carbonate waters, UO2
2+ (hereafter referred to as UVI) has been shown to be strongly 

sorbed to a variety of minerals, including both synthetic and natural iron oxides. High 

dissolved carbonate concentrations reduce UVI sorption to iron oxides, therefore 

increasing its mobility in groundwater (40-42). The variable response of uranium to 

changing geochemical conditions has spurred considerable research in the laboratory and 

in the field into immobilizing U by reducing it to the much less soluble UIV valance state, 

particularly when it is reduced to UIVO2 (uraninite) (38, 43-46).  

Immobilization of UVI by reducing it to UIV is often thought of as occurring 

primarily due to direct enzymatic reduction by dissimilatory metal reducing microbes 

present in the subsurface. Microbial respiration on UVI often results in the precipitation of 

nano-particulate uraninite (e.g., 47, 48); however, more recent research suggests that 

microbial metabolism results in a more diverse array of U compounds, including mono-

nuclear sorbed UIV, which might be more susceptible to oxidation or remobilization (49). 

Under similar geochemical conditions, microbial respiration of Fe(III) oxides also leads 

to the formation of soluble Fe(II) that can sorb or precipitate as various minerals 

incorporating structural Fe(II), including green rusts, siderite (FeCO3), magnetite (Fe3O4), 

vivianite (Fe3(PO4)2), and Fe(II) containing clay minerals (50-54). 
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The similarity in geochemical conditions under which both dissimilatory U and 

Fe reduction occur suggests that abiotic reduction of UVI by Fe(II) may be an important 

process for the immobilization of U contamination. Indeed, several studies have provided 

evidence that aqueous and “sorbed” Fe(II) in the presence of Fe oxides and other 

minerals are capable of reducing UVI to UIV (55-60). In addition, structural Fe(II) in iron 

minerals, including both synthetic and biogenic green rusts and magnetite, has been 

shown to reduce U (54, 61, 62). Despite evidence for reduction of U by Fe(II) in 

laboratory synthesized and in vitro biologically produced Fe(II) minerals, the role of 

structural and sorbed Fe(II) in natural soils and sediments remains unclear. Several 

studies have noted that sediments containing iron sulfides are capable of abiotically 

reducing U (44, 63), but a lack of significant abiotic reduction of U has been noted in 

non-sulfidic natural materials both containing Fe(II) as the result of microbial metabolism 

or to which Fe(II) has been added (58, 64, 65). We have explored whether this is true for 

a naturally reduced soil containing structural Fe(II) in Chapter 4 of this thesis.  

Objectives and Hypotheses 

Objectives 

This thesis can be divided into two parts based on objectives. In the first part, the 

objective was to explore the effect of structural Fe(II) in green rust, magnetite, and soil 

minerals in a naturally reduced soil from Hedrick, Iowa, on the reduction of hexavalent 

uranium (UVI). The uptake of U from solution was measured with wet chemical methods, 

and the extent of uranium reduction was measured using x-ray absorption spectroscopy to 

quantify the role of both U sorption and reduction by minerals containing structural 

Fe(II). In addition, Fe valance and speciation in these systems both with and without 

addition of UVI has been measured with 57Fe Mössbauer spectroscopy. Mössbauer 

spectroscopy provides evidence that structural Fe(II) is a reductant for UVI. 
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The second objective of this thesis was to evaluate the role of environmentally 

relevant structural cation substitution and anion sorption on goethite on interfacial 

electron transfer between sorbed Fe(II) and Fe(III) in goethite. This work uses Mössbauer 

spectroscopy to evaluate whether interfacial Fe(II) to Fe(III) electron transfer occurs 

under more complex geochemical conditions than previously studied. 

Hypotheses 

1. Structural Fe(II) in green rust minerals is capable of reducing UVI under a variety 

of conditions, including when different anions are present in the green rust 

structure and when UVI is complexed by carbonate. 

2. Reduction of UVI to UIV is dependent on the redox properties of magnetite (Fe3O4), 

which are determined by its stoichiometry (Fe2+/Fe3+ content). Magnetite 

stoichiometry may explain the wide variation in U speciation after reaction with 

magnetite reported in previous studies 

3. U is reduced in natural soils and sediments by structural Fe(II). 

4. Sorption of Fe(II) onto goethite followed by interfacial electron transfer between 

sorbed Fe(II) and goethite (α-FeOOH) occurs over a wide variety of 

environmentally relevant conditions, including cation substation of Fe(III) by Al, 

and in the presence of anions (phosphate, carbonate, silicate, and natural organic 

matter) sorbed on goethite. 

5. Electron transfer and atom exchange between aqueous Fe(II) and goethite affect 

the fate of metals in the environment, including reduction of UVI to UIV, release of 

metals from goethite by reductive dissolution, and Fe-isotope exchange. 

Thesis Overview 

The above hypotheses provide an outline of the structure of the thesis, which is 

organized into 5 main chapters. Each chapter contains sections detailing background 
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information and experimental objectives, experimental approach, results and discussion. 

The contents of each of the chapters are summarized below. 

Chapter 2 addresses hypothesis 1. In this study, green rusts were synthesized with 

various anions in their structure along with several redox inactive analogues. The reaction 

of green rusts with uranium was assessed using aqueous chemistry and solid state 

uranium valence measurements with x-ray absorption spectroscopy (XAS) in 

collaboration with Ken Kemner, Edward O’Loughlin, and Maxim Boyanov of Argonne 

National Laboratory. We have found that all three forms of green rusts having different 

structural anions reduce UVI to UIV. In addition, we have found that uranium 

complexation by carbonate at environmentally relevant concentrations does not 

significantly affect U uptake or reduction by green rusts. This chapter is in preparation 

for submission to Geochemical Transactions. 

Chapter 3 addresses hypothesis 2. Magnetites of known and varying 

stoichiometry (Fe2+/Fe3+ content or x) were reacted with UVI and the U valence state was 

measured using XAS. Care was taken to provide sufficient Fe(II) for reduction of all UVI 

added for all magnetite stoichiometries, except in the case of maghemite (γ-Fe2O3), which 

is fully oxidized. We have found that for x ≥ 0.38 magnetite reduces UVI to UIV in 

uraninite nanoparticles (UO2 (s)). This work extends the hypothesis that contaminant 

reduction by magnetite is dependent on its redox properties to include U reduction (66). 

In addition, we used 57Fe Mössbauer spectroscopy to measure the stoichiometry of 

biogenic magnetite, and to track Fe(II) oxidation by UVI. This chapter is in preparation 

for submission to Environmental Science & Technology. 

Chapter 4 addresses hypothesis 3. Here we have sampled soil reduced by natural 

processes down gradient from a spring near Hedrick, Iowa, and used wet chemical 

methods as well as 57Fe Mössbauer spectroscopy to determine the speciation of Fe in the 

soil. We have concluded that the soil contains clay minerals and a possible green rust-like 

phase which contains structural Fe(II). We have reacted pasteurized samples of this soil 
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with UVI and found that it is reduced by structural Fe(II) concomitant with oxidation of 

this Fe(II) to Fe(III). This paper is in preparation for submission to Applied 

Geochemistry. 

Chapter 5 addresses hypothesis 4. We have used macroscopic measurements and 

the isotopic specificity of Mössbauer spectroscopy to track the speciation of Fe(II) that 

has been reacted with Al-substituted goethite and goethite that has been exposed to the 

common anions phosphate, silicate, carbonate, and natural organic matter (humic acid 

and phospholipids). We have found that Al-substitution and the presence of sorbed 

anions does not significantly change the macroscopic uptake of Fe(II). Mössbauer 

spectroscopy indicates that interfacial electron transfer occurs between sorbed Fe(II) and 

Al-substituted goethite resulting in oxidation of Fe(II) and formation of goethite. We 

observed similar results when anions were sorbed to goethite prior to addition of Fe(II), 

with oxidation of Fe(II) at the surface of goethite and resulting in the formation of 

goethite. Precipitation of Fe(II) from solution as vivianite partially inhibited electron 

transfer by sequestering Fe(II) from solution. Finally, we found that sorption of long-

chain phospholipids to the surface of goethite inhibited Fe(II)-Fe(III) electron transfer, 

which may be an indication that electron transfer was shut down by electron-

donor/acceptor separation. Our findings indicate that electron transfer between Fe(II) and 

goethite occurs under a variety of more complex geochemical conditions, but could be 

inhibited by high biomass or biofilm growth. 

Chapter 6 addresses hypothesis 5. Specifically this chapter includes preliminary 

data on the implications of the redox driven conveyor belt that occurs when Fe oxides are 

exposed to Fe(II). Findings include that manganese (Mn) is released from Mn-substituted 

goethite during exposure to aqueous Fe(II). In addition, UVI is reduced to UO2 by Fe(II) 

under conditions studied in Chapter 5, but is not incorporated into goethite during atom 

cycling. Finally, we have developed a method that makes use of a newly acquired 

quadrupole-ICP-MS at The University of Iowa to measure isotope exchange between 
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highly enriched solutions of 57Fe(II) with goethite and magnetite having a natural 

abundance of Fe isotopes. This new instrumentation may allow us to measure redox 

induced atom cycling in Fe oxides under a variety of conditions, as well as allowing 

measurement of low concentrations of a large number metal contaminants. 

57Fe Mössbauer Spectroscopy 

In order to provide context for some of the discussion that appears in later 

chapters of this thesis, a brief overview of the background of 57Fe Mössbauer 

spectroscopy is provided here. Mössbauer spectroscopy has become a powerful tool in 

environmental and geoscience for determining the speciation of iron in various solid 

materials. Both the valence state, and in many cases, the phase of iron can be determined 

with 57Fe Mössbauer spectroscopy. In addition, the only requirement for determination of 

iron valence and coordination environment using Mössbauer spectroscopy is that the iron 

be in the solid phase. Because of its high sensitivity, the technique allows samples with 

relatively low iron content to be analyzed, and dilute phases to be quantified in mixtures. 

For the work presented here, Mössbauer spectra and parameters derived from fitting the 

spectra are used as a fingerprint for the iron species present in samples. The following is 

a review of 57Fe Mössbauer spectroscopy based on several references (67-70). 

In the earth’s crust, there are four naturally occurring isotopes (with abundances 

of): 54Fe (5.84%), 56Fe (91.76%), 57Fe (2.12%), and 58Fe (0.28%). Of these isotopes, only 

57Fe is Mössbauer active. The Mössbauer effect uses resonant absorption of gamma-ray 

photons by the nucleus of a Mössbauer active nuclide, such as 57Fe, to measure the 

energy of the transition of the 57Fe nucleus from its ground state with nuclear spin I= 1/2 

to an excited state with nuclear spin of I=3/2. To make this measurement, a gamma-ray 

source is required which emits gamma photons at the required energy. In the case of 57Fe 

the gammra-ray source is 57Co, which decays by electron capture to 57Fe*. 57Fe* is the 

I=3/2 excited state of 57Fe which spontaneously undergoes de-excitation to the ground 
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state of I=1/2 by emission of a 14.4 keV gamma photon. It is this 14.4 keV gamma 

photon that is utilized in 57Fe Mössbauer spectroscopy, as it can go on to excite a 57Fe 

nucleus in the ground state to the excited state. Because of the large energy of the 

gamma-rays emitted by 57Fe*, a nucleus in the gas or liquid phase undergoes a significant 

amount of recoil as the gamma ray is either emitted or absorbed. This recoil causes the 

gamma photon to lose energy, and due to the quantized nature of the 57Fe nuclear 

transition, resonant absorption no longer occurs. However, if both the gamma source and 

the absorber are placed in the solid state, the crystalline lattice is able to absorb the recoil 

momentum and negligible energy is lost by the gamma ray. This is the Mössbauer effect.  

To observe the Mössbauer effect as described above, a 57Co gamma-ray source 

and a suitable 57Fe absorber are needed. However, resonant absorption is dependent on 

the energy state of the absorbing nucleus being the same as that of the emitting nucleus. 

As such, any nuclear environment for the 57Fe nucleus absorbing the gamma-ray other 

than the environment the source is in will tend to place the absorber off resonance with 

the gamma-ray. This is because the chemical and physical environment that the nucleus is 

in affects its quantum state, causing slight shifts in the nuclear energy level. In order to 

modulate the energy such that resonant absorption occurs for different nuclear 

environments, the source is moved with a small velocity towards and away from the 

sample to impart a Doppler shift to the gamma rays. Since gamma-rays absorbed by 57Fe 

atoms in the sample are scattered in all directions after re-emission, a drop in 

transmission of the gamma-rays is measured, leading to a spectrum of transmission (or 

absorption) vs. source velocity.  

Shifts in the nuclear energy level of the iron nucleus occur as a result of varying 

chemical environments present in different solid state Fe materials. These shifts result in 

the three hyperfine interactions that can be measured using Mössbauer spectroscopy: the 

center shift (δ, CS), the quadrupole split or shift (∆, QS), and the hyperfine field (H). The 

first of these parameters, the center shift, comes about due to the interaction of the s 
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electrons of the atom with the nucleus. When a sample is analyzed, the center shift is 

observed as a shift in the energy of absorption from that of the source relative to a 

standard (α-Fe). Measured center shifts are a combination of the interaction of electrons 

with the nucleus, the isomer shift, and a second-order Doppler shift due to atomic 

vibrations. The isomer shift is influenced by the charge density of the atom at the 

nucleus, which provides information as to the valence state, and local bonding 

environment of the Fe atoms analyzed. The difference between iron valence states is 

readily observed in the difference between the center shift of Fe(II) phases (≈ +1.2 mm/s) 

and that of Fe(III) phases (≈ +0.4 mm/s), the smaller Fe(III) center shift is due to the 

lower amount of electronic shielding on the nucleus. 

The second hyperfine parameter that can be determined from a 57Fe Mössbauer 

spectrum is the quadrupole split or shift. This parameter arises from the interaction of the 

nuclear quadrupole moment of the I= 3/2 state with the electric field gradient. The I= 3/2 

state of the nucleus has an ellipsoidal distribution of charge. In the simple case of a 

perfectly symmetrical electric field, such as that in a cubic environment, no quadrupole 

split occurs. However, when a non-symmetrical electric field is present around the 

nucleus due to the crystal environment, the I= 3/2 nuclear state is split into two sublevels. 

The splitting of the energy levels leads to a spectrum that has two absorption peaks split 

by an energy difference. The energy difference between these two sublevels is the 

quadrupole splitting parameter. Typically, Fe(III) phases without magnetic order have a 

lower quadrupole splitting parameter which is on the order of 0.3-0.5 mm/s than that of 

Fe(II) phases which ranges from approximately 1.5 to 3 mm/s. 

Finally, the third hyperfine interaction is the hyperfine field interaction. Since the 

57Fe nucleus has a magnetic moment, the energy levels of the nucleus can be changed if a 

magnetic field exists in the atomic environment. In iron minerals, this magnetic field can 

come from magnetic ordering produced by electrons. This internal magnetic field is felt 

by the nucleus. Application of a magnetic field at the nucleus removes the degeneracy of 
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the nuclear states, causing a Zeeman splitting of the nuclear energy levels. This 

phenomenon produces a spectrum with 6 lines, or a ‘sextet’. Many Fe(III) containing 

minerals order magnetically, for example, goethite orders antiferromagnetically. In 

addition, the quadrupole effect on the nucleus is observed for magnetically ordered iron 

phases, however, it manifests itself as a shift in the energy levels by a small amount, and 

therefore is called the quadrupole shift. The hyperfine interaction can be used together 

with the center shift and quadrupole shift parameters to identify the phases of iron present 

in a sample. 

Mössbauer spectra are typically fit using a computerized algorithm to extract 

useful parameters. We have chosen to use the Recoil program (University of Ottawa, 

Ottawa, Canada). Computer fitting is an empirical procedure, and for the most part 

Mössbauer spectra are not derived from first principles; however, there have been recent 

attempts to derive Mössbauer spectra from ab initio models (71, 72). Furthermore, while 

the theoretical Mössbauer line is Lorentzian in shape, dynamic fluctuations in the 

environment surrounding the absorbing nuclear can broaden line shapes (70, 73). This 

variation can be treated by assuming a Gaussian distribution of Lorentzian lines, giving 

rise to a Voigt line profile (73). We have modeled spectra using Gaussian distributions of 

both the quadrupole splitting or shift parameter (∆ or QS) and the hyperfine field 

parameter (H). 

X-ray Absorption Spectroscopy 

We have also made extensive use of x-ray absorption spectroscopy to determine 

uranium valence states and coordination environments in collaboration with Ken 

Kemner, Maxim Boyanov, and Edward O’Loughlin at Argonne National Laboratory. X-

ray absorption spectroscopy can be used for both valance state measurements and to 

characterize the structural environment of a uranium atom in liquid solution or in the 

solid state, and is typically done with highly brilliant and focused x-rays from a 
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synchrotron light source (74). Absorption of x-rays in matter occurs through the 

photoelectric effect, such that, as an x-ray is absorbed by an atom, an electron is excited 

from a lower energy level to a higher energy level (75), and these electronic transitions 

occur at specific energies for different elements. In x-ray absorption spectroscopy, as the 

energy of the photons incident upon a sample is scanned, an absorption edge is reached 

where adsorption goes from zero to a large value as the energy required to excite an 

electron in the absorbing atom to a higher level is met. In x-ray absorption near edge 

spectroscopy (XANES), changes in valence state of, for example, uranium, can be 

determined because electrons are more strongly bound to the positive nucleus in U(VI) 

than in U(IV). As the photon energy is increased beyond the edge, oscillations in the 

amount of absorption occur as an excited photoelectron from uranium interacts with the 

electrons of near-neighbor atoms. This gives rise to the extended x-ray absorption fine 

structure spectrum (EXAFS), which provides information as to the bonding environment 

of an atom, e.g. nearby oxygen and metal atoms (75).  
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CHAPTER 2: SORPTION AND REDUCTION OF URANIUM(VI) BY 

GREEN RUSTS 

Abstract  

Green rusts are widely recognized as an important intermediate phase in iron 

biogeochemical cycling. We have investigated the extent and mechanism of uranium(VI) 

removal in the presence of synthetic carbonate, sulfate, and chloride green rust, as well as 

pyroaurite, an Mg(II)-Fe(III) structural analog of carbonate green rust. The kinetics of 

UVI removal was similar among the three green rusts and pyroaurite. The majority of UVI 

(> 80%) was removed from solution in about an hour in batch reactors containing 1.0 g/L 

of green rust at pH values of 7.0 and 8.0. Sulfate and chloride green rusts completely 

reduced UVI to UIV in both TAPs buffer and 4 mM bicarbonate. Complete reduction was 

observed with carbonate green rust in 4 mM bicarbonate and in DI water, but only partial 

reduction of UVI was observed in pH 8.0 TAPS buffer. No measurable reduction of UVI 

was observed in the presence of pyroaurite. Bicarbonate concentration had little effect on 

the rate and extent of UVI sorption and reduction at concentrations less than 10 mM. At 

higher concentrations ( > 10 mM), UVI sorption was slower, but reduction was still 

observed. Together, these data suggest that green rusts may be an effective sorbent and 

reductant for uranium near Fe-rich oxic-anoxic boundaries in natural environments.  

Introduction 

In the near-surface geochemical environment, blue-green colors associated with 

gleyed soils and sediments that change to ochre upon exposure to the air have long been 

thought to be due to the presence of structural ferrous and ferric iron in green rusts (76, 

77). Green rusts are clay-like, mixed-valent iron minerals that belong to the class of 

minerals termed layered double hydroxides (LDH) because they are composed of sheets 

of Fe(II) and Fe(III) cations between a double layer of hydroxide anions (78). The 

layered double hydroxide structure of green rusts can be thought of as an Fe(OH)2 sheet 



 

 

15

where a portion of the Fe(II) atoms have been oxidized to Fe(III) creating a charge 

imbalance in the Fe(OH)2 layer. To compensate the charge imbalance, anions, such as 

chloride, sulfate, and carbonate intercalate into the interlayer (79). Because the 

concentration of CO3
2- is typically higher in soils and freshwater sediments than the 

concentrations of SO4
2- and Cl- (77) and a preference for CO3

2- in the structure of LDH 

minerals over Cl- and SO4
2- (80), carbonate is the most likely anion to occur in green 

rusts found in soils and freshwater sediments. Green rusts are thermodynamically 

unstable and are thought to be highly reactive intermediate phases in processes as diverse 

as corrosion (81), microbial Fe redox cycling (82), Mars rock formation (83), evolution 

of life (84), and water quality control (e.g. 85, 86-89). 

Here we focus on the reaction of green rusts with UVI. While green rusts have 

only recently been identified in nature (90-92), they are believed to occur widely as an 

intermediate species in corrosion processes (93) and, thus, may have a role in the 

migration of uranium from waste repositories. Natural green rusts have also been shown 

to form in soils under mildly reducing conditions that are subject to seasonal fluctuations 

in the water table, and represent a dynamic reactive iron species in the environment (53). 

Identification of green rusts as a common product of bacterial iron metabolism (53, 94-

98) further suggests that the reactive minerals may be present in iron-reducing subsurface 

environments.  

 Previous studies provide some indication that green rusts are capable of reducing 

U(VI). Chemically synthesized sulfate green rust has been shown to reduce uranium(VI) 

to uranium(IV) nanoparticles in batch reactors containing deionized water (61). 

Carbonate green rust produced from the bioreduction of lepidocrocite was found to 

reduce UVI to UIV nanoparticles under similar conditions in DI water (54). Reduction of 

UVI has also been noted under anoxic conditions where green rust was a corrosion 

product due to oxidation of iron metal, but the mechanism of reaction between the 

UVI/Fe0/GR is unclear (99). In addition, the presence of a potential “green rust-like 
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precipitate” in well sediments was noted by Wu et al. (43) during a pilot scale in-situ 

uranium bioremediation project where significant uranium reduction was achieved. The 

authors of the bioremediation study speculated that a joint biotic-abiotic uranium removal 

mechanism might have occurred.  

There is, however, little data on whether the interlayer anion identity, or aqueous 

carbonate concentration influences the rate of U(VI) uptake and extent of UVI reduction. 

Previous studies with chromate found relatively small effects of the interlayer anion on 

the kinetics of reduction of by green rusts (100), but the strong coordination of the uranyl 

cation by anionic ligands such as carbonate (38) (in contrast to the chromate anion) 

suggests that the interlayer anions may be of more importance in the interaction of UVI 

with green rusts. Coordination of ligands to the UO2
2+ core has also been shown to have a 

strong influence on the rate of reduction of uranyl in aqueous solution (101). Here, we 

show that the interlayer anion (i.e., carbonate, sulfate, or chloride), as well as presence of 

aqueous carbonate, has little influence on the reduction of U(VI) by green rusts and that 

all three forms result in near-complete reduction of U(VI). 
 

Materials and Methods 

Materials Synthesis and Characterization 

Sulfate and carbonate green rusts were prepared using previously described 

methods in an anoxic glovebox (89). Briefly, an 0.13 M solution of FeCl2·4H2O or 

FeSO4·7H2O, for carbonate and sulfate green rusts, respectively, was titrated to pH 7.0 

and mixed with 0.025 M FeCl3·6H2O titrated to pH 7.0, and the mixture was titrated to 

pH 8.0 for sulfate green rust and pH 8.3 for carbonate green rust at a maximum rate of 1 

mL min-1. The titrants were 1.0 M Na2CO3 and 1.0 M NaOH for carbonate and sulfate 

green rusts, respectively. Ferric carbonate green rust was synthesized as above and 

quickly oxidized with excess hydrogen peroxide (102). Chloride green rust was 



 

 

17

synthesized in a similar manner as sulfate and carbonate green rusts except that the 

Fe(III) concentration was increased to 0.044 M for an Fe(II)/Fe(III) ratio of 3.0. Ferrous 

and ferric chloride salts were used in addition to a solution concentration of 0.5 M NaCl, 

and NaOH was used as the base. 

Carbonate green rust was also synthesized in the presence of phosphate to 

stabilize the product from transformation to magnetite and ferrous carbonate. The method 

outlined in Bocher et al. (103) was used except that FeCl3·6H2O used in place of 

Fe2(SO4)3·5H2O. Here a solution of 0.267 M FeSO4·7H2O, 0.133 M FeCl3·6H2O, and 2.1 

mM NaH2PO4·H2O in 100 mL of deionized water was mixed with 100 mL of 0.466 M 

Na2CO3 and 0.8 M NaOH solution under stirring in an anoxic glovebox. All green rust 

solids were vacuum-filtered without washing and transferred to a sealed vessel for freeze 

drying. After freeze drying the solids were ground and sieved through an 0.15 mm sieve.  

Pyroaurite was synthesized according to the procedure of Ferreira et al. (104). 

Here 70 mL of 0.1 M Mg(NO3)2·6H2O and 0.05 M Fe(NO3)3·9H2O was added dropwise 

under stirring to 150 mL of 2.0 M NaOH and 0.1 M Na2CO3 at 45 °C. After addition of 

the metal solution to the base solution was complete, the precipitate was aged at 85 °C for 

2 h. To ensure replacement of interlayer NO3
- with CO3

2- the product was centrifuged and 

resuspended in 0.1 M Na2CO3 and stirred overnight (105). This solution was then washed 

3 times by centrifugation. The resulting solids were freeze dried and sieved through a 

0.15 mm sieve.  

Freeze dried green rusts, pyroaurite, and Fe(III) oxides and oxyhydroxides were 

characterized using powder x-ray diffraction (pXRD) with a Bruker D-5000 

diffractometer using monochromatic Cu-Kα radiation or a Rigaku MiniFlex II 

diffractometer using Co-Kα radiation and a Fe Kβ filter. Green rust samples were mixed 

with glycerol to minimize oxidation during analysis (106).  
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UVI Sorption and Reduction Experiments 

Experiments investigating UVI sorption and reduction were carried out in an 

anoxic glovebox (93% N2/7% H2) to exclude oxygen and to maintain low atmospheric 

CO2 concentrations. Sorption experiments were done at a solids loading of 1 g/L green 

rust in 0.1 M TAPS buffer adjusted to pH 8.0. An amount of uranyl acetate 

(UO2(CH3COO)2 · 2H2O) stock solution in 0.1 M HCl was added to 75 mL of stirred 

buffer solution to achieve a nominal uranium concentration of 400 µM, and an initial 

uranium concentration sample was taken. We noted that TAPS buffer complexes UVI and 

suppresses precipitation of UVI at concentrations greater than the solubility of schoepite 

calculated using the speciation program Visual MINTEQ (107). A precipitate was 

visually observed after additions of UVI to reactors containing DI water adjusted to a pH 

value of 8.0. However, UVI is stable at concentrations to 500 µM in pH 8.0 TAPS 

solution over a time frame of at least 1 year. In some experiments, TAPS was replaced 

with 0.1 M PIPES buffer and 4 mM NaHCO3 which was adjusted to pH 7.0. Finally, the 

effect of carbonate in the 0.1 M TAPS/sulfate green rust system was investigated by 

adding amounts of 1 M NaHCO3 to TAPS buffer for HCO3
- concentrations of 0.1 mM, 2 

mM, 10 mM and 20 mM. To initiate the reaction, 75 mg of solid was added to the 

reactor. Aliquots for uranium analysis were removed and filtered through a 0.2 µm 

syringe tip filter. Samples were taken at 2, 5, 10, 20, 40, 80, 160 minutes and 

approximately 20-24 h. 

Uranium reduction experiments were done for analysis with x-ray absorption 

spectroscopy and consisted of a 5 g L-1 suspension of solids in 60 mL of solution to 

which a nominal uranyl acetate spike of 500 µM was added. Various solution conditions 

were tested, including 0.1 M TAPS buffer (pH 8.0), 4 mM NaHCO3 buffer (pH 7.0), and 

DI water alone. The higher solids loading and UVI loading compared to the sorption 

experiment was used to provide sufficient solids and U mass for high quality x-ray 

absorption spectra. Initial UVI measurements were made on a filtered aliquot of solution 
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prior to addition of green rust, and final aqueous UVI measurements were made 

approximately 24 hours after initiating the reaction, using filtered aliquots of suspension. 

Aqueous Uranium Measurements 

Analysis of uranium was done in two ways. The method used for most 

experiments was a colorimetric determination of soluble uranium by 2-(2- Thiazolylazo)-

p-Cresol (TAC) at a 588 nm (108, 109). The method of Teixeira et al. (108) was modified 

such that the sample and reagents for spectrophotometric determination were contained 

within a 1.5 mL micro-centrifuge tube to limit production of uranium containing waste. 

Briefly, 300 µL of sample was used, to which 300 µL of complexing solution (0.137 M 

CDTA, 0.1 M NaF, and 0.51 M 5-sulfosalicylic acid, pH 6.5), 60 µL of 0.05 M CTAB 

(N-cetyl-N,N,N-trimethylamonium bromide), 60 µL of 0.15 M Triton X-100, 300 µL of 

1 M triethanolamine buffer at pH 6.5, and 420 µL deionized water were added. Color was 

allowed to develop over 2 hours and analyzed alongside standards with 10, 50, 75, 100, 

150, and 200 µM UVI. The detection limit was 9 µM based on repeat analysis of 11 

samples of 10 µM uranyl acetate and calculated using the product of the standard 

deviation and Student’s t-value at p = 0.01. The second method, used for some initial 

experiments, was an ion chromatographic method followed by post-column 

spectrophotometric determination of uranium with Arsenazo III at a wavelength of 650 

nm (110). A Dionex DX-500 ion chromatograph equipped with a AS14 column was used 

with 0.05 M H2SO4 and 0.025 M MgSO4 eluent pumped at 1 mL/min. After 

chromatographic separation the eluent stream was combined with 0.03 % (by weight) 

Arsenazo III in 1 M acetic acid from a post column reagent system operating at 60 

pounds per square inch (psi). Standard solutions were prepared in 0.1 M TAPS at pH 8.0 

and had concentrations of 10, 50, 100, 250, and 500 µM UVI. 
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X-ray Absorption Spectroscopy 

The U LIII-edge XAFS experiments were carried out at the Materials Research 

Collaborative Access Team (MRCAT) ID beamline, sector 10 at the Advanced Photon 

Source, using a previously described setup (111). Briefly, the beamline undulator was 

tapered and fixed, and the incident energy was scanned by using the Si(111) reflection of 

the double-crystal monochromator in quick-scanning mode (approximately 2 min per 

scan for the extended region and 30 s per scan for the near-edge region). The wet paste 

samples were mounted in drilled Plexiglas slides and sealed inside the anoxic chamber 

with Kapton film windows. The sealed slides were exposed to air for about 1 min while 

being transferred from an O2-free transport container to the N2-purged detector housing. 

Several UVI and UIV standards were used in the XANES and EXAFS analysis. An acidic 

(pH 3) solution of uranyl chloride was used as the standard for hydrated UVI and a basic 

(pH 11) solution of U:carbonate=1:50 was used as the standard for carbonate-complexed 

UVI. UIV standards included a crystalline UO2 purchased from Alfa Aesar and diluted 

1:100 in SiO2 (112), biogenic UIV nanoparticles produced by Shewanella oneidensis MR-

1 and characterized in a previous study (47), and UIV nanoparticles produced abiotically 

by reduction with sulfate green rust (61). Linear combination spectral analysis of EXAFS 

data were performed using the program SIXpack (113). 

Results and Discussion 

Sorption of UVI to Synthetic Green Rusts 

UVI Sorption Kinetics 

UraniumVI (UVI) is rapidly removed from solution in the presence of 1 g/L sulfate, 

carbonate, and chloride green rusts as well as by redox inactive pyroaurite (Mg(II)-

Fe(III)-CO3 LDH) (Figure 2.1). We observed little influence of the interlayer anion on 

the kinetics of UVI sorption to green rusts, and observed similar sorption kinetics on 
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pyroaurite (same structure as carbonate green rust, but Mg(II) ions replace the Fe(II) 

ions). Little difference in the kinetics of UVI sorption was observed between pH 8.0 

TAPS buffer and pH 7.0 PIPES buffer with 4 mM bicarbonate (Figure 2.1). Using a 

pseudo-first order kinetic model, we estimated the observed first-order rate coefficients 

(kobs) for the initial uptake (< 20 minutes) which reveals rate coefficients at pH 7.0 and 

8.0 that vary by a factor of 7 between the slowest observed rate (GR(CO3) at pH 8.0) and 

the fastest observed rate (GR(SO4) at pH 7.0) (Table 2.1). Over approximately 1 day, we 

noted that significant amounts of U remained in solution (48 µM) in the GR(CO3) 

reactors containing pH 8.0 TAPS buffer, but was removed to below the 9 µM detection 

limit of the TAPS colorimetric method in all pH 7.0 PIPES and 4 mM bicarbonate 

buffered reactors. 

