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ABSTRACT 

Magnetite (Fe3O4) is a commonly found in the environment and can form via 

several pathways, including biotic and abiotic reduction of Fe3+ oxides and the oxidation 

of Fe2+ and Fe0. Despite extensive research, the redox behavior of magnetite is poorly 

understood. In previous work, the extent and kinetics of contaminant reduction by 

magnetite varied by several orders of magnitude between studies, two fundamentally 

different models are used to explain magnetite oxidation (i.e., core-shell diffusion and 

redox-driven), and reported reduction potentials vary by almost 1 V. In other fields of 

science (e.g., physics), magnetite stoichiometry (x = Fe2+/Fe3+) is a commonly measured 

property, however, in environmental studies, the stoichiometry is rarely measured.  

The stoichiometry of magnetite can range from 0.5 (stoichiometric) to 0 

(completely oxidized), with intermediate values (0 < x < 0.5) referred to as 

nonstoichiometric or partially oxidized magnetite. To determine the relationship between 

magnetite stoichiometry and contaminant fate, the reduction rates of three substituted 

nitrobenzenes (ArNO2) were measured. The kinetic rates varied over five orders of 

magnitude as the particle stoichiometry increased from x = 0.31 to 0.50. Apparent 15N 

kinetic isotope effects (15N-AKIE) values for ArNO2 were greater than unity for all 

magnetite stoichiometries investigated, and indicated that mass transfer processes are not 

controlling the reaction rate. To determine if the reaction kinetics were redox-driven, 

magnetite open circuit potentials (EOCP) were measured. EOCP values were linearly related 

to the stoichiometry, with more stoichiometric magnetite having a lower potential, in 

good agreement with redox-driven models.  

The reaction of aqueous Fe2+ and magnetite was investigated. Similar to previous 

findings for other Fe3+ oxides, the formation of a stable sorbed Fe2+ species was not 

observed; instead, the sorbed Fe2+ underwent interfacial electron transfer to form a 

partially oxidized magnetite phase, which was accompanied by reduction of the  
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underlying magnetite. The lack of a stable sorbed Fe2+ species on magnetite indicated that 

the traditional surface complexation model was incorrect; instead, the uptake of Fe2+ by 

magnetite appeared to be limited by the whole particle (i.e., the sorbed and underlying 

phases combined) reaching a stoichiometry of 0.5.  
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For what use will it be on the Day of Judgment, when all of human 
achievements are weighed, to offer up three articles on formic acid, or even 
thirty? On the other hand, what do we know of the Day of Judgment if we do 
not even know what may have become of formic acid by then? 

 
Robert Musil, The Man Without Qualities
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ABSTRACT 

Magnetite (Fe3O4) is a commonly found in the environment and can form via 

several pathways, including biotic and abiotic reduction of Fe3+ oxides and the oxidation 

of Fe2+ and Fe0. Despite extensive research, the redox behavior of magnetite is poorly 

understood. In previous work, the extent and kinetics of contaminant reduction by 

magnetite varied by several orders of magnitude between studies, two fundamentally 

different models are used to explain magnetite oxidation (i.e., core-shell diffusion and 

redox-driven), and reported reduction potentials vary by almost 1 V. In other fields of 

science (e.g., physics), magnetite stoichiometry (x = Fe2+/Fe3+) is a commonly measured 

property, however, in environmental studies, the stoichiometry is rarely measured.  

The stoichiometry of magnetite can range from 0.5 (stoichiometric) to 0 

(completely oxidized), with intermediate values (0 < x < 0.5) referred to as 

nonstoichiometric or partially oxidized magnetite. To determine the relationship between 

magnetite stoichiometry and contaminant fate, the reduction rates of three substituted 

nitrobenzenes (ArNO2) were measured. The kinetic rates varied over five orders of 

magnitude as the particle stoichiometry increased from x = 0.31 to 0.50. Apparent 15N 

kinetic isotope effects (15N-AKIE) values for ArNO2 were greater than unity for all 

magnetite stoichiometries investigated, and indicated that mass transfer processes are not 

controlling the reaction rate. To determine if the reaction kinetics were redox-driven, 

magnetite open circuit potentials (EOCP) were measured. EOCP values were linearly related 

to the stoichiometry, with more stoichiometric magnetite having a lower potential, in 

good agreement with redox-driven models.  

The reaction of aqueous Fe2+ and magnetite was investigated. Similar to previous 

findings for other Fe3+ oxides, the formation of a stable sorbed Fe2+ species was not 

observed; instead, the sorbed Fe2+ underwent interfacial electron transfer to form a 

partially oxidized magnetite phase, which was accompanied by reduction of the  
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underlying magnetite. The lack of a stable sorbed Fe2+ species on magnetite indicated that 

the traditional surface complexation model was incorrect; instead, the uptake of Fe2+ by 

magnetite appeared to be limited by the whole particle (i.e., the sorbed and underlying 

phases combined) reaching a stoichiometry of 0.5.  
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CHAPTER I. INTRODUCTION 

Iron Chemistry 

Iron (Fe) is ubiquitous in the environment, and is the most abundant redox-active 

element found in the Earth’s crust (1). It occurs naturally as iron metal (Fe0), ferrous iron 

(Fe2+), and ferric iron (Fe3+). Iron can be found in many forms in the environment, which 

can be broadly classified into aqueous, sorbed, and structural phases. Iron also has several 

industrial applications, including solar cells (2), pigments (3), catalysis (4), medicinal 

drug transport (5, 6), and drinking water treatment (7). As a result, the physicochemical 

properties of many iron minerals have been investigated and applied to several areas of 

research (1, 8, and refs. therein).  

The formation, persistence, and reactivity of Fe2+ is of particular interest to the 

biogeochemical and environmental communities due to its reactivity with several 

groundwater constituents, including many natural and anthropogenic contaminants. When 

oxygen is limited or absent in groundwater, Fe2+ can be produced from Fe3+-bearing 

minerals either directly by dissimilatory iron reducing bacteria (DIRB) (9), or by indirect 

mechanisms, such as reduction by sulfide (10). Structural and sorbed Fe2+ has been 

shown to reduce several environmental contaminants which are not reactive with aqueous 

Fe2+, including halogenated aliphatics (11, 12), nitroaromatics (13-15), pesticides (16), 

heavy metals (17), and radionuclides (18, 19).  

Fe2+ Uptake by Fe Oxides 

Many studies has examined how Fe2+ interacts with Fe3+ oxides under anaerobic 

conditions for two primary reasons: (i) contaminant reduction can be very rapid when 

aqueous Fe2+ is exposed to Fe3+ oxide surfaces, and (ii) a limited understand exists 

regarding the fundamental processes involved when Fe2+ is removed from solution by 

ferric oxides. Previously, researchers thought that Fe2+ adsorbed to the surface of oxides 

formed stable surface complexes (i.e., ≡O-Fe2+ and ≡O-Fe2+-OH), with the relative site 
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abundance dependent upon pH, solution conditions, and the oxide surface (20-22). 

Modeling the speciation and density of the surface sites was done using surface 

complexation modeling (SCM). Such models fit experimental data very accurately, and 

were often used to explain model contaminant fate (20-23). 

Recent work, however, has found that a stable sorbed Fe2+ complex does not exist 

on the surface of iron oxides. Using the isotopic selectivity of 57Fe Mössbauer 

spectroscopy, researchers have synthesized Fe3+ oxides from 56Fe, which is invisible to 

Mössbauer spectroscopy, and exposed the oxides to a solution containing 57Fe2+ to 

measure only the spectra of the sorbed phase. This approach showed unambiguously that 

all the 57Fe2+ was oxidized to 57Fe3+, with the 57Fe3+ phase being the same as the 

underlying oxide (i.e., goethite grew on goethite, hematite grew on hematite) (22, 24-26). 

In these experiments, a stoichiometric number of Fe2+ atoms could be recovered upon 

acidic dissolution of the oxide, indicating that a trace oxidant was not responsible for the 

observations (24). Additionally, when the experiment was switched (i.e., 56Fe2+ sorbed on 

57Fe3+ oxide), the underling oxide showed signs that the electrons are present within the 

underlying oxide phase (24, 27). 

Interfacial electron transfer (i.e., an electron transferred from the sorbed phase to 

the underling oxide) has also been observed using other techniques. When isotopic 

tracers were used to track the isotopic composition of the solid Fe phase and the aqueous 

Fe2+ phase, two  studies observed significant atomic exchange (28, 29), indicating that 

dissolution of structural iron far from the particle surface occurred over the course of the 

experiment. In another study, Fe2+ utpake on a single crystal of hematite was explored 

(30); the researchers found that Fe2+ was taken up at the (001) crystal face, while 

dissolution occurred at (hk0) faces. This resulted in a reshaping of the oxide, with the 

appearance of pyramidal growth at the (100) face, and pitting observed at the (hk0) faces. 

Currently, it is thought that once the electron is transferred from the aqueous Fe2+, it is 

capable of conducting through the solid to another area of the crystal (29, 30). 
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Studies examining contaminant fate have also brought SCMs into question. When 

nitrobenzene (ArNO2) is exposed to a solution containing goethite and aqueous Fe2+, 

rapid reduction of the ArNO2 to aniline (ArNH2) occurs (14, 31, 32); note that similar 

observations have been made for several other oxides and contaminants (e.g., 12). Under 

the previous paradigm, this was interpreted as ArNO2 reduction by sorbed Fe2+ at the 

goethite system. To test this hypothesis, researchers removed the aqueous Fe2+ from 

solution by replacing the buffer, leaving only the goethite with sorbed Fe2+, and exposed 

the new solution to ArNO2 (24). Negligible reduction of ArNO2 was observed, which 

indicated that aqueous Fe2+ was necessary to promote rapid contaminant reduction, and 

that the reaction mechanism was likely more complex than previously thought. In another 

study examining O2 reduction by aqueous Fe2+ and ferrihydrite, a similar conclusion was 

drawn, and it was argued that O2 reduction kinetics could only be accurately described 

using both the sorbed and aqueous Fe2+ concentrations (33).  

In light of these observation, two different approaches have been taken; one has 

attempted to incorporate electron-transfer reactions into traditional SCMs (21-23), while 

the other has started afresh with a semiconductor model  (33-35). For the latter model, an 

iron oxide particle acts as a semiconductor, and electrons transferred to the particle from 

sorbed Fe2+ atoms (or DIRB) effectively dope the semiconductor with additional 

electrons; this results in electron rich sites (i.e., anode sites) and electron poor sites (i.e., 

cathode sites). These sites may be relatively near each other at the oxide surface (35), or 

may be present at different crystallographic faces (30). 

Electronic Properties of Iron Oxides 

It is worth briefly providing a background on the semiconducting properties of 

iron oxides. Solids can be broadly classified into three types based on their ability to 

conduct electricity. At one end of the spectrum, metals can conduct electricity very well, 

with little to no energy required for an electron to migrate from one atom to another. 
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Insulators, in contrast, are very poor conductors, with the amount of energy required to 

ionize an electron from one atom to another too great to observe conductivity under 

normal potentials. The last type of solid is the semiconductor, which exhibits electron 

conductivity in ranges between that of a metal and an insulator. 

Band theory can be described as an expansion of molecular orbital theory to 

explain the behavior of solid structures. Band theory is used to illustrate the locations of 

electrons in orbitals of solid structures, and the ability for valence electrons to migrate 

between neighboring atoms (Figure 1.2). The valence band contains electrons in the 

highest energy orbitals of the solid, and is filled to the highest occupied molecular orbital 

(HOMO). The conduction band, however, is unoccupied by electrons, and is the lowest 

energy orbital that is unfilled, which is also known as the lowest unoccupied molecular 

orbital (LUMO). The Fermi level is the energy level equally between the valence and 

conduction bands.  

In order for conduction to occur, an electron must become excited from the 

HOMO to the LUMO, which can be accomplished via several mechanisms, such as 

thermal energy or the absorption of light. For a metal, the valence band and conduction 

band overlap; as a result, no external energy is needed for an electron to become excited 

from the HOMO to the LUMO, making the material very conductive. In a semiconductor, 

however, the energy between the valence band and the conduction band, known as the 

band gap, is larger, and traditionally includes solids with band gaps ranging from 0.5 to 3 

eV. As a result, it is much more difficult to excite an electron from the HOMO to the 

LUMO, which results in conductivities several orders of magnitude lower than in metals. 

Insulators are the final case, characterized as solids with band gaps greater than 3 eV.  

Semiconductors can be doped with other elements to change their electrical 

properties. A semiconductor that is doped with another element to change electronic 

properties is referred to as an extrinsic semiconductor, whereas the unmodified analog is 

known as an intrinsic semiconductor. There are two primary methods for doping a crystal 
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structure: negative doping, or n doping, which occurs when elements with similar atomic 

size and an additional electron are added into the crystal lattice (e.g., doping N or P into a 

Si lattice); and positive doping, or p doping, where similarly sized elements with one less 

electron are added into the crystal lattice (e.g., doping Al or B in a Si lattice). Both n and 

p doping can decrease the band gap in the structure by either lowering the conduction 

band energy level (n doping), or by increasing the valence band energy nearer to the 

conduction band (p doping).   

Most of the Fe oxides, such as goethite, hematite, lepidocrocite, and maghemite 

are semiconductors, whereas magnetite exhibits properties closer to that of a metal (Table 

1.1). A 2 eV band gap corresponds to the absorption of light with a wavelength shorter 

than ~620 nm, resulting in reflected red and orange light, with adsorption of yellow to 

violet light in the visible spectrum, providing the Fe oxides with their characteristic 

colors. Studies to characterize the electrochemical behavior of Fe oxides are more 

complicated than just the band gap, however, as surface effects and particle treatment 

tend to strongly influence the behavior of the oxide (36, 37).  

Iron oxides can be doped with Fe2+ using three methods: (i) sorption of Fe2+ 

followed by electron transfer, (ii) electrochemical reduction of the Fe3+ oxide, and (iii ) 

the introduction of dopant elements with higher valence charges (e.g., Ti4+) (38). Several 

previous studies have doped Fe oxides with elements commonly found in the 

environment, such as Al3+ and Mn2+, focusing primarily on the observed structural 

changes (1 and refs. therein). Blako and Clarkson (38) showed that when hematite was 

doped with Sn4+ or Ti4+, Fe2+ was present structurally to neutralize the charge balance 

within the crystal lattice. The doped hematite was capable of oxygen reduction, indicating 

that the reduction potential had increased with the addition of the dopant. The measured 

open circuit potential of the doped hematite ranged from -0.12 to -0.17 V at pH 9, which 

is theoretically low enough to reduce several environmental contaminants.  
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Magnetite  

The implications of the semiconductor model have remained largely unexplored 

for magnetite (Fe3O4), a common iron oxide. Magnetite is important to several areas of 

research due to its unique physical, chemical, and magnetic properties; it is used in 

several medicinal and industrial processes as a ferrofluid (5, 6), it is of interest to 

physicists due to its conducting properties and the Verwey transition (39-42), it is used as 

a sorbent for drinking water decontamination (7), and is a common corrosion product of 

steel (37). Additional applications and interests of magnetite are shown in Figure 1.1. 

Magnetite is also of great importance in environmental studies, as it is a common product 

of Fe3+ oxide reduction by biological and abiotic mechanisms, and can form by Fe2+ 

oxidation (43-45). Magnetite has also been shown to reduce several contaminants in 

laboratory studies, such as carbon tetrachloride (CCl4) (46, 47), hexavalent chromium 

(Cr6+ ) (48), hexavalent uranium (U6+ ) (49), and several other compounds (e.g., 17). In a 

field study, magnetite has been suggested as the dominant reductant of cis-dichloroethene 

(cis-DCE) in a chlorinated ethene plume at the Twin Cities Army Ammunition Plant 

(TCAAP) in Minnesota (50). 

Despite extensive research, the redox behavior of magnetite remains poorly 

understood, especially in environmental studies: (i) the extent and kinetics of contaminant 

reduction by magnetite varied by several orders of magnitude between studies (e.g., CCl4 

(46, 47)), (ii) Fe2+ sorption ranges from significant to negligible under similar 

experimental conditions (12, 14, 31, 51, 52), (iii) two fundamentally different models are 

used to explain magnetite oxidation (i.e., core-shell diffusion and redox-driven) (53-60), 

(iv) and reported redox potentials vary by almost 1 V (54, 60, 61). Additionally, it has 

been concluded that sorbed Fe2+ on magnetite is reactive with nitroaromatics, while 

magnetite alone is not (14, 51), which is a puzzling conclusion considering the recent 

paradigm shift for other iron oxides mentioned above. In other fields of science (e.g., 

physics), some of these anomalies have been explained by changes in the magnetite 
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stoichiometry (x = Fe2+/Fe3+); slight changes in stoichiometry have shown to change 

magnetite conductivity by several orders of magnitude (62, 63), and influence the redox 

reactivity (54, 60). Little attention has been paid to stoichiometry in the environmental 

community, however, making it difficult to access the role of stoichiometry on 

environmentally relevant reactions.  

The stoichiometry of magnetite can range from 0.5 (stoichiometric) to 0 

(completely oxidized; maghemite, γ-Fe2O3), with intermediate values (0 < x < 0.5) 

referred to as nonstoichiometric or partially oxidized magnetite. Some notable differences 

exist between stoichiometric magnetite and maghemite: magnetite is essentially a 

conductor (band gap ≈ 0.1 eV), while maghemite is a semiconductor (band gap ≈ 2.0 eV) 

(1); this results in magnetite appearing black, while maghemite has a dark red color. Both 

magnetite and maghemite have cubic crystalline symmetry, and both contain iron in 

octahedral (Oct; 6-coordinate) and tetrahedral (Tet; 4-coordinate) sites. The magnetite 

formula (Fe3O4) can be written more precisely as TetFe3+[OctFe2+Fe3+]O4.Within the unit 

cell, there are eight TetFe3+, eight OctFe2+, eight OctFe3+, and 32 oxygen atoms. The 

maghemite (γ-Fe2O3) formula can be expressed as TetFe3+[OctFe3+
1.66 �0.33]O4, where � 

are vacancies formed in the crystal structure to account for charge balance. A schematic 

of the magnetite unit cell can be found in Figure 2.1 (Chapter 2). Magnetite has a slightly 

larger unit cell (~8.4 Å) than maghemite (~8.34 Å) due to vacancies which exist within 

the maghemite crystal lattice (1).  

Nonstoichiometric magnetite (0 < x < 0.5) often contains a combination of the 

properties listed above. For example, the unit cell length of magnetite is linearly related 

to stoichiometry (x) (Chapter 2). Other properties, such as the redox potential, have only 

been explored in a qualitative manner (64). It is also unclear as to what nonstoichiometric 

magnetite even is: some studies have proposed that a maghemite shell forms around a 

magnetite core, with the change in properties due to the ability for Fe2+ to diffuse through 
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the maghemite shell (54, 56), while other work has concluded that a homogenous or 

heterogeneous solid solution of magnetite and maghemite exists (53, 55).  

Objectives and Hypotheses 

Objectives 

The primary objective of this work was to gain insight into the redox reactions of 

magnetite at a series of stoichiometries in light of the recent paradigm shift of Fe2+-iron 

oxide reactions. Experiments were conducted on several batches of magnetite with 

stoichiometries spanning the range of 0 to 0.5, while the range of specific surface areas 

between batches was held as narrow as possible. The redox potential, contaminant 

reduction rates, and reaction with aqueous Fe2+ were investigated to quantitatively 

determine the role of stoichiometry in these reactions, and to determine how magnetite 

should be best modeled in environmental reactions. The applicability of the conclusions 

drawn for magnetite was also explored for hematite exposed to aqueous Fe2+. 

Hypotheses  

1. The uptake of Fe2+ on Fe oxides is best described using a semiconductor model. 

a. Interfacial electron transfer occurs when Fe2+ is taken up by magnetite, 

with the sorbed phase being oxidized, and the underlying oxide phase 

being reduced. 

b. The extent of Fe2+ uptake by magnetite is controlled by the bulk 

stoichiometry, not the specific surface area.  

c. The extent of Fe2+ uptake on other iron oxides is also controlled by bulk 

properties. 

2. Contaminant reduction by the aqueous Fe2+-Fe3+-oxide system is due to the 

particle becoming a doped semiconductor. 
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a. The extent and kinetics of contaminant reduction are directly related to the 

magnetite stoichiometry.  

b. Addition of aqueous Fe2+ to a suspension of nonstoichiometric magnetite 

favors contaminant reduction because the aqueous Fe2+ reduces the 

magnetite to a higher stoichiometry, and not because of sorbed Fe2+. 

3. Fe2+ sorbed on non-redox active surfaces, such as Al and Ti oxides, can be 

identified using Mössbauer spectroscopy, and can provide insight into the 

adsorption reaction.  

a. Sorbed Fe2+ can be distinguished from other forms of Fe2+ found in the 

environment by the presence of CS-QS coupling, or spectral asymmetry 

where the two peaks have equal areas.  

b. Sorption of Fe2+ on complex surfaces (e.g., cells) can be interpreted on a 

molecular level by collecting Mössbauer hyperfine parameters of 

simplified analogs.  

c. Observed relative trends between observed CS values and expected 57Fe 

electron densities exhibit good agreement.  

d. The CS and QS appear to follow a general positive linear correlation for 

sorbed Fe2+ samples. 

Thesis Overview 

The thesis is outlined with respect to the above hypotheses. Chapters II-IV 

addresses hypotheses 1-2 with respect to magnetite. Chapter V is coupled to chapters II-

IV, and uses the models produced for magnetite to explain the reactivity of dissolved Fe2+ 

with hematite (α-Fe2O3) and explore hypotheses 1-2. Chapter VI is an investigation of 

Fe2+ sorbed to redox inactive surfaces as a function of bulk solution conditions (e.g., pH, 

amount of Fe2+) (hypothesis 3).  



10 

 

Chapter II contains a review of the three most common techniques used to 

determine magnetite stoichiometry: acidic dissolution, Mössbauer spectroscopy, and 

powder X-ray diffraction (pXRD). In this chapter, we found good agreement between all 

three techniques, providing compelling evidence that magnetite stoichiometry could be 

accurately and reproducibly determined. Additionally, we provide outlines for how these 

measurements should be carried out for other researchers investigating the properties of 

magnetite.  

Chapter III investigates the interaction of dissolved Fe2+ with magnetite using 

bulk measurements, and Mössbauer spectroscopy coupled with isotopically enriched 

phases. Here, we found that the uptake of dissolved Fe2+ was controlled and limited by 

the particle initial stoichiometry, where uptake was limited by the formation of 

stoichiometric magnetite. Mössbauer spectroscopy confirmed that Fe2+ taken up by 

magnetite became structurally incorporated, with interfacial electron transfer reactions 

occurring. This observation explained why there were inconsistencies in the literature 

regarding the extent of Fe2+ uptake and the effect of ‘sorbed Fe2+’ on contaminant 

reduction in the presence of magnetite.  