The kinetics of UVI uptake were also explored with carbonate green rust 

synthesized in the presence of phosphate. Phosphate has been shown to sorb 

preferentially to edge sites on green rust and to stabilize green rust from transforming to 

other Fe minerals (103). We found that phosphate reduced the rate of UVI uptake from pH 

8.0 TAPS buffered solution by a factor of about 2, which is within the variation in rates 

noted between different green rusts. The extent of uptake after 20 hours was the same as 

for GR(CO3) without phosphate, with 57 µM U remaining in solution. Differences in rate 

could be due to differences in surface area or other factors associated with the difference 

in between the two synthesis methods, and for these reasons we cannot attribute any 

effect of sorbed phosphate to UVI sorption to green rust. 

Two previous studies evaluated the influence of green rust interlayer ions on 

chromate (100) and nitrate reduction (87, 114). The rate of Cr(VI) removal from solution 

has also been found to vary as a function of green rust mass loading (85, 100). 

Extrapolation of the rate data from Bond and Fendorf for Cr(VI) uptake on green rusts to 

1 g/L yields rate constants on the order of 2 to 5 × 10-2 s-1, which are about two orders of 

magnitude larger than what we have observed here for U(VI) (Table 2.1) (100). A study 
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investigating sorption of chromate on a redox-inactive calcined hydrotalcite (Mg(II)-

Al(III)-CO 3 layered double hydroxide) found first-order rate constants on the order of 1 

×10-2 s-1, potentially indicating that the rate limiting step in chromium reaction with green 

rusts is also the rate of uptake from solution (115). In a previous study, we observed 

similar rates of Cr(VI) reaction with carbonate green rust (85). In contrast to U(VI) and 

Cr(VI), the effect of interlayer anion on the rate of uptake of nitrate was found to be 

significant with rates varying up to 32-fold (Table 2.1). Differences in NO3
- uptake rates 

were rationalized based on differences in the octahedral Fe(II)-Fe(III) hydroxide layer 

charge and the ability of NO3
- to replace either Cl- or SO4

2- in the interlayer (114).  

Effect of Bicarbonate  

In addition to the green rust interlayer anion, we also investigated the influence of 

aqueous bicarbonate concentration on the uptake of uranyl from solution by sulfate green 

rust (Figure 2.2). Addition of 0.1 mM NaHCO3 to TAPs buffer did not significantly 

change the rate of uranyl uptake from solution by GR(SO4), but 2 mM bicarbonate 

resulted in an 2-fold increase in the rate of uranium uptake from solution.  At higher 

carbonate concentrations (10 mM) the rate of uranium uptake was slightly inhibited, 

whereas at much higher concentrations ( 20 mM), a significant decrease in the rate of 

uranium uptake was observed. Results were similar in pH 8.0 buffer with 2 mM 

(bi)carbonate (data not shown) and in pH 7.0 PIPES buffer with 4 mM (bi)carbonate. We 

note that typical bicarbonate concentrations can range from around 1 to 6 mmole L-1 

(assuming that all reported alkalinity is bicarbonate alkalinity) (116, 117), but 

bicarbonate concentrations may be greater during biostimulation of microbial activity 

where organic matter is oxidized to CO2. 

Potential explanations for the differences in rates of uranium sorption to green 

rusts and pyroaurite in the presence and absence of carbonate include differences in green 

rust surface charge, uranium speciation, and anion exchange. In the near-neutral to 
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slightly alkaline pH range green rusts likely have positively charged surfaces. The point 

of zero charge for the green rusts have not been reported, but the pHPZC for an analogous 

Mg(II)-Fe(III) chloride layered double hydroxide is reported to be in the range of 10.3 -

10.8 depending on exact Mg(II)-Fe(III) composition and lies between the PZC of Fe(III) 

oxyhydroxides and the Mg(II) hydroxide (118). This positively charged surface at near-

neutral pH might help explain the facile adsorption of NO3
- and CrO4

2-, but cannot be 

used to explain adsorption of the positively charged UO2
2+ and UO2-OH species. 

However, adsorption of uranyl in the absence of carbonate may be made more favorable 

by negatively charged green rust moieties in the vicinity of structural anions.  

The faster removal of UVI by GR(SO4) from pH 8.0 solution containing 2 mM 

NaHCO3 (Figure 2.2) and by all green rusts in pH 7 solution containing 4 mM NaHCO3 

(Figure 2.1) may be due to the favorable uptake of negatively charged uranyl carbonate 

species by a positively charged green rust surface. The predicted speciation for uranyl in 

these solutions was calculated with Visual MINTEQ (107) and uranyl species are 

predominantly in the form of the negatively charged (UO2)2CO3(OH)3
- UO2(CO3)2

2-, and 

UO2(CO3)2
4- . At low carbonate concentrations from 0.1 mM and 2 mM 

(UO2)2CO3(OH)3
- is the predominant uranyl species. Increasing the carbonate 

concentration to 10 and 20 mM results in the formation of the tris-carbonato uranyl 

complex (UO2(CO3)3
4-). In addition, at high carbonate loadings, surface complexation of 

carbonate on the green rust surface might be expected to give a negative charge to the 

surface. A negatively charged green rust surface is less likely to sorb the negatively 

charged uranyl tris-carbonato complex, which likely accounts for the reduced extent of U 

uptake in the 20 mM bicarbonate reactor.  

In addition to the carbonate complexation of UVI in these systems, we have found 

that TAPS may be complexing UVI. We observe that concentrations of up to 500 µM 

UO2
2+ are soluble in pH 8.0 TAPS buffer at a time scale of over a year. These 

concentrations of UVI are over the solubility limit of schoepite (UO3·2H2O) expected 
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from solubility constraints (pKs0(schoepite) = 5.994 using the software package Visual 

MINTEQ (107)). Precipitation of UVI is observed after adding a stock of uranyl acetate to 

control reactors adjusted to pH 8.0 in the absence of TAPS. This suggests that TAPS is 

forming a stable complex with the uranyl cation, thus the effect of UVI-TAPS 

complexation as well as complexation of the underlying surface by this organic buffer 

may also have a role in reducing the extent of uranium uptake by GR(CO3) in TAPS 

buffer relative to the PIPES buffer with 4 mM bicarbonate. PIPES buffer has been 

considered as a non-complexing buffer (119). With no carbonate present, soluble uranyl 

will likely exist as positively charged hydroxylated species or as a UVI-TAPS complex 

with unknown characteristics.  

In addition to the potential for surface complexation of carbonate on GR(SO4) and 

GR(Cl) when carbonate is added to a suspension of these green rusts, anion exchange 

between the SO4
2- or Cl- in the interlayer and the aqueous carbonate ion can occur, as 

carbonate is favored over sulfate or chloride in the interlayer (120). At low carbonate 

loadings, interlayer exchange of sulfate for carbonate may reduce the concentration of 

carbonate in solution available for complexation of UVI, leading to the observed increase 

in the rate of U uptake from solution in the case of 2 mM bicarbonate relative to the 

higher carbonate loadings (Figure 2.2). At low carbonate loadings, uptake of CO3
2- into 

the interlayer may also help bring UO2-CO3 complexes in contact with the green rust 

surface and allow for sorption to occur, a phenomenon which may be inhibited at higher 

loadings due to increased formation of negatively charged UVI-CO3 complexes and 

charging of the green rust surface by negatively charged bicarbonate and carbonate 

anions.  

Uranium Reduction by Green Rusts 

To determine whether the sorbed uranium was reduced by chloride, sulfate, and 

carbonate green rusts, we used x-ray absorption spectroscopy. Previous work has shown 
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that sulfate green rust reduces UVI to UIVO2 uraninite nanoparticles in deionized water 

containing no carbonate (61). X-ray absorption near edge spectroscopy (XANES) at the 

U L3-edge indicates that no reduction of UVI occurs in the presence of pyroaurite – the 

Mg(II)-Fe(III) analogue of GR(CO3) (Figure 2.3). Similar results were also observed for 

fully ferric green rust, in which all the Fe(II) has been oxidized but the LDH structure is 

maintained (102).  

In contrast to pyroaurite, both sulfate and chloride green rusts in TAPs buffer 

reduced most of the 500 µM UVI added within about four days, consistent with the 

previous report of reduction of UVI by sulfate green rust, which occurred in about a day 

(61). Interestingly, the addition of bicarbonate at pH 8.0 at concentrations of 2 and 20 

mM had no observable effect on the extent of reduction of UVI to UIV in 5 g/L GR(Cl) 

and GR(SO4) suspensions (Table 2.2). It is important to note that bicarbonate may have 

influenced the rate of reduction, but our XAS measurements were made between 3 and 4 

days after sample preparation which appears to have been enough time for nearly 

complete reduction to occur in both the absence and presence of bicarbonate.  

Carbonate green rust in pH 8.0 TAPS buffer, on the other hand, did not fully 

reduce UVI to UIV after 3 to 4 days. The uranium oxidation state lies between that of the 

UVI and UIV standards (Figure 2.3). The amount of reduction observed in TAPS buffer 

ranged from 45 to 70% (note there is a ±10-15% variability in XANES measurements) 

based on three samples measured during two different beam runs (45% reduction shown 

in Figure 2.3). Addition of 2 mM NaHCO3 to pH 8.0 TAPS and GR(CO3) suspension 

resulted in an extent of uranium reduction that was similar to GR(SO4) and GR(Cl) 

suspensions containing 2 mM bicarbonate (Figure 2.4).  

Our findings of incomplete reduction of UVI by GR(CO3) are not consistent with 

previous work which reported complete reduction of UVI by carbonate green rust formed 

from reduction of lepidocrocite by Shewanella putrefaciens CN32 (54). To investigate 

why, we ran several additional experiments evaluating the effect of freeze-drying, 
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phosphate incorporation, and the TAPs buffer. We have investigated whether freeze 

drying carbonate green rust during preparation caused a change in its ability to reduce 

UVI. We note that other researchers have suggested that freeze drying green rust changes 

its reactivity (121). When fresh GR(CO3) was resuspended in TAPS buffer it reduced 

35% of the uranium added (Table 2.1). This result is consistent with the freeze dried 

experiment (within XANES analytical error), suggesting that freeze drying didn’t have a 

measureable effect on U reduction. 

Due to our observation that TAPS buffer appears to complex UVI we have also 

investigated the role of buffer in U reduction by carbonate green rust. In the absence of 

TAPs, in both deionized water alone and 4 mM NaHCO3 as a pH 7.0 buffer, nearly 

complete reduction of UVI to UIV was observed, with > 85% of the U in the products as 

UIV (Figure 2.4). In addition, when both fresh GR(CO3) harvested by filtration and 

freeze-dried GR(CO3) were reacted with UVI at pH 8.0 in the absence of buffer 85% to 

100% UIV was observed in the products. Green rust stabilization by phosphate during 

synthesis also had no observable effect on UVI reduction by GR(CO3) suspended in 

TAPS, as 50% of the UVI added has been reduced to UVI (Table2.2, Figure 2.4). 

 Our observation of partial U reduction by synthetic GR(CO3) in the pH 8.0 TAPS 

system and nearly complete reducution in systems where TAPS was omitted indicates 

that the complexation of UVI by TAPS may have an effect on U speciation in the 

carbonate green rust system. However, complete reduction of UVI to UIV was observed in 

the GR(Cl) and GR(SO4) systems in the presence of TAPS. These results indicate that in 

comparison to sulfate and chloride green rusts UVI reduction by carbonate green rust may 

be more variable depending on the conditions studied. We caution against the use of 

TAPS buffer in uranium work because of its complexing ability towards UO2
2+. Finally, 

we note that freezed dried GR(CO3) was unstable over time in DI water, PIPES, and 

bicarbonate buffers, and underwent a visible transformation to black solid (most likely 

magnetite). The same green rust was stable for a much longer period of time in TAPS 
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buffer. Complexation of UVI, however, may be applicable to systems with high 

concentrations of natural organic matter or under high bacterial growth conditions with 

production of extra-cellular material.  

Conclusions 

Our study indicates that UVI uptake in the presence of green rusts with the 

commonly occurring interlayer anions (Cl-, SO4
2-, and CO3

2-) is relatively fast and similar 

for the green rusts with different anions. Similar rates of uranium uptake from solution by 

redox-active green rusts and redox inactive Mg-Fe(III) pyroaurite indicate that sorption is 

likely the rate-limiting step in the reaction of UVI with these materials. Our results 

indicate that solution (bi)carbonate has relatively little effect on UVI sorption at lower 

concentrations, but as concentrations increase to 20 mM total (bi)carbonate sorption of 

UVI from solution is decreased. Our results with synthetic green rust confirm those of 

previous studies that sulfate green rusts are effective reductants of UVI, and further shows 

that both chloride and carbonate green rusts reduce U to UIV (54, 61).  As carbonate is 

present in most natural waters, it is also of significance that we observed reduction of UVI 

-carbonate complexes by all three forms of green rust.  

We caution that use of organic buffers such as TAPS may lead to erroneous 

results due to their metal complexing ability, and suggest if these organic buffers are to 

be used they should be checked for metal complexing ability prior to their use in 

experiments. The reduced extent of UVI reduction by carbonate green rust in the presence 

of TAPS may indicate that this material is more susceptible to solution composition 

changes that may change it effectiveness as a reductant for U and possibly other oxidized 

contaminants. This is potentially important, as carbonate green rust will be the most 

likely to form under fresh-water conditions with relatively low sulfate concentrations.  
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Table 2.1. Pseudo first-order rate constants (kobs, s
-1) for contaminant sorption/reduction 

by synthetic green rusts.  

 
UO2

2+ 
pH 7.0a 

UO2
2+ 

pH 8.0b 
CrO 4

2- 

pH 7.0c 
NO3

- 
pH 7.5d 

GR(Cl) (9.0 ± 3) × 10-4 (8.8 ± 0.3) × 10-4 (12.6 - 366) × 10-4 e (3.08 ± 1.04) × 10-4 f 

GR(SO4) (15 ± 2) × 10-4 (8.3 ± 2.7) × 10-4 (6.10 - 181) × 10-4 e (0.095 ± 0.038) × 10-4 g 

GR(CO3) (10 ± 2) × 10-4 (2.0 ± 0.2) × 10-4 (19.2 - 239) × 10-4 e - 

Pyroaurite (7.1 ± 2) × 10-4 (6.7 ± 0.2) × 10-4 - - 

a pH 7.0, 0.1 M PIPES, and 4 mM NaHCO3. Error term: ± 1 standard deviation. 

b pH 8.0, 0.1 M TAPS. Error term: ± 1 standard deviation. 

c pH 7.0, 0.005 M MOPS 

d pH 7.5, pH Stat 

e (100), 0.125 g L-1 to 0.5 g L-1 green rust loading 

f (114) 

g (87) 
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Table 2.2. Uranium redox speciation after reaction with green rusts under several 
conditions as determined by x-ray absorption near-edge spectroscopy 
(XANES). 

Iron Mineral Solution Conditions pH UIV /UTotal 

GR(Cl) – freeze dried TAPS buffer 8.0 100 % 

 TAPS/2 mM NaHCO3 8.0 93 % 

 TAPS/20 mM NaHCO3 8.0 100 % 

GR(SO4) – freeze dried TAPS buffer 8.0 100 % 

 TAPS/2 mM NaHCO3 8.0 100 % 

 TAPS/20 mM NaHCO3 8.0 100 % 

GR(CO3) – freeze dried TAPS buffer 8.0 45 to 70 % a 

 TAPS/2 mM NaHCO3 8.0 50 % 

 4 mM NaHCO3 7.0 95 % 

 DI water ~8.0 100 % 

GR(CO3) + PO4 – freeze 
dried TAPS buffer 8.0 50 % 

GR(CO3) – fresh filtered 
precipitate 

TAPS buffer 8.0 35 % 

DI water ~8.0 85 % 

a Range of three samples of carbonate green rust prepared at two different dates and 
analyzed during two beam runs. 
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Figure 2.1. Uranium uptake by sulfate green rust (GR(SO4)), carbonate green rust 
(GR(CO3)), chloride green rust (GR(Cl)), and pyroaurite (Mg(II)-Fe(III) 
layered double hydroxide) in the presence of pH 7 PIPES buffer with 4 mM 
NaHCO3 (A) and pH 8 TAPS (B). GR(CO3) + PO4

3- refers to carbonate green 
rust synthesized in the presence of phosphate anion, which is sorbed to the 
green rust during synthesis. Error bars represent one standard deviation of 
triplicate reactors.  
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Figure 2.2. Effect of aqueous carbonate concentration on uptake of UVI from solution in 
the presence of sulfate green rusts. Each reactor contained 1 g L-1 of sulfate 
green rust in 0.1 M TAPS pH 8.0 buffer solution. The buffer control 
represents a reactor with no green rust or bicarbonate. This control highlights 
the ability of TAPS to complex UO2

2+, as this solution is supersaturated with 
respect to solid UVI. No removal of uranium was seen in a reactor containing 
0.5 mM Fe(II) with 400 µM UVI under the experimental conditions tested. 
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Figure 2.3. Uranium speciation after reaction with green rusts and pyroaurite. The spectra 
are U-L3 XANES spectra of 5 g/L synthetic green rust samples and pyroaurite 
reacted with 500 uM UVI in pH 8.0 TAPS. Inset: The relative position of the 
absorption edge of the uranium reacted with the green rust and pyroaurite 
samples. The scale between 0 % UIV and 100% UIV is marked with 20% 
increments on a non-linear scale. 
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Figure 2.4. Effect of bicarbonate on the reaction of UVI with green rusts and pyroaurite. 
The spectra are U-L3 XANES spectra of 5 g/L green rusts and pyroaurite reacted with 
500 uM UVI in pH 8.0 TAPS and 2 mM bicarbonate. Also included are GR(CO3) 
synthesized in the presence of phosphate (PO4

3-), and GR(CO3) in 4 mM bicarbonate 
buffer without TAPS with a pH value of 7.0 reacted with UVI. Inset: The relative position 
of the absorption edge of the uranium reacted with the green rust and pyroaurite samples.  
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CHAPTER 3: REDOX SPECIATION OF URANIUM REACTED WITH 

MAGNETITES OF VARYING STOICHIOMETRY 

Abstract 

The current DOE strategy for treatment of radionuclide and heavy metal 

contamination in the subsurface relies heavily on in situ immobilization and stabilization. 

It is well-established that hexavalent uranium (UVI) can be enzymatically reduced by a 

variety of microbial species, as well as abiotically reduced by many reduced iron 

minerals. Of the reduced iron minerals, magnetite is of significant interest because of its 

formation from many FeIII minerals as a result of dissimilatory iron reduction. Magnetite 

is also a significant corrosion product of iron metal in suboxic and anoxic conditions, and 

will likely play a significant role in corrosion of iron waste containers holding uranium-

containing spent nuclear fuel. In previous work, discrepancies exist regarding the extent 

of UVI reduction by magnetite. Here, we demonstrate that the Fe2+ content of magnetite 

may explain the observed discrepancies in the literature, along with other differences 

such as solution composition, pH, and surface area. We observed that varying the initial 

FeII content in the magnetite significantly influenced the extent of UVI reduction by 

magnetite. Stoichiometric and partially oxidized magnetites with an Fe2+/Fe3+ ratio (x) 

greater than 0.38 reduced UVI to UIV in UO2 (uraninite) nanoparticles, whereas with more 

oxidized magnetites (x < 0.38) and maghemite (x = 0) only sorbed UVI was observed. We 

further show that aqueous FeII is capable of recharging the reducing capacity of these 

oxidized magnetites, presumably by Fe(II) reduction of the oxidized magnetite as we 

have previously demonstrated. Mössbauer spectroscopic results provide direct evidence 

that the reduction of UVI to UIV is coupled to oxidation of FeII in the magnetite. The 

stoichiometry of a biogenic magnetite produced from the reduction of lepidocrocite was 

found to be x = 0.43. Uraninite is formed from reduction of UVI in a heat-killed 

suspension of the biogenic magnetite, consistent with our chemically synthesized 
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magnetites. Our results suggest that magnetite stoichiometry and the presence of aqueous 

FeII are important when evaluating the potential for reduction of UVI in the subsurface. 

Introduction 

Magnetite is expected to play an important role in several aspects of the 

technological and natural uranium (U) cycle. The stimulation of metal reducing microbial 

communities has been considered and implemented as a strategy to immobilize sub-

surface U contamination resulting from U processing (43, 45, 122), and plays a key role 

in the U.S. Department of Energy’s program to manage legacy uranium contamination. 

Immobilization of U by microbial metal metabolism is thought to occur via direct 

enzymatic reduction of the more soluble UVI species to the less soluble UIVO2 (e.g., 47, 

48) and via indirect reduction of UVI to UV and UIV species by sorbed and structural FeII 

(58-60). Dissimilatory metal reducing organisms reduce several iron oxides (Fe-oxides) 

to magnetite (123, 124). Magnetite is also a common iron corrosion product from iron 

canisters used to contain uraniferous wastes in both short-term storage and long-term 

geological repositories (125, 126). 

Magnetite (Fe3O4), is a mixed valence mineral containing both Fe2+ and Fe3+ 

ideally in a 1:2 ratio (Fe2+/Fe3+). Removal of all Fe2+ from the structure of magnetite by 

oxidation or dissolution results in the formation of the Fe3+ only mineral, maghemite (γ-

Fe2O3) (127). Partially oxidized magnetites can exist between the end-members of 

magnetite and maghemite, and can be referred to by their Fe2+ content, which we denote 

x, where x is defined as: 

 �� 
Fe2�

Fe3�
 (2.1) 

Magnetite and maghemite crystallize with an inverse spinel structure, with 

magnetite having 2 Fe atoms in octahedral coordination (one Fe2+ and one Fe3+ atom) and 

one Fe3+ atom in a tetrahedral coordination site. Partially oxidized magnetite and 

maghemite contain cation vacancies in octahedral sites as Fe2+ is removed in order to 
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maintain charge balance (14, 128). The Fe2+ content of magnetites has considerable 

influence on their properties, such as conductivity/resistivity, and redox potential. A 

slight change in stoichiometry has been found to have a great effect on the conductivity 

(inversely, resistivity) of magnetite samples (129, 130). Several studies highlight the 

significant variation in redox potential with varying Fe2+ content (66, 127, 131). It is of 

note, however that the variation in redox potential is more gradual than the change in 

resistivity with x. Recent work by our group has highlighted the importance of magnetite 

Fe2+ content on contaminant reduction (66, 132). This work found that the rate of 

nitrobenzene reduction can be modeled as a function of the redox potential difference 

between magnetite and several substituted nitrobenzenes (66). 

Previous reports investigating the reduction of UVI by magnetite show results 

varying from complete reduction of UVI to UIV to no observed reduction (54, 55, 58, 62, 

133-136). The majority of studies have found that in the presence of magnetite, U added 

to solution is reduced to a mix of valence states (UVI, UV, and UIV). The reduction of UVI  

to a mixture of valence states has been seen under various solution conditions and pH 

values. One study found that a magnetite synthesized via oxidation of FeSO4 reduced UVI 

to a mixture of U valence states in both pH 5 and pH 7 solutions (126). In contrast to the 

relatively stable aqueous U concentration over time, the amount of reduced U associated 

with the magnetite increased with time over a period of 3 months at the expense of UVI, 

suggesting a slow continued redox reaction. Over a similar time span, the partial 

reduction of UVI (as determined by EXAFS) by a commercially purchased magnetite at 

acidic pH has been reported, although only a small shift in U 4f XPS binding energies 

occurred, indicating reduction of only a portion of the total U in the samples (135). Time-

dependent UVI reduction by sectioned single crystals of magnetite with near 

stoichiometric FeII contents under acid conditions has also been observed. In that study, 

the presence of UIV as UO2+x was supported with SIMS depth profiling of the magnetite 

(62). Under slightly alkaline conditions (pH ~8.0) in the presence of 1 mM (bi)carbonate, 
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magnetite produced by oxidation of FeSO4 reduced about half of the added UVI to UIV 

(55). Finally, a recent study observed reduction of UVI to UV in unbuffered pH 3.2 – 4.7 

solutions with XPS and EXAFS. The stoichiometry of the magnetite, produced by 

oxidation of FeSO4 by nitrate, was measured by XPS and found to be near stoichiometry 

(137). 

In contrast to the large number of studies reporting partial U reduction by 

magnetite, relatively few works have concluded that magnetite reduces U completely to 

UIV. Instantaneous reduction of UVI by biogenic magnetite is mentioned in a study that 

uses bicarbonate extraction as a proxy for U reduction; however, the authors of this study 

did not provide data or conduct spectroscopic studies to confirm the nature of the reduced 

U product (58). Similarly, O’Loughlin et al. provided evidence using XANES and 

EXAFS that microbially produced magnetite reduces UVI to UIV in nanoparticulate 

uraninite (UO2) (54). The stoichiometry of the biogenic magnetites was not measured in 

either of the two studies. In addition, the origin of the magnetite used in the different 

studies varies significantly, with some researchers using commercially purchased 

magnetite and others using laboratory synthesized magnetite produced under various 

conditions both in the presence and absence of oxygen. The FeII content of the magnetite 

used has often not been measured. 

No reduction of UVI by magnetite has been observed in two studies. Dodge et al. 

(133) synthesized magnetite in the presence of UVI by oxidation of FeSO4 under normal 

atmospheric conditions and in the presence of KNO3 in solution. The valence state of U 

was measured with x-ray photoelectron spectroscopy (XPS) and x-ray absorption near-

edge spectroscopy (XANES) and both were consistent with UVI. The second study 

investigating U interaction with commercially purchased magnetite was used in the 

presence and absence of H2(g). This study was conducted in carbonate containing 

solution with near-neutral to alkaline pH and noted a lack of U reduction in an anoxic 

environment in the absence of H2(g). In the presence of H2(g), uranium was reduced, 
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although it is unclear whether the H2 reduced UVI directly, or reduced the magnetite 

(134).  

We have previously found that the Fe2+ content (stoichiometry) of magnetite 

dramatically influences the rate of reduction of nitroaromatic compounds(66, 132). The 

stoichiometry of magnetite has also been suggested to be an important factor in the 

reduction of UVI
 (137). Here we have evaluated the hypothesis that magnetite Fe2+ 

content is important for UVI reduction under near neutral pH conditions in the presence 

and absence of the strongly UVI complexing (bi)carbonate anion. We show that a 

dramatic shift from sorbed UVI to UIV in uraninite nanoparticles occurs between an x of 

0.33 and 0.38, both in the presence and absence of (bi)carbonate.  

Materials and Methods 

Magnetite Synthesis and Characterization 

Magnetite was synthesized according to previously published methods (66, 132, 

138). Briefly, the solids were prepared by precipitating magnetite with NaOH from a 

solution containing a 1 to 2 ratio of FeII and FeIII . Partially oxidized magnetite was made 

by adding hydrogen peroxide (approximately 30 % H2O2) to oxidize Fe2+ to Fe3+. 

Maghemite was produced by oxidation of magnetite in air at 200 °C. Magnetite 

stoichiometry was characterized by acidic dissolution (xd) in 5 M HCl followed by 

measurement of aqueous FeII colorimetrically by 1,10-phenanthroline complexation with 

FeIII  masking by F- (138, 139). Total Fe was measured after reduction of FeIII  by 

hydroxylamine hydrochloride. The magnetite stoichiometry was also measured by 

Mössbauer spectroscopy (xMS) (138). The specific surface area was obtained via N2 

adsorption BET analysis and was found to be 63 ± 7 m2 g-1 which correlated well with 

the particle size measured by transmission electron microscopy (TEM) of 20 nm.  
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Uranium Uptake and Reduction Experiments 

Uranium uptake by magnetites with various stoichiometries was measured in 5 g 

L-1 suspensions in either 50 mM 3-(N-morpholino)propanesulfonic acid buffer (MOPS, 

pKa = 7.2) or in 2 mM NaHCO3 buffer, with both adjusted to an initial pH of 7.2. 

Experiments were done inside an anoxic glovebox with a 93% N2/7% H2 atmosphere. 

Uranium was added as UVI in the form of uranyl acetate (UO2(CH3COO)2 · 2H2O) 

dissolved in 0.1 M HCl to a nominal concentration of 500 µM UVI. Initial U 

concentrations were measured prior to addition of magnetite and final concentration were 

measured after 24 hours of reaction time, prior to them being sent off for x-ray absorption 

spectroscopic measurements. U concentration in solution was measured using the TAC 

colorimetric method described in Chapter 2. 

FeII Uptake Experiments 

FeII uptake experiments on partially oxidized magnetite (x = 0.28) were done by 

adding an aliquot of FeCl2 stock to 60 mL of MOPS buffer. In one experiment, 11 mM of 

FeII was added based on the total amount of FeII needed to bring the partially oxidized 

magnetite to x = 0.50. In addition, a second experiment was done with 5.7 mM aqueous 

FeII to see if partial restoration of magnetite stoichiometry induced UVI reduction. The 

experiment with 11 mM aqueous FeII addition was done with and without removal of the 

aqueous FeII by decanting the supernatant. The amount of FeII in solution was measured 

prior to addition of 5 g L-1 partially oxidized magnetite, and was measured again after 20 

hours prior to addition of UVI. Aqueous FeII was measured using the 1,10-phenanthroline 

method described above. The amount of FeII removed from solution was used to calculate 

the stoichiometry of the magnetite prior to UVI addition, and was based on mass balance 

considerations (132).  
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X-ray Absorption Spectroscopy 

The U LIII-edge XAFS experiments were carried out at the Materials Research 

Collaborative Access Team (MRCAT) ID beamline, sector 10 at the Advanced Photon 

Source, using a previously described setup (111). Briefly, the beamline undulator was 

tapered and fixed, and the incident energy was scanned by using the Si(111) reflection of 

the double-crystal monochromator in quick-scanning mode (approximately 2 min per 

scan for the extended region and 30 s per scan for the near-edge region). The wet paste 

samples were mounted in drilled Plexiglas slides and sealed inside the anoxic chamber 

with Kapton film windows. The sealed slides were exposed to air for about 1 min while 

being transferred from an O2-free transport container to the N2-purged detector housing. 

Several UVI and UIV standards were used in the XANES and EXAFS analysis. An acidic 

(pH 3) solution of uranyl chloride was used as the standard for hydrated UVI and a basic 

(pH 11) solution of U:carbonate=1:50 was used as the standard for carbonate-complexed 

UVI. UIV standards included a crystalline UO2 purchased from Alfa Aesar and diluted 

1:100 in SiO2 (112), biogenic UIV nanoparticles produced by Shewanella oneidensis MR-

1 and characterized in a previous study (47), and UIV nanoparticles produced abiotically 

by reduction with sulfate green rust (61). UVI sorbed to goethite was used as a standard 

for Fe-oxide sorbed UVI, this sample contained 250 µM UVI in a suspension of 1.5 g L-1 

of goethite buffered at pH 7.4 with 0.1 M TAPS and 2 mM NaHCO3. Linear combination 

spectral analysis of EXAFS data were performed using the program SIXpack (113). 

Magnetite Oxidation by UVI Experiment 

We also conducted experiments to link Fe2+ oxidation in magnetite to the 

reduction of UVI. These experiments were conducted in 50 mM pH 7.2 MOPS buffer with 

a solids loading of 1.5 g L-1 nearly-stoichiometric magnetite with xd = 0.49 and xMS = 

0.45. A spike of 500 µM UVI was added from the uranyl acetate stock, and the reactors 

were re-adjusted to pH of 7.2. After 20 hours, the solution was filtered to collect the 
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solids onto a 0.45 µm filter. The solids were then mounted between two pieces of Kapton 

tape for the Mössbauer spectroscopy measurements. 