Chapter IV examines the effect of stoichiometry on the reduction rate of 

nitroaromatics by magnetite. It was found that as the magnetite stoichiometry ranged 

from stoichiometric (x = Fe2+/Fe3+ = 0.50) to significantly oxidized (x = 0.31), the 

observed reaction rate shifted over five orders of magnitude. Using compound-specific 

stable isotope measurements for nitrobenzene and direct redox measurements of the 

magnetite, we found that the shift in reaction kinetics was likely due to a shift in the 

Fe2+/Fe3+ redox couple for the magnetite. Using this information, we produced a 

quantitative structure activity relationship (QSAR) which could be used to accurately 

predict the rates of nitrobenzene reduction using the measured corrosion potential of 

magnetite.  
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Chapter V uses the principle ideas outlined in chapters II-IV to determine if the 

reaction of Fe2+ and hematite could be better explained using the models developed for 

magnetite as opposed to more traditional surface complexation models. These 

experiments were conducted using viologen radicals, which are a one-electron transfer, 

pH independent redox probe. Using these measurements, the measured potential of the 

Fe2+-hematite system appeared to exhibit Nernstian behavior, and may be better modeled 

as a charged semiconductor.  

Chapter VI develops the relationship between bulk observations of sorption with 

measurable hyperfine (i.e., nucleus-electron interactions) parameters using Mössbauer 

spectroscopy. Here, uptake of Fe2+ was conducted on several environmentally relevant 

surfaces, including Al and Ti oxides, cells, clay minerals, and functionalized polystyrene 

beads. The hyperfine parameters were related to more traditionally reported values, such 

as the amount of Fe2+ taken up from solution and the pH. This work demonstrates that 

additional spectroscopic techniques can extend our understanding of basic processes 

occurring at the solid-solution interface.  

Appendix A contains supplemental information referenced in chapters III and IV. 

Appendix B contains a manuscript published in Environmental Science and Technology 

which I provided Mössbauer characterization of hematite samples exposed to Fe2+.  

Background of Mössbauer Spectroscopy 

A brief background on Mössbauer spectroscopy is provided here to help interpret 

discussion in the subsequent chapters. 57Fe Mössbauer spectroscopy is a technique that is 

commonly used for iron characterization. Mössbauer spectroscopy can be used to detect 

oxidation state, magnetic behavior, electron density, and distortions in the local bonding 

environment of a nucleus (65). In the past few decades, it has become a standard 

instrument in geosciences, as iron’s abundance and multiple oxidation states offer new 

insights into a wide spectrum of geochemical processes. Many iron phases can be easily 
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fingerprinted, making quantification of multiple phases in a sample possible, even if the 

phases have amorphous structures. Mössbauer spectroscopy is specifically useful to this 

study in that anaerobic samples can be analyzed, 57Fe isotopic labeling can be used 

advantageously, and temperature dependent magnetic behavior can be used to better 

understand local Fe environments on an atomic scale.  

Mössbauer spectroscopy relies upon the common phenomenon of resonance 

absorption of radiation, which is the fundamental principle of many spectroscopic 

techniques. Here, excited source nuclei lose their energy via the release of γ-radiation, 

and a sample isotope absorbs the γ-ray of a specific energy characteristic of the isotope. 

In the case of 57Fe, a radioactive 57Co decays to form an excited 57Fe* isotope, where the 

nuclear spin quantum of 57Fe*, I, is equal to 3/2. The excited 57Fe* nucleus then decays to 

its ground state via the emission of a γ-ray of 14.4 keV, where I = ½ is the ground state of 

57Fe. This process occurs in the radiation source of the instrument, which is aligned with 

the sample and detector. When the characteristic 14.4 keV γ-ray interacts with a 57Fe 

atom in the sample, it can be absorbed by the sample in two unique ways. The nuclei may 

recoil in order to conserve momentum, with the emitted γ-ray energy being the initial 

energy minus the kinetic energy lost to momentum. The second option is that the nucleus 

does not recoil when it absorbs the γ-ray, which is known as recoilless absorption, and is 

the measurable phenomenon of the experiment.  

The recoilless fraction, f, is the fraction of the 57Fe in the sample that undergoes 

recoilless absorption. It is dependent on both temperature and the crystal lattice of the Fe 

atom, with strongly-bound atoms and lower temperatures increasing the observed f. As a 

result, both the number of 57Fe nuclei present and a sufficiently high f must be present for 

an interpretable spectrum to be collected. Additionally, the recoilless fraction must be 

considered when quantifying the relative abundance of multiple phases in a given sample, 

as it may strongly influence the relative abundance of phases in an observed spectrum.  
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As nuclei can be in different chemical and physical environments, these nuclear 

and electronic changes will influence the specific energy at which a nucleus will absorb 

the γ-ray. As a result, a spectrum of energy is needed to measure the interaction of the 

emitted γ-rays. This is achieved by mounting the 57Co source on a small motor that 

oscillates forward and backward, advantageously using Doppler effect to add or subtract 

kinetic energy produced from the motion of the motor. Note that the energy shift being 

detected is on the order of 10-12 the energy of the γ-ray (66). Spectra are typically 

collected over a small range of velocities, with the x axis of a spectrum ranging from –X 

mm/s to X mm/s, which can be adjusted on the motor to optimize the quality of the 

spectrum.  

A Mössbauer spectrum is primarily described using three hyperfine interactions: 

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

Each parameter can be used to interpret the interactions between the 57Fe nucleus and 

surrounding electrons. The nuclear energy levels become shifted by the nuclear electronic 

environment, which provides relative changes, allowing for characterization and 

interpretation of spectra. A schematic relating the changes in the local nuclear 

environment to the observed spectrum is shown in Figure 1.3.  

If a collected Mössbauer spectrum is of sufficient intensity and is well resolved, it 

can be fit to extract the hyperfine parameters. The three primary hyperfine parameters 

which are typically extracted are the center shift (CS; mm/s), the quadrupole splitting or 

shift (QS; mm/s), and the hyperfine field interaction (H; Teslas). A schematic relating the 

changes in the local nuclear environment to the observed spectrum is shown in Figure 

1.3.  

The CS is the most understood of the three, and is consequently the easiest to 

interpret. When the local environments of the source and absorber (i.e., the sample) 

atoms are not the same, the observed spectrum will be shifted by some energy, known as 

the isomer shift. Spectra are calibrated to a known material, setting the observed 
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transition of a standard at room temperature as zero, with α-Fe metal being the most 

common choice. The observed isomer shift is directly related to the ns electron density at 

the nucleus, as the wave functions of s electrons have a nonzero probability of being in 

the nucleus (65). The isomer shift is a temperature independent phenomenon since the 

wave functions of electrons do not include temperature. For 57Fe, the observed isomer 

shift decreases with increasing s electron density. Other electron orbitals may indirectly 

influence the s electrons via electron shielding, making p, d, and f electrons, as well as 

the bonding environment, have an influence on the isomer shift. The observed shift in a 

spectrum, known as the chemical shift, is a combination of the isomer shift and a 

temperature dependent second order Doppler shift, which is caused by atomic vibrations. 

This value can be approximated, but is traditionally ignore. Typically the observed 

chemical shift is reported, and is often confused for the isomer shift. For 57Fe, a typical 

isomer shift from Fe(III) is in the range of 0.3-0.5 mm/s; the isomer shift of Fe(II) is 

much larger usually, in the range of 0.8-1.4 mm/s, although structural changes can cause 

exceptions (8).  

The second hyperfine interaction is the electric field gradient, which produces 

quadrupole splitting. This splitting is due to non-cubic symmetry of the local electronic 

environment, creating a gradient in the electric field, which is analogous to 3d electron 

splitting to t2g and eg orbitals in transition metals (66). This information can be used to 

gain understanding of the local asymmetries and distortions in the nuclear environment, 

but is much less trivial than the isomer shift to interpret. Possible observable distortions 

include flattening, counter-rotation, bond scaling, and bond lengths (67, 68). If 

quadrupole splitting occurs in a paramagnetic sample, a ‘doublet’ is observed in the 

spectrum, which is observed as two equal intensity peaks separated by the QS (middle 

portion of Figure 1.3). 

The final parameter is known as the hyperfine field interaction (H), which is the 

effective magnetic field felt by the nucleus. Such a magnetic field can be applied 
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externally, or can be present internally if the sample is magnetically ordered. Many iron 

minerals will magnetically order at a characteristic temperature, aiding in fingerprinting 

procedures. H is modeled using five terms, making fundamental interpretation very 

difficult (65). When a sample magnetically orders, six peaks are observed which is 

known as a ‘sextet’ (right side of Figure 1.3). The larger the magnetic field felt by the 

active nuclei, the larger the splitting in the spectrum, which is quantified by the energy 

difference between the first and sixth peak. Quadrupole shifts can be present when there 

is a hyperfine field interaction, which is observed as QS = (l6-l5) – (l2-l1). In some 

samples, such as magnetically ordered ferrous minerals, octets can be observed, with 

extra peaks resulting from spin-forbidden transitions (65).  

It is important to note that much of the interpretation of Mössbauer spectra is done 

empirically. First principles cannot be used to calculate an expected spectrum of an Fe 

environment, making interpretation difficult and controversial in some cases. Exciting 

attempts have been made recently to address this issue (67, 68), but further work is still 

needed. Additionally, real spectra are much more complicated than just characterizing 

these parameters, as several features can affect the observed spectra, such as particle size, 

sample thickness, non-static interactions between electrons and the probe nuclei, and the 

presence of several different electronic environments coexisting within a single phase can 

severely complicate interpretation (65). Finally, the approach of fitting a spectrum using 

computer modeling is still a controversial subject, with various underlying assumptions 

strongly influencing the extracted data (65, 69, 70). As a result, caution must be taken in 

the extent of interpretation of collected spectra without complementary techniques.  

To model spectra, fitting is typically done using computer software using a least-

squares fitting approach (71). Individual parameters can be floated or fixed to allow for 

the most realistic fit. Fitting of spectra is nontrivial, and is dependent upon the model 

assumed for fitting. The ideal lineshape in a Mossbauer spectrum is the Lorentzian, 

which arises from the excitation time and the Heisenberg uncertainty principle. Spectra 
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typically display linewidths broader than the predicted ones, which has accounted for 

using different models. The broadening can occur by a sample which is too thick, or by 

distributions of sites (i.e., different stresses and strains for each atom) (69, 70). It has 

been concluded previously that for samples with a distribution of sites, a broader 

Lorentzian line is not an accurate descriptor by several researchers; instead, it is common 

to assume a Gaussian distribution of Lorentzian peaks, which is referred to as a Voigt 

distribution (70). 
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Table 1.1. Reported band gaps for iron oxides (1) 

Mineral Band Gap (eV) 

Conductor ≤ 0 (overlap) 

Magnetite (Fe3O4) 0.1 

Semiconductor 0.5-3 

Feroxyhyte (δ-FeOOH) 1.94 

Maghemite (γ-Fe2O3) 2.03 

Lepidocrocite (γ-FeOOH) 2.06 

Goethite (α-FeOOH) 2.10 

Akaganeite (β-FeOOH) 2.12 

Hematite (α-Fe2O3) 2.20 

Insulator > 3 

  
  



18 

 

Figure 1.1. The diverse scientific realm of the magnetite. 
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Figure 1.2. Schematic representation of the three types of electronic properties commonly 
exhibited in solids. 
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Figure 1.3. Schematic diagram of the 57Fe Mössbauer energy levels as a function of local 
environment (Adapted from 72). 
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CHAPTER II: MÖSSBAUER AND XRD CHARACTERIZATION OF 

MAGNETITE STOICHIOMETRY1 

Abstract 

A solid solution can exist of magnetite (Fe3O4) and maghemite (γ-Fe2O3), which 

is commonly referred to as nonstoichiometric or partially oxidized magnetite. The degree 

of stoichiometry in magnetite is quantitatively measured by determining the ratio of Fe2+ 

to Fe3+. Magnetite stoichiometry (x = Fe2+/Fe3+) strongly influences several physical 

properties, including the coercitivity, sorption capacity, reduction potential, and 

crystalline structure. Nanoparticulate magnetite has been extensively studied in 

geochemical and industrial fields, but magnetite stoichiometry is rarely reported, or, 

when measured, it is not validated with a secondary technique. Here, we review the three 

most common techniques to determine magnetite stoichiometry: (i) acidic dissolution, (ii) 

Mössbauer spectroscopy, and (iii) powder X-ray diffraction (pXRD). Eight samples of 

nonstoichiometric magnetite were synthesized with x ranging from 0 to 0.5 and with the 

particle size kept as similar as possible (BET specific surface area = 63 ± 7 m2g-1). Our 

measurements indicate excellent agreement between stoichiometries determined from 

Mössbauer spectra and by acidic dissolution, suggesting that Mössbauer spectroscopy 

may be a useful means for estimating magnetite stoichiometry in multi-phases samples 

such as those found in the environment. A significant linear correlation was also observed 

between the unit cell length (a) of magnetite measured by pXRD and magnetite 

stoichiometry, indicating that pXRD may also be useful for determining particle 

stoichiometry, especially for mixed phased samples.  

                                                 
1 C.A. Gorski and M.M. Scherer. Mössbauer and XRD characterization of magnetite stoichiometry. 

American Mineralogist. Submitted. 
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Introduction 

Magnetite (Fe3O4) is an important mineral to several fields of study. It has 

widespread uses in industrial processes as a ferrofluid, including digital media recording 

and drug delivery (5, 6). Magnetite is of great interest to physicists, as it has unique 

magnetic properties, undergoes the Verwey transition, and is a conductor (39-42). 

Magnetite is also widely used in water treatment as an effective sorbent for many 

contaminants that can be easily separated from water using an applied magnet field (7). 

In corrosive environments, magnetite is a frequently observed product of steel oxidation 

(37). In natural environments, magnetite is a common end product of biological and 

abiotic reduction of ferric (Fe3+) oxides (43-45), and a facile reductant for several 

environmental contaminants found in groundwater (17, 18, 43, 73, 74).  

Stoichiometric magnetite (x = 0.5) has an inverse spinel structure (space group 

Fd3m), which has an oxygen cubic closed-packed structure, and a 2:1 octahedral (Oct) to 

tetrahedral (Tet) site occupancy with Fe atoms. As a result, the magnetite formula can be 

written more precisely as TetFe3+[OctFe2+Fe3+]O4. In the literature, the TetFe is often 

referred to as the “A” site, and the OctFe is denoted as the “B” site. For clarity of 

discussion, we will refer to these sites as Oct and Tet throughout this paper. Within the 

unit cell, there are eight TetFe3+, eight OctFe2+, eight OctFe3+, and 32 oxygen atoms. Figure 

2.1 contains a quarter of the magnetite unit cell with example bonding arrangements 

shown for each atom type. Note that 1/2 of the available octahedral sites and 1/8 of the 

tetrahedral sites are occupied by Fe atoms. 

As magnetite becomes oxidized, the Fe2+/Fe3+ ratio decreases (x < 0.5), with this 

form denoted as nonstoichiometric or partially-oxidized magnetite. When the magnetite 

is completely oxidized (x = 0), the mineral is known as maghemite. For 

nonstoichiometric magnetite, the structure is often written as Fe3-δO4, where δ can range 

from zero (stoichiometric magnetite) to 1/3 (completely oxidized). This formula can be 

expressed as TetFe3+[OctFe2+
1-3δ Fe3+

1+2δ �δ]O4, where � are vacancies formed in the 
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crystal structure to account for charge balance. Note that this model assumes that all 

vacancies are Oct, which is a topic of debate in the literature (39, 75, 76). The 

stoichiometry can easily be converted to and from this form by the following 

relationship:  

 � �
����

���� �
�	
�

�
��
. (2.1) 

The physical and chemical properties of magnetite, including the reduction 

potential (54, 64, 77), conductivity (62, 63), and crystalline structure (e.g., 78), are 

strongly influenced by particle stoichiometry (x = Fe2+/Fe3+). In our previous work, we 

demonstrated that stoichiometry dramatically influences the measured open-circuit 

potential (EOCP), as well as the reactivity of magnetite with nitrobenzene and dissolved 

Fe2+ (74, 77). Magnetite stoichiometry is important to several other fields as well, as it 

influences the sorption capacity for heavy metals (48), affects the coercitivty, a property 

critical to digital data storage (39), and can influence the conductivity by orders of 

magnitude (62). Despite the significant influence of magnetite stoichiometry on particle 

properties and reactivity, little has been done to critically evaluate the most common 

measurement techniques.  

The most common methods for measuring magnetite stoichiometry include (i) 

57Fe Mössbauer spectroscopy (79-82), (ii) complete acidic dissolution (74, 78, 79), and 

(iii) powder X-ray diffraction (pXRD) (53, 79, 80, 83-85). Other less common 

spectroscopic techniques have also been used to characterized stoichiometry, including 

X-ray magnetic circular dichroism (XMCD) and Fourier transform infrared spectroscopy 

(FTIR) (86, 87). The precision, accuracy, and reliability of these individual methods, 

however, are unclear, and little has been done to do compare stoichiometries determined 

by different methods on the same samples. In addition, most of the studies have been 

carried out on large particulate samples (several micron crystals), despite the fact that 
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many of the environmental and industrial samples studied are nanoparticulate (< 100 

nm).  

Here, we compared the stoichiometry of nanoparticulate magnetite samples using 

three measurement techniques. We measured the stoichiometry of eight nanoparticulate 

magnetite samples using acidic dissolution (xd) and Mössbauer spectroscopy (xMS). We 

also used pXRD to characterize the samples to determine relative peak intensity and the 

fitted unit cell length (a) as a function of xd. Magnetite stoichiometries determine by 

Mössbauer spectroscopy (xMS) are typically determined from room temperature (298 K) 

spectra, but nanoparticulate magnetite does not produced well-resolved spectra. We 

overcame this issue by selecting a colder temperature of 140 K to collect and fit spectra 

for nanoparticulate magnetite. We found excellent agreement between xd and xMS, with 

no observable bias in either method. We examined the general trends between 

stoichiometry and pXRD fitted results with our samples as well as literature values, and 

observed good agreement across studies, indicating that pXRD may also be useful for 

determining magnetite stoichiometry. 

Materials and Methods 

Magnetite Synthesis and Characterization 

Stoichiometric nanoparticulate magnetite was synthesized by creating a 2:1 

Fe2+:Fe3+ acidic solution (pH < 1) in an anaerobic N2/H2 (94/6) glovebox. The solution 

was then titrated to an alkaline pH (10-11) using 5 M NaOH while being stirred, and 

allowed to mix overnight. To form nonstoichiometric magnetite, concentrated H2O2 was 

added to the solution after the overnight equilibration, and allowed to equilibrate an 

additional day. For all batches, the resultant solution was filtered within the glovebox, 

with minimal washing used (< 2 rinses), as additional washing resulted in oxidation of 

stoichiometric magnetite due to Fe2+ dissolution. The solids were then freeze-dried 

outside the glovebox, and were then returned to the glovebox for sieving (100 mesh) and 
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storage prior to characterization. Maghemite was synthesized from magnetite by baking it 

at 200 °C for two hours outside the glovebox (88). 

Particles were characterized by acidic dissolution (xd), 
57Fe Mössbauer 

spectroscopy (xMS), pXRD, BET, and some samples were examined using surface and 

transmission electron diffraction (SEM & TEM). BET specific surfaces areas (SSA) were 

63 ± 7 m2g-1, and have been provided for each batch in our previous works (74, 77). TEM 

images showed spherical particles that were approximately 20 nm in diameter, in good 

agreement with the size expected from the BET SSA (74, 77). There were no discernable 

trends between the stoichiometry and the particle morphology or size.  

The large particulate magnetite was prepared from a natural magnetite single 

crystal from Minas Gerais, Brazil (Ward’s Natural Science, Rochester, NY, USA). The 

sample was ground in a mortar and passed through a 100 mesh sieve in an anaerobic 

glovebox. The sample was characterized by dissolution, Mössbauer spectroscopy, and 

pXRD. The particle size was determined to be large (> 200 nm) based on the pXRD 

patterns using the Scherrer equation.  

Acid Dissolution Method  

The dissolution stoichiometries (xd
 = Fe2+/Fe3+) were determined by dissolving the 

solids in 5 M HCl in an anaerobic N2/H2 glovebox. The total Fe concentration was aimed 

to be approximately 10 mM. The nanoparticulate solids took approximately 2-4 hours to 

completely dissolve, while the large particulate sample took several days. The Fe2+ and 

total Fe concentrations were then measured using the phenanthroline method (89). The 

standard deviation was low between replicate samples (σd < 0.01). Note that filtering the 

acidic Fe solutions at any stage of analysis significantly oxidized the dissolved Fe2+, 

which was likely due to nitrate groups present on the filter paper.  
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Mössbauer Spectroscopy 

Transmission Mössbauer spectroscopy was performed with a variable temperature 

He-cooled system with a 1024 channel detector. The 57Co source used (~50 mCi) was in 

a Rh matrix at room temperature. All center shifts reported are relative to α-Fe foil at 

room temperature. Samples were prepared by sealing the powder specimen between two 

pieces of 5 mL Kapton Tape to avoid oxidation while mounting the sample.  

Spectral fitting was done using Recoil Software (University of Ottawa, Ottawa, 

Canada). Lorentzian, Voigt, and extended-Voigt fits were used to model the spectra to 

determine the most accurate model. Unless noted, all fits presented were done with 

extended-Voigt fitting. For all fits, the relative sextet peak areas (3:2:1:1:2:3) was held 

constant. The Lorentzian linewidth was held at 0.12 mm/s for Voigt and extended-Voigt 

fitting, as it was the linewidth measured on the spectrometer for an ideally thick α -Fe 

foil. For all fits, unless otherwise noted, the center shift (CS), quadrupole shift (QS), 

hyperfine parameter (H), and relative areas were allowed to float during fitting. Both 

sextets had two hyperfine components that were allowed to float, as the fits were 

unacceptably poor when only one component was used. The CS and QS were fit with 

single components in all cases.  

Powder X-Ray Diffraction 

pXRD patterns were collected using a Rigaku MiniFlex II system equipped with a 

Co source (CoKα = 1.78899 Å). Sample powders were mixed with a small amount of 

glycerol to form a thick paste in an aerobic glovebox to avoid inadvertent oxidation 

during analysis (90). Samples were analyzed from 5-80 °2θ with a 0.02 ° step size and a 

1.2 second dwell time. Patterns were analyzed and fit using Jade 6 software (Materials 

Data, Incorporated, USA). For analysis, patterns were smoothed, background subtracted, 

and Kα2 stripped prior to analysis and fitting. A broad peak was observed at 

approximately 24 °2θ due to the glycerol, otherwise all the peaks were characteristic of 
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magnetite. Fitting was done using pseudo-Voigt peaks with allowable displacement error 

in order to minimize error as outlined elsewhere (91).  

Results and Discussion 

Mössbauer Characterization of Stoichiometric Magnetite.  

Mössbauer spectra collected for a large particulate (> 200 nm) and a 

nanoparticulate (~20 nm) stoichiometric magnetite (xd = 0.5) at a series of temperatures 

ranging from room temperature (298 K) to 13 K are shown in Figure 2.2. Mossbauer 

temperature profiles are a useful method for characterizing iron minerals because their 

magnetic behaviors, and subsequently observed spectra, are highly temperature 

dependent as can be seen by the change in peak localities and intensities in Figure 2.2.   