Biogenic Magnetite 

Biogenic magnetite was provided by Edward O’Loughlin at Argonne National 

Laboratory and prepared from the bioreduction of lepidocrocite by Shewanella 

putrefaciens CN32 as described previously (123). The cultures were allowed to reduce 

the lepidocrocite for 3 days after inoculation. The suspension was then pasteurized for 1 h 

at 70° C. The material was not washed to remove cell debris in order to avoid dissolution 

of Fe2+ from the magnetite.  

Mössbauer Spectroscopy 

Transmission Mössbauer spectroscopy was used to measure the stoichiometry of 

biogenic magnetite and synthetic magnetite used in the Fe2+ oxidation experiment. 

Mössbauer spectroscopy was done with a variable temperature He-cooled system with a 

1024 channel detector. A 57Co source (~ 50 mCi) embedded in Rh was used and was 

maintained at room temperature. All center shifts reported are calibrated relative to an α-

Fe foil at room temperature. Samples are kept anoxic by mounting them between pieces 

of adhesive Kapton tape, and minimizing the time they are exposed to air prior to 

mounting them in the spectrometer cryostat. 

Collected Mössbauer spectra have been fit using the Recoil software package 

(University of Ottawa, Ottawa, Canada) using extended-Voigt based fitting (138). The 

relative peak areas of the sextets have been constrained to the ideal 3:2:1:1:2:3 ratios. 

Center shift (CS), quadrupole shift (QS), and hyperfine field (H) parameters have been 

allowed to float during the fitting procedure. Sextets were fit with two hyperfine field 

components which had individual Gaussian distributions of hyperfine field parameters 

and relative areas that were allowed to float in order to achieve the best fit to the 

observed spectra. 



 

 

42

Results and Discussion 

Uranium Reduction as a Function of Magnetite 

Stoichiometry 

Based on our previous observations that reduction rates of nitro-aromatic 

compounds were dependent on the FeII content of magnetite (66, 132) we have 

investigated the effect of magnetite stoichiometry on uranium reduction. We determined 

the oxidation state of U in the solids by x-ray absorption near edge spectroscopy 

(XANES) (Figure 3.1). The edge position of the UIV standard (biogenic nano-uraninite) 

lies to the left of the UVI standard (UVI sorbed to goethite) as shown in Figure 3.1. The 

resonance feature in the spectra beyond the absorption edge (denoted by the vertical 

arrow) is indicative of the axial uranium-oxygen bonds (Oax) of uranyl. The XANES 

results indicates that all of the UVI added to the 5 g/L magnetite suspension in pH 7.2, 2 

mM NaHCO3 buffer is reduced by stoichiometric magnetite (x = 0.50), as well as by 

partially oxidized magnetite with x = 0.48 and 0.42. In contrast, for oxidized magnetites 

with x < 0.42, little to no reduction was observed within the error of the XANES 

measurement (which is approximately 10%). The position of the absorption edge and the 

presence of the resonance feature above the absorption edge indicate that the majority of 

the U in these oxidized magnetite samples remains in the +6 valence state as the uranyl 

cation.  

We conducted linear combination (LC) fitting of the XANES spectra using the 

UIV and UVI end-members to determine an estimate of the proportion of the two U 

valence states as a percentage of the total uranium in the samples. The percentage of 

UIV/UTotal as a function of initial magnetite stoichiometry is shown in Table 3.1 and 

Figure 3.2. A marked shift in the amount of reduction is observed between x = 0.42 and x 

= 0.33, from 84% reduction of the total U is reduced to UIV  for x = 0.42 to only 13% 

reduced for x = 0.33. This abrupt change in reactivity as a function of x occurs in both a 2 
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mM bicarbonate buffer and in 50 mM MOPS buffer at pH 7.2, despite a difference in 

starting UVI speciation in the two buffer solutions. In the bicarbonate buffer 500 µM 

uranium remains in solution, most likely as uranyl carbonate complexes., whereas in the 

50 mM MOPS buffer UVI precipitation as a colloid of schoepite (UO3·2H2O) is expected 

based on the solubility product for schoepite (pKs0(schoepite) = 5.994). Indeed, a 

precipitate was visually observed after adding a stock of uranyl acetate to 50 mM MOPS 

buffer without magnetite. We also note that the amount of UVI reduction to UIV is 

concomitant with an decrease in solution U after reaction with magnetite, consistent with 

the difference in solubility of UO2 and sorbed UVI (40, 46, 58, 140). 

It is unclear whether the marked shift from sorbed UVI to reduced UIV products as 

a function of x is thermodynamically or kinetically limited. The abrupt shift from mostly 

UIV to mostly UVI as a function of x may be kinetically controlled, as XANES 

measurements were made after about a week. Previous results for non-stoichiometric 

magnetites indicate that reduction of nitrobenzene compounds is slow for x < 0.42, with 

half-lives for reduction of 3.8 days for x = 0.36 and 90 days for x = 0.31, showing the 

extent of contaminant reduction by magnetite of varying x can be dictated by kinetics 

(66). However, it is unlikely that predictions for the rates of reduction of nitroaromatic 

compounds can be extended to predict rates of UVI reduction by magnetite due to the 

significant difference between UO2
2+ and the nitro group of nitroaromatic compounds 

and differences between the sorptive behavior of UO2
2+ and non-sorptive behavior of the 

nitroaromatics studied.  

We used thermodynamic parameters to see if the reduction of U by magnetite 

with different redox properties can be predicted. We have compared the measured 

electrochemical open circuit potential (EOCP) for these magnetites (66) with several redox 

couples between predicted UVI species in 2 mM bicarbonate solution at pH 7.2 and 

UO2(am) (amorphous UO2) (Figure 3.3). No clear correlation between the observed 

amount of reduction and the redox couples for reduction of UVI carbonate complexes to 
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UIV and the magnetite EOCP exists. The most abundant species predicted to exist in 

solution in the bicarbonate buffer (using the Visual MINTEQ database (107)) is the 

(UO2)2CO3(OH)3
- species (~78%). Reduction of this species is favorable over all the 

redox potentials presented by the magnetites in this study. Interestingly, however, the 

range of redox potentials for the reduction of amorphous UO3 to either UO2(am) or 

crystalline uraninite (UO2(cr)) encompasses the EOCP of magnetites with x values near 

where the shift from all UVI to all UVI occurs. We note that such a UO3 type precipitate is 

formed in the MOPS buffer system, and that nano-crystalline UO2 is the product 

(discussion below). This appears to suggest that thermodynamics may play a role in 

determining whether magnetite reduces U in these systems, although it doesn’t explain 

why similar results are seen in the two different buffers, as carbonate would inhibit the 

precipitation of UVI as a schoepite (UO3) phase. 

We have also explored whether aqueous FeII can serve to recharge the UVI 

reducing capacity of oxidized magnetite with respect to UVI reduction, as we have 

previously shown for nitrobenzene reduction (132). We started with 5 g L-1 of x = 0.28 

oxidized magnetite and added two different amounts of FeII (5.7 and 11 mM) to the 

oxidized magnetite suspension. In the 5.7 mM and 11 mM suspensions, 5.1 mM and 8.0 

mM FeII were removed from solution by reaction with the oxidized magnetite, 

respectively. We have previously shown that ET occurs between sorbed Fe(II) and 

magnetite, and leads to reduction of octahedral Fe3+ in the magnetite to Fe2+ (132). The 

FeII uptakes measured are equivalent to increasing the magnetite stoichiometry from an x 

of 0.28 to x’s of 0.38 and 0.44. The addition of UVI to these recharged magnetites results 

in nearly complete reduction to UIV, with over 95% of the total U as UIV for the 11 mM 

FeII (Figure 3.2, Table 3.1), and 84% reduction for the 5.7 mM addition. Removal of the 

aqueous phase FeII had no effect on the ability of the magnetite to reduce UVI, as one 

sample with 11 mM added FeII was magnetically separated and resuspended in fresh 

buffer containing UVI and no FeII.  
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Uranium Products 

The abrupt shift between UIV products for magnetite with x ≥ 0.42 and UVI for 

lesser FeII contents is also reflected in the EXAFS spectra (Figure 3.4). The results for the 

magnetites with differing Fe2+ contents are compared with a bulk uraninite standard and a 

maghemite sample with no Fe2+. The coordination of the U in the maghemite sample is 

consistent with a Fe-O-U surface complex similar to those observed for UVI adsorption 

onto hematite and goethite (141, 142). Surface complexation of UVI as the uranyl cation 

is evident in the EXAFS spectra with the U-Oax bond at 1.4 Å, and an equatorial 

uranium-oxygen bond (U-Oeq) at 2.0 Å. As Fe2+ content in the magnetite is increased to 

an x of 0.33, the EXAFS spectra indicate that U coordination in these samples is similar 

to that of the maghemite sample, and indicates that the solid phase U in these samples 

remains sorbed as UVI. As with the XANES data, there is a shift from UVI to UIV products 

in the EXAFS data when x is decreased to 0.42 from 0.33. The peak at 3.6 Å in the 

samples with x ≥ 0.42 is indicative of U-U bonding and is consistent with the formation 

of the UIV product uraninite (UO2(s)). The reduction of the intensity of this U-U peak in 

the Fourier transform data is consistent with the presence of nanoparticulate uraninite 

(54).  

Previous work suggests that a mixed UV/UVI phase can form when magnetite is 

reacted with UVI (137). In the previous report, magnetite stoichiometry was determined 

by fitting x-ray photoelectron spectroscopy spectra of the Fe 2p peak, and taking the ratio 

of Fe2+ to total Fe. The reported ratio of Fe2+ to total Fe was between 0.27 and 0.34 with 

an average of 0.29 for both unreacted samples and samples reacted with UVI. This range 

corresponds to values of x (Fe2+/Fe3+) of approximately 0.37 to 0.52, and an average x of 

0.41 close to our x of 0.42. 

There are several differences between our study and the previous one observing 

the presence of UV are the solution conditions, magnetite specific surface area/particle 

size, and synthesis methods. In our study, the pH was buffered with MOPS or 2 mM 
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NaHCO3 at a value of 7.2, whereas in the previous study the initial pH of the solution 

was much lower (pH = 3.2 – 4.7) and rose with time, likely due to dissolution of FeII 

from the magnetite (137). Magnetite specific surface areas in our work have an average 

of 63 ± 7 m2 g-1 (66), and are nearly 5 times higher than the 13.5 ± 0.1 m2 g-1 reported by 

Ilton and co-workers. A similar magnitude difference is seen in the powder x-ray 

diffraction determined crystallite sizes. We also note that the methods of synthesis of the 

magnetites are quite different, with the magnetite in this study synthesized by 

precipitation of magnetite from an Fe2+ and Fe3+ containing solution at pH 10.0 whereas 

that of the previous study was prepared by oxidation of Fe2+ containing solution with 

nitrate. However, a hypothesis that the synthesis method changes the properties of the 

magnetite, such as inducing a core-shell structure, with an enriched Fe3+ layer at the 

surface can be discarded on the basis of the Fe2+ to total Fe ratios being near x = 0.41 in 

XPS measurements, which are inherently surface-sensitive (137).  

Of the differences between the previous study and our study, we believe that 

solution conditions and surface area loading provide the addition explanation for the 

differences. For most of our experiments our magnetite surface area loading is 

approximately 5 times greater than that in the previous work, with 320 m2 L-1 and 68 m2 

L-1, respectively (137). Even at our lowest mass loading of 1.5 g L-1, the surface area 

loading is higher than the highest in the previous study. In addition, the value of x is 

greater in our 1.5 g L-1 suspension resulting in a higher amount of available Fe2+. 

Solution pH will also greatly affect the redox potential (Eh) imposed by magnetite in 

suspension, with the potential increasing with increasing pH (127). The lower initial pH 

of the previous study would likely have poised the redox potential of the system at a 

higher Eh, perhaps resulting in conditions where UVI reduction to UO2 is unfavorable.  
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Stoichiometric Oxidation of Magnetite by UVI  

We have used Mössbauer spectroscopy to track the oxidation of Fe2+ in a 1.5 g L-1 

suspension of magnetite in 50 mM MOPS (pH 7.2) after addition of 500 µM UVI. The 

spectrum of unreacted magnetite is shown as the top spectrum in Figure 3.5, and consists 

of two magnetically ordered sextets. The outer sextet corresponds to tetrahedrally 

coordinated Fe3+ and octahedrally coordinated Fe3+ not paired with Fe2+ (Oct,TetFe3+) in the 

magnetite lattice. The inner sextet corresponds to octahedrally coordinated Fe2+ and Fe3+ 

which appears as an OctFe2.5+ sextet due to fast electron hopping between Fe2+ and Fe3+ 

(132, 138; and references therein). The magnetite used had an x from dissolution 

measurements of 0.49 and the x determined from Mössbauer fitting was 0.45 (Figure 

3.6). The total Fe2+ content of the reactor was therefore 6.39 mM and the Fe3+ content 

13.0 mM. If the UVI is assumed to be completely reduced to UIV, 1000 µM e- equivalents 

are required. Thus, after reaction with UVI, 5.39 mM Fe2+ and 14.0 mM Fe3+ should be 

present for a final x = 0.39.  

The Mössbauer spectrum indicates that the only phase present after reaction is 

magnetite. Visual inspection of the Mössbauer spectrum of the reacted magnetite reveals 

that some of the OctFe2.5+ is lost with concomitant increase of the Oct,TetFe3+ sextet, 

confirming that Fe2+ has been oxidized to Fe3+ within the magnetite. We have fit the 

spectrum of the oxidized magnetite to determine the amount of oxidation of Fe2+ in the 

magnetite that has occurred during the reduction of the added U (Figure 3.6, Table 3.2). 

Using the results from the fitting procedure, the xMössbauer after oxidation of Fe2+ by UVI is 

0.38. The measured value of x closely matches the x of 0.39 we have calculated based on 

the amount of added UVI indicating complete reduction UVI to UVI. Our result indicates 

that reduction of UVI occurs as a result of electron transfer from structural Fe2+ in 

magnetite. Our observation is consistent with the previous observation of reduction of 

UVI to UIV coupled to Fe2+ oxidation on the surface of freshly cleaved single crystal 
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magnetite with a near-stoichiometric Fe2+/total Fe ratio but at a much lower pH value of 

4.1 (62).  

Biogenic Magnetite Stoichiometry and Reaction with UVI 

We have also investigated the stoichiometry and reactivity of magnetite produced 

from lepidocrocite reduction by Shewanella putrefaciens CN32. In order to examine the 

reactivity of the magnetite produced by bioreduction, and not the ability of the bacteria to 

reduce UVI, the suspension has been heat-killed by pastuerization. In previous studies, 

magnetite produced by bacterial reduction of iron oxides has been shown to reduce UVI to 

UIV (54, 58); however, neither study determined the stoichiometry of the solid produced 

by bacterial reduction.  

Here we have used Mössbauer spectroscopy to determine the Fe2+/Fe3+ ratio of 

biogenic magnetite (Figure 3.6, Table 3.2). Upon inspection, magnetite is the only phase 

present in the sample. In order to determine the value of x of this magnetite, we have used 

the same fitting procedure as for the synthetic magnetites and fitted parameters are 

reported in Table 3.2. The x of the biogenic magnetite was found to be 0.43, indicating 

that it is partially oxidized, most likely due to incomplete reduction at the time the sample 

was heat-killed. Our observation of the bioreduced magnetite stoichiometry is slightly 

less than what was observed with the x-ray magnetic circular dichroism studies of 

bioreduced magnetite stoichiometry (143, 144). We note that care was taken to sample 

the reduction process early to avoid the formation of ferrous hydroxyl carbonate (145), 

which probably resulted in the partially oxidized nature of the magnetite.  

We have reacted the x = 0.43 biogenic magnetite with 500 µM UVI for 

comparison to our continuum of magnetites with varying Fe2+ content. Analysis of the 

XANES spectrum reveals that when UVI is reacted with the biogenic magnetite in 2 mM 

bicarbonate buffer the majority of the added U is reduced to UIV (Figure 3.1). However, 

data from the linear-combination XANES analysis indicates that only 63% of the total U 
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was reduced to UIV by the biogenic magnetite in 2 mM bicarbonate suspension, whereas 

only 33% of total U was reduced to UIV in the MOPS suspension (Table 3.1). EXAFS 

analysis of the biogenic magnetite reacted with UVI in the bicarbonate buffer indicates 

that a portion of the reduced U in the sample has U-U coordination at approximately 3.8 

Å indicative of nanoparticulate uraninite (Figure 3.2).  

We speculate that the difference between the amount of reduction by the biogenic 

magnetite relative to the synthetic magnetite may be due to the presence of cell debris in 

the suspension, which could act as a secondary sink for uranium in these samples and 

make it unavailable for reduction by the magnetite. As we have noted above, in the 

MOPS suspension UVI precipitation is expected and is observed. Binding of this UVI 

precipitate to cell debris may have or formation of UVI-biomass complexes may have 

occluded a part of the added UVI from contact with the magnetite and limited reduction. 

Conclusions 

Magnetite Fe2+ content (stoichiometry) controls whether UVI is reduced to UIV 

under near-neutral conditions with low bicarbonate concentrations. In addition, our work 

suggests that biogenic magnetite with a defined x of 0.43 reduces UVI to UIV, indicating 

that biogenic magnetites may follow similar trends as synthetic magnetites. Much of the 

variation in magnetite reactivity in past studies may be explained by differences in 

magnetite stoichiometry. The fact that UVI reduction occurs for partially oxidized 

magnetite also raises an important question relevant to sub-surface uranium remediation, 

that is: to what extent will magnetite buffer UIV redoxidation by O2, NO3
-, NO2

-, etc? 

Work with bioreduced sediments containing reduced uranium indicates that exposure to 

atmospheric concentrations of O2 and to dissolved NO3
- or NO2

- results in oxidation of 

UIV to UVI (146-148). However, it is not known to what extent solid Fe2+ can buffer the 

redoxidation of UVI, though our results suggest that magnetite may have some ability to 

do so. 
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The recharge of structural Fe2+ in magnetite by aqueous FeII, is an important 

process in mediating its reactivity with contaminants, shown for UVI here and 

nitroaromatic compounds previously (66, 132). Solid state cycling of structural Fe2+ to 

Fe3+ in magnetite may also be an important process for the electron transfer mechanisms 

that have been hypothesized to occur between sediment dwelling bacteria and inorganic 

electron acceptors at a distance (149, 150). This phenomenon, termed the “biogeobattery 

model,” is hypothesized to occur over large distances (meter scale) (150), and may 

ultimately drive the fate of iron and uranium redox cycling in the subsurface.  
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Table 3.1. Summary of results from magnetite/UVI experiments 
in this study. 

x = Fe2+/Fe3+ [U] initial (µM) [U]final
a
 (µM) 

% UIV/UTotal
f 

(from XANES) 

2 mM NaHCO3 buffer 

0.50 - Magnetite 405 < 9 99 

0.48 558 < 9 87 

0.43 - Biogenicb 435 < 9 63 

0.42 358 < 9 84 

0.33 512 52 13 

0.28 493 46 12 

0.22 550 84 12 

0.17 541 38 7 

0 - Maghemite 522 52 4 

    

50 mM MOPS buffer 

0.50 - Magnetite 380 < 9 95 

0.48 480 < 9 86 

0.43 - Biogenicb 398 24 33 

0.42 375 < 9 88 

0.33 541 < 9 9 

0.28 554 22 11 

0.22 504 < 9 3 

0 - Maghemite 525 < 9 0 

    

0.28 353 < 9 17 

0.28 → 0.44c 289 < 9 99 

0.28 → 0.44d 343 < 9 96 

0.28 → 0.38e 286 < 9 84 

a = [U]final was measured after approximately 24 hours reaction. 
Samples with [U]final < 9 µmoles/L have final solution 
uranium concentrations below the detection limit of the 
colorimetric uranium analysis method used in this study, 
which was determined to be 9 µmoles/L. 

b = Fe2+/Fe3+ ratio determined by Mössbauer spectroscopy. 
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Table 3.1—continued  

c = Non-stoichiometric magnetite with x = 0.28 reacted with 11 
mM aqueous FeII. The magnetite sorbed 1.59 mmoles g-1 FeII. 
The final x of 0.44 is calculated based on the formulae given 
in the Supporting Information of Gorski and Scherer (132), 
and is based on the amount of FeII removed from solution. 

d = Same as e above but with the aqueous FeII removed prior to 
addition of UVI. The magnetite sorbed a similar quantity of 
FeII (1.62 mmoles g-1). 

e = x = 0.28 magnetite reacted with 5.7 mM aqueous FeII. The 
magnetite removed 1.03 mM FeII from solution. The final 
value of x is 0.38.  

f =UIV/(UIV+UVI) ratios are obtained by linear combination 
analysis of the U XANES spectra. UVI endmember: UVI 
sorbed to goethite; UIV endmember: biogenic nanoparticulate 
uraninite. 
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Table 3.2. Mössbauer parameters at 140 K for magnetite before and after reaction with 
UVI, and for biogenic magnetite. 

 OctFe2.5+  Oct,TetFe3+  

Sample CS 
(mm/s) 

ε 
(mm/s) 

H 
(T) 

Area 
(%)  CS 

(mm/s) 
ε 
(mm/s) 

H 
(T) 

Area 
(%) xMössbauer

b 

Unreacted 
Magnetitea 0.74 -0.02 46.0 62.3  0.38 0.001 49.3 37.7 0.45 

Magnetite + 
500 µM UVI 0.75 -0.01 46.6 54.8  0.38 -0.001 49.2 45.2 0.38 

Biogenic 
Magnetite 0.77 -0.01 46.3 60.3  0.38 -0.003 50.3 39.8 0.43 

a Magnetite xd = 0.49. b xMS = ½ (OctFe2.5+)/(½ OctFe2.5+ + Oct,TetFe3+) 
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Figure 3.1. XANES spectra indicating reduction of UVI to UIV by synthetic magnetites 
containing varying Fe2+ contents in pH 7.2, 2 mM bicarbonate. The arrows 
denote the important features of the spectra and are discussed further in the 
text. 
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Figure 3.2. Percent UIV/UTotal after reaction of UVI with magnetites with varying 
stoichiometry. The percent UIV/UTotal was determined using linear 
combination fitting of U XANES spectra with UVI sorbed to goethite and 
biogenic nanoparticulate uraninite end-members. 
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Figure 3.3. EOCP of magnetites with varying x compared to several UVI/UIVO2 couples 
derived from thermodynamic data (66). The reduction potential for the UIV 
species are calculated based on 500 µM UVI of each component present, and 
with 2 mM bicarbonate buffer at pH 7.2. UO2(am) and UO2(cr) represent end-
members for UO2 thermodyanmic data. Thermodynamic data are from Ref. 
(151). 
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Figure 3.4. Reduction of UVI by near-stoichiometric magnetite results in the formation of 
a UIV precipitate with a structure like that of uraninite (UO2) with considerable 
U-U coordination. Transition between UIV products and more oxidized U 
products occurs at stoichiometries of x < 0.42. The reduced intensity of the 3.5 
to 4.2 Å feature in the U/magnetite EXAFS is a result of reduced U-U 
coordination at the particle surface suggesting formation of uraninite 
nanoparticles.   
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Figure 3.5. Oxidation of 1.5 g/L magnetite with x = 0.49 (xMS = 0.45) by 500 µM UVI to 
magnetite with xMS = 0.38. The value of xMS after oxidation agrees well the 
value of x calculated for oxidation of 1 mM of Fe2+ in magnetite by UVI of x = 
0.38. If the value of xMS = 0.45 is used, the expected value of x after Fe2+ 
oxidation by UVI is calculated to be x = 0.35. These values are consistent with 
results from XANES and EXAFS that indicate that UVI exposed to nearly-
stoichiometric magnetite is reduced to UIV. 
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Figure 3.6. Mössbauer spectrum of unwashed biogenic magnetite produced via the 
reduction of lepidocrocite by S. putrefaciens CN32. Fitting of the Mössbauer 
spectrum indicates that the x value of this magnetite is 0.43. 
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CHAPTER 4: ABIOTIC REDUCTION OF URANIUM BY FE(II) IN 

SOIL 

Abstract 

Structural Fe(II) has been shown to reduce several oxidized environmental 

contaminants, including nitrate, chlorinated solvents, and hexavalent chromium and 

uranium. Studies investigating reduction of hexavalent uranium (U(VI)) by soils and 

sediments, however, suggest that abiotic reduction of U(VI) by Fe(II) is not significant, 

and that direct enzymatic reduction of U(VI) by metal reducing bacteria is required for 

U(VI) immobilization as U(IV). Here we present evidence for abiotic reduction and 

immobilization of U(VI) by structural Fe(II) in a redoximorphic soil collected from a 

hillside spring in Iowa. We demonstrate oxidation of Fe(II) in the soil after reaction with 

U(VI) by Mössbauer spectroscopy and reduction of U(VI) by the pasteurized soil using 

X-ray absorption spectroscopy (XAS). XAS indicates that both U(IV) and U(VI) or U(V) 

in a non-uranyl (UO2
2+) geometry are present after interaction with the Fe(II) containing 

soil. Little U(VI) reduction is observed by soil that has been exposed to air and oxidation 

of Fe(II) to goethite has occurred. Soil characterization based on chemical extractions, 

Mössbauer spectroscopy, and XAS indicate that the majority of Fe(II) in the soil is 

structural in nature, existing in clay minerals and possibly a green rust-like phase. These 

data provide compelling evidence for abiotic reduction of U(VI) by structural Fe(II) from 

soil near Fe-rich oxic-anoxic boundaries in natural environments. Our work highlights the 

potential for abiotic reduction of U(VI) by Fe(II) to occur in reduced, Fe-rich 

environments. 

Introduction 

Uranium (U) is a radioactive metal present in the environment as result of release 

from both natural and anthropogenic sources. Although small concentrations of U are 

ubiquitous in all crustal material (e.g. soils - 35), the primary source of subsurface U 
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contamination is mining for weapons production and nuclear power generation (36, 37). 

Releases of stored U-containing waste can also occur from accidents such as the one that 

occurred at the Hanford Site in Washington in 1951 where approximately eight metric 

tons of caustic aqueous sludge containing dissolved U leaked from an underground 

storage tank (152). Considerable effort continues both to characterize existing wastes 

(153) and to explore methods and mechanisms for subsurface immobilization of U (43-

45).  

The mobility of uranium once it is released into the environment is strongly 

dependent on its oxidation state. Under oxidizing conditions, U exists as the hexavalent 

uranyl cation (U(VI)O2
2+), hereafter referred to as U(VI). Under environmental 

conditions, the presence of (bi)carbonate strongly influences the speciation of U, 

resulting in formation of U(VI)-carbonate complexes (38, 39). At low (bi)carbonate 

concentrations and near-neutral pH’s values U(VI) has been found to strongly sorb to the 

surfaces of both synthetic and natural iron oxides. An increase in bicarbonate 

concentration results in decreased sorption to iron oxides due to both formation of U(VI)-

carbonate complexes and competitive adsorption above approximately pH 6.0, thus 

increasing U(VI) mobility (40-42). The variability in U(VI) sorption under changing 

environmental conditions has spurred considerable research into immobilizing U by 

reducing it to U(IV) in uraninite (UO2(s)) , which is significantly less soluble than U(VI) 

species (38, 46) 

Reduction of U(VI) can occur directly from biological reduction by metal and 

sulfur reducing bacteria that couple organic carbon oxidation to U(VI) reduction or 

indirectly by Fe(II) produced from microbial respiration of Fe(III) oxides. Direct 

microbial respiration of soluble U(VI) results in the formation of nano-particulate 

uraninite in both synthetic and natural materials (e.g., 47, 48). Under similar geochemical 

conditions, microbial respiration of Fe(III) oxides also leads to the formation of soluble 

Fe(II) that can sorb or precipitate as various minerals incorporating structural Fe(II), 
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including green rusts, siderite (FeCO3), magnetite (Fe3O4), vivianite (Fe3(PO4)2), and 

Fe(II) containing clay minerals (50-54). 

 Both sorbed Fe(II) and Fe(II)-bearing minerals have been shown to reduce 

U(VI). The formation of a surface complex (>S-Fe(II)-OH) has been correlated with the 

rate of U(VI) reduction at pH 7.5. Diffuse-reflectance FTIR spectroscopy provided 

evidence for U products with a valence state lower than U(VI) (154). Reduction of U(VI) 

by Fe(II) has been shown spectroscopically in systems with Fe(II) sorbed on goethite (α-

FeOOH), Fe(II) sorbed to corundum (α-Al 2O3), and Fe(II) sorbed to montmorillonite 

clay(55-57). Several studies have inferred similar reduction of U(VI) by Fe(II) sorbed on 

iron oxides by tracking aqueous and bicarbonate extractable U (58-60).  

U(VI) has also been shown to be reduced by structural Fe(II) in Fe(II) bearing 

minerals. Complete reduction of U(VI) to uraninite nano-particles has been observed in 

the presence of synthetic sulfate green rust, biogenic carbonate green rust, and biogenic 

magnetite (54, 61). Similarly, U(VI) is reduced to U(IV) by natural, single crystal 

magnetite (62). Other authors have reported varying degrees of U(VI) reduction by 

synthetic magnetites (134, 135, 137). This variation is likely due to varying Fe(II) 

contents of the synthetic magnetites studied, as the Fe(II) content of magnetite recently 

has been shown to have a strong influence on its redox properties (66, 132). Reduction of 

U(VI) to the intermediate valence state of U(V) has been reported for heterogeneous 

reduction of U(VI) on Fe(II)-bearing micas (155, 156). Structural similarities between 

phyllosilicate micas and clay minerals suggest that Fe(II) bearing clay minerals may also 

be capable of reducing U(VI). However, a recent report suggests that, akin to magnetite, 

the redox behavior of clay minerals may depend on the structural Fe(II) content of the 

solids (157). 

Despite extensive experimental evidence for reduction of uranium by synthetic 

and model Fe(II)-bearing minerals and sorbed Fe(II), the role of Fe(II) in U(VI) reduction 

in natural soils and sediments remains unclear. A study using sediments from an aquifer 
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contaminated with landfill leachate in Norman, Oklahoma, saw abiotic U(VI) reduction 

by a dark-colored clayey sediment in heat-killed laboratory experiments. Sediments from 

this aquifer were noted to contain iron sulfides (63), consistent with the recent 

observation that both U(IV) and U(VI) were associated with framboidal pyrites in U 

contaminated Rifle, Colorado, sediment (44). In non-sulfidic natural materials, U(VI) 

reduction by Fe(II) adsorbed to naturally occurring goethite and hematite in sediment 

samples was observed, but was limited to less than 30% of the total added U(VI) (58). 

Despite some evidence for U(VI) reduction by sorbed Fe(II) and Fe(II) containing 

minerals, two studies investigating U(VI) reduction in sediments contaminated by 

uranium mill tailings (San Juan River, New Mexico, and Rifle, Colorado, sediments) 

have concluded that despite the presence of Fe(II) as a result of microbial Fe(III) 

reduction, samples that were heat-killed to stop metabolic processes did not reduce U(VI) 

to U(IV). Based on this evidence it was concluded that in situ abiotic U(VI) reduction by 

Fe(II) in natural soils and sediments is unlikely (64, 65). Here we present evidence for 

abiotic reduction and immobilization of U(VI) by structural Fe(II) in a redoximorphic soil 

collected from a hillside spring in Iowa. We discuss soil characterization based on 

chemical extractions, Mössbauer spectroscopy, and x-ray absorption spectroscopy and 

the presence of structural Fe(II) in clay minerals, as well as the potential presence of a 

green rust-like phase. Our results indicate that structural Fe(II) may be important for in-

situ reductive uranium immobilization.  