For large particulate and single crystals of magnetite, two primary temperature 

domains exist at and below room temperature. From room temperature down to 121 K, a 

Mössbauer spectrum of magnetite is characterized by two sextets. For the large 

particulate magnetite spectrum at 298 K in Figure 2.2, the left-hand side of the spectrum 

shows two clearly defined sextets which overlap on the right-hand side of the spectrum. 

For stoichiometric (x = 0.5), these two sextets correspond to the TetFe3+ and the OctFe3+ 

and OctFe2+. Magnetite, which is a conductor, exhibits rapid electron hopping between the 

OctFe3+ and OctFe2+ at room temperature which is faster than the characteristic sample time 

for Mössbauer spectroscopy (10-8 s). As a result of this fast electron hopping, the OctFe 

atoms are observed with an average valence state of 2.5+, with the sextet referred to as 

OctFe2.5+. For samples that are partially oxidized (x < 0.5), an OctFe3+ sextet is present in 

the spectrum, which closely overlaps with the TetFe3+ sextet. When an external magnetic 

field is used with Mössbauer spectroscopy, the two signals (OctFe3+ and TetFe3+) can be 

discerned; however, in the absence of an external magnetic field, they are typically 

modeled as one site (81, 82, 92). In the absence of an external magnet, 298 K magnetite 
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spectra are often fit to extract the stoichiometry by comparing the relative areas of the 

Oct,TetFe3+ and the OctFe2.5+  using the following equation (80-82):  
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It is unclear, however, how accurate this method is since it has rarely been compared to 

stoichiometries determined from acidic dissolution. 

In Figure 2.2, the room temperature spectrum of the nanoparticulate magnetite is 

significantly different than the large particulate magnetite. For the nanoparticulate 

sample, two sextets are still visibly present, but the sextets are significantly broader and 

overlap considerably. The change in the Mössbauer spectrum is due to the small particle 

size, which can cause a greater distribution in magnetic behavior due to a higher 

percentage of surface atoms, additional stresses between atoms, and superparamagnetic 

behavior due to the small domain sizes (80, 93-95). Similar room temperature spectra 

have previously been observed for nanoparticulate magnetite (85, 96, 97). The 

overlapping sextets make it difficult to fit the spectrum, and our attempts to do so resulted 

in non-unique fits (i.e., different xMS values) depending on the initial assumptions used. 

Note that some previous work has used 298 K fits of nanoparticulate magnetite to 

determine stoichiometry, despite the difficulty and ambiguity of fitting (85).  

Upon cooling the magnetite sample, both the large particulate and nanoparticulate 

magnetite spectral features change considerably (Figure 2.2). At 200 K and 140 K, the 

large particulate magnetite spectra look similar to the room temperature spectrum, 

however the inner sextet broadens (i.e., the OctFe2.5+ sextet as discussed later). For the 

nanoparticulate sample, the spectra become better resolved upon cooling, as the size-

dependent nano-effects become less pronounced. The 200 K and 140 K spectra look 

similar to those of the large particulate magnetite; however, the OctFe2.5+ sextet is broader 

for the nanoparticulate sample.  



29 

 

Upon cooling the magnetite sample further, a distinct change in the magnetic 

properties occurs at 121 K, which is known as the Verwey transition point (TV). Below 

this temperature, the conductivity of magnetite is significantly reduced, and the magnetic 

behavior dramatically changes (41, 42). The cause for these changes is a controversial 

subject in the literature, and, despite extensive work, a consensus has yet to be reached. 

The effect of transition can be seen clearly for the large particulate magnetite in Figure 

2.2, where several additional peaks can be seen in the 77 K and 13 K spectra. For the 

nanoparticulate magnetite, the 77 K and 13 K spectra also look considerably different 

with peaks absent which are present for the large particulate magnetite. It is unclear if the 

nanoparticulate magnetite does not undergo the Verwey transition, or, if it does, the 

resultant spectra are different due to the smaller particle size. In one study, it  was shown 

that the Verwey transition is highly dependent upon stoichiometry, but not of particle size 

(98); however, in that study, their small particulate magnetite (0.22 µm) was not a 

nanoparticulate sample (< 100 nm), and was similar in size to our large particulate 

sample.   

Determining Magnetite Stoichiometry from Mössbauer 

Spectra. 

Based on the temperature dependent behavior shown in Figure 2.2, we chose to 

use spectra collected at 140 K to determine the stoichiometry of nanoparticulate 

magnetite. Our goal was to evaluate whether Mossbauer spectroscopy could be used to 

reliably estimate the stoichiometry of nanoparticulate magnetite by comparing the 

stoichiometry measured by acidic dissolution (xd) and Mössbauer spectroscopy (xMS). 

Note that for large particulate magnetite, a room temperature spectrum is often used and 

is sufficient to calculate the stoichiometry using the relative areas of the two sextets. For 

nanoparticulate magnetite, however, the room temperature spectrum is complicated and 

fitting does not provide a unique set of parameters. Spectra collected at 140 K were the 
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best candidate because the temperature was low enough to minimize the nanoparticulate 

superparamagnetic effects and high enough (> 121 K) to avoid complications arising 

from the Verwey transition. Figure 2.3 contains model fits for 140 K spectra for the large 

particulate and nanoparticulate magnetite. Despite the effects of cooling to reduce the 

effects of particle size, there are still discernable differences, such as the OctFe2.5+ sextet is 

much broader for the nanoparticulate sample.  

In addition to the relative abundance of phases within a sample, spectral fitting 

provides additional parameters: the center shift (CS), the quadruple shift (QS), and the 

hyperfine field (H), which are collectively known as the hyperfine parameters, which 

measure the nucleus-electron interactions. Each hyperfine parameter is closely related to 

physical properties of the sample. The center shift is proportional to the electron density 

for the Fe atom, with an Fe2+ atom having a lower electron density than an Fe3+ atom due 

to extra d-electron reducing s-electron density, and thus the center shift of an Fe2+ atom is 

higher than an Fe3+ atom in most cases. For the OctFe2.5+ sextet, the observed center shift 

is a combination of the Fe2+ and Fe3+, and is higher (~ 0.72 mm/s at 140 K) than the 

TetFe3+ sextet (~0.37 mm/s at 140 K). The quadrupole shift is proportional to the relative 

bond symmetry of an Fe atom, with higher stresses and strains resulting in a larger 

quadrupole shift. For a perfectly symmetrical atom, like the TetFe3+ in magnetite, the 

expected quadrupole shift should be zero. The hyperfine field is proportional to the 

strength of the internal magnetic field (in the absence of an applied field). For 

nanoparticles, the hyperfine field is typically smaller than their large particulate analogs 

due to poorer ordering of spins within the lattice (76). Here, we observe significantly 

smaller hyperfine field values for the nanoparticulate phases.  

Two fundamentally different model exist for extracting the hyperfine parameters 

from a Mossbauer spectrum: Lorentzian and Voigt-based. For a Lorentzian fit, the width 

of the peaks is accounted for by broadening a single Lorentizan peak; in the Voigt model, 

however, the peak is modeled as a Gaussian distribution of several Lorentzian peaks 
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resulting from multiple unique atomic sites within the sample. This difference is not 

subtle, as it changes the shape of the peaks, and results in different fits and extractable 

parameters. Rancourt and co-workers have argued extensively for the merit of the Voigt-

based model, citing that floating the Lorentzian linewidth is a physically incorrect 

assumption (70, 99-101). Previous work has often assumed a Lorentzian model to fit the 

peak profiles (81, 82, 102), which has worked well for large particulate magnetite due to 

the samples being well-crystalline, which results in a narrow distribution of sites (and 

negligible Voigt distribution). The Lorentzian fitting model could not be applied to the 

nanoparticulate magnetite in this study, however, because the peak shapes were distinctly 

non-Lorentzian in shape. A Voigt model was required to achieve reasonable fits that 

captured the peak shape and distributions of the spectra. For example, Lorentzian 

modeling of the spectra in Figure 2.3, resulted in xMS values for both the large particulate 

and nanoparticulate magnetite that were lower than the xd value of 0.50. The discrepancy 

was much greater for the nanoparticulate magnetite, with an xMS of only 0.27, and an xMS 

of 0.44 for the large particulate sample. Modeling the spectra with the Voigt model 

provided xMS values of 0.50 (large particulate) and 0.47 (nanoparticulate), which were 

much closer to the xd of 0.50 (Figure 2.3). Our results suggest that for nanoparticulate 

magnetite, it is important to use appropriate fitting models, such as Voigt-based models, 

when estimating stoichiometry from Mössbauer spectroscopy. 

Another consideration is that the spectral areas in a Mössbauer spectrum do not 

always directly correlate to the relative abundance of sites because some of the sites are 

not completely rigid (i.e., they have some recoil). The percentage of Fe atoms that are 

rigid enough to undergo the necessary nuclear absorption and emission process which 

results in an absorption Mössbauer spectrum is known as the recoilless fraction (f). In a 

previous study, a room temperature recoilless fraction ratio ( f2.5+/f3+) of 0.94 was 

determined (103). More recently, others have found the f2.5+/f3+ ratio is closer to 1.00 (78, 

79). As the temperature cools in a sample, the f ratio should approach 1.00 (103), 
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although this has not been experimentally validated for magnetite. The f ratio is critical to 

for extracting xMS, as the spectral areas would need to be corrected for the recoilless 

fraction. To determine the f ratio for our large particulate sample, the relative areas of the 

two sextets (OctFe2.5+/Oct,TetFe3+) were fit at 298 K, 200 K, and 140 K; the relative areas 

were modeled to be 1.976 (298 K), 1.955 (200 K), 1.976 (140 K) (data not shown), 

indicating that f2.5+/f3+ is independent of temperature using this fitting method, and is 

likely very near to 1.00 at temperatures up to 298 K for the large particulate sample. A 

similar method could not be applied to the nanoparticulate samples, because fitting could 

only be done in a narrow temperature range, so it must be assumed that a similar f ratio of 

1.00 exists at 140 K. 

Spectral Interpretation of Non-stoichiometric Magnetite.  

Sample spectra from magnetite samples with varying stoichiometries collected at 

140 K are presented in Figure 2.4. The Mössbauer fit parameters are shown in Table 2.1 

with literature values at similar temperatures. As the sample becomes more oxidized 

(smaller x), the OctFe2.5+ sextet area decreases and the Oct,TetFe3+ sextet area increases. 

Model parameters found for the xd = 0.50 magnetite were used as initial values for fits of 

the nonstoichiometric samples. For some spectra (indicated in Table 2.1), the center shift 

(CS) was fixed as 0.72 mm/s, as floating the value led to unrealistic values as discussed 

later.  

A comparison of the stoichiometry determined by acidic dissolution (xd) and by 

Mössbauer spectroscopy (xMS) is shown in Figure 2.5. For the entire range of 

stoichiometry, the agreement between xd and xMS is excellent. The slope of the line is 

close to 1.0 indicating near-perfect agreement between xd and xMS (m = 0.96 ± 0.04 (± σ); 

R2 = 0.998, n = 8). There does not appear to be an indication of a systematic bias in either 

direction (i.e., over-estimation or under-estimation), suggesting that the fitting model 
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used is robust, and can be applied to samples over the full range of stoichiometry, that is, 

from maghemite to stoichiometric magnetite. 

It is worth noting that in previous works, the reliability of determining the 

stoichiometry by acidic dissolution (xd) has been questioned due to the possibility of 

inadvertent oxidation in the dissolution process (80, 104). As a result, the excellent 

agreement between xMS and xd observed here provides validation of both techniques 

concurrently. We suspect that since previous work was not done in an anaerobic 

chamber, that the inadvertent oxidation reactions would be more likely. We have also 

found that filtering the acidic suspensions can lead to significant oxidation of Fe2+ if 

nitrate groups are present on the filter. Additionally, the use of the 1,10-phenathroline 

method used to measure dissolved Fe2+ coupled with the use of fluoride to mask the 

presence of Fe3+ greatly increased the precision of xd (89).  

Note that we used a pair-localized model to fit the Mössbauer spectra which 

explicitly assumes discernable OctFe3+ and OctFe2.5+ sites. This, however, is a controversial 

topic. Three models have been proposed to explain the Mössbauer spectra of non-

stoichiometric magnetite above the Verwey transition: (i) the “discrete” model, where a 

combination of stoichiometric magnetite and maghemite is present (76, 80); (ii) the “pair-

localized” theory used here, where upon oxidation octahedral Fe2+ and Fe3+ atoms pair, 

with unpaired Fe3+ atoms resulting in the OctFe3+ signal (82, 83, 95); and (iii ) the “band-

delocalized” model, where a pool of valence electrons is shared between all OctFe atoms 

(105). The discrete and pair-localized models would result in the same observed spectra 

with discrete Oct,TetFe3+ and OctFe2.5+ sextets, whereas the band-delocalized model would 

result in a TetFe3+ sextet and an OctFe2.z+ sextet, where  5 < z < 10. It has also been 

hypothesized that both the pair-localized and the band-delocalized mechanisms may both 

be occurring simultaneously (106). In our previous work where we characterized the 

redox properties and reactivity of magnetite, we concluded that the  discrete model [i.e., a 

stoichiometric magnetite core (x = 0.5) with a maghemite shell (x = 0)] is an inaccurate 
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descriptor of nonstoichiometric nanoparticulate magnetite(74, 77), and thus, we used the 

pair-localized model to fit the spectra here. 

The good agreement between stoichiometries determined from the Mossbauer 

spectra and the dissolution data, however, does not necessarily imply that the pair-

localized model is correct.. Indeed, there are some indicators in the fit parameters (Table 

2.1) that suggest that some band-delocalization may be occurring. For example, as the 

stoichiometry decreases, the OctFe2.5+ sextet has a lower average H, and the standard 

distribution (i.e., width of the sextets; std(H)) increases; this can also been seen visually 

in Figure 2.4. This suggests that the internal magnetic interactions between OctFe are 

smaller (decreasing H), and that there is a wider distribution of local OctFe environments 

(increasing std(H)). It has also been proposed that the larger std(H) is due to slowed 

electron hopping rates in the conduction band, which would also manifest in widening the 

sextet peaks (106, 107). Others, however, have argued that these observations are also 

consistent with the pair-localized model, as one would expect the vacancies and 

reordering that must occur as Fe2+ atoms become Fe3+ will cause local disorders (78, 94).  

A second indication that suggests band delocalization may be occurring is that the 

CS had to be fixed at 0.72 mm/s for some of the more oxidized samples (Figure 2.4, 

Table 2.1) as noted earlier. Figure 2.6 shows the fitted spectrum for the xd = 0.25 

magnetite with the fixed CS (i.e., pair-localized) and without (i.e., band-delocalized). 

Note that the fitted areas shift substantially, and the CS drifts to 0.62 mm/s in the band-

delocalized spectrum. If all the octahedral atoms were pooling electrons, an OctFe2.z+ 

sextet would be expected, and it should represent approximately two thirds of the spectral 

area with a minor shift due to vacancies. For the band-delocalized model, the OctFe2.z+ 

sextet accounts for only 52% of the area, so at least some of the OctFe is still being 

modeled as the Oct,TetFe3+ sextet. A quantitative means for comparing the fits is to 

examine the goodness-of-fit parameter, χ2, where lower values represent a better fit. The 

χ 2 value is virtually identical between the samples: 1.087 for pair-localized and 1.089 for 
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band-delocalized, indicating that one fit does not appear to model the data any better than 

the other. As a result, from our data, we cannot determine if the pair-localized, band-

delocalized, or a combination of the two is the most accurate model to describe 

nonstoichiometric magnetite. We can, however, conclude that fitting the data with the 

pair-localized model results in excellent agreement between xd and xMS. Not that the 

stoichiometries cannot be determined from the fitting the data with band-delocalized 

model because the sextet areas would not correspond to known Fe oxidation states (i.e., 

3+ and 2.z+). 

Characterization of Magnetite using Powder X-ray 

Diffraction 

A third method that has been used to determine the stoichiometry of magnetite 

samples is pXRD. The pXRD pattern of magnetite has previously been shown to be 

dependent upon stoichiometry in several studies (53, 79, 80, 83-85). Stoichiometric 

magnetite, which has a cubic close-packed structure, has a reported unit-cell length (a) of 

8.396-8.400 Å (1, 79, 86, 108, 109). As the magnetite becomes oxidized (lower x), the 

unit cell becomes smaller due to the formation of vacancies  and the smaller atomic size 

of Fe3+ atoms as compared to Fe2+. Maghemite (x = 0) has a similar cubic structure, but 

with a slightly smaller unit cell length (8.33-8.34 Å) (1, 78, 109). In these studies, the 

stoichiometry is determined by linear interpolation between the two extreme 

stoichiometries (i.e., 0 and 0.5) and their reference unit cell lengths. It has been proposed 

that the maghemite structure has additional symmetry due to the ordering of vacancies, 

which results in additional peaks observed in pXRD patterns  (53, 75, 79). The method of 

maghemite preparation appears to influence the presence and intensity of these peaks, 

however, it has been suggested that there are structurally different forms of maghemite 

with varying degrees of vacancy ordering (78).  



36 

 

Selected pXRD patterns for magnetite over the range of stoichiometries (xd = 

0.50, 0.25, 0.00) are shown in Figure 2.7. The patterns have been smoothed, background-

subtracted, and Kα2-stripped to aid in interpretation. The eight most intense peaks have 

been labeled with their appropriate crystallographic planes (hkl). The patterns appear 

nearly identical as the changes in the unit cell are quite subtle and require fitting of peaks 

to extract. As the sample becomes oxidized, additional peaks are observed in both the xd 

= 0.25 and 0.00 samples, which have been labeled with a star (*) for the xd = 0.00 sample 

in Figure 2.7. Note that the small broad peak directly to the right of the (111) peak for the 

xd = 0.00 is an artifact of using glycerol to avoid sample oxidation. The additional peaks 

observed here suggest that some vacancy ordering has occurred within the oxidized 

samples.  

Diffraction patterns of the magnetites were fit to determine the relative peak 

localities and intensities to determine if they could be used to estimate the stoichiometry 

of the samples. For the samples in Figure 2.7, the fitted unit cell lengths were 8.394 Å (xd 

= 0.50), 8.366 Å (0.25), and 8.339 Å (0.00). As expected, the unit cell length decreases 

upon the oxidation of magnetite (which manifests in a slight left-shift of peaks in Figure 

2.7). The same trend has been observed by several studies in the past, however, the trends 

have never compared among papers, making the robustness of these methods difficult to 

determine.  

The extracted unit cell lengths are shown as a function of stoichiometry 

determined by acidic dissolution (xd) in Figure 2.8. The peak data and resultant fits are 

summarized in Table 2.2. The error bars used for the data markers are the standard 

deviations provided from the fitting software with the exception of the xd = 0.50 batch 

where five replicate samples were prepared, and the error bars represent the standard 

deviation computed from these samples. Data from previous studies that related 

stoichiometry to the unit cell length are also shown in Figure 2.8 for comparison. A 

robust linear trend is observed between the studies using a linear regression (R2 = 0.93, n 



37 

 

= 35). The fitted line yields the equation: a = 0.1148(± 0.0055)xd + 8.3396(± 0.0020), 

where a(xd = 0) = 8.3396 Å and a(xd = 0.5) = 8.397 Å, both in excellent agreement with 

the reference values above. This method also validates the usage of pXRD to characterize 

stoichiometries between the two extremes (i.e., 0 and 0.5), which has previously been an 

assumption in the literature.  

The relative intensity of the (111) peak has also been used to determine 

stoichiometry in the past. It has been proposed that as the magnetite becomes more 

oxidized (lower x), the (111) peak will decrease due to octahedral vacancies (i.e., less 

atoms to diffract). Linear relationships have been observed in the past (53, 75, 79), yet 

some studies have noticed no correlation (39, 78). As mentioned earlier, this apparent 

contradiction has been rationalized by the possibility that different nonstoichiometric 

magnetite and maghemite structures can exist, with vacancy location and structural 

ordering varying between samples synthesis methods (78). The peak intensities were 

measured for the seven most intense peaks in this study, with the data summarized in 

Table 2.3. In this work, there appears to be a slight positive trend between the (111) peak 

intensity and magnetite stoichiometry (R2 = 0.57, n = 7); however, the noise of the data 

appears to be too great. For the five xd = 0.50 replicates, the standard deviation was 3.1%, 

which was roughly the extent of change observed between the samples. 

Applicability of Mössbauer spectroscopy and pXRD for 

determination of stoichiometry 

Here, the three most common techniques for determining magnetite stoichiometry 

have been validated on the basis that there is good agreement among the three methods. 

Acidic dissolution is a simple, easy method for determining stoichiometry for synthesized 

samples, but care must be taken to avoid oxidation by air-exposure and filtration. There 

are many cases, however, when acidic dissolution of the sample is not a possibility. For 

example, natural and mixed-phased samples can contain other redox active components 
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(e.g., bacteria), and have functional groups adhered to the particle surface for 

stabilization. In these cases, spectroscopic techniques are preferred because the sample 

does not require any additional treatment (e.g., washing) to characterize.  

One important limitation of these methods, however, is the effect of substituent 

elements within the magnetite crystal lattice. Aluminum can readily be substituted for 

TetFe atoms, and work has shown that it will influence the relative ratios of sextets in 

Mössbauer spectra, the unit cell length in pXRD, and the acidic dissolution values (1, 76). 

As a result, the stoichiometry could easily be misinterpreted using these techniques, 

especially when applied to natural samples where the source elements are unknown. 

Additional characterization will thus be needed in order to determine the content of 

substituent. Furthermore, the effects of the substituents on many of the physical 

properties of magnetite remain unexplored, especially with the magnetite stoichiometry 

in mind.   

Despite this limitation, the strong trends observed among the three techniques 

suggest that acid dissolution, Mössbauer spectroscopy, and pXRD are all valid 

approaches for determining magnetite stoichiometry.  Discrepancies between techniques 

observed in previous works are likely in part due to the several structural forms with 

which nonstoichiometric magnetite and maghemite can take. As a result, caution should 

be taken in further interpretation of spectra and pXRD patterns, as the Mössbauer 

hyperfine parameters or the (111) pXRD relative peak intensities are likely to be 

dependent upon factors besides stoichiometry. Acidic dissolution is thus a favorable 

characterization choice, as it will be independent of particle size and synthesis method, 

although it will not address sample impurities. The robust trend observed for the pXRD 

data, however, suggests that the unit cell length (a) is likely directly related to 

stoichiometry, and is thus probably immune to the influence of synthesis methods.   
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Table 2.1. Mössbauer Parameters for magnetite of varying stoichiometry (x = Fe2+/Fe3+) 
at T = 140 K. 

  
OctFe2.5+  TetFe3+,OctFe3+ 

 

 
xd

a 
CS 

(mm/s) 

ε 

(mm/s) 

H 

(T) 

std(H) 

(T) 

Area 

(%) 
 

CS 

(mm/s) 

 

(mm/s) 

ε 

 (T) 

std(H) 

(T) 

Area 

(%) 
xMS

b 

T
hi

s 
w

or
k 

0.00 B.D.c B.D. B.D. B.D. 0  0.42 0.00 49.8 2.5 100 0.00 

0.16 0.72d -0.10 39.3 10.5 24.3  0.43 -0.01 48.1 3.2 75.7 0.14 

0.25 0.71 -0.03 44.0 8.4 37.7  0.40 0.00 48.8 2.3 62.3 0.23 

0.26 0.74 -0.02 46.4 4.4 41.3  0.39 -0.01 49.3 1.9 58.7 0.26 

0.36 0.72d -0.01 45.8 3.2 56.4  0.39 0.00 48.9 1.1 43.6 0.39 

0.42 0.72 -0.02 46.8 2.5 58.5  0.37 0.00 49.5 0.8 41.5 0.41 

0.49 0.74 -0.02 46.0 3.8 62.3  0.38 0.00 49.3 0.8 37.7 0.45 

0.50 0.72 -0.02 47.4 2.8 64.1  0.38 0.00 50.2 0.1 35.9 0.47 

LPe (0.50) 0.76 0.00 48.2 2.1 66.4  0.37 0.00 50.4 0.6 33.6 0.50 

R
ef

er
en

ce
s 

135 Kh 0.75 -0.01 47.9 - 65  0.35 0f 50.4 - 35 0.48 

150 Ki 0.65  0f 46.7 - 54  0.37 0f 50.6 - 46 0.37 

130 Kj 0.68 0 47.7 - 51  0.37 0 50.8 - 49 0.34 

120 Kk 0.77 0 48.1l - 38  0.34 0 50.3 - 63 0.23 

130 Km 0.76 0f 48.2 -g 64  0.35 0f 50.0 - 36 0.47 

 
a xd = stoichiometry determined by acidic dissolution. σxd < 0.01. 
 
b xMössbauer = (½ OctFe2.5+)/(½ OctFe2.5+ + Tet,OctFe3+). 
 
c B.D. = Below detection in fitting. 
 
d The CS was fixed at 0.72 because floating led to unrealistic parameters.  
 
e LP = Large particulate magnetite.  
 
f Fixed at 0 during fitting.  
 
g Not determined; this value is only available with Voigt based fitting. The reference 
spectra were fit using Lorentzian models. 
  
h A synthetic well crystalline sample (95). 
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Table 2.1 Continued 
 

i Nanoparticulate magnetite (avg. diameter from TEM = 21 nm) produced from oxidizing 
nanoparticulate Fe metal via exposure to air (110). 
 
j Natural large particulate polycrystalline magnetite taken from the Gällivare iron mine 
(102).  
 
k A natural soil sample containing magnetite as a constituent from Huangling, China 
(111). 
 
l Fit using two signals, reported value is the weighted mean of the two sextets. 
 
m Large particulate magnetite (particle size > 200 nm) (80).
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Table 2.2. Observed pXRD peak locations from magnetite batches with varying stoichiometries. Whole pattern fits of the patterns 
were used to determine the magnetite unit cell parameter (a).  

    Nanoparticulate magnetite (xd) 

(hkl) Ref. 2θa Ref.  d (Å)a LP (0.50)b 0.00 0.16 0.25 0.26 0.33 0.36 0.42 0.49 0.50d 

(111) 21.29 4.8426 21.12 B.D.c 21.23 21.25 21.24 21.50 B.D.c 21.50 21.25 
21.25 

(0.067)e 

(220) 35.11 2.9655 34.95 35.17 35.08 35.20 35.02 35.27 34.94 35.20 35.12 
34.98 

(0.111) 

(311) 41.43 2.5289 41.19 41.52 41.38 41.38 41.28 41.56 41.14 41.42 41.38 
41.24 

(0.092) 

(400) 50.50 2.0969 50.27 50.66 50.41 50.31 50.38 50.68 50.22 50.58 50.44 
50.33 

(0.093) 

(422) 62.99 1.7121 62.77 63.31 62.83 63.17 62.79 63.14 63.03 63.06 62.81 
62.82 

(0.129) 

(511) 67.30 1.6142 67.19 67.61 67.49 67.36 67.24 67.54 67.14 67.36 67.24 
67.12 

(0.092) 

(440) 74.21 1.4827 74.01 74.58 74.21 74.20 74.16 74.40 73.96 74.24 74.16 
74.02 

(0.080) 

a fitf (Å)  8.3958 8.3876 8.3390 8.3584 8.3662 8.3776 8.3677 8.3852 8.3921 8.3895 8.3942 

σa
g (Å)   0.0023 0.0034 0.0028 0.0031 0.0044 0.0029 0.0022 0.0054 0.0023 (0.0046)e 

 
a Ref. (108) 
 
b LP = Large particulate magnetite (xd, xMS = 0.50)  
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Table 2.2 Continued 
 
c Below detection limit (< 3% of maximum intensity peak).  
 
d Values reported are the average of five identically prepared samples. Parenthetic values are the standard deviation between samples.  
 
e Parenthetic values are the standard deviation of five replicate samples for x = 0.50 magnetite.  
 
f Fit done using Jade 6 software (described in the Materials and Methods).  
 
g Standard deviation of a from the whole pattern fit. 

    



 
 

 

43
 

Table 2.3. Relative peak intensities of fitted pXRD peaks for magnetites with varying stoichiometries (xd). 

   Nanoparticulate magnetite (xd) 

(hkl) Ref.a LPb 0.00 0.16 0.25 0.26 0.33 0.36 0.42 0.49 0.50d 

(111) 8.2 4.4 B.D.c 5.0 4.7 5.7 7.4 B.D.c 5.2 7.6 10.1 (3.1) 

(220) 28.4 23.7 32.5 34.3 24.2 27.9 31.2 22.9 29.9 26.0 25.7 (2.2) 

(311) 100.0 100.0 100.0 100.0 100.0 100.0 100.0 100.0 100.0 100.0 100.0 (0.0) 

(400) 8.1 23.2 26.6 32.1 27.0 30.9 34.2 29.7 32.4 35.5 30.4 (2.3) 

(422) 9.2 7.5 10.0 7.5 8.0 7.6 7.3 10.0 6.5 5.9 7.7 (1.2) 

(511) 24.3 31.7 24.8 24.4 25.3 29.9 27.3 40.9 28.4 27.9 29.2 (7.7) 

(440) 41.7 30.9 43.9 60.2 45.9 47.8 46.1 69.5 43.6 54.1 49.0 (11.0) 

 

a Ref. (108) 
 
b LP = Large particulate magnetite (xd, xMS = 0.50)  
 
c Below detection limit (< 3% of maximum intensity peak).  
 
d Values reported are the average of five identically prepared samples. Parenthetic values are the standard deviation between samples.  
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Figure 2.1. A schematic representing a portion of the magnetite (Fe3O4) unit cell. 
Magnetite has an inverse spinel structure, with 2/3 of the Fe atoms in 
octahedral orientation, and 1/3 in the tetrahedral configuration. 1/2 of the 
available octahedral vacancies are filled, and 1/8 of the available tetrahedral 
vacancies are occupied. The whole unit cell contains 16 OctFe atoms, 8 TetFe 
atoms, and 32 oxygen atoms. Example bonding structures are shown for each 
atom.  
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Figure 2.2. Mössbauer spectra of large particulate and nanoparticulate stoichiometric 
magnetite (xd = 0.50) at several temperatures (298 K, 200 K, 140 K, 77 K, 13 
K).  
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Figure 2.3. Fitted Mössbauer spectra of stoichiometric large particulate magnetite (top) 
and nanoparticulate magnetite (bottom) collected at 140 K. Fit parameters are 
shown in Table 2.1. 
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Figure 2.4. Mössbauer spectra of nanoparticulate magnetite with varying stoichiometries 
(x = Fe2+/Fe3+) at 140 K. Fit hyperfine parameters are shown in Table 2.1.  
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Figure 2.5. Comparison of magnetite stoichiometry determine by Mössbauer 
spectroscopy and acidic dissolution.  
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Figure 2.6. Fitted Mössbauer spectra of nonstoichiometric nanoparticulate magnetite (xd = 
0.22) collected at 140 K. The pair-localized fit assumes a CS of 0.72 mm/s, 
while the band-delocalized spectrum allows the CS to float (0.62 mm/s). 
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Figure 2.7. Powder X-ray diffraction of nanoparticulate stoichiometric (x = 0.50), 
significantly oxidized (x = 0.25), and completely oxidized (x = 0.00) 
magnetite. The patterns have been smoothed, background subtracted, and kα2 
stripped to aid in interpretation. The eight most intense diffraction peaks are 
labeled with respect to their crystallographic planes (hkl). Stars (*) denote 
additional peaks observed in the completely oxidized sample.  
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Figure 2.8. Unit cell length of magnetite derived from fitting pXRD patterns at varying 
stoichiometries (xd). Error bars shown are the standard deviations provided 
from the full pattern fit. The black marker is the average of five identically 
prepared samples (xd = 0.50), with the error bars calculated from the standard 
deviation of the five computed a values. The fit shown is a = 
0.1148(±0.0055)xd + 8.3396(±0.0020); R2 = 0.93; n = 35. For literature 
values, x was determined by acidic dissolution except for samples denoted 
with a star (*), in which the stoichiometry was determined using Mössbauer 
spectroscopy.  
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CHAPTER III: INFLUENCE OF MAGNETITE STOICHIOMETRY ON 

FeII UPTAKE AND NITROBENZENE REDUCTION2 

Abstract 

Magnetite (Fe3O4) is a common biomineralization product of microbial iron 

respiration and is often found in subsurface anoxic environments, such as groundwater 

aquifers where aqueous FeII is present. We investigated the reaction between aqueous FeII 

and magnetite using the isotopic selectivity of 57Fe Mössbauer spectroscopy and revisited 

the reduction of nitrobenzene by magnetite. Similar to our previous findings with Fe3+ 

oxides, we did not observe the formation of a stable sorbed FeII species; instead, we 

observed oxidation of the FeII to a partially oxidized magnetite phase. Oxidation of FeII 

was accompanied by reduction of the octahedral Fe3+ atoms in the underlying magnetite 

to octahedral Fe2+ atoms. The lack of a stable, sorbed FeII species on magnetite prompted 

us to re-evaluate what is controlling the extent of FeII uptake on magnetite, as well as 

contaminant reduction in the presence of magnetite and FeII. Uptake of FeII by magnetite 

appears to be limited by the stoichiometry of the magnetite particles, rather than the 

surface area of the particles. More oxidized (or less stoichiometric) magnetite particles 

take up more FeII, with the formation of stoichiometric magnetite (Fe2+/ Fe3+ = 0.5) 

limiting the extent of FeII uptake. We also show that stoichiometric magnetite, in the 

absence of aqueous FeII, can rapidly reduce nitrobenzene. Based on these results, we 

speculate that contaminant reduction that was previously attributed to FeII sorbed on 

magnetite is really due to a process similar to negative (n) doping of a solid, which 

increases the stoichiometry of the magnetite and alters the redox properties of the particle 

to make reduction more favorable. 

                                                 
2 C.A. Gorski M.M. Scherer. Influence of magnetite stoichiometry on FeII uptake and nitrobenzene 

reduction. Environmental Science and Technology. 2009, 43, 3675-3680. 
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Introduction 

Magnetite (Fe3O4) is a mixed-valent iron mineral that is ubiquitous in the 

environment as both a primary and secondary mineral phase (1). Magnetite can form via 

the reduction of Fe3+ oxides by dissimilatory iron reducing bacteria (DIRB) and aqueous 

FeII (1, 43, 45, 84, 85), and can also form by the oxidation of ferrous minerals and iron 

metal from both natural and anthropogenic sources (1, 37). Magnetite has widespread 

industrial uses (such as digital recording and drug delivery) because of its unique 

electronic, magnetic, structural, and redox properties (1, 17, 37, 54, 63). 

Magnetite has been implicated as a potentially important reductant of 

environmental contaminants in Fe-rich subsurface environments. In the laboratory, 

chemically synthesized magnetite has been shown to reduce several contaminants, 

including carbon tetrachloride (CCl4) (46, 47), hexavalent chromium (CrVI ) (48), 

hexavalent uranium (UVI ) (49), and several other compounds (e.g., 17). In addition to 

chemically synthesized magnetite, biologically produced magnetite formed from 

microbial respiration of Fe3+ oxides has been shown to reduce carbon tetrachloride (CCl4) 

(43). In the field, magnetite has been suggested as the dominant reductant of cis-

dichloroethene (cis-DCE) in a chlorinated ethene plume at the Twin Cities Army 

Ammunition Plant (TCAAP) in Minnesota (50).   

Surprisingly, magnetite has been shown to be relatively unreactive toward 

nitroaromatics, even though the reaction is thermodynamically favorable (14, 51). 

Addition of aqueous FeII to magnetite suspensions, however, resulted in rapid reduction 

of nitroaromatics, which was attributed to the formation of reactive surface FeII 

complexes (14, 51). For other contaminants, the addition of aqueous FeII appears to have 

varying effects, from no effect observed on the rate of chlorinated ethenes by magnetite 

(73), to a significant increase in the reported rate and extent of CrVI reduction (112). 

These inconsistencies reveal a significant gap in our understanding of the reaction of 
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aqueous FeII with magnetite, and how it influences rates of contaminant reduction by 

magnetite. 

Recent work by our group, as well as others, has shown that the reaction of 

aqueous FeII with Fe3+ oxides is complex and involves sorption, electron transfer, and, in 

some cases, dissolution and secondary mineral transformation (22, 24, 26, 45). Similarly, 

Tronc and co-workers have shown that electron transfer occurs between FeII and 

magnetite using X-ray diffraction techniques (52, 85). Magnetite is markedly different 

from the Fe3+ oxides in that it contains both Fe2+ and Fe3+ in an inverse-spinel structure, 

where iron atoms occupy octahedral (Oct) and tetrahedral (Tet) sites in a 2:1 ratio. The 

Fe2+ content in magnetite is well known to dramatically alter its physical properties, 

including redox potential and conductivity (54, 62, 63). The influence of Fe2+ content, or 

the stoichiometry of magnetite (eq. 3.1), on FeII uptake and contaminant reduction rates, 

however, remains unclear despite compelling evidence that it affects the redox properties 

of magnetite (54). 

 
x � Fe2�

Fe3� � Fe2�Oct
Fe3�Oct � Fe3�Tet   (3.1) 

Here, we investigated the reaction of aqueous FeII with magnetite to evaluate the 

influence of magnetite stoichiometry (x) on the capacity of magnetite to uptake FeII and 

to reduce nitrobenzene. We aimed to examine ‘sorbed FeII’ on magnetite 

spectroscopically, and determine the roll that this species had on reactivity with 

environmental contaminants. We found that stable, sorbed FeII species do not exist under 

the conditions of this study; instead, electron transfer occurs between the FeII and the 

underlying magnetite, similar to what we previously observed for Fe3+ oxides (24, 26). 

The extent of FeII uptake as well as the rate of nitrobenzene reduction appear to be 

determined by the initial stoichiometry (x) of the magnetite. To clarify our discussion, we 

use Roman numerals (e.g., FeII) to denote dissolved and adsorbed metal species, and 

Arabic numerals (e.g., Fe2+) to indicate structural metal species.  
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Experimental Section 

Magnetite Synthesis and Characterization  

Magnetite was synthesized using methods to control both particle size and 

stoichiometry. In order to make small stoichiometric magnetite (~20 nm), a 1:2 FeII:FeIII  

solution was prepared under anoxic conditions, then titrated to an alkaline pH (> 10) with 

NaOH and allowed to mix overnight (113). For partially oxidized magnetite, this solution 

was exposed to various amounts of H2O2 and allowed to equilibrate at least one 

additional day. Magnetite (x = 0.41 batch) was also synthesized by modifying the 

methods of Cornell and Schwertmann, specifically by oxidizing an alkaline anoxic FeII 

solution with nitrate at room temperature (1). For both syntheses, batches of magnetite 

were filtered anaerobically, with minimal washing to remove excess salts. It was found 

when synthesizing stoichiometric magnetite that excessive washing (> 2 rinse cycles) 

caused the magnetite to become oxidized, as structural-Fe2+ was removed in the rinse. 

Solids were freeze-dried, sieved anaerobically (100 mesh), and stored in an anaerobic 

glove box until use.  

The particles synthesized using both techniques provided similar particle 

morphologies from transmission and scanning electron microscopy (TEM & SEM), 

similar BET surface areas (62 ± 8 m2g-1; n = 4), and indistinguishable primary crystallite 

sizes (~11 nm) using the Scherrer equation with powder X-ray diffraction (pXRD) 

patterns. BET specific surface areas were x = 0.28 (63 m2g-1), x = 0.33 (72 m2g-1), x = 

0.41 (54 m2g-1), and x = 0.48 (58 m2g-1). A representative TEM image of the magnetite is 

shown in Figure A.1. Precautions were taken to avoid oxidation for all analyses, by 

storing samples in airtight vessels prior to analysis and by mixing pXRD samples with 

glycerol. 57Fe Mössbauer spectroscopy was used to characterize the particles, as well as 

determine the stoichiometry from the relative areas of Mössbauer spectra (xMössbauer). 

Details of the fitting procedures used can be found in Appendix A. Magnetite 
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stoichiometry was also measured by complete dissolution of solids in 5 M HCl in an 

anaerobic glovebox (xdissolution). Solids were allowed to dissolve for about two days, 

followed by measuring FeII and total Fe by the phenanthroline method (89).  

FeII Uptake Experiments 

All experiments were done in batch reactors in a N2/H2 glove box. Experiments 

with FeII were done in 50 mM 3-(N-morpholino)propanesulfonic acid buffer (MOPS, pKa 

7.2) adjusted to pH 7.2 with a solids loading of 1 g/L. FeII was equilibrated in solution 

overnight, and the solution was filtered through a 0.2 µM filter prior to the addition of 

solids in order to remove trace FeIII  and precipitated Fe(OH)2. An initial FeII 

concentration was measured prior to the addition of the magnetite solids. The solids were 

then allowed to equilibrate with solution for 24 hours, then the solution was filtered (0.2 

µM), and the final FeII concentration was measured. Kinetic experiments indicated that 

the FeII concentration was stable after 24 hours (data not shown).  

Isotope Selective Mössbauer Spectroscopy 

Isotopically enriched magnetite was synthesized from 56Fe metal from Chemgas 

(Boulogne, France). A 1:2 FeII:FeIII  solution was created by dissolving 56Fe metal in 1 M 

HCl, then dividing the solution into two portions and oxidizing the FeIII  component with 

a calculated amount of H2O2 prior to titrating to an alkaline pH. pXRD indicated that the 

solids collected were indistinguishable from solids prepared identically from isotopically 

normal Fe metal and as expected, the 56magnetite gave little Mössbauer signal (Figure 

A.2). Sorption experiments were performed with a 57FeII stock solution, with the solids 

collected after a 24-hour equilibration period for Mössbauer analysis. Similarly, naturally 

abundant magnetite (~2.2% 57Fe) was exposed to a 56FeII solution, with Mössbauer 

analysis performed on the filtered solids at a series of temperatures. Mössbauer 

spectroscopy measurements were made using the same system described in our previous 

work (26). 
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Nitrobenzene Reduction Experiments 

Suspensions of 1 g/L magnetite at pH 7.2 were equilibrated for one hour prior to 

the addition of 40 µM nitrobenzene. Aqueous nitrobenzene and aniline concentrations 

were measured after reaction with magnetite using high-pressure liquid chromatography 

(HPLC) as previously described (24).  

Results and Discussion 

Mössbauer Spectroscopy of  FeII Reacted with Magnetite  

Similar to our previous approach with Fe3+ oxides (24, 26), we used isotopically 

labeled 57FeII and 56magnetite to investigate the fate of FeII after reaction with magnetite. 

The 56magnetite alone results in negligible Mössbauer signal because 56Fe is transparent 

to 57Fe Mössbauer spectroscopy (Figure A.2). After reacting the 56magnetite particles 

with 57FeII (200 µM, ~1.6% total Fe), The Mössbauer spectrum of the solids revealed one 

primary sextet and one small secondary sextet that appears as a shoulder on the primary 

sextet. Both sextets are characteristic of magnetite spectra collected at temperatures 

above the Verwey transition temperature of 121 K (Figure 3.1A) (102, 111). Formation 

of a magnetite-like phase indicates that some of the 57FeII was oxidized. No evidence for 

a sorbed or precipitated Fe2+ phase was observed. The sextet comprising most of the 

spectral area (≈ 79%) has a center shift (CS) and hyperfine splitting (H) consistent with 

TetFe3+ sites in magnetite (Table 3.1). The second, smaller sextet (≈ 21%) is consistent 

with OctFe2+ and OctFe3+ sites, which appear as one sextet with an average valence state of 

2.5 (because the electron hopping rate between octahedral sites is faster than the 

Mössbauer characteristic time of about 10-8 s) (80). 

Although the Mössbauer parameters of the two sextets are consistent with 

magnetite, the relative spectral areas indicate that the sample is oxidized relative to 

stoichiometric magnetite. A solid solution can exist between magnetite and maghemite (0 

< x < 0.5), which can be referred to as non-stoichiometric magnetite, or partially oxidized 
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magnetite (82). A spectrum of nearly stoichiometric magnetite is shown in Figure 3.1B to 

illustrate the spectral differences between partially oxidized magnetite and stoichiometric 

magnetite. Stoichiometric magnetite (x = 0.5) contains two-thirds Fe3+ and one-third Fe2+, 

resulting in 67% of the spectral area associated with the OctFe2.5+ sextet and 33% of the 

spectral area associated with the TetFe3+ sextet. The phase formed from oxidation of 57FeII 

by 56magnetite has significantly more TetFe3+ area (≈ 79% compared to 33%) and less 

OctFe2.5+ area (≈ 21% compared to 67%). Growth of the TetFe3+ sextet coupled with 

reduction of the OctFe2.5+ sextet results from the formation of unpaired OctFe3+ sites, which 

are indistinguishable from the TetFe3+ sites above the Verwey temperature (80, 82). The 

relative spectral areas can be used to calculate the stoichiometry of the phase, which 

results in a calculated Fe2+/Fe3+ ratio (xMössbauer) of 0.12 for this spectra, which is 

significantly oxidized compared to stoichiometric magnetite (x = 0.5). 

Whether this oxidized magnetite phase is a mixture of magnetite and maghemite 

or a solid solution of partially oxidized magnetite is difficult to determine and 

distinguishing between the two has been a controversial topic for many years (80-82, 92). 