Materials and Methods 

Soil Sampling and Characterization 

Soil samples were obtained approximately 1 m downhill from a perennial hillside 

spring located near Hedrick, Iowa (41° 15’ N, 92° 20' W). Generally, the landscape is that 

of the Southern Iowa Drift Plain, characterized by a dissected glacial till plain forming 

numerous hills and interconnected drainages, with hilltops mantled by Late-Pleistocene 
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loess deposits (158). The spring is located on the backslope of a ravine under 

predominantly oak forest adjacent to the South Skunk River, a tributary of the Mississippi 

River. The soil at the sampling site is continuously saturated due to the perennial nature 

of the spring. 

The soil profile sampled near the spring can be described as an A-Bg-C soil 

profile. The soil profile consists of the following horizons: A – 0 to 0.15 m; very dark 

grayish brown (Munsell color 10YR 3/2); silty clay loam; massive structure; many fine 

roots; common reddish brown (5YR 4/4) iron accumulation mottles; wavy, gradual 

boundary. Bg1 – 0.15 m to 0.25 m; brownish yellow (10YR 6/8) to strong brown (7.5YR 

5/8); silty clay loam; massive structure; few fine roots; common reddish brown (10YR 

6/8) and grayish green (5G 5/2) mottles; wavy, gradual boundary. Bg2 – 0.25 m to 0.30 

m; grayish green (5G 4/2); silty clay loam; massive structure; few reddish brown (10YR 

6/8) mottles; common carbonate pebbles and cobbles. C – 0.3 m to bottom of sampling 

depth (0.5 m); dark grey (N 4/1); silty clay loam; massive structure, smooth, gradual 

boundary. Groundwater flow was apparent along the stone line in the Bg2 horizon and 

the water table rose to the level of the land surface when left undisturbed. We suspect that 

the stone line is an erosional lag feature sourced from nearby limestone outcrops, and the 

soil parent material colluvium and alluvium from upslope.  

Soil samples were collected with a soil sampling auger and split core soil 

sampling tubes driven into the soil horizon of interest. The soil core tubes were sealed 

with plastic caps to minimize exposure to air and to prevent drying. After transport, the 

soil samples were transferred to an anoxic glovebox and stored capped until used for 

analysis or experiments. Samples for analysis and experiments were taken from the inside 

of the core to minimize sampling of partially oxidized material on the ends during the 4 

hours of exposure to air during handling and transport.   

For characterization of clay minerals, samples of the soil matrix were size 

fractionated to less than 2 µm based on calculations from Stokes’ law for settling time. 
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The less than 2 µm fraction was centrifuged, resuspended in deionized water, dropped 

onto glass XRD slides, and dried under air. The oriented clay mounts were analyzed with 

a Rigaku MiniFlexII diffractometer using Co radiation with a Fe Kβ filter with and 

without expansion with ethylene glycol. Semi-quantitative powdered x-ray diffraction 

analysis of the clay minerals was done according to the method of Biscaye (159). Based 

on this analysis, illite is the dominant clay mineral in the Hedrick soil, comprising 

roughly half of the clay-size fraction; smectite ( ~30%) and kaolinite ( ~20%) make up 

the remaining half. 

Chemical Extractions 

Chemical extractions by citrate-bicarbonate (CB) and dithionite-citrate-

bicarbonate (DCB) were performed following the procedure of Feder et al. (160). To 

prepare the CB reagent, a solution of 0.267 M sodium citrate and 0.117 M sodium 

bicarbonate was prepared from deoxygenated deionized water. For soil extractions, 

several grams of grayish green soil were homogenized by mixing and 500 mg of soil was 

added to 50 mL of citrate-bicarbonate buffer in serum vials. DCB extractions were done 

similarly, but 1.0 g of sodium dithionite was added to a second vial containing the 

grayish green soil. Finally, a third reactor was prepared with 500 mg soil in 50 mL of 5 N 

HCl. The serum vials were capped, shaken vigorously to break up soil aggregates, and 

placed on an end-over-end rotator for mixing inside an anoxic glovebox. During initial 

experiments samples from the extractions were taken at 18 h and 14 days, in a second 

experiment samples were taken at 1, 3, 8, 24, 48 and 72 h. Soil suspensions were filtered 

through a 0.2 µm filter before Fe analysis. 

For comparison to the soil Fe extractions, we also extracted carbonate green rust, 

ferrihydrite, lepidocrocite, goethite, hematite, two nontronites, an illite clay, and a 

bioreduced nontronite with CB, DCB, and 5 N HCl. These extractions were done in 

triplicate reactors in which 36 mg of solid were added to 18 mL of CB, DCB, and 5 N 
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HCl, with all other procedures the same as used for the soil. The carbonate green rust and 

bioreduced nontronite extractions were done inside an anoxic glovebox, and all others 

were done under normal atmosphere. Total Fe of the clay minerals was determined from 

an HF/HCl extraction to dissolve the silicate structure. Here 3 mL of 70% concentrated 

HCl/30 % HF mixture were added to 60 mg of the clay which was allowed to dissolve for 

2 days. After dissolution, the mixture was made up to 100 mL and dissolved Fe was 

measured colorimetrically with the 1,10-phenanthroline method at a light wavelength of 

510 nm. Ferrous iron was analyzed in the presence of Fe(III) with fluoride as a Fe(III) 

masking agent (139). Total Fe was measured in a separate sample by reduction of Fe(III) 

to Fe(II) by hydroxylamine hydrochloride, and Fe(III) was calculated by the difference 

between total Fe and Fe(II). 

Mineral Synthesis and Characterization 

Synthetic carbonate green rust was prepared using previously described methods 

in an anoxic glovebox (89). Briefly, an 0.13 M solution of FeCl2·4H2O was titrated to pH 

7.0 and mixed with 0.025 M FeCl3·6H2O titrated to pH 7.0, and the mixture was titrated 

to pH 8.3 with 1.0 M Na2CO3 at a maximum rate of 1 mL min-1. The iron oxides goethite, 

hematite, lepidocrocite, and ferrihydrite were synthesized according to procedures 

provided in Schwertmann and Cornell (161). Freeze dried green rusts and Fe(III) oxides 

and oxyhydroxides were characterized using powder x-ray diffraction (pXRD) with a 

Bruker D-5000 diffractometer using monochromatic Cu-Kα radiation or a Rigaku 

MiniFlex II diffractometer using Co radiation and a Fe Kβ filter. Green rust samples were 

mixed with glycerol to minimize oxidation during analysis (106).  

Nontronites from The Clay Minerals Society Source Clays Repository 

(nontronites NAu-1 and NAu-2) were used as representative Fe-bearing clay mineral 

samples for extraction procedures. Nontronites were ground and sieved through an 0.15 

mm mesh sieve, but otherwise used as received. In addition, an Fe-bearing illite was 
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obtained from Ward’s Natural Science and treated in a manner similar to that of the 

nontronites. The bioreduced nontronite was provided by Edward O’Loughlin at Argonne 

National Laboratory and was prepared by incubating NAu-2 in the presence of 

Shewanella putrefaciens CN32 (ATCC BAA-453), a dissimilatory Fe(III)-reducing 

bacterium. Briefly, suspensions consisting of 1 g of NAu-2 per L of sterile M1 medium 

(162) with 20 mM lactate were placed in sterile 60-mL serum bottles which were then 

sealed with rubber septa and aluminum crimp caps and sparged with sterile Ar. The 

suspensions were inoculated with 1 ×108 cells mL-1 of S. putrefaciens CN32, cultured as 

described in O’Loughlin et al. (53), and incubated at 30 °C in the dark until Fe(II) 

production ceased. The bioreduced clays were centrifuged, washed once, freeze dried, 

and stored as a powder. 

U(VI) Sorption and Reduction Experiments 

Experiments investigating U(VI) sorption and reduction were carried out in an 

anoxic glovebox (93% N2/7% H2) to exclude oxygen and to maintain low atmospheric 

CO2 concentrations. Solutions containing 50 g/L soil were prepared with 1 mM NaHCO3 

and the pH was adjusted to 7.6 using 1 M HCl or 1 M NaOH. The soil samples in 

suspension were pasteurized at 70 °C for 1 h in a water bath. After pasteurization, U(VI) 

was added as uranyl acetate in 0.1 M HCl, and the concentration of dissolved U(VI) was 

measured in a filtered aliquot. Several soil samples were also exposed to citrate-

bicarbonate extractant for 72 hours, washed 2 times with DI water, centrifuged, 

resuspended in 1 mM NaHCO3 at pH 7.6, and pasteurized prior to addition of U(VI). 

 Dissolved U(VI) was quantified using colorimetric determination at 588 

nm with the 2-(2- Thiazolylazo)-p-Cresol (TAC) method (108, 109). Briefly, 300 µL of 

sample was mixed with 300 µL of complexing solution (0.137 M CDTA, 0.1 M NaF, and 

0.5 M 5-sulfosalicylic acid, pH 6.5), 60 µL of 0.05 M CTAB (N-cetyl-N,N,N-

trimethylamonium bromide), 60 µL of 0.15 M Triton X-100, 300 µL of 1 M 
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triethanolamine buffer at pH 6.5, and 420 µL deionized water in a 1.5 mL micro-

centrifuge tube. Color was allowed to develop over 2 hours and analyzed alongside 

standards with 10, 50, 75, 100, 150, and 200 µM U(VI). The detection limit was 9 µM 

based on repeat analysis of 11 samples of 10 µM uranyl acetate and calculated using the 

product of the standard deviation and student’s t-value at p = 0.01. 

X-ray Absorption Spectroscopy 

The U LIII-edge XAFS experiments were carried out at the Materials Research 

Collaborative Access Team (MRCAT) beamline, sector 10 at the Advanced Photon 

Source, using a previously described setup (111). Briefly, the beamline undulator was 

tapered and fixed, and the incident energy was scanned by using the Si(111) reflection of 

the double-crystal monochromator in quick-scanning mode (approximately 2 min per 

scan for the extended region and 30 s per scan for the near-edge region). The wet paste 

samples were mounted in drilled Plexiglas slides and sealed inside the anoxic chamber 

with Kapton film windows. The sealed slides were exposed to air for about 1 min while 

being transferred from an O2-free transport container to the N2-purged detector housing. 

Several U(VI) and U(IV) standards were used in the XANES and EXAFS analysis. An 

acidic (pH 3) solution of uranyl chloride was used as the standard for hydrated U(VI) and 

a basic (pH 11) solution of U:carbonate=1:50 was used as the standard for carbonate-

complexed U(VI). U(IV) standards included a crystalline UO2 purchased from Alfa Aesar 

and diluted 1:100 in SiO2 (112), biogenic U(IV) nanoparticles produced by Shewanella 

oneidensis MR-1 and characterized in a previous study (47), and U(IV) nanoparticles 

produced abiotically by reduction with sulfate green rust (61). Linear combination 

spectral analysis of EXAFS data were performed using the program SIXpack (113). 

Mössbauer Spectroscopy 

Soil samples were analyzed using 57Fe Mössbauer spectroscopy using the 

instrumentation described in Larese-Casanova and Scherer (19). Mössbauer spectra were 
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taken of the untreated grayish green soil extracted from the core tubes and a parallel 

sample which was allowed to oxidize in air for several weeks. Samples for Mössbauer 

analysis were mounted in the spectrometer between pieces of Kapton tape to minimize 

exposure to oxygen.  

Mössbauer analysis of soil samples before and after reaction with U(VI) was done 

after suspension of 180 mg of homogenized soil in 18 mL of 1 mM NaHCO3 adjusted to 

a pH value of 7.6. U(VI) acetate was added to the suspension for a nominal U(VI) 

concentration of 500 µM. After 2 days reaction, the samples were filtered and the filtered 

sample was mounted between pieces of Kapton tape prior to analysis. Fitting of all 

samples was done in the Recoil software package using a Voight-based lineshape with a 

fixed linewidth (HWHM = 0.97 mm/s) (73). 

Results and Discussion 

Evidence for Abiotic U(VI) Reduction by Hedrick, Iowa 

Soil  

We exposed several soil samples from the Hedrick site to aqueous U(VI) to 

evaluate whether the Fe(II) containing grayish green soil from near Hedrick, Iowa, could 

reduce U(VI). To minimize microbial U(VI) reduction while also minimizing thermal 

alteration of the soil Fe(II) species, we heat-killed the soil samples by pasteurization 

(rather than autoclaving). We measured the uptake of U(VI) from solution, as well as the 

oxidation state of solid phase U and Fe by x-ray absorption near edge spectroscopy 

(XANES) (Figure 4.1 and Table 4.1). Uptake measurements indicated that total uranium 

was rapidly lost from solution with complete removal observed within 24 hours (data not 

shown).  

The U L3-edge XANES spectra in Figure 4.1 can be interpreted using the edge 

position (horizontal arrows in Figure 4.1 and Figure 4.2) and intensities of spectral 

features (vertical arrow). The edge position (horizontal arrows) is a measure of the 
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average oxidation state of the U atoms in the sample, with the U(IV) standard (uraninite) 

to the left of the edge position of the U(VI) standard (aqueous uranyl ion). The resonance 

feature beyond the absorption edge (vertical arrow in Figure4.1) comes from the axial 

oxygen coordination (Oax) of the uranyl ion (54). Based on the XANES spectra, it is 

evident that some reduction of U(VI) by the Hedrick soil occurred. This can be seen in 

the shift in the absorption edge to a lower energy (horizontal arrows in Figure 4.1 and 

Figure 4.2). Edge positions of the Hedrick soil spectra were refined against linear 

combinations of spectra collected for U(IV) and U(VI) standards (Figure 4.2 and Table 

4.1). We note that the absolute determination of valence state in the XANES 

measurement is approximately ±10 %. The XANES edge for U reacted with the Hedrick 

soil falls about midway between the U(VI) and U(IV) standards indicating that ≈ 50% of 

the U(VI) has been reduced to an overall valence state between U(VI) and U(IV). Further 

indication of reduction of U(VI) to a lower valence state or a change in U(VI) 

coordination involving reduced U-Oax bonding is the loss in intensity of the post-edge 

resonance feature (vertical arrow) in the Hedrick soil sample.  

In an attempt to isolate whether the Fe in the grayish green soil was responsible 

for the U(VI) reduction, we conducted several controls. For the first control, we 

attempted to remove the reactive Fe from the grayish green soil by extracting the soil 

with citrate-bicarbonate, washing it to remove the citrate-bicarbonate, and reacting it with 

U(VI). In previous studies, citrate-bicarbonate has been used as a measure of labile Fe in 

samples, as well as a method to dissolve green rusts (28, 160). The citrate-bicarbonate 

extracted soil reduced ≈ 30% of the U(VI) which was slightly less than the ≈ 50% 

reduction observed by the grayish green soil (Figure 4.2 and Table 4.1). For the citrate-

bicarbonate extracted soil sample, we also observed a loss in intensity of the post-edge 

resonance feature indicative of some loss of U-Oax bonding, due to reduction or change 

in U(VI) coordination (vertical arrow; Figure4.1). Less reduction of U(VI) after some Fe 

was extracted by citrate-bicarbonate suggests that some easily dissolved Fe phase may be 
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responsible for a portion of the U(VI) reduction. On the other hand, the continued 

reduction of U(VI) reduction after citrate-bicarbonate extraction indicates that additional 

reductants besides citrate-bicarbonate extractable Fe(II), such as unextracted Fe(II) or 

other reductants are present in the soil and capable of reducing U(VI).  

For the second control, we allowed the grayish green soil to oxidize in air for 

several weeks before reacting it with U(VI). For the air-oxidized soil, XANES edge-

position measurements indicate that only ≈ 10% of the U(VI) was reduced which is 

significantly less that the 50% reduction observed by the untreated soil (Figure 4.2 and 

Table 4.1). The XANES specta of the air-oxidized soil also has a post-edge feature 

similar to that of the uranyl standard (Figure 4.1), indicating that uranyl U-Oax 

coordination is preserved in this sample. Significantly less U(VI) reduction by the air-

oxidized soil indicates that Fe(II) and other reductants have been removed. It is also 

interesting to note that about 10% less uptake of U was observed on the air-oxidized soil 

than the untreated soil indicating that reduction in the grayish green soil is important in 

decreasing the solution concentration of uranium below the concentration for sorptive 

processes. 

To evaluate the uranium products formed after reduction by the Hedrick soil 

samples, we also collected U L3-edge EXAFS spectra (Figure 4.3). A two-shell numerical 

analysis of the uranium-oxygen bonding environment in U(VI) spiked soil samples was 

done to quantitatively determine the contribution of axial and equatorial U-O bonding (U-

Oax and U-Oeq, respectively). Both the untreated Hedrick soil and the citrate-bicarbonate 

extracted soil sample have similar spectral features. In all of the samples, there is no 

indication of U-U coordination at 3.6 Å, suggesting that the products of U(VI) reduction 

are not uraninite. In the air-oxidized soil sample reacted with U(VI), the EXAFS 

spectrum is consistent with UO2
2+ complexed to a metal-oxide surface site, such as U(VI) 

complexed on a goethite surface as shown in Figure 4.3.  
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In both the untreated and citrate-bicarbonate extracted soil samples where 

significant U(VI) reduction was observed in XANES spectra, EXAFS spectra show loss 

of the U-Oax component. The fitted U-Oax shell distance is 1.80 Å, consistent with 

U(VI) in a uranyl geometry. Using the loss in U-Oax signal as a measure of how much 

U(IV) formed, we can estimate the fraction of U existing in the U(IV) valence state (i.e., 

U(IV)/U Total) from the EXAFs data (Table 4.1). Interestingly, there is a significant 

difference between the U(IV)/UTotal estimated from the EXAFs data compared to the 

U(IV)/U Total obtained from linear combination XANES data. If we were to allow for the 

presence of a U(V) component in the system, the difference between the XANES and 

EXAFS U(IV)/UTotal would be even larger because in the XANES analysis the relative 

U(IV) content will be lower.  

We speculate that the difference between the XANES and EXAFS determined 

U(IV)/U Total is due to a portion of the oxidized U present in a non-uranyl geometry. 

Whereas the presence of a U(IV) compound is required to fully explain both the XANES 

and EXAFS spectra, several different forms of oxidized U can be suggested for the 

oxidized non-uranyl phase. The presence of a non-uranyl oxided U phase can result from 

the formation of a non-uranyl U(VI) mineral (163) or the stabilization of pentavalent 

uranium (U(V)) in a uranium mineral or on the surface of another mineral (156, 164). We 

can discount the formation of a U(V)-carbonate mineral in the EXAFS spectrum as there 

is no indication of the U-Oax component at 1.9 Å (165). The tentative U(V) could be in a 

structure such as an U(V)-U(VI) mineral (164). A lack of a shoulder in the XANES post-

edge was observed for the synthetic U(V)-U(VI) mineral. The U-Oax peak in the EXAFS 

appears smaller than what would be expected from a linear combination of U(V) and 

U(VI) in a uranyl geometry. In fact, XRD of the U(V)-U(VI) compound indicated that the 

33% U(V)/(U(V)+U(VI)) fraction has 2 U(V)-Oax distances of 2.06 Å and 4 U(V)-Oeq 

distances of 2.41 Å. Signals from the 2.06 Å shell would likely not contribute to the U-
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Oax peak in the EXAFS spectrum, but would shift the equatorial shell to smaller distances 

which is consistent with what we observe.  

Taken together, the XANES and EXAFS data suggest that upon addition of U(VI) 

to the grayish-green reduced Hedrick soil samples U(VI) is reduced. The reduced U 

product is made up of a mixture of U(IV) and either U(VI) or possibly U(V) in a non-

uranyl phase. The formation of the non-uranyl phase was not observed in the U(VI) 

sorbed onto air-oxidized Hedrick soil, further suggesting that the change in XAS spectra 

are result of U(VI) reduction.  

To evaluate potential reductants present in the Hedrick soil, we used Mössbauer 

spectroscopy to determine whether U(VI) reduction was coupled to oxidation of Fe(II) in 

the soil. Mössbauer spectra of the soil with and without addition of U(VI) are shown in 

Figure 4.4. After reaction with 500 µM U(VI), a decrease in the amount of Fe(II) present 

in the Mössbauer spectra of the soil from 41% to 35% was observed (Fe(II) doublet D1 – 

Table 4.3) with a concomitant increase of the Fe(III) fraction of the soil from 59% to 

65% (Fe(III) doublet D3 – Table 4.3)). The Mössbauer spectra indicate that 

approximately 6% of the Fe in the soil was oxidized from Fe(II) to Fe(III) after reaction 

with U(VI). Measurements of the Fe content by dissolution in 5 M HCl indicate that 1.2 

mM Fe(II) and 0.7 mM Fe(III) was present. Thus, the 6% oxidation indicated by 

Mössbauer spectroscopy corresponds to oxidation of 110 µM Fe(II), and a reduction of 

an equivalent of 55 µM U(VI) to U(IV), which is 11% of the total U(VI) added. The 

lower amount of reduction in the Mössbauer experiment relative to the XANES data 

shown in Figure 4.1 and 4.2 is likely due to the decrease in solids loading to 10 g/L in the 

Mössbauer experiment compared to the 50 g/L in the XANES experiment. The reduced 

solids loading was necessary to observe a change in the Mössbauer spectra collected. At 

higher solids loadings, the change in relative area between Fe(II) and Fe(III) would not 

be detectable with any degree of confidence. 
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Our results provide compelling evidence that U(VI) reduction by Hedrick soil was 

coupled to Fe(II) oxidation and suggests that abiotic reduction of U(VI) may be a viable 

pathway for in situ uranium immobilization, despite recent findings that have indicated 

that reduction of U(VI) under Fe(III)-reducing conditions is due exclusively to direct 

enzymatic reduction (58, 63, 65). Reduction of U(VI) was not observed in heat-killed 

sediment samples (63) or was minimally observed in heat-killed samples that had been 

incubated with Fe reducing organisms or amended with Fe(II) (58). It is unclear why 

U(VI) is reduced in our soil samples and was not observed in previous experiments. We 

can speculate that it may be due to the formation of different Fe(II) containing phases, 

such as green rust and Fe(II) containing clay minerals, as opposed to Fe(II) adsorbed onto 

surface sites, but clearly more work is needed to determine the relative role of abiotic and 

biotic reduction of U(VI) under environmentally relevant conditions.  

Identification of the Structural Fe(II) in the Hedrick, Iowa 

Soil 

Selective extraction with citrate-bicarbonate 

We characterized the soil using chemical extractions, Mössbauer spectroscopy, 

and XAS in an attempt to identify the soil Fe(II) component that was responsible for 

U(VI) reduction by the grayish green redoximorphic soil from Hedrick, Iowa. Based on 

the color of the soil and recent reports that green rusts can reduce U(VI) to U(IV) and 

form in redoximorphic soils (61, 91), we hypothesized that fougerite, a naturally-

occurring green rust mineral was present in the soil and was responsible for the U(VI) 

reduction. 

We chose a citrate-bicarbonate extraction because it has been shown to rapidly 

and completely dissolve synthetic green rusts and is considered a measure of the more 

labile Fe phases in a soil sample (28, 160, 166). Dithionite-citrate-bicarbonate (DCB) 

extraction was selected to estimate the total amount of crystalline Fe oxides (28, 167). In 
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addition, we measured the total amount of Fe extracted by 5 N HCl or concentrated 

HF/HCl. The mass of Fe dissolved during each extraction is summarized in Table 4.2.  

The total Fe extracted from the three soils samples with 5 N HCl ranged from 

13.4 to 23.4 g Fe/kg soil (38.3 to 66.9 g Fe2O3/kg soil) indicating that the soil has an Fe 

content typical for the Coppock series soil type mapped by the USDA-NRCS (168). The 

amount of citrate-bicarbonate extracted Fe in the soil samples was 4.60, 7.30, and 7.33 g 

Fe/kg soil after about one day (18 or 24 hours). The mass of Fe extracted by citrate-

bicarbonate corresponds to 20, 42, and 55% of the total Fe present in the grayish green 

Hedrick soil samples. The variability of the Fe content was likely due to variability in its 

distribution through the soil. 

To evaluate what phases are likely to be dissolved by citrate-bicarbonate, we 

measured the dissolution of several Fe oxides and clay minerals commonly found in soils. 

Of the Fe oxides we tested (hematite, goethite, ferrihydrite, lepidocrocite), only 

ferrihydrite was significantly dissolved by citrate-bicarbonate (Table 4.2). The 

dissolution of the soil samples, however is much faster than the dissolution of 

ferrihydrite, suggesting that the extracted phase is not ferrihydrite. Further evidence 

indicating citrate-bicarbonate is not extracting ferrihydrite is that significant Fe(II) is 

measured in the soil extract. At the start of the extraction, the ratio of Fe(II) to Fe(III) is 

2.93 and then decreases to about 0.82 after 8 hours (Table 4.4). Dissolution of ferrihydrite 

would result in mostly Fe(III) and a much lower Fe(II) to Fe(III) ratio. Citrate-

bicarbonate extraction of a Hedrick soil sample (#3) was slower than the carbonate green 

rust, but still quite rapid with about 39% of the total Fe extracted within three hours. It is 

important to note that the soil was added as large chunks, which were dispersed by 

vigorous hand shaking (which likely would act to slow the dissolution rate of the soil 

sample), relative to synthetic green rust which was added as a fine powder (< 150 µm).  

Although it is reasonable to eliminate the Fe oxides as a source of the citrate-

bicarbonate extracted Fe, the clay minerals are more difficult to rule out. We observed 
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negligible dissolution from the Fe(III) end-member smectites (nontronites NAu-1 and 

NAu-2), as well as an Fe(II)-bearing illite (despite the presence of Fe(II) in Mössbauer 

spectra of the illite tested - data not shown). Citrate-bicarbonate could, however, 

significantly dissolve both a biologically reduced smectite (bioreduced NAu-2), as well 

as smectites reduced by dithionite (Figure 4.5 and Table 4.2). Almost 7.5% of the total Fe 

was extracted from the bioreduced smectite with relative proportions of Fe(II) and Fe(III) 

of 60% and 40% resulting in an Fe(II) to Fe(III) ratio of 1.5.  

Chemical reduction of the nontronite and illite samples by dithionite in the citrate-

bicarbonate medium also resulted in significant dissolution of Fe (about 25% for NAu-1 

and NAu-2 and 5.5% for illite) (Table 4.2). Some of the dissolved Fe, however is likely 

from the presence of up to 10% goethite, which is evident in Mössbauer spectra of both 

the illite and the NAu-1 nontronite (data not shown). Since goethite is dissolved by DCB, 

we suspect that little of the Fe dissolved from the illite (the dominant clay mineral in the 

soil) was removed from the structure of the mineral by DCB dissolution, but significant 

amounts of Fe were dissolved from both nontronites by DCB extraction.  

Clearly our results indicate that identifying green rusts in soils by selective 

extraction with citrate-bicarbonate alone is not possible. We show here that reduced Fe 

clays, such as Fe(II) bearing smectites can also be dissolved by citrate-bicarbonate. In 

previous work where citrate-bicarbonate extraction was used for green rust identification, 

there was not a significant amount of silicated Fe in the soil, including clay minerals, as 

estimated by total Fe minus dithonite-citrate-bicarbonate extracted Fe (160). Up to 65% 

of the Fe in the Hedrick soil can be attributed to silicate Fe, based on the total Fe minus 

DCB Fe estimate. The presence of a significant silicate Fe fraction makes it more 

difficult to use citrate-bicarbonate extraction as a selective extraction for green rust. 

Although we show that citrate-bicarbonate is not specific to green rust, it is nonetheless 

still useful as a means to distinguish between crystalline Fe oxides and more labile Fe 
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such as green rusts and Fe(II) bearing clays, particularly if the kinetics of dissolution are 

measured, as green rusts dissolve much faster. 

Mössbauer spectroscopy.  

To further characterize the Fe in Hedrick, soil sample, we collected Mössbauer 

spectra of three soil samples at 77, 13, and 4 K. All three spectra had similar features, and 

one is shown in Figure 4.6. At 77 K, the spectra from the grayish green soil consisted of 

two Fe(II) doublets and one Fe(III) doublet. The Fe(II) doublet comprising about 31% of 

the spectral area (D1: center shift, CS = 1.26 mm/s and quadrupole splitting, QS = 2.91 

mm/s), as well as the Fe(III) doublet compromising about 66% of the area (D3: CS = 0.47 

mm/s and QS = 0.47 mm/s and 0.68 mm/s), both have fitted Mössbauer spectral 

parameters that are consistent with literature values for synthetic carbonate green rust and 

naturally occurring fougerite (169, 170) (D1 and D3 in Figure 4.6 and Table 4.3). The 

second, smaller Fe(II) doublet comprises about 3% of the spectra and is quite wide with 

CS = 1.46 mm/s and QS = 3.30 mm/s. The Fe(II) and Fe(III) doublets were observed in 

all three soil samples analyzed and compromised between 22 and 33% and 59 to 66% of 

the total spectra area respectively. One of the three soil samples had an Fe(III) sextet 

compromising about 14% of the spectral area with parameters consistent with goethite 

(data not shown). 

Additional spectra were collected at lower temperatures (13 and 4 K) to see if the 

Fe in the soil sample would magnetically order at lower temperatures. At 13 K, there was 

no indication of magnetic ordering and the spectrum was almost identical to the 77 K 

spectrum. At 4 K the spectrum of the Hedrick soil sample could not be quantitatively 

modeled with a unique set of parameters (collapsed feature in Figure 4.6). Qualitatively, 

however, the spectrum is similar to the 77 and 13 K spectra in that it consists of several 

magnetically unordered Fe(II) and Fe(III) doublets (D1 and D3). The 4 K spectrum also 
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contains a collapsed feature that is likely due to magnetic ordering of some of the Fe in 

the sample. 

Based on the Mössbauer spectra at different temperatures, we can rule out ferrous 

Fe containing minerals, such as siderite, ferrous hydroxide, and magnetite. The wide 

quadrupole splitting of the Fe(II) doublet (D1) observed in the soil spectra (QS = 2.85 

mm/s) eliminates siderite (FeCO3) which has quadrupole splitting of QS = 1.80 mm/s at 

77 K (171). The lack of magnetic ordering (splitting of an Fe(II) doublet to an octet) at 13 

K also excludes siderite since it is expected to order below its Néel temperature of 38 K 

(171). A similar argument can be used to eliminate ferrous hydroxide, since it is expected 

to magnetically split to an octet below 34 K (172, 173). Ferrous iron from magnetite is 

also not a candidate since at temperatures below its Curie temperature of 850°C, it is a 

sextet (174). Vivianite (Fe3(PO4)2·8H2O) is more difficult to eliminate because it does 

indeed have Mössbauer parameters that are similar to what we observed for the soil (CS 

= 1.22 mm/s, QS = 2.93 mm/s and CS = 1.17 mm/s, QS = 2.47 mm/s) (175). Results 

from an x-ray photoelectron spectroscopy scan, however, revealed no evidence for any 

substantive phosphorus (P 2s, P 2p) suggesting that vivianite is unlikely (data not shown).  

The contribution of frozen, aqueous Fe(II) to the Mossbauer signal at low 

temperatures can also be excluded because significant Fe(II) is present in the room 

temperature Mössbauer spectra of the Hedrick soil samples (data not shown). The 

relatively high citrate-bicarbonate extractable Fe(III) content of these samples argues 

against the majority of the signal coming from Fe(II) sorbed onto crystalline oxides as 

sorbed metals are extracted by citrate-bicarbonate (28), and our results indicate that even 

ferrihydrite is poorly dissolved by citrate-bicarbonate. We also consider it unlikely that 

sorbed Fe(II) would give the soils their grayish-green color, as this color is due to Fe(II)-

Fe(III) intervalance charge transfer in a solid (106). Although we cannot completely rule 

out sorbed Fe(II) on the basis of Mössbauer spectroscopy, our Fe K-edge EXAFS results 
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indicate that most of the iron in the samples is structural in nature, and is discussed in 

further detail below. 

Although we can reasonably eliminate many of the Fe(II) containing iron 

minerals, it is much more challenging distinguish among Fe(II) in clay minerals and 

Fe(II) in green rust. A comparison of the center shift and quadrupole splitting parameters 

of green rusts, fougerite, and reduced clay minerals, including Fe(II) containing smectites 

and illites, is shown in Figure 4.7 (176-178). The center shift of reduced smectites ranges 

from 1.2 to 1.3 mm/s and the quadrupole splitting from 2.5 to over 3.0 mm/s. These 

reduced clay mineral Fe(II) parameters overlap those of doublet D1, precluding us from 

distinguishing green rust from reduced Fe in clay minerals on the basis of Mössbauer 

spectroscopy alone. This is especially the case for the Hedrick soil which contains 

significant amounts of smectitic and illitic clay minerals (based on XRD). 

We note that in-situ Mössbauer measurements of fougerite have a reported center 

shift of 1.03 to 1.07 mm/s, which is much lower than the ≈ 1.21 mm/s typical of synthetic 

green rusts and other reports of fougerite (91, 160, 170). Others have previously 

questioned these low center shift values and suggested that they were due to 

inappropriate fitting of the spectra (102). We have re-fitted the data from Feder and co-

workers and get similar low values, and we suspect that the discrepancy is more likely 

due to the higher temperature of in-situ experiment (~283 K) relative to the 78 K spectra 

in previous studies of green rust. Center shifts are well known to decrease with increasing 

temperature due to the second-order Doppler shift term (70), and we have observed shifts 

to as low ≈ 1.1 mm/s in room temperature spectra of synthetic carbonate green rust. We 

have excluded these data from Figure 4.7 due to the effect of temperature on Mössbauer 

parameters. 
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Fe K-edge EXAFS 

In addition to Mössbauer spectroscopy, we have measured Fe speciation in the 

Hedrick soil using Fe K-edge EXAFS (Figure 4.8). To quantify the Fe-bearing phases 

present we conducted a linear combination fitting procedure of the soil using several Fe 

containing clay minerals, iron oxides, and green rusts as reference spectra. The spectrum 

of the grayish-green Hedrick soil can be fit with several different combinations of clay 

minerals including a combination of 59% Fe-bearing illite, 23% bioreduced NAu-1 

nontronite, and 5% each of unaltered and reduced NAu-2 nontronite. The same 60% 

contribution of illite to the spectrum can be mimicked by a combination of kaolinite, 

hectorite, and montmorillonite, indicating the EXAFS analysis cannot be used to 

determine the exact nature of the Fe in clay minerals. We note that although during the 

linear-combination fitting of the spectrum we have included green rust as a potential 

phase, it is rejected during the fitting procedure. 

In a previous study, Fe-EXAFS was used to determine the presence of a green 

rust type Fe(II)-Fe(III) precipitate in a natural sample (179) with an order of magnitude 

higher total Fe-content (~200 g Fe/kg for their sediment vs. ~ 20 g Fe/kg for our soil 

samples). Some difference was observed in EXAFS spectra of laboratory synthesized 

green rust and that of the natural material, which they attributed to the affects of small 

size or differences in Fe(II)/Fe(III) content. Differences in Fe(II)/Fe(III) content may 

explain our results, also, as the ratio in our soil samples is approximately 0.5, which is 

more oxidized than our green rust standard. To date, no EXAFS analysis has been done 

on green rusts with varying Fe(II)/Fe(III) ratios, although green rusts can be synthesized 

with variable Fe(II)/Fe(III) ratios ranging from 3:1 to 0 (102, 180). The wide range of 

Fe(II)/Fe(III) ratios for green rusts affects their structure due to the smaller size of the 

Fe(III) cation and deprotonation of OH- to O2- upon oxidation of Fe(II). This structural 

change is readily apparent in x-ray diffraction patterns of synthetic green rusts (102). Due 

to structural similarities between octahedral Fe in green rusts and in the octahedral sheet 
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of reduced 2:1 clay minerals, a future study investigating different valence states of the 

two may provide useful information for Fe-phase identification in reduced sediments and 

soils. 

Goethite forms from air oxidation 

One compelling line of evidence to indicate that the soils contain some green rust 

is the visually and spectroscopically observed oxidation of the grayish green soil by 

oxygen in air. Exposing the soil to air results in a color change from grayish green (5G 

4/2 to 5G 5/2) to light olive brown (2.5Y 5/6) over several days. Mössbauer spectra of the 

air-oxidized soil reveals an Fe(II) and Fe(III) doublet at room temperature, with a broad 

Fe(III) sextet appearing as the temperature is lowered to 77 and 13 K (Figure 4.9). The 

Fe(III) sextet comprises about 40% of the spectral area at 77 and 13 K and has Mössbauer 

parameters consistent with goethite (CS = 0.49 mm/s, ε = -0.11 mm/s, and H = 48.1 T). 

The Fe(III) doublet (CS = 0.45 mm/s and QS= 0.51 mm/s) comprises most of the spectral 

area at room temperature (87%), but decreases to about half of the spectral area at the 

lower temperatures. The last feature is an Fe(II) doublet comprising 6% of the spectral 

area with parameters similar to D1 (CS = 1.24 mm/s and QS= 2.90 mm/s) (Table 4.3). 

Spectral parameters at 77 and 13 K of the Fe(III) sextet of the oxidized soil (Figure 4.9 

and Table 4.3) are consistent with poorly crystalline, nanometer sized goethite (128, 181) 

or aluminum-substituted goethite (182).  

Slow oxidation of green rust to goethite upon exposure to air is similar to previous 

observations of green rust oxidation in a carbonated medium (169). The amount of 

goethite formed via oxidation of green rust phase can be estimated as approximately 44% 

(based on relative area of the sextet in the Mössbauer spectra). The percentage of total Fe 

oxidized to goethite is within the range we measured for total Fe extracted by citrate-

bicarbonate (20 to 55%). It is unlikely that oxidation of structural Fe(II) in clay minerals 

would result in the formation of goethite. Studies done on Fe-containing smectites 
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indicate that structural Fe in these minerals can be reduced and reoxidized in a quasi-

reversible process without the formation of secondary Fe oxides (183). It is also 

improbable that large amounts of Fe(II) from inside the clay mineral structure could 

diffuse out of the structure to form goethite upon oxidation. We can also exclude 

oxidation of sorbed Fe(II) to form goethite as a mechanism based on our Fe-EXAFS 

results, which indicate that the majority of Fe(II) in these samples is structural in nature. 

The absence of ferrihydrite in our low temperature Mössbauer spectra (13 K and 4 K) 

rules out recrystallization of ferrihydrite to goethite (128). Taken together, these results 

are a compelling argument to indicate that that the goethite originated from green rust in 

the soil.  

Identification of green rust by XRD, Raman spectroscopy, and transmission 

electron microscopy/selected area electron diffraction (TEM-SAED) was also attempted. 

No peaks were detected in the XRD pattern that were characteristic of green rust, most 

likely due to the dilute nature of green rust in these samples (< 1% of the total mass). 

Raman spectroscopy of the soil samples was attempted to look for the peaks at 

approximately 425 and 520 cm-1 diagnostic for green rusts (170). We did observe 

shoulders in the Raman spectra against a strong background at wave numbers near those 

for green rust, however, definitive peaks were not observed. Hexagonal shaped particles 

were also observed in TEM images of the soil, which are a characteristic of green rust 

particles, but other minerals present in the soil, such as kaolinite have hexagonal 

morphology (184). Selected area electron diffraction (SAED) revealed diffraction rings 

with a similar d-spacing as one of green rusts, but the (110) rings (d = 1.58 Ǻ) of 

carbonate green rust are similar to those to those of quartz (d = 1.54 Ǻ).  

Conclusion 

The redox state of soils is expected to be strongly coupled to the biogeochemical 

cycling of trace elements, nutrients, and important environmental contaminants, such as 
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radionuclides. Our work demonstrates that in soils and sediments which have conditions 

favorable for the formation of structural Fe(II), and possibly the green rust mineral 

fougerite, U(VI) can be removed from solution and reduced as a result of abiotic 

processes. Reduction of U(VI) is coupled to the oxidation of Fe(II) to Fe(III) in the soil 

sample. Our data suggest that structural Fe(II) may be important for the reduction of 

U(VI) in contaminated soils and sediments. Manipulation of site conditions favorable for 

the production of structural Fe(II) rather than aqueous Fe(II) by microbial metabolism 

may be an important remediation strategy. 

Characterization of the structural Fe in the soil from Hedrick, Iowa, indicates the 

presence of several forms of Fe(II) that could be responsible for the abiotic reduction of 

U(VI). Based on wet chemical extractions and Mössbauer spectroscopy, we have 

identified the presence of a labile Fe(II) phase that oxidizes to goethite on exposure to air. 

We also identified Fe(II) in clay minerals most likely as Fe(II) in smectite or illite using 

Fe-edge EXAFS that is consistent with semi-quantitative clay mineral analysis by pXRD 

. Our data are also consistent with a portion of the labile Fe in the soil being the green 

rust mineral, fougerite. Our lines of evidence for fougerite include (i) significant percent 

of Fe extracted with citrate-bicarbonate with Fe(II)/Fe(III) ratios consistent with green 

rusts, (ii ) Mossbauer spectral parameters consistent with fougerite and green rusts, and 

(iii ) air oxidation to goethite. Fougerite has been previously found in redox active soils 

and sediments and was named for its occurrence in soil near Fougères, France (91). 

Green rusts have also been found in deeper subsurface groundwater (185), suggesting 

their presence may be important for remediation of contaminants in aquifer 

environments.  

Our critical evaluation of both the citrate-bicarbonate extraction and use of 

Mössbauer spectral parameters as means for identifying fougerite confirm that neither are 

sufficient for positive identification. We found that citrate-bicarbonate extraction is not 

specific to green rusts and fougerite as it dissolves a small amount of ferrihydrite over 
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long time scales and removes both Fe(II) and Fe(III) from a bioreduced clay mineral. It 

is, however, useful as a means to distinguish between crystalline Fe oxides and more 

labile Fe such as green rusts and Fe(II) bearing clays, particularly if the kinetics of 

dissolution are measured. Analysis of the literature data for Mössbauer parameters for 

green rusts, fougerite, and Fe(II) bearing clays suggests that Fe(II) in reduced clays 

cannot be distinguished from fougerite based on Mössbauer alone.  
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Table 4.1. Comparison of the percent U(IV)/UTotal estimated from Uranium L3-
edge XANES and EXAFS results from reduction of U(VI) by 
pasteurized Hedrick soil samples.   

Sample % U(IV)/UTotal – 
XANES 

% U(IV)/UTotal – 
EXAFSa 

Hedrick grayish green soil  50 80 

Extracted grayish green soilb 32 57 

Air oxidized grayish green soil  9 0 

a = Percent U(IV)/UTotal estimated based on U-Oaxial content of U LIII-EXAFS 
spectra using a two-shell numerical fitting procedure. 

b = Extracted with citrate-bicarbonate.  
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Table 4.2. Results from chemical extraction of Fe from soils and synthetic Fe minerals in g Fe/kg solida. 

Citrate-Bicarbonate  

Time 
(hour) 

Soil 
Sample 1 

Soil 
Sample 2 

Soil 
Sample 3 

GR 
(CO3)

 
Ferri-
hydrite 

Lepido-
crocite Goethite Hematite Illite NAu-1 NAu-2 

Bioreduced 
NAu-2 

1   2.91 
(21.8) 

466 
(106) 

2.00 
(0.45) 

0.460 
(0.08) 

0  
(0.00) 

0.314 
(0.04) 

0.050 
(0.02) 

0.036 
(0.02) 

0.154 
(0.08) 

12.7 
(5.11) 

3   5.17 
(38.8)  3.91 

(0.88) 
0.891 
(0.15) 

0  
(0.00) 

0.341 
(0.04) 

0.043 
(0.02) 

0.238 
(0.11) 

0.208 
(0.10) 

15.6 
(6.27) 

8   5.86 
(43.9)  4.12 

(0.93) 
1.12 

(0.19) 
0  

(0.00) 
0.361 
(0.05) 

0.078 
(0.04) 

0.198 
(0.09) 

0.198 
(0.10) 

13.6 
(5.47) 

16     9.50 
(2.15) 

2.17 
(0.37) 

0.007 
(0.00)      

18 4.60 
(19.6) † 

7.30 
(41.8)           

24   7.33 
(54.9)     0.415 

(0.05) 
0.208 
(0.10) 

0.558 
(0.26) 

0.494 
(0.24) 

18.5 
(7.46) 

48   6.34 
(47.5)     0.474 

(0.06) 
0.164 
(0.08) 

0.533 
(0.25) 

0.558 
(0.27)  

72   5.43 
(40.6)  13.0 

(2.94) 
4.61 

(0.79) 
0.252 
(0.00)  0.272 

(0.13) 
0.567 
(0.26) 

0.550 
(0.27)  

7 days     34.2 
(7.74) 

1.90 
(0.32) 

0.084 
(0.00)  0.302 

(0.15) 
0.545 
(0.25) 

0.511 
(0.25)  

14 days 7.59 
(32.4) 

10.0 
(57.3)   58.9 

(13.3) 
2.80 

(0.48) 
0.560 
(0.02)  0.321 

(0.16) 
1.02 

(0.47) 
0.975 
(0.48)  

DCB Feb 8.10 
(34.6) 

6.42 
(36.8) n.m. n.m. 446 

(101) 
595 

(102) 
579 

(82.6) 
730 

(94.0) 
2.09 

(5.54) 
61.7 

(28.6) 
51.7 

(25.2) n.m. 

Total Fec 23.4 17.4 13.4 438 442 586 701 777 37.6 215 205 248 
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Table 4.2—continued 

a numbers in parantheses are % of Fe extracted based on total Fe. 

b Dithionite-citrate-bicarbonate extractable Fe after 18 – 32 hours. 

c Total Fe is defined as the 5 N HCl extractable iron for the soil samples, GR(CO3), ferrihydrite, goethite, and hematite; and for illite 
and nontronites total Fe was determined by dissolution in concentrated HCl/HF solution.  

n.m = not measured 
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Table 4.3. Mössbauer spectral parameters for the Hedrick soil sample, fougerite, and 
carbonate green rust.  

Sample T (K) Component CS 
(mm/s) 

QS or ε 
(mm/s) H (T) Area(%) 

Grayish green 
Soila 

77 D1 - Fe(II) doublet 1.26 2.91 - 31 

 Fe(II) doublet 1.46 3.30 - 3 

 D3 - Fe(III) doublet  0.47 0.47 - 66 

  0.47 0.68   

13 D1 - Fe(II) doublet 1.26 2.92 - 29 

 Fe(II) doublet 1.48 3.34 - 6 

 D3 - Fe(III) doublet 0.49 0.47 - 58 

  0.48 0.68 -  

Fougerite  
ref. (170) 

77 D1 - Fe(II) doublet 1.25 2.87 - 50.7 

 D3 - Fe(III) doublet 0.45 0.54 - 49.3 

Carbonate GR 
ref. (169) 

77 D1 - Fe(II) doublet 1.27 2.92 - 49 

 D2 - Fe(II) doublet 1.28 2.69 - 17 

 D3 - Fe(III) doublet 0.47 0.43 - 34 

Air Oxidized 
Soilb 

298 Fe(II) doublet 1.19 2.65 - 13 

 Fe(III) doublet 0.38 0.51 - 87 

77 Fe(II) doublet 1.24 2.90 - 6 

 Fe(III) doublet 0.45 0.51 - 54 

 Fe(III) Sextet 0.48 -0.13 48.1 40 

13 Fe(II) doublet 1.20 2.91 - 7 

 Fe(III) doublet 0.46 0.49 - 49 

 Fe(III) sextet 0.49 -0.11 49.5 44 

Unreacted Soilc 

77 D1 - Fe(II) doublet 1.27 2.93  41 

 D3 - Fe(III) doublet 0.47 0.48 - 59 

  0.47 0.39 -  

Soil reacted with 
U(VI) c 

77 D1 - Fe(II) doublet 1.27 2.95  35 

 D3 - Fe(III) doublet 0.46 0.50 - 65 

  0.46 0.51 -  

a Spectra for the soil sample are shown in Figure 4.5.  

b Spectra for the air oxidized soil are shown in Figure 4.6.  

c Spectra for the comparison between the U(VI) reacted soil and the unreacted soil are 
shown in Figure 4.3.  
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Table 4.4. Fe(II) and Fe(III) (in g/kg) and Fe(II)/Fe(III) ratio 
extracted by citrate-bicarbonate for synthetic Hedrick 
grayish green soil sample 3. 

 

Time (h) Fe(II), g/kg Fe(III), g/kg Fe(II)/Fe(III) 

1 2.17 0.74 2.93 

3 2.89 2.28 1.26 

8 2.65 3.22 0.82 

24 2.33 5.00 0.47 

48 2.69 3.65 0.74 

72 2.49 2.94 0.85 
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Figure 4.1. Uranium L3-edge XANES spectra of pasteurized grayish-green Hedrick soil, 
citrate-bicarbonate extracted and washed soil, air-oxidized soil, U(VI) 
standard (aqueous UO2

2+-CO3), and U(IV) standard (uraninite). The position 
of the absorption edge is indicated by the horizontal arrows. The resonance 
feature above the absorption edge is indicated by the vertical arrow. Reactors 
contained 50 g/L soil, 1 mM NaHCO3 at pH 7.6, and 500 µM U(VI). 
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Figure 4.2. Percentage of U(IV) in pasteurized grayish-green Hedrick soil, air-oxidized 
soil, and citrate-bicarbonate extracted soil estimated from U L3-edge XANES 
absorption edge positions and linear combinations between the U(IV) and 
U(VI) standards. 
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Figure 4.3. Uranium L3-EXAFS of 50 g/L suspensions of the pasteurized soil samples. 
Attenuation of the Fourier transform intensity of the untreated grayish-green 
soil and the citrate-bicarbonate treated soil indicates a loss of axial U-O 
coordination. This suggests that a portion of the uranium is not in an uranyl 
(UO2

2+) coordination. The EXAFS spectrum of the air-oxidized soil is similar 
to that of uranyl bound to goethite. 
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Figure 4.4. Mössbauer spectrum of Hedrick Soil before and after being exposed to 500 
µM U(VI). After exposure the relative area of the Fe(II) doublet (D1) is 
reduced from 41% of the total area to 35%, confirming that U(VI) reduction is 
coupled to oxidation of Fe(II) in the soil. 
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Figure 4.5. Chemical extractions using citrate-bicarbonate with various iron oxides 
(goethite ( ), ferrihydrite ( ) lepidocrocite ( ), and hematite ( )), 
carbonate green rust ( ), reference nontronite clays (NAu-1 ( ) and NAu-2 
( )), illite ( ), bioreduced nontronite (*), and Hedrick grayish green soil ( , 
with numbers). 
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Figure 4.6. Temperature dependent Mössbauer spectra of grayish green Hedrick soil 
sample collected from a redoximorphic feature near a hillside spring in Iowa. 
The 77 and 13 K spectra were collected at a reduced velocity scale to increase 
the signal to noise ratio in the region of interest, and the outer peaks of the 
sextet are cropped. Mössbauer spectral parameters are reported in Table 4.3. 
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Figure 4.7. Comparison of hyperfine interaction parameters among Hedrick soil Fe(II) 
doublet (D1), fougerite (91), synthetic carbonate green rust (102, 169, 186), 
and various clay minerals (176-178). 
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Figure 4.8. Fe K-edge EXAFS of the grayish green Hedrick soil sample. (A) Sorbed 
Fe(II), (B) carbonate green rust, (C) NAu-1 Nontronite, (D) NAu-2 
Nontronite, (E) Illite, (F) Kaolinite, (G) Montmorillonite, (H) Bioreduced 
NAu-1, (I) Bioreduced NAu-2, (J) Hectorite, (K) Hedrick soil (open circles) 
and linear combination fit (solid line), (L) citrate-bicarbonate extracted 
Hedrick soil. Linear combination fitting of the Hedrick soil spectrum with 
laboratory prepared standards reveals approximately 60% of the iron in illite 
and 25% in reduced NAu-1 smectite, consistent with the clay mineralogy of 
the soil. The Fe EXAFS indicates structural Fe(II) and Fe(III) in clay minerals 
contribute to the majority of the spectrum.  
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Figure 4.9. Temperature dependent Mössbauer spectra of air-oxidized Hedrick soil from 
a grayish green redoximorphic feature. A large proportion of the Fe(II) present 
in the unoxidized spectra (Figure 4.5) has been oxidized to produce an Fe(III) 
sextet consistent with goethite. Mössbauer spectral parameters are shown in 
Table 4.3. 
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CHAPTER 5: EFFECT OF CATION SUBSTITUTION AND ANION 

SORPTION ON ELECTRON TRANSFER BETWEEN FE(II) AND 

GOETHITE 

Abstract 

The reaction of Fe(II) with Fe(III) oxides and hydroxides is complex and has been 

shown to include sorption of Fe(II) to the oxide, electron transfer between sorbed Fe(II) 

and Fe(III), reductive dissolution, and mineral transformation. Much of the work 

investigating electron transfer between Fe(II) to Fe(III) oxides has been done under 

relatively simple aqueous conditions in organic buffers to control pH and background 

electrolytes to control ionic strength. In nature, however, iron oxides such as goethite are 

subjected to a complex biogeochemical milieu which includes significant amounts of 

structural cation substitution by Al(III) and the presence of sorbed anions such as 

phosphate, carbonate, silicate, and natural organic matter. We used 57Fe Mössbauer 

spectroscopy to explore whether Al substitution and sorbed anions (PO4
3-, CO3

2-, SiO4
4-, 

humic acid, and phospholipids) inhibit electron transfer between aqueous Fe(II) and 

Fe(III) goethite. We have found Fe(II) is oxidized to Fe(III) by goethites with Al-

substitution up to 9.4%, forming goethite, as has been previously observed for pure 

goethite. Electron transfer between aqueous Fe(II) and goethite also occurred in the 

presence of sorbed PO4
3-, CO3

2-, SiO4
4-, and humic acid. In addition, electron transfer via 

dissolution of vivianite and sorption of Fe(II) on the surface of goethite also occurs when 

vivianite is precipitated in the presence of goethite. Fe(II) to Fe(III) electron transfer was 

only inhibited after sorbing a long-chain phospholipid to the surface of goethite and 

found it stops Fe(II) to Fe(III) electron transfer. Our work indicates that interfacial 

electron transfer between Fe(II) and Fe(III) in goethite is a robust process under a wide 

variety of geochemical conditions, but that it may be inhibited at high biomass 

concentrations or in the presence of extracellular polymeric substances and biofilms. 
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Introduction 

Redox reactions between Fe(II) and Fe(III) oxides are important drivers of 

groundwater geochemistry. Cycling between oxidized and reduced iron species is 

important to several elemental cycles in the environment, including the carbon cycle, 

nutrient cycles, and contaminant transformation (7, 61, 187-189). In the past, Fe(II) 

interactions with minerals, including iron oxides, have been described using surface 

complexation models which do not consider the potential for redox reactions to occur 

between Fe(II) and the mineral (8-10). Surface complexation models fail to capture the 

range of complexity that occurs when Fe(II) reacts with iron oxyhydroxides and oxides 

(hereafter referred to as Fe oxides). For example, Fe(II) is known to catalyze the 

recrystallization of thermodynamically unstable Fe oxides such as ferrihydrite and 

lepidocrocite to goethite, magnetite, and green rust (14-16). In addition, several recent 

studies have shown Fe(II) is oxidized to Fe(III) at the surface of goethite, hematite, 

ferrihydrite, and non-stoichometric magnetite in a templated oxidation reaction to form a 

new layer of the underlying oxide in a reaction involving no net reduction of Fe(III) (18-

23, 132, 190).  

Based on studies tracking the exchange of Fe isotopes between aqueous solution 

and solid Fe oxides (17, 24, 25), in concert with the studies that show Fe(II) oxidation by 

Fe(III) oxides, a new conceptual model for the reaction between aqueous Fe(II) and Fe 

oxides has been proposed (22-24). The model suggests that the interaction of aqueous 

Fe(II) with Fe(III) in iron oxides can be thought of as “redox driven conveyor belt,” 

where sorption of Fe(II) is followed by electron transfer to the oxide, producing an 

Fe(III) atom template on the surface of the oxide with a similar character as the 

underlying oxide, the electron transferred to the oxide is conducted through the oxide, 

reduces an Fe(III) atom elsewhere in the Fe oxide crystal to Fe(II), which is followed by 

detachment of this Fe(II) atom from the oxide into solution. 
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Despite the now extensive evidence that interfacial electron transfer occurs 

between sorbed Fe(II) and Fe oxides, there is little evidence as to whether this 

phenomenon might occur in the complex biogeochemical milieu found in nature. We 

note that these studies have all been done in relatively pure systems in electrolyte 

solutions with the pH fixed by potentiometry or organic buffers and using pure oxide 

materials (18-21, 132, 190); however, in natural systems Fe oxides frequently contain 

other cations that substitute for Fe(III) in their structure (26-28). The most abundant and 

frequently studied of the cations that can substitute for Fe(III) in iron oxides is aluminum 

(as the Al(III) cation) (26, 27). Research on both natural and synthetic aluminum 

substituted goethites (Al-goethites), suggests that approximately 33% of the Fe(III) in 

goethite can be replaced by Al (Al/(Al+Fe)) (191).  This phenomenon is not entirely 

unexpected.  In the environment, the release of aluminum during mineral weathering is 

likely to occur simultaneously with iron release.  In addition, the relatively small 

difference in cation size for Al(III) and Fe(III) (53 pm  vs. 65 pm) and the structural 

similarity between diaspore (α-AlOOH) and goethite (α-FeOOH) can be used to account 

for the common substitution of Fe(III) by Al(III) in goethite.   

In addition to the common cation substitution of goethite by Al, Fe oxides are 

good sorbents for a variety of anions present in the environment including phosphate, 

carbonate, silicate, and natural organic matter (29-33). Phosphate (PO4
3-) has been the 

subject of a large number of studies, due to its importance in determining soil fertility 

(32, 33, 192-194). Phosphate is known to form inner-sphere coordination complexes with 

goethite, but the exact coordination geometry is a subject of debate, with both a 

protonated monodentate surface complex (195, 196) or a deprotonated bidentate surface 

complex proposed (33). The adsorption of the phosphate anion, which has weak acid 

properties, changes the surface charging characteristics of goethite suspensions and the 

point of zero charge shifts (pHPZC) from pH 8.1 to 5.1 after adsorption of phosphate 

(197).  The shift in pHPZC results in the occurrence of a less protonated, thus more 
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negative, surface at lower pH’s than pure goethite.  By extension, this more negative 

surface has a greater affinity for cations.  This result is seen in work by Stachowicz et al. 

(34), where both Ca2+ and Mg2+ both have lower pH edges of adsorption to goethite in the 

presence of phosphate than in its absence. 

Here we have investigated whether Fe(II) to Fe(III) interfacial electron transfer 

happens between Fe(II) and goethite under environmentally relevant conditions of Al-for-

Fe substitution in goethite and in the presence of sorbed anions (phosphate, silicate, 

carbonate, and natural organic matter (humic acid and phospholipids)). We have used the 

isotope specificity of 57Fe Mössbauer spectroscopy to track whether added 57Fe(II) is 

oxidized by Mössbauer spectroscopy invisible 56Fe goethite. We have also investigated 

macroscopic uptake of Fe(II) from solution by Al-substituted goethites and goethite with 

sorbed phosphate to explore whether inferences can be drawn between the macroscopic 

sorption data and spectroscopic data. 

Materials and Methods 

Goethite Synthesis 

For goethite samples synthesis from naturally abundant iron with less than 5% 

aluminum substitution (samples denoted Gt, 2Al-Gt, and 4Al-Gt) a solution of Al(NO3)3 

was added to a solution of 5 M KOH to create soluble aluminate Al(OH)4
- (0.313 M) in 

1.88 M KOH.  Aliquots of this aluminate solution were added to enough 5 M KOH to 

make a total final concentration of 0.3 M KOH, and 50 mL of 1 M Fe(NO3)3 was added.  

A dark reddish brown Fe(III) precipitate formed, and the solution was diluted to 1 L.  The 

1 L bottles were placed in an air oven at 70 °C for 2 weeks.  After 2 weeks, the samples 

were removed from the oven and the supernatant was discarded.  The precipitates were 

washed once with 1 M KOH to remove any Al precipitates and centrifuged.  The pellet of 

goethite was resuspended in DI water and adjusted to a pH of approximately 9.0 with 1 

M HCl to increase flocculation, and washed three times by centrifugation. The pellet was 
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dried overnight at the synthesis temperature in an oven and ground to a powder with a 

mortar and pestle. 

For fractions of Al (Al/(Al+Fe)) in solution greater than 0.15 in 0.3 M KOH, 

hematite was formed along with goethite, and higher base concentration was needed to 

prevent the crystallization of hematite over goethite (198). A similar procedure was 

followed for the 10% Al-substituted goethite (denoted 10Al-Gt) sample, but the final 

base concentration of 0.3 M KOH was replaced with 1 M KOH and the suspension was 

heated at 60 °C for 4 weeks.  The lower temperature also ensured the formation of 

goethite instead of hematite. Addition of Fe(II) to a suspension of this 10% Al-substituted 

goethite revealed formation of a black precipitate, likely magnetite, indicating partially 

uncrystallized ferrihydrite. Similar results were indicated by dithionite-citrate-bicarbonate 

(DCB) dissolution. This uncrystallized material was removed by dissolving it in 0.5 M 

HCl for 2 hours prior to measure Fe(II) sorption isotherms. 

Goethite with and without aluminum substitution was also synthesized from 

Mössbauer spectroscopy invisible 56Fe in order to investigate electron transfer dynamics 

between Mössbauer active 57Fe and the underlying goethite. The synthesis parameters 

and properties are outlined in Table 5.1. Goethite was synthesized by dissolving 56Fe(0) 

powder (Chemgas, Inc., 99.77%) in 25 mL of 1 M HCl. The resulting 200 mM 56Fe(II) 

containing solution was oxidized to 56Fe(III) with excess H2O2. For 56Fe Al-goethite, an 

AlCl 2 solution of the same concentration as used in the naturally abundant Al-goethite 

synthesis was used instead of Al(NO3)3·9H2O to minimize the presence of redox active 

nitrate in the reactors. An aliquot of aluminate solution was added to a polypropylene 

bottle to set the Al content of the synthesis batches to 0.27 and 0.44 based on the 

Al/(Al+Fe) ratio. A solution of 5 M KOH was added to bring the final base concentration 

to 1 M, while accounting for the neutralization of the HCl from the dissolution procedure. 

At this point the deionized H2O was added to bring the total volume of the bottle to 87.5 

mL and 12.5 mL 200 mM 56Fe(III) was added for a total of 100 mL of solution. The 
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precipitate was aged at 60 °C in an oven for 3 months in order to insure complete 

conversion of the Fe(III)/Al precipitate to goethite.  This procedure was done in parallel 

with naturally-abundant Fe(0) powder for Mössbauer analysis. After 3 months the 

goethite was processed by washing once with 1 M KOH, then 3 times with DI water, 

dried, and ground to a powder.  A similar procedure was followed for Al-free 56Fe 

goethite, but the aluminate solution was omitted and the final KOH concentration was 0.3 

M. 

Goethite Characterization 

Several methods were used to characterize the goethite and Al-goethites 

synthesized, including wet chemical methods and solid-state methods.  The wet chemical 

methods used to characterize the goethite and Al-goethite were reductive dissolution in 

dithionite-citrate-bicarbonate solution and proton-promoted dissolution in 8 M HCl. Solid 

state methods included scanning electron microscopy (SEM), powder x-ray diffraction 

(pXRD), and Mössbauer spectroscopy. The aluminum content of Al-goethites was 

measured by dissolving it in 8 M HCl overnight at 70 °C, and measuring Al and Fe using 

ICP-OES or ICP-MS. Al contents as Al/(Al+Fe) of the naturally abundant Fe goethites 

used in this study were 2.2% (referred to as 2Al-Gt), 4.4% (4Al-Gt), and 9.9% (10Al-Gt). 

The Al contents of the 56Fe Al-goethites used in this study were 5.4% and 9.4%, these are 

referred to as “5Al-56Gt” and “ 9Al-56Gt”, respectively.   