Formation of a partially oxidized magnetite rather than a mixture of magnetite and 

maghemite is, however, consistent with a previous study using integrated low-energy 

electron Mössbauer spectroscopy (ILEEMS), a surface-sensitive Mössbauer technique, to 

show that non-stoichiometric magnetite has chiefly an Fe3+ surface coating, with little 

Fe2+ (114). Regardless of whether this phase is a mixture of magnetite and maghemite or 

a solid solution of partially oxidized magnetite, it is clear that it is a predominantly Fe3+ 

phase (79%), which indicates that most of the 57FeII taken up was oxidized, similar to our 

previous findings of 57FeII oxidation by goethite, hematite, and ferrihydrite (24, 26). FeII 

uptake accompanied by growth of a magnetite outer shell is also consistent with the 

structural model proposed by Tronc et al. based on acid-base titrations and structural 

modeling of pXRD patterns (52).  
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To investigate if the underlying magnetite particle is reduced after reaction with 

aqueous FeII, we reacted magnetite with aqueous 56FeII. Using 56FeII, rather than 57FeII, 

allowed us to track the redox changes to the underlying magnetite particles without 

interference from the reacted FeII. Mössbauer spectra of non-stoichiometric magnetite 

before and after reaction with 56FeII are shown in Figure 3.2. Two magnetite sextets, 

similar to those in Figure 3.1, are observed in both spectra, but there is a distinct shift in 

the relative areas of the sextets after reaction with 56FeII. The area of the OctFe2.5+ sextet 

increases by 12% after reaction with 56FeII, indicating that some of the OctFe3+ atoms have 

been reduced. The 12% increase in the OctFe2.5+ sextet is accompanied by an 11% 

decrease in the OctFe3+ sextet (Table 3.1). The shift to more OctFe2.5+ sites and less OctFe3+ 

indicates that OctFe3+ in the magnetite lattice was reduced by the 56FeII.  

Consistent with the structural data of Tronc et al. (52), the Mössbauer spectra 

indicate that FeII reduces structural OctFe3+ atoms in magnetite forming more 

stoichiometric magnetite with no indication in the spectra that stable FeII surface-

complexes or secondary Fe2+ precipitates have formed. Tronc et al. further proposed that 

the electrons injected into magnetite could (i) stabilize as OctFe2+-Fe3+ pairs or (ii) 

delocalize in the conduction band of the magnetite. The good agreement between the 

observed shifts in spectral area (about 12% between the OctFe2.5+ and OctFe3+ sextets) and 

the estimated change in spectral area based on loss of FeII from solution (see Supporting 

Information, Appendix A for details of the calculation), suggests that the electrons 

localize as OctFe2+-Fe3+ pairs. The change in the spectral area would be much greater than 

the calculated change if the electrons had become delocalized, similar to what we 

observed previously in hematite (27); furthermore, we expect that the Mössbauer 

parameters (CS and H) would have changed more significantly if electrons were 

conducting through the solids (66). Stabilization of the injected electrons as OctFe2+-Fe3+ 

pairs to form more stoichiometric magnetite raises the interesting question of whether the 
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uptake of FeII from solution is limited by the initial Fe2+ content of the magnetite 

particles.  

Effect of Magnetite Stoichiometry on FeII Uptake  

To evaluate whether the capacity for FeII uptake on magnetite is influenced by 

particle stoichiometry, we measured FeII uptake on magnetite powders with Fe2+/Fe3+ 

ratios (x) ranging from 0.28 to 0.48 (Figure 3.3). For comparison with previous work, we 

present the data as traditional sorption isotherms; note, however, that our Mössbauer data 

clearly indicate that FeII taken up by magnetite is not stable and that electron transfer 

between FeII and OctFe3+ in magnetite occurs. Among the four magnetite powders, the 

extent of FeII uptake varies widely despite similar BET surface areas (62 ± 8 m2g-1). The 

least stoichiometric magnetite (i.e., the most oxidized magnetite with x = 0.28) resulted in 

an FeII uptake up to 1500 µmole/g and the most stoichiometric magnetite (x = 0.48) took 

up only 370 µmole/g. In all cases, the maximum amount of FeII uptake exceeded the 

estimated monolayer coverage of 300 µmole/g magnetite (shown as a dashed line in 

Figure 3.3). Mössbauer spectra collected at similar 57FeII concentrations (3 mM) on 

56magnetite confirmed that no Fe2+ precipitation occurred at the higher initial FeII 

concentrations (data not shown).  

Greater than expected FeII uptake on non-stoichiometric magnetite is consistent 

with previous work comparing the uptake of FeII and CoII on magnetite under similar 

conditions (52, 85). CoII uptake behavior was well described by a surface complexation 

model, with a rapid, one-step, reversible adsorption reaction, whereas FeII uptake was 

three times greater than CoII and could not be adequately described by adsorption. Tronc 

and co-workers proposed an alternative to one-step, reversible adsorption for FeII that 

suggested that the capacity of magnetite to take up FeII would be determined by the initial 

Fe2+ content of the particle, rather than surface area, similar to what we observed in 

Figure 3.3 (52, 85). Indeed, a plot of the maximum amount of FeII uptake versus the 
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initial magnetite stoichiometry reveals a significant linear relationship (R2 = 0.98; n=4; 

Figure A.3), indicating that as the Fe2+ content of magnetite increases (as x approaches 

0.5), less FeII uptake is observed, as predicted by Tronc and co-workers. 

To confirm that FeII uptake is limited by the formation of stoichiometric 

magnetite, we measured the stoichiometry of the particles after complete dissolution in 

acid (xdissolution) along the isotherms shown in Figure 3.3. Strikingly, all four FeII 

isotherms begin to plateau at about x = 0.5 (xdissolution = 0.51 ± 0.01, n = 4), providing 

compelling evidence to support Tronc and co-workers’ proposal that the capacity for 

magnetite to uptake FeII is determined by the initial Fe2+ content. The extent of FeII 

uptake also agrees reasonably well with the calculated amount of FeII needed to reach 

stoichiometry (Figs. S3, S4, calculation in Supporting Information, Appendix A).  

The significant influence of structural Fe2+ content (i.e., magnetite stoichiometry) 

on the extent of FeII uptake may explain why reports of FeII uptake on magnetite vary so 

much in the literature. Several studies have reported extensive uptake of FeII on magnetite 

(14, 51, 52) and, based on our results, we suspect that the magnetite particles in these 

studies were partially oxidized (x < 0.5). As an illustration, we plotted the isotherm 

collected by Klausen et al. (14) on Figure 3.3, and it falls somewhere between our x = 

0.33 and x = 0.41 magnetite powders, implying that the particles may have been partially 

oxidized. In other studies where little uptake (31) or even net release of  FeII (12) was 

observed, we suspect that the particles were less oxidized and closer to stoichiometric 

magnetite. At this point, however, magnetite stoichiometries are not reported in most of 

these studies, so we can only hypothesize that differences in magnetite stoichiometry are 

responsible for the discrepancies in reported amounts of FeII uptake on magnetite. 

Nitrobenzene Reduction by Magnetite  

To explore whether particle stoichiometry might also influence rates of 

contaminant reduction by magnetite, we measured the rate of nitrobenzene (ArNO2) 
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reduction and the production of aniline (ArNH2) by both non-stoichiometric magnetite (x 

= 0.31) and nearly stoichiometric magnetite (x = 0.48) (Figure 3.5). The nearly 

stoichiometric magnetite reduced nitrobenzene to aniline in less than an hour, with a first-

order rate coefficient, kobs, of 0.20 min-1. In contrast, non-stoichiometric magnetite with a 

lower Fe2+ content resulted in negligible nitrobenzene reduction over the time scales of a 

few hours. We did observe some reduction of nitrobenzene by non-stoichiometric 

magnetite over longer time scales, with a first-order rate coefficient that was five orders 

of magnitude (kobs = 5.36 x 10-6 min-1) smaller than what we observed for the more 

stoichiometric magnetite (Figure A.5). Our results indicate that magnetite is capable of 

reducing nitrobenzene, but that the rate of reduction can span several orders of magnitude 

depending on the stoichiometry of the particle. At this point, it is unclear whether 

reduction rates are limited by a charge transfer process, such as a change in redox 

potential of the magnetite (e.g., 60), or a mass transfer process, such as diffusion of 

electrons through the magnetite structure (e.g., 46).  

Our observation of nitrobenzene reduction by magnetite in the absence of added 

FeII is not consistent with previous work by Klausen et al. (14). We suspect, however, 

based on the FeII uptake data in Figure 3.3, that the magnetite used by Klausen et al. (14) 

was partially oxidized. Addition of FeII to a suspension of non-stoichiometric magnetite 

will result in the formation of stoichiometric magnetite (via electron transfer from the FeII 

to OctFe3+ sites in magnetite as shown in our Mössbauer and isotherm data).  If this is the 

case, then non-stoichiometric magnetite reacted with FeII should reduce nitrobenzene at 

rates similar to stoichiometric magnetite. Indeed, after reaction with FeII, the magnetite 

used by Klausen et al. reduced nitrobenzene almost as fast as our stoichiometric 

magnetite (kobs = 0.187 min-1 compared to 0.20 min-1) despite different experimental 

conditions (14). We further tested this hypothesis by exposing non-stoichiometric 

magnetite (x = 0.31) to aqueous FeII and measuring the particle stoichiometry and rate of 

nitrobenzene reduction after removing aqueous FeII.  Similar to what we observed in 
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Figure 3.4, the non-stoichoimetric magnetite became more stoichometric after reaction 

with FeII (xdissolution of  0.49). The stoichiometric magnetite created by reacting non-

stoichiometric magnetite with FeII also reduced nitrobenzene at rates comparable to that 

of nearly stoichiometric magnetite with an initial x of 0.48 (kobs = 0.20 min-1 compared to 

0.21 min-1) (Figure 3.5).   

The similarity in rates of nitrobenzene reduction by stoichiometric magnetite and 

non-stoichiometric magnetite reacted with FeII indicates that particle stoichiometry (x), or 

Fe2+ content, is critical to predicting rates of contaminant reduction by magnetite. Based 

on our Mössbauer and isotherm data, it is clear that FeII is oxidized by magnetite and 

electrons are transferred into the underlying magnetite particle, a process that we propose 

is similar to negative (n) doping of a semiconductor particle (e.g., 115). The process of n-

doping the non-stoichiometric magnetite particles by reaction with FeII results in more 

stoichiometric magnetite that is more facile at reducing nitrobenzene.  

Implications for Magnetite Reactivity in the Environment 

The significant influence of stoichiometry on the rate of nitrobenzene reduction 

observed here raises the interesting questions of (i) what is the stoichiometry of magnetite 

found in the environment, and (ii) what is the potential for contaminant reduction? Under 

iron-reducing conditions, magnetite has been shown to form from the reaction of FeII 

with other iron oxides (i.e., ferrihydrite, maghemite, lepidocrocite) (1, 44, 45, 84, 85), as 

well as from reduction by dissimilatory iron reducing bacteria (DIRB) (43). Based on our 

results here, it seems likely that in the presence of DIRB or aqueous FeII, stoichiometric 

magnetite would prevail; however, in two studies examining natural samples of magnetite 

found in the environment, the magnetite appeared to be significantly oxidized (x = 0.23 to 

0.34) (102, 111). 

The presence of excess FeII and DIRB has been shown to increase the kinetics of 

reduction by magnetite for nitroaromatics (14, 51), carbon tetrachloride (43, 116), and 
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CrVI (112). Under oxic conditions, however, magnetite will likely be oxidized by O2, 

which may significantly inhibit rates of contaminant reduction. For example, Peterson et 

al. showed that exposing magnetite to air for various amounts of time (i.e., months) 

significantly slowed the rate of CrVI reduction (117). These results suggest that the 

presence of magnetite in natural environments may not be as important for contaminant 

reduction as the presence of an active reductant that can effectively “recharge” the 

magnetite (i.e., aqueous FeII or DIRB). 
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Table 3.1. Mössbauer parameters for magnetite and magnetite reacted with isotopically enriched aqueous FeII. Literature values for 
natural magnetite at similar temperatures are shown for reference.  

    OctFe2.5+ TetFe3+, OctFe3+   

  Sample 
Temp. 

(K) 

CS 

(mm/s) 

εεεε    

(mm/s) 

H 

(T) 

Area 

(%) 

CS 

(mm/s) 

εεεε    

(mm/s) 

H 

(T) 

Area 

(%) 
xMössbauer

 g 
 

 

F
ig

ur
e 

3.
1 

57FeII + 56Magnetiteb 140 0.72c 0.00 46.2 21.1 0.42 0.00 48.8 78.9 0.12  

 

Magnetitea 140 0.72 -0.02 46.6 63.0 0.37 0.00 49.5 37.0 0.46  

 

F
ig

ur
e 

3.
2 

Magnetited 140 0.74 -0.02 46.0 52.9 0.37 0.00 48.8 47.1 0.36  

 56FeII + Magnetitee 140 0.72 -0.02 46.3 65.3 0.36 0.00 49.5 35.7 0.48  

 

R
ef

er
en

ce
h  (102) 120 0.77 0 48.1f 38 0.34 0 50.3 63 0.23  

 (102) 200 0.70 0 47.0f 40 0.33 0 50.0 60 0.25  

 (111) 130 0.68 0 47.7 51 0.37 0 50.8 49 0.34  
 

a Nearly stoichiometric magnetite, xdissolution = 0.48.  
 
b 200 µM 57FeII and 1 g/L 56mag (all FeII sorbed), x = 0.31 for 56mag. 
 
c Value was fixed, since floating caused unrealistic fit parameters.  

 
d non-stoichiometric magnetite,  xdissolution = 0.31. 
 
 e 3000 µM 56FeII initially, 1500 µM sorbed. 
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Table 3.1 Continued 
 
 f Fit using two signals, reported value is the weighted mean of the two sextets. 
 
 g xMössbauer = ½Oct2.5+/(½Oct2.5+ + Tet3+).   
 
h Literature values for natural magnetite at similar temperatures shown for reference.  
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Figure 3.1. Mössbauer spectrum of 56magnetite reacted with 57FeII (A) compared to a 
spectrum for stoichiometric magnetite (B). The 56magnetite had an initial 
stoichiometry of xdissolution = 0.31 before it was exposed to 200 µM aqueous 
57FeII. The stoichiometric magnetite in spectrum B had an xdissolution of 0.48. 
Open markers represent the observed spectrum, with the total fit shown as a 
solid line.  
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Figure 3.2. Mössbauer spectrum of non-stoichiometric magnetite (xdissolution = 0.31) before 
and after reaction with 56FeII. Initial concentration of aqueous 56FeII was 3 
mM. After 24 hours, 1.5 mM was taken up. Open markers represent the 
observed spectrum, with the total fit shown as a solid line.  
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Figure 3.3. Effect of initial magnetite stoichiometry (x = Fe2+/Fe3+) on FeII uptake from 
solution (presented as sorption isotherms). The average surface area (62±8 
m2g-1) and the average reported site density for magnetite (3.1 sites/nm2) (118, 
119) yield an estimated monolayer coverage of 200 µmol FeII/g. Experimental 
conditions: 1 g/L magnetite, pH 7.2, 50 mM MOPS buffer, 24 hour 
equilibration.  
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Figure 3.4. Magnetite stoichiometry measured by dissolution (xdissolution) after reaction 
with aqueous FeII. The data is plotted as a function of final aqueous FeII 
concentration to facilitate comparison with Figure 3.3.   
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Figure 3.5. Reduction of nitrobenzene by nearly-stoichiometric magnetite (xdissolution = 
0.48) and non-stoichiometric magnetite (xdissolution = 0.31) reduced by reaction 
with FeII. The “non-stoichiometric magnetite + FeII” sample was prepared by 
exposing x = 0.31 magnetite to 3 mM FeII for 24 hours. We observed an 
uptake of 1.5 mM FeII, and formation of a more stoichiometric magnetite 
(xdissolution = 0.49). The sample was then filtered and re-suspended in fresh 
buffer to remove the presence of aqueous FeII. Experimental conditions: 1 g/L 
magnetite, pH 7.2 50 mM MOPS buffer. 
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CHAPTER IV: REDOX BEHAVIOR OF MAGNETITE: 

IMPLICATIONS FOR CONTAMINANT REDUCTION3 

Abstract  

The factors controlling rates of contaminant reduction by magnetite (Fe3O4) are 

poorly understood. Here, we measured the reduction rates of three ArNO2 compounds by 

magnetite particles ranging from highly oxidized (x = Fe2+/Fe3+ = 0.31) to fully 

stoichiometric (x = 0.50). Rates of ArNO2 reduction became almost five orders of 

magnitude faster as the particle stoichiometry increased from x = 0.31 to 0.50. To 

evaluate what was controlling the rate of ArNO2 reduction, we measured apparent 15N 

kinetic isotope effects (15N-AKIE) values for nitrobenzene and magnetite open-circuit 

potentials (EOCP). 
15N-AKIE values were greater than unity for all magnetite 

stoichiometries investigated, indicating that mass transfer processes are not controlling 

the rate of ArNO2 reduction by magnetite. EOCP measurements showed that the EOCP for 

magnetite was linearly related to the stoichiometry, with more stoichiometric magnetite 

having a lower potential. Based on these results, we propose that conceptual models that 

incorporate both redox and Fe2+ diffusion processes, rather than those that rely solely on 

diffusion of Fe2+, are more appropriate for understanding contaminant reduction by 

magnetite. Our work indicates that particle stoichiometry should be considered when 

evaluating rates of contaminant reduction by magnetite. 

Introduction  

Magnetite (Fe3O4) is a common constituent of soils and sediments (1, 120).  

Magnetite can form naturally via several pathways including iron metal corrosion (121), 

Fe2+ oxidation (1), and chemical and biological reduction of Fe3+ oxides (43, 44).  Due to 

                                                 
3 C.A. Gorski, J.T. Nurmi, P.G. Tratnyek, T.B. Hofstetter, M.M. Scherer. Redox behavior of 

magnetite: Implications for contaminant reduction. Environmental Science and Technology. 2009, 
In Press. 
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the ubiquity of magnetite in the environment, it has been implicated as a potentially 

important reductant for environmental contaminants, including several halogenated 

organics and heavy metals (e.g., 17, 18, 43, 73).  Magnetite is also of great interest to the 

corrosion community, as it is a common oxidation product of steel (e.g., 121).  

We have previously demonstrated that the degree of magnetite oxidation, 

measured as the ratio of structural Fe2+ and Fe3+ atoms (x = Fe2+/Fe3+), strongly 

influences the rate of nitrobenzene (ArNO2) reduction (74).  The extent of magnetite 

oxidation, or magnetite stoichiometry (x), can range from 0 to 0.5, where 0.5 corresponds 

to the most reduced form (stoichiometric magnetite), and 0 is the completely oxidized 

form (all Fe3+), which is known as maghemite (γ-Fe2O3).  In our previous work, we 

observed that stoichiometric magnetite could rapidly reduce ArNO2 in the absence of 

dissolved Fe2+, whereas reduction by partially oxidized magnetite was much slower; 

however, the factors controlling the rate of ArNO2 reduction and magnetite oxidation 

were unclear.  

Several models have been proposed to describe the kinetics of magnetite 

oxidation, with many derived from corrosion studies where magnetite and maghemite 

form passive films on iron metal (53-57, 60).  Models based on diffusion of Fe2+ outward 

to the magnetite surface (53-56) are the most common, and have been invoked to explain 

carbon tetrachloride (CCl4) reduction by magnetite (46).  Although diffusion models can 

often describe the data well, the room temperature diffusion rates for Fe2+ estimated from 

these models vary by several orders of magnitude between studies (10-3 cm2s-1 (53), 10-12-

10-16 cm2s-1 (54), 2.1 x10-15 cm2s-1 (55), 1.3 x 10-20 cm2s-1 (56)), raising questions about 

the assumption of diffusion control on rates of  magnetite oxidation (57-59).  Others have 

proposed alternative models based on changes in magnetite redox potential upon 

oxidation (57, 60), and evidence for these models has been accumulating based on direct 

measurements of magnetite redox potentials upon oxidation (17, 60, 64).   
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To explore whether ArNO2 reduction by oxidized magnetite is controlled by 

changes in the redox potential of the particle or by diffusion of Fe2+ to the magnetite 

surface, we measured the apparent 15N kinetic isotope effects (15N-AKIE) for ArNO2 

reduction and open-circuit potentials as a function of magnetite stoichiometry.  We 

purposefully minimized the variation in specific surface areas among the batches of 

magnetite (~20 nm spheres, 63±7 m2g-1) in an attempt to isolate the influence of 

magnetite stoichiometry as the sole variable. ArNO2 and its substituted analogs (3-Cl-

ArNO2, 2-Me-ArNO2) were selected as model environmental contaminants due to the 

extensive body of knowledge available regarding their reactivity and substituent-

dependent redox properties (122-126).  We further apply this model to develop a 

quantitative structure activity relationship (QSAR) that may be useful for predicting rates 

of ArNO2 reduction, and perhaps even other environmentally relevant contaminants.  

Experimental Section 

Magnetite Synthesis and Characterization 

Details regarding the chemicals and instrumentation used can be found in the 

Appendix A. Magnetite batches were synthesized using methods to control particle size 

and stoichiometry; a detailed explanation of the synthesis can be found in our previous 

work (74). Briefly, magnetite was synthesized in a H2/N2 (6/94) anaerobic glovebox by 

mixing a 1:2 Fe2+:Fe3+ acidic solution, with the pH titrated to at least 10 with NaOH. 

H2O2 was used to oxidize the stoichiometric magnetite to produce oxidized magnetite 

powders, and x was determined by complete dissolution in acid with σx < 0.01 (74). 

Mössbauer spectroscopy and powder X-ray diffraction (pXRD) patterns indicated 

magnetite as the sole phase present, as shown in our previous work (74). BET specific 

surface areas (SSAs) were 59 m2 g-1 (x = 0.50), 66 m2 g-1 (x = 0.49), 58 m2 g-1 (x = 0.48), 

75 m2 g-1 (x = 0.42), 64 m2 g-1 (x = 0.36), and 58 m2 g-1 (x = 0.31), with the average SSA 

being 63±7 m2 g-1. The SSAs were not measured for the x = 0.33, 0.22, and 0.17 batches, 
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but TEM images indicated particle sizes similar to the x = 0.36 batch from which they 

were synthesized. pXRD patterns also provided similar primary crystallite sizes (~11±1 

nm) for all measured batches using the Scherrer equation. Transmission electron 

microscopy (TEM) images showed particles having spherical morphologies with 

diameters of approximately 20 nm (74); there was no evidence of any distinct phase 

separation (i.e., a core-shell structure). 

Nitrobenzene Reduction Experiments 

Reduction rates of three ArNO2 compounds were investigated, including 3-Cl-

nitrobenzene (3-Cl-ArNO2, Eh
1’ = -0.405 V), nitrobenzene (ArNO2, Eh

1’ = -0.485 V), and 

2-methyl-nitrobenzene (2-Me-ArNO2, Eh
1’ = -0.590 V) (122). All experiments were 

conducted in an anaerobic H2/N2 (6/94) glovebox measuring less than 1 ppm oxygen. For 

these experiments, 1.0±0.07 g/L magnetite was added to a solution containing 50 mM 3-

(N-morpholino)propanesulfonic acid buffer (MOPS, pKa 7.2) adjusted to pH 7.2, and 

allowed to equilibrate one hour prior to the addition of a methanolic ArNO2
 stock to 

achieve a final concentration of 40 µM ArNO2; the MeOH concentration was 

approximately 50 mM. All reactors were run in duplicates, with reported rates being the 

average of the two experiments; agreement was generally within 10-15%. Samples were 

taken at time intervals by filtering the solution through an 0.2 µm PTFE filter, and 

measuring the aqueous concentration using high-pressure liquid chromatography (HPLC) 

with an eluent of 70:30 acetonitrile:1 g/L ammonium acetate in water (pH ≈ 7) passed 

through a Supelco LC-18 column at 1 mL/min. All ArNO2 and aniline compounds were 

measured using UV absorbance detection at 254 nm and 235 nm, respectively.  