In addition, proton promoted kinetic dissolution experiments were done at room 

temperature (22 °C) and the congruency of Al and Fe dissolution were measured using 

ICP-MS (Figure 5.1).  The reductive dissolution rate of goethite and Al-goethite was 

measured using a dithionite-citrate-bicarbonate solution (DCB) of 0.27 M sodium citrate, 

0.12 M sodium bicarbonate, and 0.12 M sodium dithionite with a pH value of 7.3 (160, 

199). Dissolution kinetics in DCB were measured using triplicate reactors containing 10 

mg solids and 20 mL DCB. Fe(II) concentration was measured using the 1,10-
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phenanthroline method (139).  Initial rates were determined by fitting the initial linear 

portion of the dissolution curve and are shown with the raw data in Figure 5.3. 

All of the goethites used in the study have been characterized with powder x-ray 

diffraction (pXRD) to determine if phases other than goethite were present (Figure 5.2). 

All data was collected using a  Rigaku Mini FlexII diffractometer using Co K-alpha 

radiation with a K-beta filter made from Fe. No secondary phases were noted in any of 

the goethites used. In order to discuss the goethite crystal structure, we have chosen to 

use the Pbnm space group indexing, as it can be used to directly compare our results to 

the majority of the work investigating Al-substitution in goethite. Some more recent work 

uses the Pnma space group (128). The Pbnm space group (abc) can be translated to the 

Pnma space group with the following transformation: (abc) → (bca). Using the pXRD 

patterns we measured the full width at half maximum (FWHM) of (111) and (110) planes 

of the goethite crystal lattice using the Jade 6 software package (Materials Data, 

Incorporated, USA). The FWHM of these planes was used in the Scherrer equation to 

calculate the mean crystallite dimension. The c-dimension of the Al-goethite unit cells 

was calculated using the whole-pattern fitting procedure in the Jade 6 software package, 

and used to estimate the aluminum content of these goethites (191).  

The goethites used in this study were also imaged with scanning electron 

microscopy (SEM) (Hitachi S-4800). This was used to provide images of the morphology 

of the goethite particles, and to check for secondary phases that may have been missed by 

low concentration in pXRD (Figure 5.4). Particles were suspended in deionized water 

(DI), sonicated briefly with a probe sonicator, and dropped onto aluminum sample stubs. 

Accelerating votages of 1.0 – 5.0 kV gave high quality images without the need to sputter 

coat with Au or carbon. In experiments where Fe(II) uptake by goethite in the presence of 

phosphate was examined for precipitation of vivianite, aliquots of solution were 

centrifuged and the pellet was washed 3 times in DI water and dropped onto Al sample 

stubs without sonication. 
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Transmission Mössbauer spectroscopy was done with a variable temperature He-

cooled system with a 1024 channel detector. A 57Co source (~ 50 mCi) embedded in Rh 

was used and was maintained at room temperature. All center shifts reported are 

calibrated relative to an α-Fe foil at room temperature.  Samples are kept anoxic by 

mounting them between pieces of adhesive Kapton tape, and minimizing the time they 

are exposed to air prior to mounting them in the spectrometer cryostat. Collected 

Mössbauer spectra have been fit using the Recoil software package (University of 

Ottawa, Ottawa, Canada) using Voigt based fitting. The relative peak areas of the sextets 

have been constrained to the ideal 3:2:1:1:2:3 ratios. Center shift (CS), quadrupole shift 

(QS), and hyperfine field (H) parameters have been allowed to float during the fitting 

procedure.  Mössbauer spectroscopy was used characterize the goethites used and check 

for Fe containing impurities in samples containing 57Fe. Also, 56Fe goethite and Al-

goethite samples were checked for the presence of significant 57Fe at 15K, and found to 

be lacking of measurable quantities of the Mössbauer active isotope. 

Fe(II) Uptake Experiments 

Fe(II) uptake experiments on pure goethite and Al-goethites were done in an 

anoxic glovebox (93% N2/7% H2) outfitted with a palladium catalyst to remove trace 

oxygen. Fe(II) uptake was measured in triplicate reactors containing 15 mL of 25 mM 4-

(2-Hydroxyethyl)piperazine-1-ethanesulfonic acid, N-(2-Hydroxyethyl)piperazine-N′-(2-

ethanesulfonic acid) (HEPES) buffer adjusted to pH 7.5 with KOH and containing 25 

mM KBr as a background electrolyte. Fe(II) was added from a stock of FeCl2 in 0.1 M 

HCl to make nominal solution concentrations of 0.1, 0.25, 0.5, 1, 2, 4 and 5 mM Fe(II). 

After the intial concentration of Fe(II) was measured, 30 mg of pure or Al-goethite was 

added for a solids loading of 2 g/L. Reactors were placed on an end-over-end rotator and 

sampled after 20 hours of reaction. Final Fe(II) samples were filtered through a 0.22 µm 

nylon filter and acidified with 5 M HCl prior to analysis with 1,10-phenanthroline.  
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Experiments were repeated under similar conditions with 2 g/L 56Fe goethite and 

56Fe Al-substituted goethite using 57Fe(II) to track Fe(II) sorption and electron transfer 

with Mössbauer spectroscopy. A stock of 57Fe(II) was made by dissolving 63.5 mg 

57Fe(0) (Chemgas, Inc., 97.82% 57Fe purity) in 2 mL 1.6 M HCl in a sealed serum bottle 

at 70 °C for 2 weeks. After all of the 57Fe(0) was dissolved, 8 mL of DI water was added 

inside an anoxic glovebox to bring the final volume to 10 mL and a final HCl 

concentration of approximately 0.1 M. 

Fe(II) Uptake in the Presence of Phosphate 

We have measured the uptake of Fe(II) in the presence of phosphate anion over a 

range of pH values (pH edge). In these experiments, 15 mL of 10 mM KCl electrolyte 

solution was used without an organic buffer. An aliquot of 10 or 100 mM KH2PO4 was 

added to the electrolyte solution and the initial phosphate concentration was measured 

prior to addition of 30 mg goethite. The pH was adjusted to the desired value with 0.1 M 

KOH and 0.1 M HCl. Phosphate was allowed to sorb to the goethite overnight, the pH of 

the solution was remeasured, and the amount of phosphate sorbed was measured after 

filtering the solution through a 0.22 µm filter. Fe(II) was then added from a stock of 

FeCl2 in 0.1 M HCl, and the pH was readjusted back to the equilibrium value after PO4
3- 

sorption. Since Fe(II) sorption to goethite is rapid at near neutral pH, the initial 

concentration of Fe(II) was determined by adding the same volume aliquot of FeCl2 to 

reactors without goethite. After 20 more hours of reaction, the final aqueous Fe(II) and 

PO4
3- concentrations were measured after filtration of the samples. In addition, we 

measured a phosphate sorption isotherm in the absence of Fe(II) at pH 7.5 in 10 mM KCl 

by varying the initial concentration of PO4
3-. 

Phosphate was measured using a reduced volume modification of the Standard 

Methods procedure 4500-P.E. Ascorbic Acid Method such that 1 mL sample and 0.16 

mL of the combined reagent solution were used. The combined reagent solution as made 
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by adding 2.5 mL of 5 N H2SO4, 0.25 mL of 4.1 mM potassium antimonyl tartrate 

(K(SbO)C4H4O6·1/2H2O), 0.75 mL of 32 mM ammonium molybdate 

((NH4)6Mo7O24·4H2O) solution, and 1.5 mL 0.1 M ascorbic acid (C6H8O6), in that order. 

Fe(II) to Fe(III) Electron Transfer in the Presence of 

Sorbed Anions 

We have investigated the effect of sorbed anions on electron transfer between 

Fe(II) and Fe(III) in goethite. The anions studied include phosphate (PO4
3-), bicarbonate 

(HCO3
-), natural organic matter (Aldrich humic acid - NOM), silicate (SiO4

4-), and a 

phospholipid (1,2-dioleoyl-sn-glycero-3-phosphate or DOPA, Avanti Polar Lipids). 

Experiments were done using 12.5 mL of 10 mM KCl solution and 25 mg 56Fe goethite 

for a solids loading of 2 g L-1, except for the DOPA experiment, which was done in 25 

mM HEPES buffer containing 25 mM KBr to adjusted to pH 7.5 be comparable with 

previous experiments investigating phospholipid sorption on metal oxides (200, 201). At 

higher phosphate and 57Fe(II) concentrations, 6 mL of 10 mM KCl solution was used 

with 12 mg 56Fe goethite. This was done to reduce the overall mass of 57Fe present during 

Mössbauer spectroscopy. The DOPA suspension was pre-processed by sonication in a 

bath sonicator at room temperature for 2 hours.  

The speciation of Fe(II) was tracked with Mössbauer spectroscopy by adding 

aliquots of 57Fe(II) to suspensions containing anions and goethite that had been pre-

equilibrated. Experimental conditions, including anion concentrations and Fe(II) 

concentrations are summarized in Table 5.3. 

Results and Discussion 

Goethite Properties 

The goethites used in this study range from having no aluminum substitution to 

almost 10 mole% Al substitution on an Al/(Al + Fe) basis. The aluminum contents are 
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shown in Table 5.1, along with other characteristics we have measured. The goethites are 

referred to as Gt when they contain no aluminum substitution, as 2Al-Gt for 2.2% Al-

substitution, 4Al-Gt for 4.4% Al-substitution, and 10Al-Gt for 9.9% Al-substitution. We 

also have synthesized goethite with and without Al out of 56Fe, which is invisible to 

Mössbauer spectroscopy in order to track the speciation of added 57Fe(II) in these 

systems. The 56Fe goethites used in this study that have no aluminum substitution are 

referred to as 56Gt (Batches 1 and 2), 5Al-56Gt which contains 5.4% Al-substitution, and 

9Al-56Gt which contains 9.4% Al-substitution.  

 One of the most curious of properties of aluminum substituted goethite is the fact 

that as aluminum substitution increases, morphology of the particles changes and the 

crystallinity increases for similar synthesis methods using moderate temperatures and 

high base concentration. Qualitatively, inspection of scanning electron microscope 

(SEM) images indicates at the highest aluminum substitution (10Al-Gt) the length of 

goethite particles decreased (Figure 5.4). The particles also transition from a lath-like 

morphology made up of aggregates of goethite crystals to increasingly single crystalline 

particles with a reduced length to width ratio.   

In addition to visual observation of goethite morphology, the unit cell dimensions 

and crystallinity of goethite can be measured by using powder x-ray diffraction (pXRD) 

and the Scherrer equation (202) (Figure 5.2).  The difference in cation size between 

Al(III) and Fe(III) (53 pm vs. 65 pm) causes decreasing the unit-cell size of Al-goethite, 

which varies directly with increasing aluminum substitution (26, 191). We used the c-

dimension of the goethite unit cell (Pbnm space group) to estimate the Al-content of the 

goethites (191). The pXRD determined Al-contents are compared to the dissolution 

determined Al-contents in Table 5.1.  The pXRD determined Al content can be used to 

differentiate goethites that vary in their Al content by 2.6 % (191). In all cases, the pXRD 

determined Al-content of the goethites is consistent with the trend observed from the acid 

dissolution, and within the 2.6% error of the method. 
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The breadth of the diffraction peaks in the pXRD data gives information about the 

size of coherently diffracting domains in the particles, this size is termed the mean 

crystallite dimension (MCD(hkl)).  These coherently diffracting domains can be thought of 

as small crystallites that make up a larger goethite particle.   Goethite particles containing 

no aluminum (Gt) have sizes measured from SEM images of 124 ± 44 nm across (n=15) 

(a- and b-direction) and approximately 1 µm long (c-direction).  The particle sizes from 

SEM images are much larger than those estimated from the pXRD data (MCD(110)) 

derived from the Scherrer equation of 58.3 nm (Table 5.1).  This can be interpreted as 

indicating that there are many different crystal domains in the a- and b-directions of the 

unsubstituted goethite crystals (203). In fact, a recent study using electron microscopy to 

reconstruct the 3-D structure of goethite found that an unsubstituted goethite had a highly 

imperfect structure with many internal voids (204). 

As aluminum substitution increases, the MCD(110) increases, indicating an 

increase in crystallinity and coarsening of domains in the a- and b-directions.  For 

example, the average width of goethite particles with 4.4% Al-substitution (4Al-Gt) is 

125 ± 49  nm (n=15), which closely matches the pXRD MCD(110) of 106 nm.  This 

quantitative change in the pXRD determined crystal parameters along with less 

difference between imaged particle size and pXRD domain size suggests that crystallinity 

of the goethite increases as aluminum substitution increases.  In the aluminum goethites 

synthesized, a similar comparison for the crystallinity of goethites in the c-direction, 

which is parallel to the long direction of goethite, is not as useful.  This is because no 

reflections consisting of just the (00l) plane are available from the pXRD data, and 

MCD(111) is influenced greatly by the width of the goethite domains. 

Dissolution of Al-Substituted Goethites 

We have studied both the proton-promoted and reductive dissolution of the 

aluminum substituted goethites used in this study. We used 8 M HCl to dissolve the 
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goethites to measure the congruency of Fe and Al release from the solid phase due to 

proton-promoted dissolution (Figure 5.1). The dissolution of Al from the all of the solids 

tested is slightly incongruent, indicating preferential release of Al from the Al-substituted 

goethites. Several possible mechanisms may cause the incogruency of Al dissolution. 

One mechanism is preferential release of Al during the dissolution, perhaps due to 

zonation of Al incorporation of the goethite towards the surface or at domain boundaries 

or due to faster detachment of Al than Fe from the surface of the goethite particles. In 

addition, a secondary phase with greater Al-content might also be dissolving at a faster 

rate that majority of the Al-goethite. We note, however, that lattice parameters of the 

studied goethites found using pXRD indicate that Al is incorporated into the structure, 

and that there are no crystalline Al-containing phases, nor is there evidence from the 

pXRD patterns to indicate that there is more than one phase of goethite (Figure 5.2). 

Reductive dissolution of goethite and Al-substituted goethite was measured by 

monitoring Fe(II) release during exposure to dithionite-citrate-bicarbonate solution 

(DCB) (Figure 5.3). The overall rate of goethite dissolution followed the trend Gt ≈ 2Al-

Gt > 4Al-Gt > 10Al-Gt. Normalizing the dissolution of the Al-goethites to specific 

surface area, results in rates within a factor of 3 (inset, Figure 5.3). These rates (3 - 8 × 

10-10 moles m-2 s-1) are two orders of magnitude slower than those found previously for 

dissolution of Al-substituted goethites in DCB solution and by dithionite in pH 5.5 EDTA 

solution (~10-8 moles m-2 s-1) (205, 206). In the first case, the pH of the DCB solution is 

not given, and in the second case the pH of the solution was 5.5, which may account for 

the faster rate of dissolution in that study. In a recent study, the rate of wüstite (FeO) 

dissolution was suggested to be an upper limit for Fe oxide reductive dissolution, due to 

constraints on rate detachment of Fe(II) from the surface of the oxide (207). Our results 

are in close agreement with the rate of dissolution of Fe(II) from FeO when extrapolated 

to pH 7.3 (rate ~ 2 × 10-10 moles m-2 s-1).  This suggests that the rate limiting step in 

reductive dissolution of Al-goethites in the presence of a ligand (citrate in our study) may 
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be detachment of Fe(II) from the surface of the goethite or that Al and Fe(II) detactment 

occur at equivalent rates. 

Fe(II) uptake by Goethite and Al-Goethite 

In order to compare the macroscopic Fe(II) uptake behavior of the Al-substituted 

goethite with that of unsubstituted goethite, we collected Fe(II) uptake data at a pH value 

of 7.5 in 25 mM HEPES/25 mM KBr buffer (Figure 5.5). We have compared the results 

of this study with those previously reported by our group for a pure, micron-sized 

goethite (20). It is notable that the results from this study for goethite match well (within 

1 standard deviation) with the previous report. When Al is added to the goethite structure, 

on a per-gram basis the amount of Fe(II) taken up from solution by the Al-goethite is 

slightly less than that of the unsubstituted goethite (Figure 5.5A).  When the uptake is 

normalized to the specific surface area of the goethites measured by N2 BET adsorption, 

the Fe(II) uptake is similar for Gt, 2Al-Gt, and 4Al-Gt. The uptake of Fe(II) by the 10Al-

Gt is higher than the lower Al goethites on a surface area basis. This difference is not 

large, with the uptake about 3 times greater at the highest Fe(II) loading. We note that 

Fe(II) recovery by dissolving whole reactors with an addition of concentrated HCl 

resulted in 99 ± 4% recovery of the added Fe(II) (99 % confidence interval), proving that 

there was no net oxidation of Fe(II). 

Initially, we hypothesized that Al-goethite would take up less Fe(II) from 

solution. This hypothesis was based on several studies reporting reduced Fe(II) uptake by 

Al-oxide suspensions relative to their isostructural Fe-oxide counterparts, (for example, 

γ-AlOOH (boehmite) and γ-FeOOH (lepidocrocite)) (9, 18, 208). In the case of 

lepidocrocite it is important note that Fe(II) adsorption onto lepidocrocite can catalyze its 

transformation to magnetite and goethite (17, 209), which in the case of its 

transformation to magnetite would act as a sink for aqueous Fe(II) uptake and increase its 

measured affinity for Fe(II). Our results, however, do not suggest that there is a large 
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difference in the uptake of Fe(II) from solution between unsubstituted and Al-substituted 

goethite.   

Since electron transfer occurs between sorbed Fe(II) and Fe(III) in goethite (18, 

21), the uptake of Fe(II) from solution is not a “sorption isotherm” in the classical sense 

that it reflects binding of an Fe(II) cation to a static surface site (e.g. 10). Although recent 

work has suggested modified sorption models incorporating electron transfer can be used 

to model this data (11). In addition, the majority of Fe(II) is recovered by dilution or 

extraction by 0.4 M HCl in similar experiments (20, 210), which contrasts with hematite 

where Fe(II) cannot be recovered by dilution due to Fe(II) doping in the structure (19, 22, 

190). It is unclear what the nature of this Fe(II) lost from solution is in goethite 

suspensions, as Fe(II) is not observed in Mössbauer spectra of 57Fe(II) reacted with 

goethite at low Fe(II) loadings (18, 20). We note, however, that Fe(II) is recovered to 99 

± 4% at the 99% confidence interval, when the whole suspension is dissolved by 6 M 

HCl, suggesting no net oxidation of Fe(II) by oxygen or other oxidants. 

Electron transfer between Fe(II) and Fe(III) in Al-

Substituted Goethite 

We have used the isotope specificity of 57Fe Mössbauer spectroscopy to probe 

whether sorbed Fe(II) is oxidized via electron transfer to Fe(III) in Al-substituted 

goethite. Two Al-substituted goethites were synthesized from Mössbauer invisible 56Fe in 

Al containing solutions and have Al-contents of 5.4 and 9.5 mole % Al (Table 5.1) and 

are termed 5Al-56Gt goethite and 9Al-56Gt, respectively. In addition, an Al-free goethite 

was synthesized in a similar manner (56Gt). In order to investigate whether electron 

transfer occurred between aqueous Fe(II) and Fe(III) in Al-substituted goethite we 

reacted 1 mM and 3 mM aqueous 57Fe(II) with 2 g L-1 suspensions of 56Fe goethite and 

Al-goethite in pH 7.5, 25 mM HEPES, and 25 mM KBr buffer. Mössbauer spectra are 

shown in Figure 5.6 for 1 mM 57Fe(II) and Figure 5.7 for 3 mM 57Fe(II). In these 
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suspensions, Fe(II) uptake was similar to that found for both micron and nanometer sized 

goethite, and was 0.13, 0.14, and 0.11 mmoles g-1 for the 56Gt, 5Al-56Gt, and 9Al- 56Gt at 

1 mM Fe(II) loading, respectively (Table 5.2). Addition of 3 mM Fe(II) resulted slightly 

higher uptake of Fe(II) for the Al-substituted goethites, and the Fe(II) uptake was 0.14, 

0.23, and 0.16 mmoles g-1, for the 56Gt, 5Al-56Gt, and 9Al-56Gt (Table 5.2). The lack of 

an increase in Fe(II) uptake by the 56Gt goethite in the 3 mM 57Fe(II) loading experiment 

is likely due to a second batch of goethite being used for that experiment. This second 

batch of 56Fe goethite had a slightly higher MCD(110) and MCD(111) indicating it likely has 

a reduced surface area. 

After reaction with 57Fe(II), the Mössbauer spectra consist of mostly Fe(III), 

indicating that the added 57Fe(II) has been oxidized and resides in the solid phase. The 

spectra unequivocally indicate that for all three goethithes, including the 5.4% and 9.4% 

Al-substituted goethite that the sorbed 57Fe(II) transferred an electron to the underlying 

goethite thus becoming oxidized (Figure 5.6 and Figure 5.7). This electron transfer has 

resulted in the formation of 57Fe goethite on the surface. The Fe(III) has a sextet with 

overall parameters similar to a goethite sextet. The oxidation of sorbed Fe(II) on the 

surface of goethite is consistent with the previous findings of our group and others (18, 

20, 21).  

In addition to the sextet, peaks belonging to a small doublet are observed, as has 

been reported for hematite at high Fe(II) loadings and for goethite at similar Fe(II) 

loadings as were used in this study (19, 211). The concentrations of Fe(II) used in our 

Mössbauer isotope study are above where we see a bend in the Fe(II) sorption isotherms 

consistent with the transition from monolayer Fe(II) coverage to formation of Fe(II) 

polymers on the surface of the goethite, based on a surface site density of about 5 µmoles 

sites m-2 (30). Little difference is observed in the spectra when comparing between the 1 

and 3 mM 57Fe(II) loadings. Close inspection of the spectra indicate that there may be 

more than one sextet present, as peak 6 (the furthest to the right) has a shoulder on the 
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high velocity side and the 5th peak appears as the sharpest peak perhaps resulting from 

overlap of the two sextets here. 

In order to determine if there is any evidence for the presence of a stable sorbed 

Fe(II) phase formed on the goethite, we have used Mössbauer spectral fitting to 

deconvolute the spectra. Fits of the spectra collected at 77 K of the 56Fe goethites exposed 

to 3 mM Fe(II) are shown in Figure 5.8 and spectral parameters derived from the fitting 

are reported in Table 5.4. The fits reveal the presence of two ordered sextets, an Fe(II) 

doublet, and a broad, partially ordered or collapsed feature for all three goethite samples. 

In the 56Gt, one sextet (Sextet 1) has parameters similar to those of goethite with a center 

shift (CS) of approximately 0.47 mm s-1, a quadrupole shift parameter (QS = 2ε) of -0.25 

mm s-1, and a hyperfine field of 48.9 T. These parameters are typical of magnetically 

ordered, antiferromagnetic goethite. The 5Al-56Gt and 9Al-56Gt exposed to 3 mM 57Fe(II) 

have slightly different parameters for this left-most sextet (Sextet 1), with CS values of 

0.47 mm s-1, but QS values of -0.46 mm s-1 and -0.47 mm s-1, respectively. The hyperfine 

field of Sextet 1 of the 57Fe(II) sorbed onto and oxidized by these Al-goethites is 48.4, 

and 48.0 T for the 5Al-56Gt and 9Al-56Gt samples, respectively, and is consistent with the 

reduction of the hyperfine field experienced by the 57Fe nucleus as Al is substituted into 

the goethite structure (212-214). The QS parameters for Sextet 1of the Al-goethites are 

beyond the range typically reported for goethite and Al-substituted goethite (212-214). 

The second sextet (Sextet 2) has CS parameters of near 0.5 mm s-1, QS parameters on the 

order of 0.10 mm s-1, and a hyperfine field similar to Sextet 1 for all three goethites 

reacted with 57Fe(II) (Table 5.4). These parameters are closer to those of lepidocrocite, 

but lepidocrocite has a Néel temperature near or lower than 77 K, which means it is 

unlikely to be magnetically ordered at this temperature (128, 215). As such, formation of 

lepidocrocite in these experiments can be ruled out. We note that such an anomalously 

high QS parameter was found for one of three sextets when 57Fe(II) was sorbed to 

goethite with a natural abundance of 57Fe, under conditions where the amount of 57Fe 
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sorbed was roughly equal to the amount of 57Fe in the goethite (21). In that report, 

however, these parameters were deemed to be consistent with those of goethite. 

In addition to the two magnetically ordered sextets, the spectra of 57Fe(II) 

oxidized by sorption to the 56Fe goethite and Al-goethites contain a doublet.  This doublet 

is consistent with octahedral Fe(II) with CS parameters near 1.3 mm s-1 and quadrupole 

splitting (QS) parameters approximately 2.5 -2.7 mm s-1 (174), and is similar to the 

parameters for Fe(II) sorbed onto oxide minerals and clays that have been previously 

reported (18, 19, 216, 217). This Fe(II) doublet is distinct from frozen aqueous Fe(II) 

which has CS values near 1.4 mm s-1 and QS values near 3.2 mm s-1, and is also different 

from that of solid ferrous hydroxide (Fe(OH)2) at 77 K with a CS and QS of 1.3 and 3.1 

mm s-1, respectively (217, 218). There is apparent loss in the area of this doublet when 

the temperature is lowered from 77 K to 15 K (Figure 5.6 & Figure 5.7), but the loss in 

area can be attributed to further ordering of the overlapping collapsed feature as the 

temperature is lowered. Homogeneous ferrous hydroxide precipitation can also be ruled 

out on the basis of the solubility of Fe(OH)2. At pH 7.5 and an ionic strength of 25 mM 

the solubility of Fe(OH)2 is 13.8 mM (pKsp = 12.89) (calculated using Visual MINTEQ 

(107)). Further evidence that this doublet is due to a solid-associated Fe(II) species is the 

Mössbauer spectrum of the 3 mM 57Fe(II) sample reacted with 56Fe goethite and then 

exposed to air for a month prior to reanalysis (Figure 5.9). This spectrum shows no 

evidence of a Fe(II) doublet similar to those in Figure 5.6, Figure 5.7, and Figure 5.8, 

indicating that the Fe(II) has been oxidized by exposure to air.  

As well as the two component sextet and the Fe(II) doublet the spectra contain a 

broad, collapsed feature we have fit with a magnetically collapsed sextet. This phase 

makes up a significant portion of the area in the samples (~30%). We cannot attribute this 

phase to a specific iron oxide due to its broad hyperfine field distribution and lack of 

significant features. In addition to oxidation of the sorbed Fe(II) phase after exposure to 

air, the oxidation has removed the collapsed feature present in the goethite + 3 mM Fe(II) 
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sample. We speculate that this phase may be formed via electron injection or 

delocalization in the goethite newly formed by oxidation of the 57Fe(II) and exposed to 

atom exchange (24).  

Larese-Casanova and Scherer concluded that Morin transition suppression in 57Fe 

hematite exposed to 56Fe(II) was due to delocalization of an electron in the bulk of the 

hematite structure (190). This result was based on work showing Morin transition 

suppression in M(IV) doped hematites, which to maintain charge balance contain Fe(II), 

and also on ab initio modeling of electron transfer in hematite, which suggests that 

electron hopping in hematite is on the order of or faster than the measurement window of 

Mössbauer spectroscopy (219-221). There is no work published to date using ab initio 

molecular methods to model electron transfer in goethite, as there is for hematite (221-

224). We speculate that a similar electron delocalization process may be happening for 

the newly formed goethite produced from 57Fe(II), giving the collapsed feature observed 

in Figure 5.9. We further speculate that exposure to air would have removed this phase 

due to reduction of O2 by these electrons.  

The electronic properties of goethite and hematite are similar. Goethite and 

hematite have similar band gaps (2.10 eV for goethite and 2.20 eV for hematite (128)).  

Goethite and hematite have been noted to have greatly different electrical conductivities 

of ~10-9 and ~10-4 Ω-1 cm-1 near room temperature, respectively (223, 225). This 

difference might be due to the fact that hematite conductivity is measured for single 

crystals, whereas goethite conductivity has been measured for powders. A study that 

measured conductivity of hematite and goethite powders found room temperature direct 

current conductivities that were much closer than previous found with both on the order 

of 10-7 Ω-1 cm-1 (226), perhaps suggesting that the two have more similar 

conductivities/resitivities than previously thought.  

The production of Fe(II) in the goethite structure by cation doping is less studied 

than for hematite. Two isotope Mössbauer studies with 119Sn and 57Fe indicate that 
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Sn(IV) doping did not cause reduction of Fe(III) to Fe(II), but rather the charge balance 

was maintained by cation vacancies in the goethite structure (227). In contrast, the 

conductivity of Ti-doped goethite was found to be increased relative to unsubstituted 

goethite, and this increased conductivity was quenched upon exposure to air (225). This 

conductivity increase was attributed to production of Fe(II) in the goethite structure by 

Ti(IV) doping.  

Effect of Phosphate on Fe(II) Uptake by Goethite 

In addition to Al-substituted goethites, we have also investigated the effect of 

sorbed phosphate (referred to as P) on the uptake of Fe(II) from solution, and Fe(II) to 

Fe(III) interfacial electron transfer. We initially hypothesized that a shift in the pH of 

Fe(II) sorption might occur because the point of zero charge (pHPZC) has been measured 

to be lowered by phosphate sorption (33). In addition, the presence of phosphate in 

solution has been observed to increase both Mg2+ and Ca2+ sorption on the surface of 

goethite (34), and a significant change in Fe(II) sorption with pH has been noted to occur 

in the presence of various carbonate concentrations (228). Here we have exposed 2 g L-1 

suspensions of goethite in 10 mM KCl electrolyte to 0.1, 0.2 and 0.5 mM phosphate 

overnight (20 hours) and then added 0.1 or 0.5 mM Fe(II) and measured its uptake at 

various pH values (pH edges) (Figure 5.10). 

Our results indicate that the presence of sorbed phosphate does not greatly change 

the pH edges for Fe(II) uptake by goethite (Figure 5.10). The pH of 50% Fe(II) uptake at 

a concentration of 0.1 mM is approximately 6.0 with and without 0.1 and 0.5 mM P 

present. The pH of 50% Fe(II) uptake is higher at around 7.0 when the Fe(II) loading is 

increased to 0.5 mM in the absence and presence of 0.2 mM P. We note that this behavior 

has been observed in previous reports investigating Fe(II) uptake by goethite (10). It was  

also noted in that report that increased As(III) (AsO3
3-) sorption occurred as increased 

Fe(II) was added to the goethite and 1.0 mM As(III) system, but recent work suggests 
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that this may be due to the oxidation of As(III) to As(V) in the presence of Fe(II) and 

goethite (211). 

Fe(II) – Fe(III) Electron Transfer in the Presence of Anions 

Sorbed Phosphate 

To investigate whether Fe(II) to Fe(III) electron transfer occurs between sorbed 

Fe(II) and goethite in the presence of sorbed phosphate we have sorbed phosphate to 2 g 

L-1 56Fe goethite and reacted this phosphated goethite with 57Fe(II). We have used 57Fe 

Mössbauer spectroscopy to determine whether electron transfer occurred between the 

57Fe(II) and the goethite in the presence of sorbed phosphate. Figure 5.11 shows a typical 

phosphate adsorption isotherm on goethite at pH 7.5. We note that on a surface-area 

normalized basis, the goethite (NAFe) used to collect this data sorbs about 3 µmoles P m-2, 

similar to the 2.5 µmoles P m-2 maximum sorption density reported previously (30, 32, 

229). This maximum sorption density is a function of pH, as phosphate is more strongly 

bound to the positively charged goethite surface at low pH (32). 

The first experiment investigating 57Fe(II) to 56Fe goethite electron transfer was 

done at a phosphate loading of 0.51 mM in the presence of 2 g L-1 56Fe goethite at a pH 

value of 7.5 (denoted Mid P/Low Fe(II) - details in Table 5.3). Prior to addition of 

57Fe(II), 0.18 mM P was sorbed (0.34 mM P remained in solution). This corresponds to 

surface saturation of the goethite by phosphate shown in Figure 5.11. In order to reduce 

the possibility of vivianite (Fe3(PO4)2·8H2O) precipitation only 0.125 mM 57Fe(II) was 

added. At these concentrations of Fe(II) and P the solubility of vivianite (pKsp = 33.04) is 

exceeded at pH 7.5 (equilibrium concentrations are [Fe(II)] = 0.046 mM, [PO4-Total] = 

0.036 mM) (230). The Fe(II) uptake in the system was 0.112 mM, or 90% removal from 

solution, and addition of Fe(II) resulted in further uptake of 0.017 mM P. The Mössbauer 

spectra at temperatures from 250 K to 13 K are shown in Figure 5.12. 
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The Mössbauer spectra of the Mid P/Low Fe(II) experiment are consistent with 

the oxidation of 57Fe(II) by Fe(III) in the underlying goethite. The spectra are dominated 

by a sextet similar to that of goethite, and also contain a doublet consistent with Fe(II). 