Electrochemistry  

Chronopotentiograms (CPs) of the open-circuit potential (EOCP) were obtained in 

a two-electrode cell, containing a powder disk electrode (PDE) made with the 

synthesized magnetite samples and a Ag/AgCl reference electrode (values converted to 
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SHE). Details of the design and electrochemical properties of the PDE used in this study 

have been published previously (127, 128). Custom caps (Teflon or Kel-F) were used to 

cover the tip of a polished disk electrode made with high purity Fe0, leaving a 1.4 mm 

diameter x 5.1 mm deep cavity that was filled by pressing the sample into the cavity with 

a small metal plunger (this compression was sufficient to hold sample in the cavity). All 

results presented here were obtained with a stationary PDE. Electrode potentials were 

recorded with a potentiostat (Autolab PGSTAT30; EcoChemie, Utrecht, The 

Netherlands) without built-in resistance compensation. The sampling rate for 

chronopotentiometry was 2.0 sec-1. Linear sweep voltammetry (LSV) was also used to 

characterize the samples, but irreversible redox reactions occurred during the sweep, 

similar to previous observations on magnetite electrodes (54). 

Nitrobenzene Stable Isotope Analysis  

Nitrogen isotope fractionation associated with the reduction of ArNO2 was 

examined in suspensions of 6.0±0.07 g/L magnetite and 400 µM initial ArNO2 

concentrations under conditions otherwise identical to those described above ([MeOH] = 

12 mM). Magnetite stoichiometries (x) examined were 0.36, 0.42, 0.49, and 0.50. For 

each experiment (i.e., magnetite stoichiometry) up to seven individual reactors were 

prepared. Nitrogen isotope signatures of ArNO2 at different extent of reactant conversion 

were obtained from compound-specific isotope analysis (CSIA). Following a procedure 

described earlier, individual reactors were sacrificed for solid-phase microextraction 

(SPME) and subsequent isotope analysis by GC/C/IRMS (gas chromatography isotope-

ratio mass spectrometry with combustion interface) (129, 130). 

All δ15N values were derived from triplicate measurements and are reported 

relative to N2 in air as δ15NAir . All samples were diluted to the least concentrated 

nitrobenzene solution prior to analysis and measured at constant peak amplitudes (126). 
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Bulk 15N enrichment factors (εN) of the ArNO2 were derived from linear regression 

analysis of eq. 4.1. 

 ln &δ�(N* � ∆δ�(N* � 1000δ�(N* � 1000 . � ε01000 · ln 2 cc*3 (4.1) 

where δ15N0 is the initial 15N signatures of ArNO2 (-3.96±0.48‰, ±1σ), ∆δ
15N is its 

change during the reaction, and c0 and c are the substrate’s initial concentration and 

concentration following different extents of ArNO2 reduction, respectively. Apparent 15N 

kinetic isotope effects (15N-AKIE) were calculated according to eq. 4.2.  

 N 4 AKIE � 9 1
1 � ε0 1000� :�(  

(4.2) 

Results & Discussion 

Reduction of Substituted Nitrobenzene Compounds by 

Magnetite 

We previously reported that the stoichiometry, or Fe2+/Fe3+ ratio of magnetite (x), 

strongly influenced the kinetics of ArNO2 reduction to aniline (ArNH2) (74). Here, we 

further explored this by synthesizing several batches of magnetite with bulk 

stoichiometries ranging from x = 0.50 (stoichiometric) to x = 0.17 (significantly 

oxidized). Figure 4.1 shows a first order plot for the reduction of ArNO2 by five batches 

of magnetite with different stoichiometries. ArNO2 reduction rates become slower as the 

magnetite becomes more oxidized (decreasing x). For the stoichiometric magnetite (x = 

0.50), the half-life of ArNO2 is approximately a minute, whereas for the most oxidized 

magnetite (x = 0.31), the half-life is approximately three months. Mass balances ranged 

between 98-104% based on formation of the aniline product, as shown in Figure 4.2 for x 

= 0.42. Note that experiments with more oxidized magnetite (x = 0.26) were conducted, 

but the reduction rate was too slow to obtain a reliable rate estimate over a four month 

time period. Slower rates of contaminant reduction by oxidized magnetite are consistent 



78 

 

with earlier studies examining chromate reduction, where magnetite exposed to air for 

various time periods (i.e., months) slowed chromate reduction rates (117). These 

observations also agree with decreasing rates of ArNO2 and chlorohydrocarbon reduction 

by structural Fe2+ in smectite minerals with decreasing Fe2+-content in the octahedral clay 

sheets and decreasing Fe2+/Fe3+ ratios (131, 132).  

 A similar trend of faster reduction rates with increasing magnetite stoichiometry 

was observed for two substituted ArNO2 compounds (Figures A.6-A.8). As expected 

based on their one-electron potentials (Eh
1’), 3-Cl-ArNO2 was reduced the fastest with a 

one-electron potential of Eh
1’ = -0.405 V, followed by ArNO2 (Eh

1’ = -0.485 V), and 2-

Me-ArNO2 (Eh
1’ = -0.590 V) for all stoichiometries (Table 4.1). Comparison of reduction 

rates with existing work is difficult because the stoichiometry of magnetite is not reported 

in previous studies.  As we noted in our previous work (74), we suspect that differences 

in magnetite stoichiometry can explain discrepancies in contaminant reduction rates 

found among earlier studies (e.g., CCl4) (46, 47). 

A plot of the natural log of the first-order rate coefficient (kobs) versus x reveals a 

linear correlation (Figure 4.3; R2 = 0.96 for regression of all of the compounds together, 

and R2 ≥ 0.97 for the individual compounds). Substituent effects on reduction rates are 

much less pronounced than the effect of stoichiometry, and only span up to about one 

order of magnitude, in comparison to the five orders of magnitude range observed as a 

function of magnetite stoichiometry (Table 4.1). In addition, the substituent effects 

appear to become more significant as the magnetite becomes more oxidized (x 

decreases); this is shown by the markers becoming more vertically spread out with 

smaller x values, which indicates a possible shift in the rate-limiting step.  

Nitrobenzene Stable Isotope Analysis.  

To evaluate whether the rate-limiting step in ArNO2 reduction was shifting with 

magnetite stoichiometry, we determined apparent 15N kinetic isotope effects (15N-AKIE, 
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eq. 4.2) by measuring the enrichment of 15N over the course of a reduction experiment. 

As found previously for solid-phase Fe2+ species (131, 132), 14N in ArNO2 is 

preferentially reduced, which leads to  15N enrichment in the remaining ArNO2, as 

observed in increasing δ15N signatures (data not shown). Figure 4.4 shows that N isotope 

fractionation during ArNO2 reduction was substantial, and most pronounced for x = 0.36. 

The magnitude of isotope fractionation, as quantified by its 15N enrichment factors, εN 

(eq. 4.1), decreased with increasing rates of ArNO2 reduction, and thus, with increasing 

stoichiometry (x) of magnetite. The corresponding 15N-AKIE values were between 

1.0176±0.0007 (x = 0.50) and 1.0481±0.0016 (x = 0.36) (Table 4.1). Note that transport 

processes, such as diffusion, only lead to negligible isotope fractionation; therefore, 15N-

AKIE values significantly different from unity for all magnetite stoichiometries rule out 

that mass-transfer processes fully governed the reaction kinetics of ArNO2 reduction.  

Experimental and computational evidence for nitroaromatic compound reduction 

by a variety of dissolved and mineral bound reductants imply that 15N kinetic isotope 

effects greater than 1.03 are typical for reaction kinetics that are limited by the cleavage 

of the 1st N-O bond of substituted N,N-dihydroxyanilines after sequential transfer of 

electrons and protons to the Ar-NO2 (e
-/H+/e-/H+-pathway) (126, 129). The 15N-AKIE of 

1.048 and 1.041 for more oxidized magnetite samples (x = 0.36 and 0.42) are both greater 

than 1.03, and suggest that ArNO2 reduction was limited by cleavage of the 1st N-O bond, 

not electron and proton transfers to the ArNO2, nor by transport processes of aqueous 

ArNO2 to the particle surface.  

The decrease of 15N isotope effects by 50% and more found for the more 

stoichiometric magnetites (x = 0.49 and 0.50) suggests that either a non-isotopic transport 

process, such as migration of Fe2+ outward to the magnetite surface or diffusion of 

ArNO2 to the magnetite surface, may be masking the isotope fractioning bond cleavage, 

or a change in the initial reaction mechanism may be occurring. The fast reaction kinetics 

(half-life ≈ 1 min) suggests a non-isotropic transport process (i.e., diffusion of ArNO2 to 
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a reactive site or solid state Fe2+ migration) may be responsible for the lack of fractioning 

bond cleavage. Shifts in 15N-AKIE with increasing rates of nitroaromatic compound 

reduction in homogeneous solution have recently been observed due to changes in the 

initial reaction mechanisms. At more negative reduction potentials and under proton-

limited conditions, substantially lower 15N-AKIE values have been reported (126 and 

refs. therein), which have been attributed to the second electron transfer to the 

nitroaromatic radical anion becoming the rate-limiting step. Thus, 15N-AKIE of 

1.0235±0.0008 (x = 0.49) and 1.0176±0.0007 (x = 0.50) could also indicate that at least 

some of the ArNO2 reduction at stoichiometric magnetite particles occurs via an e-/e-

/H+/H+-pathway instead of the e-/H+/e-/H+-sequence. This interpretation of ArNO2 

reduction kinetics would require that for x = 0.49 and 0.50, some Fe2+ species have a 

more negative reduction potential than in partially oxidized magnetite. 

Open Circuit Potential of Magnetite as a Function of 

Stoichiometry  

To estimate redox potentials of magnetite as a function of stoichiometry, we used 

a powder disk electrode (PDE) to measure the self-induced potential, which is more 

commonly referred to as the open circuit potential (EOCP).  Powder electrode 

configurations have previously been used for characterizing the electrochemical 

properties of Fe0 powders (128), goethite (α-FeOOH) (133), and other oxides (134 and 

refs. therein). Chronopotentiometric (CP) experiments were conducted where EOCP values 

were measured without any applied potential for a 60 minute period for nine batches of 

magnetite with varied stoichiometries (Table A.2 and Figure A.10). The limiting value of 

EOCP at 60 minutes varied linearly over more than 500 mV (-0.48 V to +0.05 V vs. SHE) 

as magnetite stoichiometry decreased from 0.5 to 0.17 (Figure 4.5). Stoichiometric 

magnetite had the lowest reduction potentials consistent with the faster nitroaromatic 

reduction rates shown in Figure 4.1 and the shift to lower 15N-AKIE values shown in 
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Figure 4.4.  Both the magnitudes and trend of EOCP values as a function of magnetite 

oxidation are consistent with previous studies conducted with magnetite single crystals 

(54, 64). Note, however, that there is a wide range of measured magnetite redox 

potentials reported in the literature (e.g., at neutral pH: +0.66 V (61), +0.25 V (54), -0.38 

V (60) vs. SHE), and we suspect that the range is due to differences magnetite 

stoichiometry, which is rarely reported. 

Substituent Effects on Rates of Nitrobenzene Reduction by 

Magnetite 

To evaluate the effect of structural substituents on rates of ArNO2 reduction by 

different stoichiometry magnetites, we plotted the log of reaction rates for substituted 

nitroaromatic compounds versus their Eh
1’ values (Figure 4.6). Although plots of log(kobs) 

versus Eh
1’ are typically considered linear free energy relationships (LFERs), recall that 

the 15N-AKIE values indicate that  cleavage of the 1st N-O bond, rather than electron 

transfer, may be the rate limiting step for the more oxidized magnetite samples, 

potentially making Eh
1’ a less promising descriptor than it would be for a system where 

nitro reduction was entirely limited by the rate of electron transfer. The trends in slopes 

from the LFER plot are still nonetheless instructive to consider. The free energies of the 

first electron transfer (Eh
1’/0.059) co-correlate with the overall rate of ArNO2 reduction 

(126), and thus provide a qualitative means to assess the effects of contaminant structure 

on its reactivity (129, 131). 

For the range of magnetite stoichiometries investigated, the LFER slopes are all 

less than one and decrease from 0.42 to 0.08 as the magnetite becomes more 

stoichiometric, indicating that the rates of ArNO2 reduction by magnetite are affected by 

the contaminant’s structure (substituent effects), and thus its electron accepting 

properties. Shallower LFER slopes as the magnetite becomes more stoichiometric are 

consistent with the shift to lower 15N-AKIE values shown in Figure 4.4, and provide 
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additional evidence that a change in the rate limiting step is occurring as the magnetite 

stoichiometry changes. LFER slopes significantly less than one have been reported for 

the reduction of other contaminants by Fe2+ associated with magnetite and other iron 

oxides, and have been interpreted to indicate transport limitations on the reaction rate (14, 

15); however, as discussed above with regards to the shift to lower 15N-AKIE values, we 

cannot distinguish whether the shallower LFER slopes observed for the more 

stoichiometric magnetite is due to a shift to a secondary reaction pathway (such as  e-/e-

/H+/H+, (124, 126)), or the onset of some transport limitation. Note that the LFER slopes 

including 2-Me-ArNO2 may result in slightly underestimated slopes for x = 0.31 - 0.42 

because 2-Me-ArNO2 often reacts faster than predicted based on  Eh
1’ values (14, 122, 

132); the effect, however, would be identical for LFERs of all magnetite stoichiometries, 

and does not change the above interpretations. 

Redox Behavior of Magnetite: Implications for 

Contaminant Reduction 

Our findings that particle stoichiometry dramatically affects the reduction rates of 

mono-substituted nitrobenzene compounds have both fundamental and practical 

implications for understanding the redox behavior of magnetite with regards to 

contaminant fate. On a fundamental level, our work suggests that conceptual models for 

magnetite oxidation that rely solely on Fe2+ diffusion (53-56) or redox processes (60) 

may not be sufficient for describing contaminant reduction rates. Our 15N-AKIE results 

indicate that transport limitations are not controlling the rate of ArNO2 reduction by 

magnetite. This means that models based solely on diffusion, such as the core-shell 

diffusion model, where magnetite oxidation is limited by rates of Fe2+ migration from the 

core of the magnetite particle out through an oxidized maghemite shell (e.g., 54), are not 

applicable to contaminant reduction by magnetite. In addition, the strong linear 

correlation between EOCP and magnetite stoichiometry (Figure 4.5) provides compelling 
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evidence that redox processes play an important role in controlling rates of ArNO2 

reduction by magnetite. We propose that conceptual models that incorporate both redox 

and diffusion processes, such as those developed to describe magnetite oxidation and Fe0 

corrosion oxidation (57-60), are more appropriate for understanding ArNO2 reduction by 

magnetite. We suspect that this may be true for other contaminants as well (46). 

On a more practical level, the strong correlation between magnetite stoichiometry 

and rates of ArNO2 reduction (Figure 4.3) compelled us to explore whether a quantitative 

structure activity relationship (QSAR) could be used to predict rates of ArNO2 reduction 

(123). Magnetite stoichoimetry can be measured by complete dissolution and 

colorimetric measurements, and could potentially serve as an accessible descriptor 

variable for contaminant reduction rates. The relationship between EOCP and x in Figure 

4.5 can then be used to estimate the EOCP as a function of magnetite stoichiometry. By 

taking the difference between the one-electron reduction potentials (Eh
1’) as a proxy for 

the redox activity for the substituted ArNO2 compounds and EOCP, we can approximate 

the overpotential (∆E), or thermodynamic driving force using eq. 4.3. 

 ΔE<�= �  >?�′ 4 E@AB<�= (4.3) 

In the absence of mass transfer effects, the overpotential can be used to estimate 

the rate of nitroaromatic reduction (calculation in Supporting Information, Appendix A). 

Figure 4.7 shows a comparison of the estimated rates and the experimentally measured 

rates. Agreement between the calculated and experimental values is quite good for 

ArNO2 (within half an order of magnitude), but not as close for the two substituted 

ArNO2 compounds (within two orders of magnitude). The QSAR systematically 

underpredicts the rate of 3-Cl-ArNO2 and overpredicts the rate of 2-Me-ArNO2, possibly 

due to mass transfers limitations or Eh
1’ not being an appropriate reaction descriptor. It is 

also possible that other thermodynamic values may prove to be better predictors of the 

reaction kinetics in the future (e.g., the bond dissociation enthalpy for the N-O cleavage) 
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(124). Nonetheless, the QSAR may provide a useful tool for estimating rates of 

contaminant reduction by magnetite.  
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Table 4.1. First-order rate coefficients (kobs, min-1), t1/2 (min), LFER slope, and 15N-AKIE of ArNO2 reduction for different 
stoichiometry magnetites (x).  

 
 

 

kobs (min-1)b 

 

Compound Eh
1’a (V) 

 
x = 0.50c x = 0.49d x = 0.48 x = 0.42 x = 0.36  x = 0.31  

 

3-Cl-ArNO2  -0.405 
 

0.74 0.29 0.29 5.8 x 10-2 3.4 x 10-4 3.4 x 10-5 
 

ArNO2 -0.485 
 

0.57 0.16 0.20 9.4 x 10-3 1.3 x 10-4 5.4 x 10-6 
 

2-Me- ArNO2 -0.590 
 

0.43 0.10 0.13 5.6 x 10-3 7.8 x 10-5 1.6 x 10-6 
 

t1/2,  ArNO2  
 

1.2 min 4.5 min 3.5 min 74 min 3.8 day 90 day 
 

LFER slope 
 

 
0.08 0.14 0.11 0.22 0.20 0.42 

 

15N-AKIE  
     (±1σ)  

 1.0176 
(0.0007) 

1.0235 
(0.0008) 

n.d.e 
1.0405 

(0.0011) 
1.0481 

(0.0016) 
n.d. 

 

 
a Reduction potential of the half reaction ArNO2 + e- = ArNO2

•- (122) 
 
b Duplicate reactors were` used, with the average rate reported; agreement was generally within 10-15%.  
 
c σx < 0.01.  
 
d Data not shown in Figures 4.1 and 4.5 due to overlap with x = 0.48 (data shown in Figure A.8).  
 
e Not determined due to lack of magnetite sample.  
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Figure 4.1. First-order plot for ArNO2 reduction by magnetite with different 
stoichiometries (x = Fe2+/Fe3+). Legend: � x = 0.50, � x = 0.48, � x = 0.42, 
� x = 0.36,  x = 0.31. Experimental conditions: 1.0 g/L magnetite, pH 7.2, 
50 mM MOPS buffer, 1 hour equilibration prior to addition of ArNO2, 
[ArNO2]0 = 40 µM. 
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Figure 4.2. Reduction of ArNO2 to ArNH2 by x = 0.42 magnetite with the mass balance 
of ArNO2 and ArHN2 shown. Experimental conditions: 1.0 g/L magnetite, pH 
7.2, 50 mM MOPS buffer, 1 hour equilibration prior to addition of ArNO2, 
[ArNO2]0 = 40 µM. 
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Figure 4.3. Natural log transformed observed kinetics for R-ArNO2 compounds with 
different stoichiometry magnetites. The fitted line shown is for all R-ArNO2 
compounds vs. x (n = 15; R2 = 0.96).  
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Figure 4.4. Linearized nitrogen isotope enrichment according to eq. 4.2 during the 
reduction of ArNO2 in suspension of magnetites with varying x. The slopes of 
the dashed lines correspond to bulk 15N enrichment factors, εN, which, in the 
sequence of increasing x, were -17.2±0.7‰, -23.0±0.8‰, -39.0±1.1‰, and -
45.9±1.6‰ (±1σ). Error bars are smaller than the data markers. Legend: � x 
= 0.50,  x = 0.49, � x = 0.42, � x = 0.36. Experimental conditions: 6.0 g/L 
magnetite, pH 7.2, 50 mM MOPS buffer, 1 hour equilibration prior to addition 
of ArNO2, [ArNO2]0 = 400 µM.  
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Figure 4.5. The EOCP of each magnetite batch plotted against the measured stoichiometry. 
The fitted linear regression with n = 9 yields E(x) = -1.52±0.14(x) + 0.28±0.05 
(±σ) vs. SHE; R2 = 0.95. 
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Figure 4.6. Linear free-energy relationship of magnetites with varying stoichiometries for 
three ArNO2 analogs (3-Cl-ArNO2, ArNO2, 2-Me-ArNO2).  Legend: � x = 
0.50, � x = 0.48, � x = 0.42, � x = 0.36,  x = 0.31. The values provided 
above the fitted lines are the LFER slopes. The data is also presented in Table 
4.1.  
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Figure 4.7. Comparison of experimentally measured kobs values versus calculated kobs 
values for R-ArNO2 reduction by magnetites of varying stoichiometries. 
Experimental kobs rates are the average of duplicate experiments. Calculated 
kobs values were estimated from Eh

1’ values for R-ArNO2 (Table 4.1) and EOCP 
values for each magnetite stoichiometry (Table A.2). An example calculation 
is provided in Supporting Information, Appendix A.  
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CHAPTER V: A REDOX INDICATOR STUDY OF Fe2+-DOPED Fe3+ 

OXIDES 

Abstract 

The interaction between dissolved Fe2+ and iron oxides is of great interest due to 

its relevance for subsurface biogeochemical reactions. Recent studies have brought 

traditional surface complexation models into question, providing researchers with the 

challenge of developing new models to incorporate more complex processes, such as 

interfacial electron transfer. Here, we explore Fe2+-iron oxide reactions using viologen 

radicals as redox indicators to measure the redox potential of the system and the 

subsequent applicability of a semiconductor model. The presented work is in agreement 

with the semiconductor model, but cannot validate it with the contained information.  

Introduction 

Several studies have focused on Fe2+ uptake by iron oxides (20, 21, 26, 84, 135-

142); the Fe2+-iron oxide redox couple has been shown to be capable of reducing several 

environmental contaminants that are unreactive with dissolved Fe2+ alone, including  

nitroaromatics (14), heavy metals (20, 135), halogenated alphatics (143), pesticides 

(144), and disinfection byproducts (145). As a result, significant efforts have been made 

to model this system to interpret and predict contaminant fate in the environment. In the 

past, Fe2+ uptake by iron oxides was thought to be an adsorption reaction, where stable 

adsorbed Fe2+ atoms sit at the surface of an oxide, with their speciation (i.e., ≡O-Fe2++ 

and ≡O-Fe2+-OH) dependent upon concentration and pH (20-22).  