These results show that although a significant amount of phosphate has sorbed to the 

goethite that electron transfer between the sorbed 57Fe(II) and the 56Fe goethite occurs. In 

addition, the 57Fe(II) that has been oxidized to Fe(III) has undergone templated growth on 

the goethite to produce a neo-formed 57Fe goethite phase. Our results indicate, (i) that 

sorbed phosphate does not block interfacial electron transfer between aqueous and sorbed 

Fe(II) and Fe(III) in goethite, and (ii ), that goethite is the oxidized product of this Fe(II)-

Fe(III) interfacial electron transfer despite the presence of phosphate. Phosphate is known 

to favor the production of lepidocrocite over goethite during oxidation of Fe(II) (231, 

232). 

The phosphated 56Fe goethite exposed to 57Fe(II) has similar Mössbauer features 

as the 56Fe Al-substituted goethites exposed to 57Fe(II). We have fit the Mössbauer 

spectrum of the 56Fe goethite exposed to 0.5 mM P and 0.1 mM 57Fe(II) collected at 77 K 

with two sextets, an Fe(II) doublet, and a collapsed feature. The two sextets have similar 

parameters as the spectra of the Al-substituted goethites (Table 5.5), as does the collapsed 

feature, although this feature can be fit with a wide range of potential parameters without 

significantly changing the goodness of fit. The Fe(II) doublet has slightly higher CS and 

QS parameters (1.36 mm s-1, 2.92 mm s-1), which are consistent with average parameters 

for vivianite (233), suggesting that vivianite may have precipitated in this system. 

Vivianite precipitation is consistent with homogeneous controls done in the absence of 

goethite. Aqueous concentrations of 0.51 mM P and 0.13 mM Fe(II) resulted in loss of 

0.08 mM P and 0.03 mM Fe(II) from solution, likely due to precipitation of vivianite. 

We also investigated whether the precipitation of vivianite would shut down 

electron transfer between 57Fe(II) and 56Fe goethite. To do this, we added a higher 

concentration of phosphate (0.988 mM) to a 2 g L-1 suspension of 56Fe goethite prior to 
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addition of 1.5 mM 57Fe(II) (denoted High P/High Fe(II) in Table 5.4). Prior to addition 

of the 57Fe(II) 0.12 mM P was removed from solution by sorption to the goethite, which 

is consistent with saturation of the goethite surface with P as in the 0.51 mM P 

experiment. After 2 hours of equilibration of the goethite/1 mM P suspension, 1.52 mM 

57Fe(II) was added and suspension was reacted for 4 hours prior to filtering and collection 

of Mössbauer spectra. Addition of Fe(II) resulted in further removal of P (0.92 mM P 

removal or 93%), and the majority of Fe(II) (1.22 mM Fe(II) removal or 80%) from 

solution.  

Results from Mössbauer spectroscopy of this High P/High Fe(II) experiment 

indicate that precipitation of vivianite occurs, partially inhibiting interfacial electron 

transfer between Fe(II) and goethite (Figure 5.13). As the analysis temperature is 

lowered, a sextet is apparent in the spectra, indicating that some Fe(II) to Fe(III) electron 

transfer has occurred and has resulted in the formation of 57Fe goethite. The majority of 

the 57Fe in the system (84%), however, remains as 57Fe(II) bound in precipitated vivianite 

and appears to be unavailable for electron transfer over the time scale of this experiment. 

Fitting of the spectrum at 77 K confirms that the Fe(II) in the system is vivianite, as the 

two Fe(II) doublets have parameters similar to those of vivianite (Table 5.5, Figure 5.13). 

In addition, the sextet (16% of the total area) has parameters similar to those of goethite, 

which confirms again that oxidation of some of the 57Fe(II) in the system has formed 

goethite. 

In order to determine whether the precipitation of vivianite in High P/High Fe 

experiment was due to surface precipitation on the goethite or that vivianite precipitated 

homogeneously from solution we have examined the solids with SEM. We found that 

vivianite precipitated homogeneously from solution forms large (1-10 µm) prismatic 

crystals and star-shaped clusters of these crystals (Figure 5.14, top image). In the High 

P/High Fe experiment we noted the presence of crystals with a similar morphology as 
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those formed homogeneously, suggesting that homogeneous precipitation rather than 

surface precipitation was how vivianite formed in this system.  

Finally, we have investigated whether solid state electron transfer could occur 

between 57Fe(II) in vivianite and Fe(III) in goethite. In order to do this, we devised an 

experiment such that nearly all the 57Fe in the system was present as Fe(II) in vivianite 

prior to the addition of 56Fe goethite. In this experiment (57Vivianite + 56Goethite, Table 

5.4) we added equal portions of 1.5 mM P and Fe(II) and adjusted the pH to a value of 

9.51 to precipitate vivianite. Precipitation of vivianite reduced the aqueous Fe(II) 

concentration to 0.04 mM. After the precipitation of vivianite, 56Fe goethite was added to 

the solution to test whether Fe(II) in vivianite is capable of solid state electron transfer 

from Fe(II) to solid Fe(III) in goethite. We have hypothesized that under these conditions 

that we should observe one or more of three possible outcomes in the Mössbauer spectra: 

(i) solid state electron transfer happens between 57Fe(II) in vivianite and 56Fe(III) in 

goethite. This would result in the production of an Fe(III) doublet in vivianite, a result 

observed when vivianite is oxidized by O2 (175, 234), (ii) solid state electron transfer 

does not occur, and the low solubility of vivianite at pH 9.5 prevents significant 

dissolution of Fe(II) resulting in the observation of Fe(II) only, or (iii) dissolution of 

Fe(II) from vivianite results in sorption of Fe(II) to goethite and interfacial electron 

transfer between Fe(II) and goethite, resulting in the presence of a goethite sextet in the 

spectrum. The results from this experiment are shown in Figure 5.15. 

 The Mössbauer spectra of the 57Fe vivianite exposed to 56Fe goethite indicate that 

solid state electron transfer is not occurring between the Fe(II) in the vivianite and the 

Fe(III) in the goethite. No Fe(III) doublet is observed in the Mössbauer spectrum, but 

rather, a pair of Fe(II) doublets similar to vivianite and two sextets similar to those found 

in the systems where 57Fe(II) is reacted with 56Fe goethite are present. The Mössbauer 

spectra from 250 K to 15 K indicate that 57Fe(II) has been oxidized by Fe(III) in goethite 

forming the sextet in Figure 5.15. The amount of 57Fe(II) oxidized in this sample is much 
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greater than the extra 0.03 mM Fe(II) sorbed (2%) upon addition of the goethite to the 

57Fe vivianite suspension. The large amount of goethite formed from oxidation of the 

57Fe(II) relative to the extra Fe(II) removed from solution after addition of the goethite to 

the vivianite suspension suggests that Fe(II) from the vivianite is dissolving and 57Fe is 

re-precipitating forming goethite after being oxidized by the Fe(III) in the 56Fe goethite. 

The cycling of 57Fe between vivianite raises questions about whether atom exchange akin 

to the atom exchange that occurs between aqueous Fe(II) and goethite (17, 24, 25) is 

happening between solid vivianite and goethite via aqueous Fe(II). The large proportion 

of goethite in this system indicates that Fe atom cycling may be occurring, but further 

isotope tracking studies will be needed to determine this conclusively. 

Other Environmentally Relevant Anions 

We have also tested whether electron transfer occurs between Fe(II) and goethite 

in the presence of other common groundwater anions, including sorbed bicarbonate 

(4mM HCO3
-), silicate (1 and 10 mM SiO4

4-), and natural organic matter (20 mg/L 

Aldrich humic acid or NOM). These experiments were conducted near pH 7.5 in the 

presence of 1 mM 57Fe(II) and 2 g L-1 56Fe goethite, and with several concentrations of 

anions (Table 5.3). We note that the amount of the anions sorbed to the goethite was not 

measured. Several studies, however, have shown that these anions sorb onto goethite (29-

31). Previous research has suggested that silicate adsorption on goethite results in the 

formation of Si polymers at high concentrations of silicate (31). 

The Mössbauer spectra in Figure 5.16 collected at 77 K indicate that in the 

presence of 4 mM bicarbonate, 1 mM silicate, 10 mM silicate, and 20 mg/L NOM 

electron transfer occurs between 57Fe(II) and 56Fe goethite. In general, these spectra are 

all very similar to the spectrum collected with 1 mM 57Fe(II) in the absence of anions, 

and are also similar to those collected in the presence of phosphate. The spectra contain 

two sextets similar to goethite and a small Fe(II) doublet. In all cases, the results of the 
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experiments indicate that electron transfer occurs between 57Fe(II) and Fe(III) in 56Fe 

goethite and results in the formation of goethite templated onto goethite. Therefore, we 

can conclude that, at the concentrations studied, sorbed anions do not inhibit Fe(II)-

Fe(III) electron transfer in goethite. 

Of significant interest are silicate and NOM, as their effect on atom exchange 

between Fe(II) and several oxides has recently been measured for several oxides, 

including ferrihydrite, lepidocrocite, schwertmannite, jarosite, and hematite (235, 236). In 

the case of ferrihydrite, lepidocrocite, schwertmannite, and jarosite the presence of 

adsorbed Si and NOM decreased both the rate and extent of isotope exchange between 

aqueous Fe(II) and 55Fe-labeled oxide (236). Atom exchange also occurs between 

aqueous Fe(II) and hematite in the presence of silicate, though the extent of atom 

exchange is relatively small for hematite in both the presence and absence of Si, and only 

comprises several atomic layers of the hematite (235). While adsorbed Si and NOM 

decrease the extent of isotope exchange, some isotope exchange in the presence of Si is 

consistent with our results that show 57Fe(II) is oxidized by 56Fe(III) in goethite and 

formation of 57Fe containing goethite. Our results indicate that electron transfer between 

aqueous Fe(II) and the underlying oxide may be still be invoked to explain isotope 

exchange between Fe(II) and Fe-oxides. 

Phospholipids and Electron Transfer Distance 

Finally, we have investigated the effect of sorbed phospholipids on electron 

transfer between 57Fe(II) and 56Fe goethite. Phospholipids are biomolecules that make up 

the cell membranes in living organisms (237), and have recently been shown to form 

supported bilayers and multi-layers on metal oxide particles (200, 201). In addition, the 

phosphate end of phospholipids can undergo inner sphere complexation with iron oxides 

during bilayer formation (238). Phospholipid bilayers and multilayers can be several 

nanometers to tens of nanometers in thickness on the surface of the oxide (200). This 
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large distance provides a means to probe whether electron transfer between Fe(II) and 

goethite can be shut off due to distance, as electron transfer rate is dependent on electron 

donor-electron acceptor separation (239, 240).  

In order to explore the potential for electron transfer blocking by sorbed layers of 

phospholipids, we have sorbed a phospholipid (1,2-dioleoyl-sn-glycero-3-phosphate or 

DOPA, Avanti Polar Lipids) onto goethite and interrogated whether electron transfer 

occurs between 57Fe(II) and goethite. In this experiment, approximately 1 mM DOPA 

was sorbed to a suspension of 2 g L-1 goethite overnight and 1 mM 57Fe(II) was added to 

the suspension. Mössbauer spectra were collected on the filtered suspension and are 

shown in Figure 5.17.  

The Mössbauer spectra indicate that electron transfer between 57Fe(II) and 56Fe 

goethite does not occur in the presence of DOPA phospholipids (Figure 5.17). The 

spectra are solely comprised of an Fe(II) doublet, showing that none of the added 57Fe(II) 

has been oxidized by goethite. Based on previous work with phospholipids showing 

adsorption onto metal oxides resulting in formation of supported bilayers (200, 201), we 

speculate that adsorption of DOPA to goethite occurs leading to formation of a thick 

capping layer over the surface of goethite which inhibits electron transfer between Fe(II) 

and Fe(III) in goethite. Other mechanisms are also possible, as Fe(II) might also form a 

complex with the phosphate ends of the DOPA, or be sequestered into suspended 

phospholipid micelles, thus making it unavailable for electron transfer. 

The observation that phospholipids inhibit electron transfer between Fe(II) and 

goethite has interesting implications for interactions between Fe(II), Fe(III) oxides, and 

microbes responsible for Fe(III) reduction. Recent work has shown that large molecules 

in bacterial extracellular polymeric substances (EPS) preferentially adsorb to goethite 

(241). In addition, the presence or absence of EPS and high biomass levels also appears 

to influence the rate of Fe(III) reduction and ferrous products resulting from dissimilatory 

iron reduction of lepidocrocite (123). It is possible that the slowed production of Fe(II) in 
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the high biomass and EPS systems in could have resulted from inhibited electron transfer 

reactions between Fe(II) and lepidocrocite, between reduced electron shuttles such as 

AQDS and the lepidocrocite, or even perhaps by limiting direct contact between the 

bacteria and lepidocrocite. Inhibition of electron transfer between aqueous Fe(II) and iron 

oxides by bacterial EPS might be important to consider in high productivity systems, 

such as during subsurface biostimulation efforts. 

Conclusion 

Our work extends the concept that interfacial electron transfer occurs between 

Fe(II) and Fe(III) oxides to a variety of environmentally relevant conditions. We have 

shown that interfacial electron transfer between Fe(II) and Fe(III) occurs when Fe(III) in 

the goethite structure is replaced by the redox inactive Al(III) cation. We have also 

shown that sorption of anions such as phosphate, silicate, and NOM onto goethite does 

not inhibit Fe(II) to Fe(III) oxide electron transfer. In all cases, oxidation of the sorbed 

Fe(II) to Fe(III) results in the templated formation of goethite on goethite. We have 

observed that interaction between solid Fe(II) in vivianite and goethite occurs via solution 

and results in electron transfer between sorbed Fe(II) and goethite, rather than solid state 

oxidation of Fe(II) in vivianite. Our results suggest that interfacial electron transfer 

between Fe(II) and Fe(III) is robust over a wide range of oligotrophic geochemical 

conditions. We note that electron transfer between Fe(II) and goethite is inhibited by 

putative adsorption of long-chain phospholipids onto the surface of goethite. Blocking of 

interfacial electron transfer may be important under eutrophic geochemical conditions 

were large amounts of biomass or biofilms are produced, such as during subsurface 

biostimulation with various organic electron donors. Further work will be needed to 

evaluate the extent to which cation substitution in goethite and sorbed anions affect Fe 

cycling and atom exchange, although it appears we can speculate that very little exchange 

occurs in the phospholipid system.
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Table 5.1. Properties of pure and Al-substituted goethites used in this study (± 1 standard deviation, when given). 

 Synthesis Parameters Solid properties 

Sample ID Initial 
Al/(Al+Fe) 

[KOH] 
(M) 

Temp. 
(°C) 

Aging 
Time 
(week) 

Al/(Al+Fe)a
solid 

x 100% 
MCD(110)

b 
(nm) 

MCD(111)
c 

(nm) 
Length (nm) 
(n = 15) 

Width 
(nm) 
(n =15) 

pXRD Al 
Contentd 

BET 
Surface 
area 
(m2/g) 

Gt 0 0.3 70 2 0 58.3 40.1 982 ± 392 124 ± 44 2.4 37 

2Al-Gt 
 

0.07 0.3 70 2 2.15 ± 0.02e 65.0 92.2 1500 ± 855 120 ± 66 2.8 14 

4Al-Gt 0.15 0.3 70 2 4.43 ± 0.09e 73.5 103 1180 ± 506 125 ± 49 5.3 20 

10Al-Gt 0.44 1.0 60 4 9.85 ± 0.03e 106 217 416 ± 153 158 ± 99 12 7.9 

Small Batch 56Fe Al-Goethites 
56Gt 

(Batch 1)f 
0 0.3 70 2 0 47.6 32.1 n.m.i n.m.i 2.1 n.m.i 

56Gt 
(Batch 2)g 0 0.3 70 2 0 99.7 67.4 n.m. n.m. 1.2 n/m 

5Al-56Gt 0.27 1.0 60 14 5.41h 56.9 38.0 993 ± 370 109 ± 28 7.5 n/m 

9Al-56Gt 0.44 1.0 60 14 9.44h 98.2 59.4 569 ± 180 103 ± 29 12 n/m 

a = Percent (%) aluminum substitution determined by dissolution in HCl and titration by ICP-OES. 

b, c = Mean crystallite dimensions determined from pXRD data of the breadth of the (110) and (111) reflections of goethite. 
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Table 5.1—continued  

d = Powder XRD determined Al content using the equation described in Ref. (191). The method has a 95% CI of ±2.6 % Al. 

e = Mean and 1 standard deviation of triplicate reactors of 10 mg of goethite dissolved in 8 M HCl. 

f = Used for 1 mM 57Fe(II) experiment, all phosphate experiments, and phospholipid experiment. 

g = Used for 3 mM 57Fe(II) experiment, and all other anion experiments (NOM, SiO4
4-, CO3

2-). 

h = Average of duplicates of 10 mg goethite dissolved in 8 M HCl. 

i = not measured. 
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Table 5.2. Experimental conditions for Fe(II) to goethite and Al-goethite electron transfer 
experiments. 

Experiment ID [Fe(II)], 
initial 
(mM) 

[Fe(II)], 
final 
(mM) 

Fe(II) 
uptake 

(mmoles/g)b 

pH, 
initial 

pH, 
final 

Mössbauer 
spectroscopy 

figure 

~1 mM 57Fe(II) 
56Gt 1.06 0.795 0.132 7.46 7.44 Figure 5.6 

5Al-56Gt 0.977 0.700 0.138   Figure 5.6 

9Al-56Gt 1.07 0.848 0.112   Figure 5.6 

~3 mM 57Fe(II) 
56Gt 3.23 2.96 0.135 7.49 7.46 Figure 5.7 

5Al-56Gt 3.63 3.17 0.232 7.50 7.45 Figure 5.7 

9Al-56Gt 3.13 2.81 0.160 7.51 7.46 Figure 5.7 

Note: All experiments were preformed in 25 mM HEPES buffer with 25 mM KBr 
background electrolyte. 
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Table 5.3: Experimental conditions for Fe(II) to goethite electron transfer experiments in the presence of sorbed anions. 

Experiment ID Solution 
Conditions 

[Anion], 
initial 
(mM) 

Anion 
Uptake after 

Sorption 
(mM)a 

Total 
Anion 
Uptake 
(mM)b 

[Fe(II)], 
initial 
(mM) 

Fe(II) 
uptake 
(mM) 

pH, 
initialc 

pH, 
final 

Mössbauer 
spectroscopy 

figure 

Mid P/Low 
Fe(II) 10 mM KCl 0.51 0.175 0.192 0.125 0.113 7.51 7.64 Figure 5.12 

High P/High 
Fe(II) 10 mM KCl 0.988 0.121 0.920 1.52 1.22 7.52 7.51 Figure 5.13 

57Fe Vivianite 
+56Fe Goethite 10 mM KCl 1.52 0.698 1.09 1.51 1.50 9.51 9.40 Figure 5.15 

Bicarbonate 10 mM KCl 4.0 n.m.d n.m.d 1.16 0.266 7.54 7.28 Figure 5.16 

Natural Organic 
Matter (NOM) 10 mM KCl 20 mg L-1 n.m.d n.m.d 1.14 0.263 7.48 7.02 Figure 5.16 

Low Silicate 10 mM KCl 1.0 n.m.d n.m.d 1.14 0.191 7.46 7.17 Figure 5.16 

High Silicate 10 mM KCl 10.0 n.m.d n.m.d 1.38 0.303 7.52 6.84 Figure 5.16 

Phospholipid 
(DOPA) 

25 mM 
HEPES/25 
mM KBr 

1.0 n.m.d n.m.d ~1 ~0.7 7.51 7.51 Figure 5.17 

a Anion uptake from solution by 2 g L-1 goethite after equilibration but prior to addition of 57Fe(II). 
b Total anion uptake from solution by 2 g L-1 goethite after addition of 57Fe and a period of equilibration. 
c pH after re-adjustment following the spike of 57Fe(II) to solution. 

 d not measured 
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Table 5.4. Mössbauer parameters derived from fitting of spectra collected at 77K for 56Fe 
goethite and Al-goethite reacted with 3mM 57Fe(II). 

Component 
CSa 

(mm s-1) 
QSb 

(mm s-1) 
Hc  

(Tesla) 

std(H)d  
(T) or 

std(QS)e 

(mm s-1) 

Area  
(%) 

Goethite 

Sextet 0.48 -0.24 49.5 0.77 100 
56Gt + 3 mM 57Fe(II) 

Sextet 1 0.47 -0.25 48.9 0.79 43 

Sextet 2 0.53 0.14 49.5 1.06 24 

Collapsed Feature 0.44 -0.14 29.3 14.4* 28 

Fe(II) Doublet 1.26 2.66 - 0.36 4 

5Al-56Gt + 3 mM 57Fe(II) 

Sextet 1 0.47 -0.46 48.4 1.23 30 

Sextet 2 0.50 0.06 48.7 1.38 31 

Collapsed Feature 0.37 -0.18 30.8 14.5* 34 

Fe(II) Doublet 1.25 2.53 - 0.48 5 

9Al-56Gt + 3 mM 57Fe(II) 

Sextet 1 0.47 -0.48 48.0 1.35 30 

Sextet 2 0.50 0.06 48.1 1.46 30 

Collapsed Feature 0.38* -0.18* 30.7 14.5* 33 

Fe(II) Doublet 1.26 2.64 - 0.57 7 
56Gt + 3 mM 57Fe(II) Oxidized in Air 1 month 

Sextet 1 0.47 -0.40 48.9 0.93 53 

Sextet 2 0.52 0.02 49.1 0.99 44 

* Denotes that the parameter was fixed during the fitting procedure to obtain resonable 
values for the Mössbauer hyperfine parameters. 

a Center shift. 

b Quadrupole splitting for doublets and quadrupole shift parameter for sextets. 

c Hyperfine field. 

d,e Standard deviation of the Voigt profile for the hyperfine field or quadrupole splitting 
parameters, respectively. 
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Table 5.5. Mössbauer parameters derived from fitting spectra recorded at 77 K for 56Fe 
goethite with sorbed anions reacted with 57Fe(II). 

Component 
CSa 

(mm s-1) 
QSb 

(mm s-1) 
Hc  

(Tesla) 

std(H)d  
(T) or 

std(QS)e 

(mm s-1) 

Area  
(%) 

56Fe Goethite + 0.51 mM Phosphate + 0.13 mM 57Fe(II) 

Sextet 1 0.47 -0.42 48.8 0.98 33 

Sextet 2 0.50 0.10 49.1 0.93 30 

Collapsed Feature 0.43 -0.42 30.5 14.5* 32 

Fe(II) Doublet 1.36 2.92 - 0.53 6 
56Fe Goethite + 1.0 mM Phosphate + 1.5 mM 57Fe(II) 

Fe(II) Doublet 1 1.30 2.64 - 0.35 38 

Fe(II) Doublet 2 1.36 3.23 - 0.29 46 

Sextet 0.47 -0.10 48.7 2.5 16 
57Fe Vivianite + 56Fe Goethite 

Fe(II) Doublet 1 1.30 2.62 - 0.28 20 

Fe(II) Doublet 2 1.34 3.23 - 0.23 25 

Sextet 0.48 -0.15 49.0 1.77 19 

Collapsed Feature 0.5* -0.58 21.9 13.3 36 

Vivianitef 

Fe(II) Doublet 1 1.33 3.14 - - -f 

Fe(II) Doublet 2 1.27 2.54 - - -f 

* Denotes that the parameter was fixed during the fitting procedure to obtain resonable 
values for the Mössbauer hyperfine parameters. 

a Center shift. 

b Quadrupole splitting for doublets and quadrupole shift parameter for sextets. 

c Hyperfine field. 

d,e Standard deviation of the Voigt profile for the hyperfine field or quadrupole splitting 
parameters, respectively. 

f Ref (233), relative areas not reported. 
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Figure 5.1. Dissolution of Al-goethites used in this study in 8 M HCl indicating that 
dissolution of Al is not completely congruent with Fe dissolution. Congruent 
dissolution is represented by the solid line. This non-congruent release of Al is 
most likely due to enrichment of the particles with Al on the surface or at 
domain boundaries that dissolve most readily. 
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Figure 5.2. Powder x-ray diffraction patterns of the goethite and Al-goethite used.  The 
dotted vertical line is shown as a visual reference to the change in goethite 
crystal properties upon aluminum substitution. This shift indicates that Al(III) 
is included in the goethite lattice (191). 
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Figure 5.3. Dissolution of goethites and Al-goethites in dithionite-citrate bicarbonate 
(DCB) solution.  Inset: Flux of Fe(II) from the goethites in moles m-2 s -1. The 
dash line represents the upper limit of for the rate of dissolution of Fe(II) from 
FeO extrapolated to pH 7.3 (207).  
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Figure 5.4. Scanning electron micrographs (SEMs) of (clockwise from top left) Gt, 2Al-
Gt goethite, 4Al-Gt goethite, and 10Al-Gt showing the change in morphology 
of the goethite particles with increasing aluminum content.  The scale bar in 
the SEM images represents 1 µm.   
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Figure 5.5: Uptake of Fe(II) from solution by goethite and Al-substituted goethites on a 
mass basis (A) and a surface area basis (B). The grey circles represent data 
from Ref (20). 



138 
 

 

 

Figure 5.6. Temperature profiles of Mösssbauer spectra of 56Gt (pure 56Fe-goethite), 5Al-
56Gt (5.4% Al-substituted), and 9Al-56Gt (9.4% Al-substituted) 56Fe goethites 
reacted with 1 mM 57Fe(II). The suspensions had an Fe(II) uptake of 0.13, 
0.14, and 0.11 mmoles g-1 respectively. Reactions were carried out in a 2 g L-1 
suspension of goethite in 25 mM HEPES and 25 mM KBr buffer at a pH 
value of 7.5.  
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Figure 5.7. Temperature profiles of Mösssbauer spectra of 56Gt, 5Al-56Gt (5.4% Al-
substituted), and 9Al-56Gt (9.4% Al-substituted) 56Fe goethites reacted with 3 
mM 57Fe(II). The suspensions had an Fe(II) uptake of 0.14, 0.23, and 0.16 
mmoles g-1, respectively. Reactions were carried out in a 2 g L-1 suspension of 
goethite in 25 mM HEPES and 25 mM KBr buffer at a pH value of 7.5 
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Figure 5.8. Mössbauer spectra of 56Fe goethites and Al-substituted goethites (56Gt, 5Al-
56Gt, and 9Al-56Gt) after reaction with 57Fe(II). Spectra were collected at 77 
K. We have fit the spectra with two sextets and an Fe(II) doublet, as well as a 
collapsed feature. Spectral parameters are reported in Table 5.4. 
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Figure 5.9. Mössbauer spectrum of 56Fe goethite reacted with 3 mM 57Fe(II) collected at 
77 K compared to the spectrum of the same goethite after oxidation in air for 
1 month. 

 



 

 

Figure 5.10. pH edges for uptake of 0.1 and 0.5 mM Fe(II) by goethite in the presence of 
0.1, 0.19, and 0.5 mM phosphate (PO

 

. pH edges for uptake of 0.1 and 0.5 mM Fe(II) by goethite in the presence of 
0.1, 0.19, and 0.5 mM phosphate (PO4). 
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. pH edges for uptake of 0.1 and 0.5 mM Fe(II) by goethite in the presence of 
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Figure 5.11. Phosphate sorption onto goethite at a pH value of 7.5 in 10 mM KCl 
background electrolyte (no added Fe(II)). The maximum sorption density of 
phosphate has been reported to be approximately 2.5 µmoles P m-2 (32, 229). 
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Figure 5.12. Temperature profiles of Mösssbauer spectra of 56Fe goethite reacted with 
0.51 mM P and 0.13 mM 57Fe(II). Reactions were carried out in a 2 g L-1 
suspension of goethite in 10 mM KCl background electrolyte (further solution 
details are in Table 5.4). We have fit the 77 K spectra with two sextets and an 
Fe(II) doublet, as well as a collapsed feature. Spectral parameters are reported 
in Table 5.5. 
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Figure 5.13. Temperature profiles of Mösssbauer spectra of 56Fe goethite reacted with 1.0 
mM P and 1.5 mM 57Fe(II). Reactions were carried out in a 2 g L-1 suspension 
of goethite in 10 mM KCl background electrolyte (further solution details are 
in Table 5.4). We have fit the 77 K spectra with two Fe(II) doublets 
corresponding to vivianite and a sextet corresponding to goethite. Spectral 
parameters are reported in Table 5.5. 
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Figure 5.14. Scanning electron micrographs (SEMs) of vivianite homogeneously 
precipitated from solution (top) and vivianite precipitated in the presence of 
56Fe goethite in the High P/High Fe experiment (bottom). 
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Figure 5.15. Temperature profiles of Mösssbauer spectra of 56Fe goethite reacted with 
57Fe vivianite (1.5 mM 57Fe(II) and 1.5 mM P). Reactions were carried out in 
a 2 g L-1 suspension of goethite in 10 mM KCl background electrolyte (further 
solution details are in Table 5.4). We have fit the 77 K spectra with two Fe(II) 
doublets corresponding to vivianite and a sextet corresponding to goethite, as 
well as a collapsed feature. Spectral parameters are reported in Table 5.5. 
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Figure 5.16. Mössbauer spectra of 57Fe(II) reacted with 56Fe goethite in the presence of 
several sorbed anions, including 4 mM bicarbonate, 1 and 10 mM silicate, and 
20 mg/L natural organic matter (Aldrich humic acid). Bars are shown for a 
goethite sextet and an Fe(II) doublet for comparison to the measured spectra. 
Formation of a goethite sextet in all cases indicates that 57Fe(II) has undergone 
electron transfer to Fe(III) in goethite and has been oxidized. 
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Figure 5.17. Mössbauer spectra of 1 mM 57Fe(II) reacted with 2 g L-1 goethite in the 
presence of the phospholipid DOPA (1,2-dioleoyl-sn-glycero-3-phosphate). 
Only an Fe(II) doublet is observed in the spectra, indicating that the presence 
of the phospholipid has blocked Fe(II) from transferring an electron to Fe(III) 
in goethite. Bars are shown for an Fe(II) doublet and a goethite sextet for 
reference. 
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CHAPTER 6: IMPLICATIONS OF THE REDOX DRIVEN 

CONVEYOR BELT FOR CONTAMINANT TRANSFORMATIONS 

Abstract 

Recent work indicates that a series of reactions occurs when iron oxides are 

exposed to aqueous Fe(II). These reactions result in oxidation of Fe(II) at the surface of 

the oxide followed by oxide growth, electron transport through the bulk, and reductive 

dissolution of Fe(II) at a spatially separated site. When exposed to Fe(II), goethite and the 

aqueous Fe(II) undergo complete atom exchange. We have hypothesized that this atom 

exchange has an effect on contaminant transformations, which may lead to release or 

sequestration of trace metals or metalloids during Fe(II) induced atom exchange. We 

have exposed goethite synthesized to contain manganese (Mn-goethite) to solutions 

containing aqueous Fe(II) and measured Fe(II) uptake from solution and Mn release to 

solution. Our results indicate that Mn is released during reductive dissolution of the 

goethite, suggesting that metals may be released during atom exchange between Fe(II) 

and goethite. In addition, we have investigated whether uranium (U) is incorporated from 

solution into goethite during exposure to goethite and aqueous Fe(II). This work indicates 

that UVI is reduced to UIV by Fe(II) in the presence of goethite, but not incorporated into 

the goethite structure.  Finally, we have begun to develop a method that allows for 

measurement of atom exchange between aqueous Fe(II) and Fe oxides using quadrupole-

ICP-MS by using highly enriched 57Fe(II) solutions and Fe oxides with natural 

compositions of Fe isotopes. 

Introduction 

Ferrous iron (Fe(II)) associated with iron oxides and oxyhydroxides (Fe oxides) is 

commonly considered an important reductant for many oxidized contaminants in the 

environment (6-8, 242, 243). The reactivity of Fe(II) with contaminants and its 

importance as a product of dissimilatory metal reduction of Fe(III) oxides (82, 123, 187, 
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244) has led to a variety of mechanistic studies on the interaction of Fe(II) with Fe 

oxides. These mechanistic studies have shown that there are dynamic redox reactions that 

occur between aqueous Fe(II) and the oxide (17-25, 132). These redox dynamics include 

oxidation of Fe(II) at the surface of an Fe oxide followed by growth of the oxide, electron 

conduction through the oxide, and reductive dissolution at a spatially separated site, a 

process that has been termed the “redox driven conveyor belt” (24). The atom exchange 

that occurs between aqueous Fe(II) and Fe oxides results in the complete mixing of the 

aqueous and solid phase Fe in goethite suspensions over short time scales of less than 1 

month (24, 25). This mixing raises questions about the fate of metals and metalloids 

commonly associated with Fe oxides during atom exchange. 

There are several studies that indicate contaminants may be strongly associated 

with iron oxides during redox transformations. One such study investigated the fate of 

arsenate (As(V)) during the Fe(II) catalyzed transformation of ferrihydrite to more 

crystalline Fe oxides and As(V) bound to goethite and lepidocrocite in the presence of 

Fe(II). Results from this study indicated that radioactive 73As was so strongly bound to 

ferrihydrite recrystallization products (lepidocrocite, goethite, and/or magnetite) and to 

goethite exposed to Fe(II) that it could not be desorbed from the surface when exposed to 

an addition of unlabeled As (245). Another study investigating the fate of uranium during 

Fe(II) catalyzed recrystallization of ferrihydrite uses structural data from U x-ray 

absorption spectroscopy to argue that U may be incorporated into the products of 

ferrihydrite recrystallization (goethite and magnetite) (246). 

Based on these studies as well as mechanistic studies that show redox driven 

dynamics between Fe(II) and Fe oxides, we have been compelled to explore the fate of 

metals during atom exchange between Fe(II) and goethite. We have explored the release 

of manganese (Mn) from goethite synthesized to have Mn-for-Fe substitution in the 

strucuture. We have also probed whether U is incorporated into goethite when the 

goethite is exposed to Fe(II) using both x-ray absorption spectroscopy (XANES and 
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EXAFS) as well as by measuring U and Fe release to solution during dissolution by acid. 

Finally, we have begun to develop a method for measuring Fe isotopes using a newly 

acquired Thermo X-Series 2 quadrupole-ICP-MS.  

Experimental Approach 

Mn-substituted Goethite 

Manganese substituted goethite (Mn-goethite) was synthesized using a previously 

described procedure known to result in formation of Mn-substituted goethite (161). 

Briefly, goethites with Mn contents of 0.02 and 0.05 as Mn/(Mn+Fe) were synthesized to 

avoid the formation of Mn-Fe spinel phases at higher Mn contents (161). To make 

goethite with an Mn/(Mn+Fe) content of 0.02 (Mn2), 7.05 g FeCl3·6H2O and 0.105 g 

MnCl2·4H2O were mixed in 50 mL deionized water and 175 mL 2 M NaOH was added to 

precipitate the metals as a Mn-ferrihydrite gel. For a Mn/(Mn+Fe) content of 0.05 (Mn5) 

0.262 g MnCl2·4H2O and 6.805 g FeCl3·6H2O were mixed together in 50 mL and 175 mL 

2 M NaOH was added to precipitate the metals. The ferrihydrite gels were centrifuged 

and washed once and then resuspended in 0.3 M NaOH and heated at 60 °C for 15 days. 

The product was centrifuged and washed with deionized water 3 times and dried in the 

oven at 60 °C overnight. The dried product was ground and passed through a 150 µm 

sieve. The product was analyzed by powder x-ray diffraction using Co Kα radiation 

(Rigaku MiniFlex II), and found to be solely goethite with no detectable spinel phase. 

Work investigating Mn substitution in goethite suggests Mn is substituted as Mn(III) into 

the goethite structure (247-249). 

The Mn-substituted goethite was reacted with Fe(II) to determine if Mn(III) could 

be reductively dissolved during redox reactions with Fe(II). Here duplicate reactors 

containing 15 mL of 25 mM HEPES (4-(2-Hydroxyethyl)piperazine-1-ethanesulfonic 

acid) buffer with 25 mM KBr electrolyte adjusted to pH 7.5 were spiked with 1 mM 

FeCl2. The initial concentration of Fe(II) was measured, and 30 mg of Mn-goethite was 
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added to initiate the reaction. The loss of Fe(II) from solution and accumulation of Mn 

was measured over time up to 96 h. Controls without Fe(II) were done to determine if left 

over Mn(II) from synthesis could explain the Mn release. In addition, we added 5 M HCl 

to lower the pH of the suspension to a value of 2.0 to desorb any Fe(II) or Mn(II) at the 

end of the experiment. Fe(II) was measured colorimetrically using 1,10-phenanthroline 

(139, 250). Dissolved Mn was measured by modifying the formaldoxime method 

outlined in Morgan and Stumm (251) and Abel (252), using phenanthroline to complex 

interfering aqueous Fe.   

Uranium Reaction with Goethite and Fe(II) 

We have explored whether U is incorporated into goethite during redox 

interaction between Fe(II) and Fe(III) in goethite. We have reacted nominal 

concentrations of UVI of 250 µM (uranyl acetate in 0.1 M HCl), with 1 and 2 g L-1 

goethite in the presence of 1 mM Fe(II). Samples of 140 mL solution containing 4 mM 

NaHCO3, 250 µM UVI, and 1 mM Fe(II) were prepared and initial aliquots of solution 

were removed for Fe(II) and U analysis. To this solution 140 or 280 mg goethite or Al-

substituted goethite was added and the pH was adjusted with KOH to a value near 7.50. 

A control was done without Fe(II). For the 1 g L-1 reactors, aqueous U and Fe(II) 

concentrations were measured as a function of time. The 0.5 M HCl extractable Fe(II) 

was measured for these reactors by mixing 0.1 mL of the suspension into 10 mL total 0.5 

M HCl. In addition, 50 mM NaHCO3 extractable U was measured in the same way. In the 

2 g L-1 system a final aqueous Fe(II) and U measurement was taken at 17 hours. The 2 g 

L-1 reactors were sent to Argonne National Laboratory for x-ray absorption spectroscopic 

analysis of U valence state. A 1 g L-1 goethite reactor was sacrificed and extracted first 

with a 0.5 M HCl extraction, then subjected to complete dissolution with 6 M HCl. 

Uranium was measured in these experiments using ICP-MS (Thermo X-Series 2) by 
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following 238U. Fe(II) and total Fe was measured using the 1,10-phenanthroline 

colorimetric method. 

Isotope Exchange Experiments using Quadrupole-ICP-MS 

Measurements 

We have begun to develop a method for measuring Fe isotopes with quadrupole-

inductively coupled plasma-mass spectrometry (q-ICP-MS). The instrument is a Thermo 

X-Series 2 q-ICP-MS with a H2/Ar collision cell capable of removing 40Ar16O  

interferences at mass 56 (56Fe). A series of standards were prepared by adding 

isotopically enriched 57Fe(II) (0.01 % 54Fe, 0.96% 56Fe, 97.82% 57Fe, and 1.22% 58Fe, 

Chemgas, Inc.) and 56Fe(II) (99.77% 56Fe) made by dissolving enriched Fe(0) 0.1 M HCl 

solutions to each other to achieve a range of isotope concentrations. These standards were 

used to evaluate whether 56Fe and 57Fe could be resolved from one another with the 

instrument and to see if quantitative recovery of known isotope compositions was 

possible. Mixtures were made with 90, 75, 50, 25, and 5% 56Fe with the balance as 57Fe, 

and recovery is compared with the expected value in Figure 6.6. 

For isotope exchange experiments we have followed the experimental conditions 

of Handler et al. (24) to try and reproduce their data collected with high resolution 

multicollector ICP-MS (MC-ICP-MS). Briefly suspensions of 2 g L-1 natural isotopic 

composition goethite were made by suspending 30 mg goethite in 15 mL of 25 mM 

HEPES buffer with 25 mM KBr electrolyte. Prior to addition of the goethite a spike of 

Fe(II) highly enriched in 57Fe  was added to the solution to get a concentration of Fe(II) 

of 1 mM. An initial aliquot was withdrawn and acidified with trace metals grade HCl for 

later Fe(II) analysis with 1,10-phenanthroline and isotope analysis with q-ICP-MS. We 

also measured aqueous Fe isotopic composition and goethite isotopic composition with 

time. Aqueous Fe isotopes were measured by filtering an aliquot of solution (~100 mL) 

and acidifying it prior to analysis. Goethite isotopic composition was measured in two 
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ways, one way involved a 0.5 M HCl extraction of the whole solution to remove sorbed 

Fe(II), centrifugation to pellet the solids, followed by decanting of the supernatant prior 

to complete dissolution with concentrated HCl. In a second method, the solution 

containing Fe(II) and goethite was centrifugated and the pelleted goethite was dissolved 

in concentrated HCl without an 0.5 M HCl extraction. 

We attempted to make samples for analysis on the q-ICP-MS such that the 

expected total Fe concentration would be around 30 ppb by addition of an aliquot of the 

sample to 10 mL of 0.1 M trace metals grade HCl. This concentration is below the 

threshold (~50-100 ppb) where the instrument detector mode switches from pulse 

counting to analog counting. Maintaining concentrations of Fe below the threshold of the 

detector mode ensures no detector cross calibration is necessary, which could add error to 

the measurements. However, the detector cross calibration routine was run to ensure 

measurements of concentrations could be made for other analytes of interest over a wider 

range (simultaneous determination of U in other experiments). We have also spiked an 

internal standard of 59Co (100% natural abundance) at 10 ppb to track instrument drift 

with time. Isotopic fractions of the Fe isotopes were calculated by summing the total 

counts from the q-ICP-MS detector over 54Fe, 56Fe, and 57Fe. We neglected 58Fe due to its 

low concentration and potential for interference with 58Ni (68.1% abundant). 

Results and Discussion 

Reductive Dissolution of Mn from Mn-Goethite by Fe(II) 

We have investigated whether electron transfer between Fe(II) and Mn-

substituted goethite might also cause reduction of Mn(III) in the goethite structure and 

dissolution of Mn(II) into solution. We have exposed goethites with Mn contents of 0.02 

and 0.05 on a Mn/(Mn+Fe) basis (referred to as Mn2 and Mn5) to a 1.2 mM Fe(II) 

solution and measured the loss of Fe(II) from solution and the release of Mn (putatively 

Mn(II)) into solution (Figure 6.1). We found that Fe(II) uptake from solution is relatively 
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rapid over the first 4 hours, and continues to increase with time. In concert, Mn release to 

solution is very rapid, with the majority released to solution in the first 5 minutes of the 

experiment, but the concentration continues to rise with time out to 96 hours. Final 

concentrations after 96 hours were 60 µM and 107 µM Mn in the Mn2 and Mn5 reactors, 

respecitively. We observed no realease of Mn to solution in controls without Fe(II), 

suggesting that all Mn in the goethite structure is Mn(III) and released by reductive 

dissolution in the presence of Fe(II). The greater total uptake of Fe(II) from solution by 

the Mn5 goethite relative to the Mn2 goethite was consistent with a higher total amount 

of Mn added during the synthesis, if Fe(II) is oxidized by Mn(III). In addition, the Mn 

released to solution was greater in the Mn5 reactors than in the Mn2 reactors, again 

consistent with the higher amount of Mn substitution. However, we do not have surface 

area data for these two Mn-goethites, although visual inspection of the particles with 

SEM indicates similar sizes and morphologies. Surface area differences might also 

explain the observed release of Mn. Desorption of Mn and Fe(II) at pH 2.0 was done after 

96 hours. In the Mn2 system, an extra 34 µM Mn was released by the desorption (94 µM 

Mn total), and in the Mn5 system, an extra 48 µM Mn was released (155 µM total). Fe(II) 

recovery was 810 and 635 µM in the Mn2 and Mn5 systems. This indicates that not all 

the added Fe(II) was recovered, and that Fe(II) lost was in excess of the amount of Mn 

released if Fe(II) reduced Mn(III) to Mn(II). We note under similar conditions that Fe(II) 

was recoverable in unsubstituted goethite suspensions even without acidification, but just 

by resuspending the goethite in a more dilute Fe(II) concentration (20). 

We have shown that Mn is released from Mn-substituted goethite upon exposure 

of the goethite to aqueous Fe(II) and that Fe(II) appears to be irreversibly lost. Both of 

these lines of evidence suggest that net Fe(II) is oxidized to Fe(III) by Mn(III) in the 

structure of goethite, resulting in the reductive dissolution of Mn(II) from the goethite. 

Next, we have calculated whether the release of Mn to solution is just from the surface of 

goethite, or whether it occurs from the bulk of the particle due to redox driven Fe and Mn 
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atom exchange. We have used site densities reported by Villalobos et al. (253) for the 

(101) face, which comprises the majority of the goethite surface area, to calculate the 

surface Fe site concentration. We calculated that 12.1 Fe sites nm-2 are present on 

goethite (101) faces, and assume a goethite surface area of 30 m2 g-1. At 2 g L-1 solids 

loading this corresponds to 0.0012 moles surface Fe L-1. Assuming congruent 

incorporation of Mn into the structure of goethite we arrive at a surface Mn concentration 

of 24 µmoles L-1 and 60 µmoles L-1 for the Mn2 and Mn5 samples respectively. In both 

cases, the amount of Mn dissolved at the end of the experiment corresponds to a release 

of Mn from approximately 3 monolayers of goethite. 

Our observed release of Mn from goethite during redox induced atom exchange 

may have implications for the release of contaminants if they are incorporated into the 

goethite structure. While Mn is generally not considered to be a concerning contaminant, 

some evidence exists that suggests at elevated concentrations it could have deleterious 

effects to human health (254). Another metal that has been proposed to be substituted 

into goethite is Pb, which may be substituted as Pb(IV) in goethite (255). Pb(IV) 

substitution in goethite could be hypothesized to occur in pipe scale if a water distribution 

system contains both lead and iron distribution pipes. Reduction of Pb(IV) to Pb(II) by 

Fe(II) should be relatively facile (E(PbO2/Pb2+, pH 7.0) = 0.63 V) (256). 

Reaction of Uranium with Fe(II) and Goethite 

Uranium is rapidly removed from solution in the presence of 1 g L-1 goethite and 

1 mM Fe(II) at pH 7.5. After 30 minutes, the aqueous U concentration drops from 217 

µM to 0.12 µM (99.95% removal) (Figure 6.2). After 30 minutes nearly all (80%) of the 

U is recovered by 50 mM NaHCO3 extraction, and the bicarbonate extractable U 

decreases to near 1 µM after 46 hours and stays at this level throughout the experiment, 

indicating that reduction of U may occur within 2 days. Similar results are seen for 0.5 M 

HCl extractable Fe(II), which decreases to 0.77 mM after 46 hours, and is constant over 
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time after this. Curiously, this 0.5 M HCl extractable Fe(II) concentration is higher than 

would be expected if all of the UVI added to the system was reduced (0.58 mM is 

expected); however, caution must be taken in interpreting this result, as acidic conditions 

are expected to promote the oxidation of UO2 by goethite (257). Aqueous Fe(II) 

concentrations also continue to drop with time out to 11 days, which would be 

unexpected if UVI in the system was reduced after 2 days. After this period of time, an 

aliquot of concentrated HCl was added to make a 0.5 M HCl solution in the bottle and the 

solids were treated for 90 minutes. The 0.5 M HCl extracted concentration of U was 

measured to be 208 µM. This suspension was centrifuged and the solids were harvested 

and dissolved completely in 6 M HCl. U and Fe release was measured with time (Figure 

6.3).  

The results from the 6 M HCl extraction show that the U remaining after 0.5 M 

HCl extraction is immediately dissolved in 6 M HCl. This suggests the U is either in a 

separate phase that is easily dissolved in both 0.5 M HCl and 6 M HCl or sorbed onto the 

goethite. The U is not congruently incorporated into the goethite during Fe(II) induced 

atom exchange for the conditions studied here (1 g L-1 goethite and 1 mM Fe(II)). It is 

likely that UVI was reduced to UIVO2 and thus not available for incorporation into the 

goethite.  

In order to investigate whether UVI is reduced by Fe(II) in the presence of 

goethite, we have used U-L3 x-ray absorption spectroscopy to measure valence state 

(XANES) and the coordination environment of the U in the sample (EXAFS). In this set 

of experiments we explored whether Al-substitution in goethite (2Al, 4Al, and 10Al-

Goethite described in Chapter 5) had any effect on reduction of UVI by Fe(II). In these 

suspensions, we added 288 ± 4 µM U and after 17 hours the aqueous concentration U 

was reduced to 0.05 ± 0.03 µM (11 ± 6 ppb) in the Fe(II) containing suspensions, 

whereas U was only removed to 79 µM (19 ppm) in the 10Al-goethite control without 

Fe(II). The edge position of the control without Fe(II) in the XANES spectrum is near 
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that of the UVI standard, and contains a post-edge feature indicative of UVI in the uranyl 

(UO2
2+) geometry (vertical arrow), indicating that all the U associated with the solid 

phase remained oxidized as UVI (Figure 6.4). The edge position of the U XANES spectra 

of all the samples containing Fe(II) is near the UIV standard, and lacks the post-edge 

feature indicative of UVI, suggesting that nearly all of the added U has been reduced to 

UIV. The EXAFS spectra of the goethite and Al-goethite reacted with U in the presence of 

Fe(II) indicate the reduced U product is consistent nanoparticulate uraninite (UIVO2) with 

a spectrum close to that of biogenically produced nanoparticulate uraninite (Figure 6.5) 

(47). 

Formation of stable Fe(II) species on goethite (see discussion in Chapter 5) may 

have promoted UVI reduction in the goethite + Fe(II) system. We note that in a study 

using insulating beads functionalized with carboxylate groups capable of binding U and 

Fe(II), that formation of Fe(II) polymers was required for the reduction of UVI to UIV 

(111). In contrast, some UVI reduction has been noted in systems where Fe(II) 

concentrations were less than what would be expected to cause surface saturation of 

Fe(II). In addition, total Fe(II) loading in that system was less than that required to reduce 

all the added UVI (57). Currently, we cannot conclude whether UVI reduction might also 

be mediated by electron conduction through the bulk of goethite. Further study of this 

mechanism is warranted. 

Isotope Exchange between Fe(II) and Goethite  

We have begun to develop a method to measure isotope exchange between 

goethite and aqueous Fe(II) using a quadrupole-ICP-MS and highly enriched 57Fe(II) 

solutions exposed to goethite with natural isotopic composition. We have started with 

determining whether 56Fe and 57Fe could be determined in mixtures using the q-ICP-MS 

using highly enriched isotope solutions (Figure 6.6). We have used spiked 2 g L-1 

goethite suspensions with a natural abundance of Fe isotopes (5.8% 54Fe, 91.8% 56Fe, 
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2.1% 57Fe, and 0.3% 58Fe), with highly enriched (97.82%) 57Fe(II) stock. We tracked the 

aqueous and solid phase 57Fe fraction (denoted F, Equation 6.1) with time (Figure 6.7). 

We note that the 57Fe content in the aqueous phase decreases and the 57Fe content in the 

solids decreases. Over the ~12 days we followed the reaction we saw the goethite come 

to nearly complete mass balance of 57Fe fraction in the solids of 0.058 to 0.061, whereas 

the aqueous phase did not, with 57Fe fractions after 12 days of 0.31 to 0.36.  

 Fe fraction57  = 
Fecounts

57

Fecounts+ Fecounts
5654

+ Fecounts
57

 (6.1) 

 

 Fe 	
 fraction(system)�Fetotal� = Fe	
  fraction(aq)[Fe(II)] +

Fe	
  fraction(s)[Fegoethite]

  (6.2) 

 

The difference between the aqueous phase 57Fe fraction and the solid phase 

fraction indicates that we do not have mass recovery of 57Fe in these systems. The most 

likely cause of this is the fact that aliquots of the goethite/Fe(II) suspension were 

removed with time. We note that Handler et al. set up many reactors in parallel and 

sacrificed them at each time point (24). This experimental method should be followed in 

further studies using the q-ICP-MS, but was not done here due to the exploratory nature 

of this work. While the lack of mass balance precludes any conclusions from this work, 

we note that the 10Al-goethite reacted with Fe(II) exchanged less 57Fe between the 

aqueous and solid phase, suggesting that perhaps Al substitution in goethite has an effect 

on atom exchange between Fe(II) and goethite. Such a result would not be surprising 

considering that Al(III) is unlikely to dissolve from goethite during reduction in the 

absence of a ligand to promote its detachment (as is the case when dithionite-citrate-

bicarbonate is used, as in Chapter 5). The presence of Al in goethite might make isotope 

exchange between Fe(II) and goethite in the environment quite variable, as Al contents of 

goethite in the environment are likely to vary significantly (26). 
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Figure 6.1. Loss of Fe(II) from solution (closed markers – left axis) and release of Mn 
into solution (open markers – right axis) when 2 g L-1 suspensions of  Mn2 
and Mn5-substituted goethites are exposed to 1.2 mM Fe(II). Controls without 
added Fe(II) are shown, and no Mn realease was observed. 
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Figure 6.2. Measured aqueous concentrations of Fe(II) and U in a suspension of 217 µM 
U, 1 mM Fe(II), and 1 g L-1 goethite. In addition, 0.5 M HCl extractable Fe(II) 
and 50 mM bicarbonate extractable U were measured over 11 days. 
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Figure 6.3. Dissolution of the remaining U associated with goethite after reaction with 
Fe(II) and 0.5 M HCl extraction. The solids were dissolved in 6 M HCl and 
the release of Fe and U were monitored with time. Dissolution along the 
dotted line would indicate that uranium was incorporated congruently into the 
goethite structure. All U remaining was either in a separate phase or 
associated with the surface. 
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Figure 6.4. Uranium L3 XANES spectra of UVI reacted with goethite and Al-goethite in 
the presence of Fe(II). The horizontal arrows highlight the edge position, 
which is sensitive to U valence state with UIV to the left and UVI to the right. 
The vertical arrow points out the higher intensity post-edge feature for UVI 
indicative of U in the uranyl (UO2

2+) geometry. In all cases where Fe(II) is 
present UVI is reduced to UIV. UVI remains in the 10Al-goethite sample 
without Fe(II). 
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Figure 6.5. Uranium L3 EXAFS spectra of UVI reacted with goethite and Al-goethite in 
the presence of Fe(II). The EXAFS spectra of the U after reactions with Fe(II) 
and goethite are all consistent with a nanoparticulate UIVO2 (uraninite) 
product. The UVI reacted with the 10Al-goethite control without Fe(II) is 
consistent with a uranyl species (UO2

2+) sorbed to a Fe-O site on goethite. 
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Figure 6.6. Plot showing agreement between 56Fe and 57Fe amounts added to several 
standards and their measured amounts with q-ICP-MS. The data suggest that 
56Fe and 57Fe can be resolved from one another and quantified. 
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Figure 6.7. Measured 57Fe fraction in the aqueous phase and goethite over time. The 
dashed line represents the mass balance of 57Fe fraction in the system 
described in equation 6.2 in the text.   
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CHAPTER 7: ENGINEERING AND SCIENTIFIC SIGNIFICANCE 

Summary 

This work provides new evidence for the reactivity of iron minerals that have 

Fe(II) in their structure or have been exposed to Fe(II) in the aqueous phase. While the 

approach to all of the studies presented here has been reductionist in philosophy, we have 

used carefully selected and characterized systems to understand fundamental processes 

that occur between aqueous Fe(II), structural Fe(II), Fe oxides, and contaminants. This 

work provides compelling evidence to show that processes previously observed in the 

laboratory under minimal complexity are relevant in more complex biogeochemical 

systems.  

In Chapter 2 we have provided evidence that green rusts are facile sorbents and 

reductants for UVI, which is commonly found as a contaminant at U.S. Department of 

Energy sites where U was mined or refined. We have found that green rusts containing 

chloride, sulfate, and carbonate in their structure all reduce UVI and that environmentally 

relevant carbonate concentrations do not greatly affect the reduction process. Because of 

their affinity for carbonate, green rusts are likely to be found with structural carbonate in 

most natural geochemical systems where dissimilatory metal reducing microbes use 

carbon as an electron donor and Fe oxides as electron acceptors. The chloride and sulfate 

forms of green rust may be important in engineered geological radioactive waste 

confinement settings, where sulfate or chloride containing brines may be present and in 

contact with corroding steel containment canisters. This work also provides a cautionary 

tale to future researchers on the importance of carefully selecting a buffer that does not 

complex the metal of interest, as TAPS was found to do with UO2
2+. 

Our work with a naturally reduced soil from Hedrick, Iowa, further indicates that 

abiotic reduction of U may be important under conditions where structural Fe(II) is 

present in the mineralogical matrix of soil or sediment. Our results appear to be the first 
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to demonstrate such an abiotic process in natural material. We have found that U is 

sequestered by soil as a mixture of reduced UIV, oxidized uranyl UVI, and UV or UVI in a 

non-uranyl coordination environment. The UIV did not form uraninite nanoparticles, 

further indicating the diversity of UIV products that might occur in natural sytems. 

Production of structural Fe(II) in soil and sediment minerals may serve as a long term 

redox buffer that allows for continued U reduction and removal from groundwater after 

biostimulation of microbial reduction is halted and microbial metabolism returns to 

background levels. In addition, we have circumstantial evidence that green rust is present 

as part of the Fe mineral assemblage in this soil. The presence of green rust is supported 

by wet chemical extraction and Mössbauer spectroscopy of both the reduced material and 

its behavior upon oxidation. Our work provides further validation that green rusts are an 

important part of the Fe biogeochemical cycle. 

We have also shown that magnetite stochiometry is important to uranium 

reduction, with the redox properties of the magnetite that are influenced by the 

stoichiometry dictating whether UVI is reduced by magnetite. Our work with U is 

consistent with the hypothesis that magnetite reducing power is capable of being 

recharged by aqueous Fe(II) (132). In the environment, magnetite may be regenerated by 

input of sufficient reducing power, such as aqueous Fe(II), or by microbial reduction 

making it a renewable reductant for various contaminants, like uranium. 

Chapter 5 has evaluated whether electron transfer between sorbed Fe(II) and 

Fe(III) in Fe oxides occurs under more complex biogeochemical conditions relevant to 

natural aquifers and soils. We have used goethite due to its abundance in natural systems. 

This study indicates that interfacial Fe(II) to Fe(III) electron transfer occurs under a wide 

variety of conditions including when goethite has Al-for-Fe substitution in its structure, a 

phenomenon known to be common for goethite and many other iron oxides formed in 

low-temperature geochemical environments. We have also found that even when 

common aqueous anions like phosphate, silicate, carbonate, and natural organic matter 
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are present in solution and sorb onto goethite electron transfer between Fe(II) and 

goethite still occurs. At the concentrations of Fe(II) used in this study, there is evidence 

for the formation of a stable Fe(II) species  sorbed on the surface or within the goethite. 

Electron transfer between Fe(II) and goethite was inhibited when we sorbed long-chain 

phospholipids to the surface of goethite, which potentially suggests other large 

macromolecules like extracellular polymeric substances produced by microbes might do 

the same. Such a mechanism might hinder or shut down Fe(II) to Fe oxide electron 

transfer in eutrophic biological systems where biofilms or high biomass densities occur. 

Finally, we have begun to explore the implications of Fe(II)-Fe(III) interfacial 

electron transfer, as well as the redox driven conveyor belt of Fe atom exchange that it 

drives, on contaminant transformations. We have found it induces reductive dissolution 

and release of manganese (Mn) from Mn-substituted goethite, suggesting that atom 

exchange could potentially drive release of contaminant metals and metalloids like 

arsenic from Fe oxides. Under the conditions of this study, however, we found no 

incorporation of U into goethite, but rather that it was reduced by Fe(II), perhaps due to 

the formation of a stable Fe(II) phase associated with the goethite. We have also just 

begun to develop a method to use a newly acquired quadrupole-ICP-MS for tracking 

large (%) variations in aqueous and solid Fe isotope compositions during atom exchange, 

that allows this work to be done at The University of Iowa. 

Recommendations for Future Work 

Our finding that interfacial electron transfer between Fe(II) and Fe oxides occurs 

under a variety of more complex biogeochemical conditions, opens up many new and 

interesting avenues for research. First and foremost of these is: Do cation substitution and 

anion sorption in/on Fe oxides change whether Fe atom exchange occurs? Is the overall 

rate and extent of atom exchange influenced by structural cations other than Fe(III) and 

sorbed anions? For example, one might envision the presence of Al in an iron oxide 
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hindering the rate and extent of atom exchange, as the solubility of Al is low at near 

neutral pH. The detachment rate of Al from the oxide should be slower than that of Fe(II) 

(206); this would hinder dissolution Fe and Al from the bulk of the goethite particle. One 

might envision sorbed anions acting in either a similar way by blocking Fe detachment 

from the surface or by speeding it up by complexing Fe(II) and removing it from the 

surface. Fe atom exchange experiments will be important for answering these questions. 

Since atom exchange is likely driven by a thermodynamic potential difference between 

two sites, either at a distance as is the case for hematite (22), or possibly between near-

neighbor sites, it is also worth considering whether changing Fe(II) concentrations 

change the rate of isotope exchange, or whether anionic ligands for Fe(II) or Fe(III) cause 

changes atom exchange rate/extent due to modification of redox potential. Studies 

probing atom exchange under advective flow conditions should also be explored, as we 

are interested in redox reactions occurring in groundwater. 

We have begun to probe whether atom exchange between Fe(II) and Fe oxides 

influences contaminant cycling. Atom cycling can be envisioned to either promote 

release of contaminants (or environmentally benign elements) to a relatively pure 

aqueous phase, or sequester contaminants from a relatively contaminated aqueous phase. 

A better way to think of this is as a potentially dynamic equilibrium between contaminant 

X, Fe(II), and Fe oxide Y under the influence of a variety of geochemical parameters, 

including concentration of Fe(II), concentration of X, redox potential, pH, presence of 

ligands, and the Fe oxide. The downside is that this provides an infinite space to work in, 

and gives little predictive power. Conceptually, a model based on thermodynamic driving 

force would give more predictive power as to whether incorporation or release of X is to 

be expected. Here, the potential for X to be incorporated into the structure of an Fe oxide 

could be determined by the free energy gained by incorporation of X into the Fe oxide 

structure relative to it staying in solution or being sorbed. Recent work using ab initio 
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modeling, has been used to make a case that Tc(IV) may be incorporated into hematite 

based on calculated thermodynamics (258).  

At this point, perhaps the best predictions for whether metals will be incorporated 

into Fe oxides during atom exchange may be those that can be incorporated congruently 

into the oxide structure during synthesis conditions. Of commonly studied contaminants, 

one that might be considered is Cr(VI), which is known to be reduced by Fe(II) in 

aqueous solution and the reaction is catalyzed by the presence of an oxide surface (243). 

Cr(III) is also known to substitute into the Fe oxide structure (128, 161) and to form 

Cr(III) substituted goethite after reduction of Cr(VI) by green rust (259). 

Further work into the reactivity of common soil and sediment minerals containing 

structural Fe(II) with uranium could explain our results encountered with the soil samples 

reacted with U. Clay minerals containing structural Fe(II) may be responsible for the 

reduction of U in the soil and Fe(II) in clays could represent a fixed reductant that might 

not undergo reductive dissolution and mobilization during dissimilatory metal reduction. 

This Fe(II) could easily be regenerated. In addition, the Fe(II) content and the redox 

potential it imposes might also be important for contaminant reduction by clay minerals 

as it is for magnetite. 
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