Recent studies, however, have questioned the accuracy of this model. Williams 

and Scherer demonstrated that Fe2+ taken up by several different iron oxides undergoes 

an interfacial electron transfer, where the Fe2+ atom becomes oxidized to Fe3+, and the 

electron is transferred to the underlying oxide (24); this observation has been repeated 

elsewhere with identical conclusions (22, 26, 30, 146, 147). In this work, we have shown 
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that Fe2+ uptake by magnetite is controlled by a bulk property (i.e., the stoichiometry), 

and cannot be described using typical surface complexation models (SCMs).  

SCMs have also been questioned in more practical experiments examining the 

fate of contaminants. In one study examining nitrobenzene reduction by Fe2+ reacted with 

goethite, the researchers found that nitrobenzene was rapidly reduced in the presence of 

dissolved Fe2+, but if the dissolved Fe2+ was removed after sorption had occurred, the 

sorbed Fe2+ was unreactive with the nitrobenzene, which led to the conclusion that 

dissolved Fe2+ was necessary for the reaction to occur (24). In another study examining 

O2 reduction by Fe2+ and ferrihydrite, the kinetics of O2 reduction were dependent upon 

both the sorbed and dissolved Fe2+ concentrations (33). In both studies, the required 

presence of dissolved Fe2+ is a compelling line of evidence that reaction modeling cannot 

be done using only the sorbed Fe2+ concentration alone.  

Researchers are now poised with two interesting questions: what controls the 

extent of Fe2+ uptake on an oxide if it is not the number of available surface sites, and 

what controls subsequent contaminant reduction rates? While some recent work has 

attempted to incorporate these new considerations into existing SCMs (21-23), other 

researchers have used more compelling approaches, including the application of a 

semiconductor model (33-35). In this model, an iron oxide particle acts as a 

semiconductor, and electrons transferred to the particle from Fe2+ atoms taken up from 

solution effectively dope the semiconductor with additional electrons; this results in 

electron rich sites (i.e., anode sites) and electron poor sites (i.e., cathode sites). These 

sites may be relatively near each other at the oxide surface (35), or may be present at 

different crystallographic faces (30).  

If the semiconductor model were an accurate descriptor of the Fe2+-iron oxide 

redox couple, it would have dramatic implications for simple sorption reactions. For 

example, the amount of Fe2+ taken up from solution by iron oxides typically increase as 

the particle size becomes smaller (i.e., the particle has higher surface area) (e.g., 148). In 
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the semiconductor model, however, the increased Fe2+ uptake on smaller particles can be 

explained an increase in crystalline defect trapping sites, a bulk crystalline parameter 

(149). Another common observation is that the amount of Fe2+ taken up by an oxide 

increases with increasing pH. In SCM, this is rationalized as the surface charge of the 

oxide becoming more negative as the pH increases (i.e., more OH- surface groups), which 

results in an increased electrostatic attraction of Fe2+ atoms. In the semiconductor model, 

however, this shift could be due to the thermodynamic reactions occurring at the oxide 

surface upon sorption. A potential (E) would exist for the Fe2+/Fe3+ redox couple 

occurring at the particle surface, a reaction which would be pH dependent, with the slope 

relating to the number of protons involved in the reaction. Note that such a model has 

already been applied with some success to redox measurements taken of the Fe2+-iron 

oxide system, although it was explained using SCM (22).  

In order to determine if the semiconductor model can accurately be used to 

describe the Fe2+-iron oxide redox couple, validating experiments must be designed, 

specifically with respect to redox reactions occurring at the surface. Measuring the redox 

reactions occurring at the oxide-solution interface is, however, an experimentally difficult 

task. Using a potentiostat equilibrated with the particle suspension is challenging because 

it assumes that the equilibrium is reached and that there is no sorption onto the electrode. 

In a previous work, it was shown that for nanoparticulate suspensions, a potentiostat did 

not fulfill these assumptions (22). Another approach is the use of packed powder disk 

electrodes and electrodes coated with an oxide (127, 128, 150-153), both of these assume 

that the oxide is a good conductor, an assumption which is rarely validated. The use of 

contaminants with well-known reduction potentials is another redox probe that is 

commonly used (122-126), but these reactions are often irreversible and involve multiple 

electron transfer steps, which may complicate the interpretation of observations.  

 Previous work in the field of photochemistry has utilized soluble radical redox 

probes to determine the redox state of the solution (149, 154-159). The viologens (4,4'-
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Bipyridine and its substituents) are commonly used due to their pH-independent one-

electron reversible redox potentials which can be manipulated with functional groups 

(155, 160). A schematic representing the reduced and oxidized forms of methyl and 

benzyl viologen are shown in Figure 5.1. The viologens are also advantageous in that the 

reduced form (V•+) is blue, while the oxidized form (V2+) is clear, making redox 

measurements simple with the use of a spectrophotometer (600 nm). The redox 

conditions of a solution can be determined using the Nernst equation:  

 
> � >C � RTnF ln <CF C@� = 

(5.1) 

where E is the potential in V, Eo Is the standard potential (a constant for each viologen), 

R is the ideal gas constant, T is the absolute temperature, n is the number of electrons 

transferred (1 for viologen), F is Faraday’s constant, CR is the concentration of the 

reduced species (V•+), and CO is the concentration of the oxidized species (V2+). Eo for 

methyl viologen (MV•+/MV2+) is -0.44 V vs. SHE, and Eo for benzyl viologen 

(BV•+/BV2+) is -0.36 V vs. SHE. As a result, a redox equation for benzyl viologen can be 

written more simply as:  

 
> � 40.36 H 4 0.0591 K log <CF C@� = 

(5.2) 

where E can be solved if CR and CO are measured.  

In this work, we found compelling evidence suggesting that viologen can indeed 

be used to measure the Fe2+/Fe3+ redox couple at the oxide surface. Based on the fitted 

trend lines between E and solution conditions (e.g., pH), the relationships appear to be 

Nernstian, indicating that the semiconductor model may be accurately applied. Further 

work is needed, however, to accurately interpret the collected data.  

Materials and Methods 

The hematite and goethite samples used in this experiment were generously 

provided by Robert Handler; their synthesis was done using recipes found elsewhere (25, 
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88). The samples were both micron-scale particulates. The stoichiometric magnetite is 

described in Chapter IV.  

All experiments were done within an N2/H2 (94/6) anaerobic chamber. Solids 

were allowed to equilibrate in the glovebox atmosphere several weeks prior to their use in 

experiments to avoid inadvertent oxidation. Solutions were buffered with 50 mM buffer, 

with the buffer selected to avoid complexation with Fe2+ atoms (MES, MOPS, PIPPS) 

(161). Isotherms were performed as described in Chapter III. After an equilibration 

period of 24 hours, viologen was added from a buffered stock solution to achieve the 

desired concentration. The viologen was added in the oxidized form (V2+) to avoid the 

possibility of false-negatives (i.e., the appearance of reduction when there was no 

interaction between the solution and particle). The viologen concentration was measured 

with a spectrophotometer at 600 nm using a five point standard curve. The 

spectrophotometer was used within the glovebox, as the solutions were unstable in the 

presence of oxygen, even when the cuvettes were sealed. All potentials reported are in 

reference to the standard hydrogen electrode (SHE).  

Results and Discussion 

Validation of the use of viologen as a redox indicator 

In order for viologen to be used as a redox indicator for the Fe2+-iron oxide 

reaction, certain assumptions must be validated: (i) no sorption of the viologen can occur 

at the oxide surface, (ii ) the measured CR/CO value must be independent of the initial 

concentration and speciation the added viologen, and (iii ) the system must reach 

equilibrium and be reversible.  Additionally, it is desirable to validate the method with a 

previously well-characterized system.  

(i) To determine if viologen sorption was occurring at oxide surfaces, viologen 

isotherms were created with the concentration ranging from 25 to 1000 µM in buffered 

solutions at pH 7.8. The concentration of total viologen was measured before and after 
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the addition of the oxide. It was found that filtering the suspension resulted in significant 

sorption to the filter, so solids were separated using centrifugation. In these control 

experiments, there was no measurable shift in the soluble viologen concentration before 

and after the addition of the oxide, indicating that no sorption was occurring. Similar 

observations have been made in previous studies which used viologen and iron oxides 

(149, 157, 159). In all experiments, the amount of viologen added to a reactor was 

known, allowing for comparison between the theoretical and experimental total viologen 

concentrations; the viologen concentration was typically within 10 % of the expected 

value, with no bias in either direction (i.e., no consistent over- or under-estimation) 

(Tables 5.1-5.3).  

(ii ) If the measured E value were dependent upon the initial redox state and 

concentration of the added viologen, it would be difficult to determine what experimental 

conditions should be used. To determine if E was influenced by the viologen 

concentration, experiments were done in a model system of 1 g/L goethite with 1 mM 

Fe2+ at pH 7.8; benzyl viologen was added as BV2+ in concentrations ranging from 50 to 

1000 µM (Figure 5.2). In these experiments, the amount of BV•+ measured was 

proportional to the total amount of benzyl viologen added, with the BV•+/BV2+ appearing 

to be independent of the initial concentration. The measured E is a function of this ratio, 

and is shown to be consistent between samples (bottom panel of Figure 5.2, σ = 0.002 V). 

Note that the potential (-0.31 V) measured here is approximately 1100 mV lower than the 

aqueous Fe2+/Fe3+ redox couple (+0.77 V).  

(iii) Determining that a system has reached equilibrium is difficult to determine, 

as the kinetics of the reaction could be so slow that they would lead an observer to 

assume the reaction has stopped. In these experiments, the kinetics were measured 

qualitatively by the appearance of blue within the bottle. Typically, the color developed 

within a few seconds after the addition of the oxidized viologen, suggesting the kinetics 

were fast. A rapid kinetic study could not be done because reactors required 10 minutes 
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of centrifugation prior to measuring; experiments indicating that the equilibrium was 

reached within these 10 minutes (data not shown). Measurements were typically made 

after a 24 hour equilibration period where steady-state conditions based on solution 

measurements were achieved. In some experiments, measurements were taken at various 

time points, with no variation in results observed. Also, experiments where no viologen 

reduction was observed were not used, as the lack of reduction could have been either 

due to the redox conditions or slow kinetic rates; this was only observed for the hematite 

system at sufficiently low pHs that the expected potential was outside the measurable 

range with the benzyl viologen.  

Discerning if the reaction is reversible requires that the reduced and oxidized 

states can transition between each other. Previous work has shown that hematite reduced 

by viologen is indeed a reversible reaction (149, 159); however, we could not 

conclusively determine if the reactions here were reversible. Because the V•+/V2+ was 

stable with respect to time, it was assumed that a steady-state equilibrium had been 

reached. In other control experiments where Fe metal was used, this was not the case: 

rapid viologen reduction occurred over the first minute of exposure as observed by the 

solution turning dark blue, but when the reactors were examined after a few hours, the 

solution was clear. It is suspected that irreversible secondary reactions occurred for Fe0, 

which is likely because the Fe1+ oxidation state is very unstable.  

We have satisfied ourselves in demonstrating that viologen sorption, 

concentration-dependence measurements, and kinetics are not an issue when measuring 

E. The next step in validating this technique is to measure an already well-established 

redox potential. We chose stoichiometric magnetite, due to our previous work with the 

oxide. Magnetite is an ideal candidate for this validation because it is also a 

nanoparticulate suspension, and will likely address many similar potential problems for 

other particulate suspensions. For magnetite, E was measured as a function of pH values 

to compare with existing published values (Figure 5.3, Table 5.1). The fitted linear 
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regression of the data is E = 0.214 - 0.060[pH] V. The Pourbaix reference equation of 

magnetite oxidation is E = 0.221 - 0.059[pH], with the following half reaction (162): 

 Fe3O4 + 1/2H2O ↔ 3/2Fe2O3 + H+ + e- (5.3) 

The excellent agreement between the two equations suggests that the use of viologens as 

a method to determine the redox state of suspended nanoparticles (Figure 5.4).  

The Fe2+-hematite redox couple 

In this work, the interaction of Fe2+ and hematite was used as a model system, but 

it should be noted that the techniques outlined here could be applicable to other Fe2+-iron 

oxide systems. In the hematite experiments, the pH, solids concentration, and Fe2+ 

concentration were varied to determine their affect on the measured redox potential. First, 

experiments were done with hematite exposed to Fe2+ as a function of pH (Figure 5.5, 

Table 5.2). Here, 1 mM Fe2+ was equilibrated with 2 g/L hematite prior to the addition of 

viologen. E decreases with increasing pH, as expected. The observed slope of the line is 

0.120, near the slope expected for a system where the sorption of an Fe2+ atom displaced 

two H+ (0.118). Silvester et al. have proposed the following model for Fe2+ sorption 

followed by electron transfer to the underlying oxide (22):  

 
N Fe3�OFe2� �

3

2
H2O P  N Fe3�OH �  

1

2
Fe2O3 �  2H� �  e4  

(5.4) 

To gain insight into how the amount of Fe2+ added influences the reaction, 

varying amounts of Fe2+ were equilibrated with hematite at a constant pH of 7.8. The 

amount of Fe2+ sorbed was measured for each reactor, with a traditional sorption isotherm 

created (Figure 5.6, Table 5.3). The behavior here is typical for the sorption of Fe2+ on 

hematite, where a steep slope is observed for lower concentrations of Fe2+, and a 

shallower slope is observed at higher initial Fe2+ concentrations (26).  

To gain a better understanding of the redox conditions in terms of the isotherm, 

benzyl or methyl viologen was added to each reactor in the isotherm in Figure 5.6; E was 
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then determined for each point. Determining how to relate E to the bulk conditions is, 

however, a difficult task because it is unclear what values to use for CR and CO. It is 

common to use only the dissolved species in determining a potential (22, 163), which 

would result in the following equation:  

 > � >C 4 0.0591n log <FeQRS�
 = (5.5) 

where Eo and n can be determined by plotting E vs. log(Fe2+). When this is done (Figure 

5.7), a good linear fit is observed: E = -0.280 - 0.0298*log(Fe2+
dis). The Eo value (-0.280 

V) is approximately 1000 mV lower than for the Fe2+/Fe3+ aqueous redox couple (+0.77 

V). Also, the slope appears to agree incredibly well with that predicted for a Nernstian 

relationship where n = 2 (mtheor = 0.0296, mobs = 0.0298). This slope indicates a two 

electron transfer, which seems unlikely, unless hyrodxyl ligands were also participating 

in the electron transfer reaction.  

Another, less conventional model can also be used to interpret the data. Park and 

Dempsey argued that the kinetics of O2 reduction by the sorbed Fe2+-ferrihydrite system 

was best described with the following relationship (33):  

 T � UVWX�
Y
UZ � 4k\FeQRS�
 ]\FeS^_`�
 ]VO�Y (5.6) 

If this were an accurate model, it would appear that the sorbed Fe2+ is also influencing the 

redox state of the solution, and should thus be included in the Nernstian model. If the 

sorbed Fe2+ is “oxidized” phase, and the dissolved Fe2+ remains the “reduced phase,” the 

following Nernstian equation can be used:  

 > � >C 4 0.0591n log & FeQRS�

FeS^_`�
 . (5.7) 

where Eo and n can be again be determined by plotting E vs. log(Fe2+
dis/ Fe2+

sorb). Note 

that the dissolved Fe2+ phase is the reduced phase, because it can become oxidized at the 

particle, but cannot undergo further reduction. Using this relationship, a strong linear 

trend is again observed (Figure 5.8). Despite the data being somewhat noisier than in 
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Figure 5.7 (R2 = 0.85 (Figure 5.8) vs. 0.96 (Figure 5.7)), a strong linear correlation is still 

observed. The observed trend is E = -0.278 – 0.056*log[Fe2+
dis/ Fe2+

sorb] V. In this case, 

the observed slope is near that of a one electron transfer step (i.e., 0.059).  

The trends observed in the models is both compelling and concerning. The 

observed slopes are similar to those expected using the Nernst equation, but that is not 

necessarily evidence to support their accuracy in describing the system. It is interesting, 

however, that both models yield virtually the same Eo (i.e., the y-intercept; -0.280 (Figure 

5.7), -0.278 (Figure 5.8)). For the prior model, which only accounts for dissolved Fe2+, 

there are some conceptually difficult issues to rectify: for example, if the oxide were not 

added to the system, then the dissolved Fe2+ concentration would be larger, yet the 

potential would be higher also. Some solid has to be present in the system, yet this model 

clearly cannot account for how much there is, as it is only examining the dissolved phase. 

As a result, the latter model appears to be better in this respect, although it there is not a 

good theoretical reason for incorporating the sorbed phase in these calculations (163).  

It remains unclear if the trends observed here are indicative that this type of 

modeling can be a useful means for describing reversible environmental redox reactions. 

Good agreement between model and theory is not indicative in itself, although it is 

encouraging. Note that Silvester et al. used a method to explore the redox reactions 

occurring at oxide surfaces, but interpreted the data within the framework of SCM (22). 

The data does, however, confirm the capability of viologen radicals to make redox 

measurements that would be difficult using more conventional methods. Further work is 

still needed to determine if the measured potentials can in themselves be used to produce 

a theoretical sorption isotherm in good agreement with those measured experimentally.  
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Table 5.1. Viologen concentrations and measured redox potential for stoichiometric 
magnetite at varied pHs. Experimental conditions: [Fe3O4] = 1 g/L, 
[Viologen] ≈ 250 µM, Eq. time = 24 hrs. The data is presented in Figure 5.2. 

pH Viologen V•+ (µM) V2+
 (µM)  Vtotal (µM) V •+/V2+ E (V) 

7.40 BV 1.3 255.8 257.1 0.0050 -0.22 

7.77 BV 2.6 258.6 261.2 0.0099 -0.24 

8.10 BV 5.8 247.2 253.0 0.0235 -0.26 

8.22 BV 7.9 234.3 242.2 0.0338 -0.27 

8.83 BV 49.6 185.9 235.5 0.2668 -0.33 

9.65 MV 16.2 230.1 246.3 0.0703 -0.37 

10.15 MV 43.4 184.0 227.3 0.2357 -0.40 

10.05 MV 46.5 207.8 254.4 0.2240 -0.40 

12.68 MV 261.2 8.1 269.3 32.1667 -0.53 
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Table 5.2. Redox potential measured viologen at a series of pH values for the hematite-
aqueous Fe2+ system. The data is also shown in Figure 5.3. Experimental 
conditions: [hematite] = 2 g/L; [Fe2+] = 1 mM; [Viologen] = 250 µM; sorption 
eq. time = 24 hours, viologen eq. time = 24 hours. Note the pH and extent of 
Fe2+ uptake were not measured after equilibration. 

pH Viologen V•+ (µM) V2+
 (µM)  V•+/V2+ E (V) 

7.4 BV 0.40 249.60 0.0016 -0.19 

7.8 BV 1.46 248.54 0.0059 -0.23 

8.2 BV 11.98 238.02 0.0503 -0.28 

8.6 BV 62.82 187.18 0.3356 -0.33 

8.2 MV 0.90 249.10 0.0036 -0.30 

8.6 MV 3.32 246.68 0.0135 -0.33 
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Table 5.3. Isotherm and viologen redox data collected for the hematite-aqueous Fe2+ 
system. The data is also shown in Figures 5.6-5.8. Experimental conditions: 
[hematite] = 2 g/L; pH = 7.8, 50 mM PIPPS; [Viologen] = 200 µM (BV) or 
450 µM (MV); sorption eq. time = 24 hours, viologen eq. time = 24 hours. 

Fe2+total 

(µM) 

Fe2+ aq. 

(µM) 

Fe2+ 

sorbed 

(µM) 

Viologen 
V•+ 

(µM) 

V2+
 

(µM)  

Vtotal 

(µM) 
V•+/V2+ E (V) Eoa (V) 

163 12 150 BV 6.4 193.9 200.3 0.033 -0.27 -0.208 

338 12 327 MV 3.9 447.1 451.0 0.009 -0.32 -0.402 

354 5 349 BV 14.9 193.5 208.4 0.077 -0.29 -0.398 

540 24 516 BV 31.9 156.2 188.1 0.205 -0.32 -0.402 

732 55 677 BV 7.1 439.4 446.5 0.016 -0.33 -0.399 

753 45 708 MV 51.7 156.7 208.4 0.330 -0.33 -0.398 

969 82 888 BV 72.3 171.3 243.6 0.422 -0.34 -0.404 

1135 119 1016 MV 8.7 425.6 434.4 0.021 -0.34 -0.398 

1155 152 1003 BV 85.4 127.1 212.4 0.672 -0.35 -0.395 

1508 236 1272 MV 11.6 421.3 432.9 0.028 -0.35 -0.391 

1713 292 1420 MV 14.2 427.8 441.9 0.033 -0.35 -0.393 

2271 582 1688 MV 18.4 413.0 431.4 0.045 -0.36 -0.387 
 

a Eo is calculated using the measured E for viologen and the Fe2+
aq./Fe2+

sorbed redox couple 
plugged into the Nernst equation. This value can be interpreted as the Eo of Fe2+ sorption 
on hematite at pH 7.8. 
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Figure 5.1. The oxidized (V•+) and reduced (V2+) forms of methyl viologen (MV) and 
benzyl viologen (BV).   
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Figure 5.2. The amount (top) of BV•+ as a function of the amount of viologen added. 
(Middle) The ratio of reduced to oxidized benzyl viologen (BV•+ / BV2+ ). 
(Bottom) The calculated E found by setting CR/CO = BV•+ / BV2+ in equation 
5.2. Experimental conditions: 1 g/L goethite; 50 mM PIPPS, pH 7.8; [Fe2+] = 
1 mM; sorption eq. time = 24 hours, viologen eq. time = 24 hours. 
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Figure 5.3. The measured potential (E) of stoichiometric magnetite as a function of pH 
using benzyl and methyl viologen as redox indicators. The linear regression 
shown is E = 0.214 - 0.0598[pH]; R2 = 0.99. Experimental conditions: 1 g/L 
magnetite, 100 µM viologen as benzyl or methyl viologen. The viologen used 
for each data marker can be found in Table 6.1. 
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Figure 5.4. Redox potential measurements made using viologen (Emeasured) compared the 
reference reference values calculated using the Pourbaix equation (EPourbaix).  
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Figure 5.5.The potential using viologen of 1 mM Fe2+ equilibrated with 2 g/L hematite as 
a function of pH. The fitted line yields E = -0.120[Fe2+] + 0.57; R2 = 0.99.  
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Figure 5.6. Fe2+ sorption isotherm for 2 g/L hematite at pH 7.8. Experimental conditions: 
50 mM PIPPS buffer; eq. time = 24 hrs. The equilibrium concentrations of 
Fe2+ were measured after the addition of viologen, with slightly more Fe2+ 
being removed from solution as the viologen became reduced.  
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Figure 5.7. The measured potential using viologen vs. the log of the equilibrium 
dissolved Fe2+ concentration after sorption (same data set as Figure 5.6). The 
fitted line yields E = -0.0298[Fe2+

dis] - 0.230; R2 = 0.96. Experimental 
conditions: 2 g/L hematite, pH 7.8.  
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Figure 5.8. The measured potential using viologen vs. log ratio of the equilibrium 
dissolved Fe2+ concentration and the sorbed Fe2+ concentration after sorption 
(same data set as Figure 5.6). The fitted line yields E = -0.0556[Fe2+

dis] - 
0.278; R2 = 0.85. Experimental conditions: 2 g/L hematite, pH 7.8. 
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CHAPTER VI: MÖSSBAUER SPECTROSCOPY OF Fe2+ SORBED ON 

ENVIRONMENTALLY RELEVANT SURFACES:  

A CRITICAL REVIEW  

Abstract  

Ferrous iron (Fe2+) readily sorbs to several substrates commonly found in the 

environment, including bacteria and several mineral species, under anaerobic conditions 

and neutral pH values. These sorbed species have been shown to influence contaminant 

fate, metal and nutrient cycling, and microbial respiration. Little spectroscopic data is 

available characterizing sorbed Fe2+, making it difficult to discern broad trends between 

samples. Here, we characterized sorbed Fe2+ on a suite of environmentally relevant 

samples (i.e., Fe-free clays, Ti and Al oxides, and cells) using cryogenic 57Fe Mössbauer 

spectroscopy. Collected hyperfine parameters for sorbed Fe2+ were identical to several 

structural Fe2+ forms, making it impossible to fingerprint sorbed Fe2+ using the hyperfine 

parameters alone. Nearly all samples analyzed exhibited spectral asymmetry, however, 

which is hypothesized here to be an indicator of sorbed Fe2+ in environmental samples. 

Fe2+ sorbed to functionalized beads was used as an analog for more complex cell 

surfaces, and was consistent with Fe2+ sorbing preferentially to carboxyl and phosphate 

functional groups, although it was not conclusive. Mössbauer spectra were collected for 

57Fe2+ exposed to γ-Al2O3 at several pH values and Fe2+ concentrations to discern trends 

between bulk solution conditions and Mössbauer hyperfine parameters.  

Introduction  

At neutral pHs, ferrous iron (Fe2+) will readily sorb to several substrates 

commonly found in the environment, including clay minerals, metal oxides, and bacteria 

(21, 23, 164-173). Under anaerobic conditions, sorbed Fe2+ forms a stable Fe2+ surface 

complex for some substrates (e.g., Al and Ti oxides) (24, 164, 165), while for others, a 

more complex reaction occurs, which involves electron transfer between the Fe2+ atom 
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and the underlying solid phase (e.g., Fe3+ oxides, clay minerals) (23, 24, 29, 30, 74). This 

work focuses only on redox inactive substrates (i.e., a stable, sorbed Fe2+ species) and our 

ability to spectroscopically characterize these phases.  

Sorbed Fe2+ is a critical groundwater substituent to several processes including 

redox buffering, contaminant fate, microbial respiration, and microbial metabolism (166-

169). Previous studies have shown that sorbed Fe2+ on clay minerals as well as Al and Ti 

oxides is capable of reducing and degrading environmental contaminants which are not 

reactive with dissolved Fe2+ alone, including nitroaromatics, Se6+, and Tc7+ (165, 169-

172). Two recent works have confirmed that Fe2+ sorbed on Al and Ti oxides is a 

stronger reductant (lower Eh) than dissolved Fe2+ (172, 173). For dissimilatory iron 

reducing bacteria (DIRB), Fe2+ sorbed on cells was shown to diminish the ability of the 

cells to respire on Fe3+ oxides and nitrate (166, 167), and other works have argued that 

sorbed Fe2+ on cells significantly influences the mineralogy of Fe in the environment 

(e.g., 174).  

Despite the importance of Fe2+ sorption to biogeochemistry, sorbed Fe2+ is largely 

uncharacterized using spectroscopic methods, which is likely due to its amorphous 

structure and low abundance within the sample. For example, sorbed Fe2+ is completely 

invisible to powder X-ray diffraction. In most studies, Fe2+ sorption is examined only 

indirectly, by measuring the amount of dissolved Fe2+ removed from solution after 

addition of the solid phase (21, 164, 172, 175). Spectroscopic techniques have been used 

in some systems, including XAFS and Mössbauer spectroscopy, but these techniques are 

so rarely used that it is difficult to discern if the conclusions drawn in each study can be 

applied to broader scopes (23, 176, 177). This lack of spectroscopic data presents a gap in 

our understanding of Fe2+ sorption and its environmental implications. 

Instead of spectroscopy, surface complexation modeling (SCM) is used more 

commonly to describe Fe2+ sorption behavior on environmental surfaces (21, 164, 172, 

175). SCM is a valuable technique, and can aid in understanding what is occurring at the 
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molecular solid-solution interface. The application of SCM can be presumptuous in some 

cases, however, and is troubling in that it will provide an answer that is often unchecked 

with complementary techniques. For example, SCM has produced well-fitting models for 

Fe2+ sorption of Fe3+ oxides (20-22, 178, 179), yet spectroscopic data indicates that a 

stable, sorbed Fe2+ complex does not exist under these conditions (22, 24, 26, 74). In two 

studies that used SCM coupled with Mössbauer spectroscopy for Fe2+ sorption on an Fe-

free montmorillonite and goethite (α-FeOOH), significant oxidation of Fe2+ was observed 

in the absence of oxygen or an aqueous electron acceptor, yet SCM produced excellent 

model fits assuming the formation of stable, sorbed Fe2+ (22, 23). In general, the 

precision with which SCM can model experimental data is not indicative that it is an 

accurate descriptor of molecular scale reactions.  

In this study, our goal was to rigorously characterize sorbed Fe2+ on a suite of 

environmentally-relevant surfaces using Mössbauer spectroscopy, with subsequent 

interpretation of measured hyperfine parameters. We aimed to (i) determine in Mössbauer 

spectroscopy could be used to fingerprint samples by their hyperfine parameters, (ii) 

access if additional information could be extracted from the hyperfine parameters (e.g., 

bond strength to the surface), and (iii ) to provide the community with a collection of data 

for reference in future studies aiming to characterize sorbed Fe2+.   

We examined Fe2+ sorbed on three primary surfaces: (i) Fe-free clay minerals, (ii) 

Al and Ti oxides, and (iii ) cell surfaces and functionalized bead surfaces. The hyperfine 

parameters grouped into two different ranges: one containing Fe2+ sorbed on Al and Ti 

oxides and clays, and the other containing the cells and functionalized bead surfaces. 

Positive correlations were observed between the center shifts and quadrupole splitting for 

the clay and oxide samples was in agreement with previous findings for structural Fe2+ 

(180, 181). From the data sets, we concluded that the hyperfine parameters for sorbed 

Fe2+ overlap with those found for structural Fe2+ in many commonly occurring minerals. 
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The appearance of asymmetry within the spectra, however, is a rarely observed 

phenomenon, and may be used as an indicator for sorbed Fe2+ in the future. 

We characterized Fe2+ adsorbed to cell surfaces to elucidate the relevant 

functional groups present at the cell interface. It has been proposed in the literature that 

Fe2+ primarily bonds to amine, phosphate, and carboxyl groups at the cell surface based 

on titration data (182-184). To probe this hypothesis, we exposed Fe2+ to four species of 

DIRB (Shewanella puterfaciens CN32, Shewanella oniedensis MR1, Shewanella alga 

BrY, and Geobacter sulfurreducens), the soil bacterium Bacillus subtilis, and polystyrene 

beads labeled with six different functional groups: amine (≡R-NH2), hydroxyl (≡R-OH), 

phosphate (≡ROP(=O)(OH)2), carboxyl (≡R-C(=O)OH), suflate (≡R-SO3H), and 

sulfonate (≡R-SO2R'). Mössbauer spectra were then collected and fitted for all samples, 

allowing for comparison of the collected hyperfine parameters.  

For the oxides and Fe-free clay samples, we gained a better understanding of how 

Fe2+ interacts with the substrate using the collected Mössbauer hyperfine parameters; for 

example, the relative strength of the ligand bond can be elucidated using the center shift 

(CS) and quadrupole splitting (QS) (8, 65, 67, 68, 185). To explore the relationship of 

bulk observations to spectroscopic data, we collected a Fe2+ sorption isotherm and a pH-

edge using γ-Al2O3, with Mössbauer spectra collected for each point. This allowed for 

comparison of hyperfine parameters to bulk experiment techniques (e.g., CS vs pH). The 

trends observed between the CS and QS and the bulk solution conditions (i.e., 

concentration of Fe2+ and pH) were consistent with predictions, such as stronger bonds 

were observed when more Fe2+ was taken up from solution, although some hyperfine-

bulk correlations could not be explained. 
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Materials and Methods 

Sorption Experiments 

All experiments were conducted within a N2/H2 (94/6) anaerobic glovebox with 

the atmospheric oxygen concentration below 1 ppm. All aqueous solutions were made 

from deionized (> 18 Ω) water, and were degassed by purging with N2 gas for at least one 

hour, followed by equilibration within the anaerobic glovebox atmosphere for several 

days. All solids were weighed outside the glovebox, then allowed to equilibrate in the 

anaerobic atmosphere several weeks prior to use in sorption experiments. A 57Fe2+ 

solution was prepared from acidic dissolution of 57-enriched Fe0 (96%) in 1 M HCl in 

the anaerobic chamber. The pH was then raised with 10 M NaOH until slight 

precipitation occurred, then the filtered through a 0.2 µm filter to remove trace Fe3+, 

followed by lowering the pH with 5 M HCl to a pH below 1.  

Sorption experiments were done using a solution buffered to the desired pH with 

25 mM either 3-(N-morpholino)propaesulfonic acid (MOPS; pKa = 7.2), piperazine-N,N'-

bis(2-ethanesulfonic acid) (PIPES; pKa 7.1), or piperazine-N,N”-bis(3-propanesulfonic 

acid) (PIPPS; pKa = 8.0). Control experiments with carboxyl beads indicated that the 

buffer selected had no influence on the measured hyperfine parameters. For sorption 

experiments, the buffered solution was spiked with the 57Fe2+ stock to reach the desired 

concentration, followed by an addition of 1 M NaOH to the desired pH. The solution was 

mixed at least two hours and was subsequently filtered (0.2 µm) to remove trace 

precipitates. The degassed solids were then added to the solution to reach the desired 

concentration, and allowed to mix in the absence of light (10 hours for Al2O3 and cell 

experiments, 24 hours for all others). The solids were then filtered using a filtering 

housing with a removable filter paper. The filter paper was sealed between two pieces of 

5 mm Kapton tape to avoid inadvertent oxidation when transferring the sample to the 
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Mössbauer spectrometer. Aqueous Fe2+ measurements were taken before and after the 

addition of the solids using the 1-10-phenanthroline method (89).  

Polystyrene Bead Samples  

Functionalized polystyrene beads were purchased from three vendors: Magsphere 

(Pasadena, CA, US; www.magsphere.com), Bangs Laboratories, Inc (Fishers, IN, US; 

www.bangslabs.com), and Kisker (Germany; www.kisker-biotech.com), with the details 

for each functional group shown in Table 6.1. The diameter of the beads ranged from 

0.50 to 1.26 µm. For all experiments, the beads were washed in 25 mM PIPPS four times 

to remove surfactants from the solution, with supernatant separated after centrifugation 

and the final amount of volume added to reach a solids concentration of 12 g/L using the 

mass/volume value provided by the suppliers. The beads were then purged with N2 gas 

for approximately one hour, then were taken into an N2/H2 glovebox, and allowed to 

equilibrate in the atmosphere for at least one day prior to using.  

For sorption experiments, 5 mL of 12 g/L bead solution was added to 10 mL of 

buffered 57Fe2+ solution to achieve a final volume of 15 mL, with 4 g/L beads, and 1 mM 

Fe2+. The solution was allowed to equilibrate 24 hours, followed by filtration and 

Mössbauer sample preparation. The final Fe2+ concentration was measured, but because 

the experiment involved dilution by adding two solutions, the measured concentration 

was not as precise as in other experiments.  

Oxide and clay samples 

Aluminum oxides (γ-Al 2O3 and α-Al 2O3) were purchased from Alfa Aesar (Ward 

Hill, MA). TiO 2 were purchased from Nanostructured and Amorphous Materials, Inc. 

(Houston, TX) (5 nm) and Alfa Aesar (Ward Hill, MA) (32 nm); both were characterized 

as anatase by the supplier, and are described in more detail elsewhere (186).  

The three clay samples used for sorption experiments were synthetic, and free of 

Fe and other redox active elements. All were purchased from the Clay Mineral Society 
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Source Clays Repository (US; www.clays.org). Montmorillonite (SYn-1 Barasym SSN-

100 synthetic mica-montmorillonite) was produced by NL Industries, laponite (SYnL-1) 

is from Southern Clay Products, Inc., and hecotrite (SynH-1) was synthesized by Optigel-

SH United Catalysis, Inc. All clays were used as provided with no further treatment or 

characterization.  

Cell samples 

Shewanella putrefaciens CN32, Shewanella oniedensis MR1, Shewanella alga 

BrY, and Bacilis subtilis were kindly provided from Dr. Michael Leonardo (Coe 

College).  These cells were grown aerobically in trypic soy broth and mineral medium.  

Geobacter sulfurreducens was grown under anaerobic conditions and was kindly 

provided from Dr. Eric Roden (University of Wisconsin).  The density of all cell 

suspensions was on the order of 1010 cells mL-1 (personal communication, Dr. Michael 

Leonardo, Coe College).    

Mössbauer spectroscopy 

Transmission Mössbauer spectroscopy was performed with a variable temperature 

He-cooled system with a 1024 channel detector. The 57Co source used (~50 mCi) was in 

a Rh matrix at room temperature. All center shifts reported are relative to α-Fe foil at 

room temperature. Samples were prepared by sealing the powder specimen between two 

pieces of 5 mL Kapton Tape to avoid oxidation while mounting the sample. Spectra were 

collected on ±6 mm/s velocity scale for all samples to increase precision in fitting. 4.2 K 

spectra were collected by Aaron Williams (USEPA). 

Spectral fitting was done using Recoil Software (University of Ottawa, Ottawa, 

Canada). Voigt-based fitting was selected as the most appropriate modeling technique as 

described in the Results and Discussion. For fits, all spectral parameters were floated 

with the exception of the spectrum background and relative peak areas within a doublet. 

It was found that only a single quadrupole splitting component was needed, and 
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additional components did not significantly increase the spectral fitting. The linewidth 

was floated in addition to the Voigt distribution broadening to account for instrumental 

broadening (e.g., vibrations) and thickness effects. If the linewidth became unrealistically 

large (> 0.12 mm/s), then the value was fixed at 0.12 mm/s.  

In some cases, an Fe3+ doublet was apparent in the spectra, and modeling of this 

component was done to increase the accuracy of the whole fit. The Fe3+ component was 

likely due to inadvertent oxidation, as extrapolation from fits suggested that the same 

absolute concentration was observed in every sample, and was observed only when low 

amounts of Fe2+ sorbed. We have no reason to suspect that the Fe3+ was due to electron 

transfer was occurring from the Fe2+ to the solid because of the observance of a fixed 

amount of Fe3+ in all samples. Samples where a trace Fe3+ signal was used for fitting are 

denoted in Table 6.2.  

Background 

Mössbauer Spectroscopy 

In this Chapter, we present a sufficient background in Mössbauer spectroscopy 

such that a reader understands the basic phenomenon, and the information which can be 

extracted. This work focuses on high spin octahedrally coordinated (VI) Fe2+ atoms, 

which largely narrows the scope of discussion. Several excellent review articles and 

books exist which thoroughly explore the theory, instrumentation , fitting, and 

applications in much greater depth than here (8, 65, 66, 185, 187). Mössbauer 

spectroscopy is predominantly done on the 57Fe isotope, and the background presented 

will focus on this isotope.  

Mössbauer spectroscopy is a nuclear spectroscopy that provides information 

regarding the hyperfine interactions (i.e., nucleus-electron interactions). The Mössbauer 

effect relies upon the resonant absorption and subsequent recoilless emission of γ-rays of 

a very specific energy by the 57Fe nucleus. The energy at which a γ-ray will be absorbed 
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is dependent upon how the nucleus interacts with its surrounding electrons (i.e., the 

hyperfine interactions), and the subsequent peak localities in the spectrum are determined 

by these hyperfine interactions. For recoilless emission of a γ-ray, a 57Fe nucleus must be 

sufficiently rigid in its surrounding matrix such that when the nucleus emits the γ-ray, it 

does not recoil in the opposite direction; instead, the recoil energy is distributed out 

across the crystal lattice, which effectively dampens the movement to a negligible 

amount. The recoilless emission is necessary to produce an interpretable spectrum, as the 

recoil energy is several orders of magnitude larger than the hyperfine energy (65). The 

percentage of 57Fe atoms that undergo recoilless emission is denoted as the recoilless 

fraction (f), a value that becomes larger with increasing rigidity of the 57Fe atoms, and is 

often increased by lowering the temperature of the sample to reduce thermal energy.  

Hyperfine interactions are typically very difficult to probe spectroscopically 

because the energy shifts that occur between samples due to slight changes in the local 

environment are usually so minute that they cannot be detected. Mössbauer spectroscopy 

is fortuitous in that respect, as it measures incredibly slight changes in what energy a γ-

ray is resonantly absorbed by the 57Fe atom. In a typical spectrum, the x-axis is velocity 

on the scale of ±12 mm/s for 57Fe which arises from moving a γ-ray emitting source 

forward and backward on an oscillating motor. The velocity is the speed with which the 

source is moving towards or away from the sample. 57Co is a typical source, with the 14.4 

keV γ-ray used as the probe, and the velocity with which it is moving to and from the 

sample slightly modifies this energy via the Doppler effect. The energy shifts which can 

be detected are on the order of 10-12 the energy of the γ-ray (66). 

Mössbauer spectroscopy offers several unique advantages for characterizing Fe in 

samples: (i) it provides accurate site populations, allowing for quantification of several 

co-existing phases; (ii ) it allows for characterization of impure, “dirty” samples, as it only 

examines the 57Fe isotope; (iii) it provides quantitative analysis of local distortions and 

chemical environments; (iv) amorphous samples can be easily characterized; and (v) only 
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a small amount of 57Fe is required to achieve a meaningful spectrum (approx. 2 µg 57Fe, 

100 µg NAFe) (8). In this work, we used an isotopically-enriched 57Fe2+ stock (95.95%) to 

allow for spectra to be collected when extremely low concentrations of Fe2+ uptake were 

observed (~10 µM uptake from solution for some experiments).  

There are also limitations to Mössbauer spectroscopy, however, which may be 

partially responsible for its somewhat narrowed scope of applications in geosciences: (i) 

spectra can only be collected on solid phase samples (which can often be overcoming by 

freezing solutions); (ii) hyperfine parameters cannot be derived theoretically, and can be 

empirically interpreted; (iii) only certain isotopes are “Mössbauer active;” and (iv) 

spectral interpretation requires considerable training (8). The lack of theoretically 

derivable parameters is the largest hindrance in the field today, although significant 

efforts are being made in this area, specifically with semi-empirical density functional 

theory (DFT) modeling (e.g., 188) and purely theoretical studies (67, 68).   

Mössbauer Spectral Interpretation 

If a collected Mössbauer spectrum is of sufficient intensity and is well resolved, it 

can be fit to extract the hyperfine parameters. The three primary hyperfine parameters 

which are typically extracted are the center shift (CS; mm/s), the quadrupole splitting or 

shift (QS; mm/s), and the hyperfine field interaction (H; Teslas). The CS is the best 

understood of the three, and is consequently the easiest to interpret. The observed CS is 

actually a combination of two effects, the isomer shift (IS), which is temperature 

independent, and a second order Doppler shift (SOD), which is temperature dependent 

(65, 189). These values can be decoupled with sufficient theoretical and experimental 

data, but the reported value is typically the CS. It is simply important to know that the CS 

will become larger upon lowering the temperature of the sample due to the SOD. 

Throughout this paper, we will refer to the relative values of the CS among samples, but 

the IS is typically the true hyperfine parameter being analyzed.  
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The observed CS is proportional to the s-electron density within the nucleus. As a 

result, the CS is often used to elucidate the electron density of the 57Fe atom, which can 

then be applied to compare relative bonding environments and bond strengths. Because 

the 57Fe isotope becomes smaller upon excitation by the γ-ray, the expected trend 

between electron density and the CS is reversed: an increase in CS indicates a decrease in 

s-electron density (8, 71). When comparing high spin (HS) VIFe3+ and VIFe2+ atoms, the 

CS values are markedly different (VIFe2+: ~0.8-1.3 mm/s; VIFe3+: ~0-0.5 mm/s) (8); the 

higher CS observed for Fe2+ atoms is due to the extra d-electron having a probability of 

being closer to the nucleus than the s-electrons, which shields the s-electrons, and 

consequently reduces the s-electron density at the nucleus.  

The QS, or the electric field gradient (EFG), is caused by the nucleus having a 

non-spherical shape. For atoms with a nuclear spin (I) of ½ or greater (½ for 57Fe), the 

nucleus can be elongated (rod-shaped) or flattened (pancake), with the QS being the 

measured deviation from spherical symmetry (71, 190). Anisotropic effects in electron 

distributions, such as the increase in the strength of a bond, will increase the observed QS 

if it is increasing the distortion, or it will decrease the QS if it is counteracting the other 

distortions. When comparing HS VIFe2+  to VIFe3+, the extra d-electron in VIFe2+, which 

has an opposite spin of the other five d electrons, will occupy the lowest energy orbital, 

causing increased asymmetry in the electron density distribution, so the QS is typically 

much larger for HS VIFe2+ (~1.8-3.8 mm/s) than VIFe3+ (~0-1.0 mm/s) (71, 185). It has 

been stated previously that the QS for HS VIFe2+ and VIFe3+ are temperature independent 

(185), although increasing QS with decreasing temperatures were observed in this study. 

For a fitted spectrum, the distribution of QS environments can be derived by the width of 

the peaks (70); this value corresponds to the distribution of unique sites within the 

samples, which will vary slightly between nuclei in unique local environments. In this 

work, this distribution is referred to as the quadrupole splitting distribution (QSD; mm/s).  
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H is related to the strength of the internal magnetic field, which occurs when the 

electrons spins of neighboring atoms order. H is directly proportional to the strength of 

the internal field, and is commonly reported in Teslas. This interaction is very dependent 

upon structure and temperature, as thermal energy must be sufficiently reduced to inhibit 

electron spin flipping (65). The temperature for which magnetic ordering occurs is 

valuable in fingerprinting phases, as well as understanding more fundamental 

characteristics, such as crystalline defects and doping. To observe an internal magnetitic 

field in a sample (i.e., H), sufficient interatomic interactions must occur, which would be 

unexpected for sorbed Fe2+. This information can be used advantageously because most 

mineral phases order at very low temperatures (13 K and below), but we would expect no 

signs of ordering here, as there should be neglibigle Fe-Fe interactions.  

Figure 6.1 contains the spectral representation of CS, QS, and H. The CS of 

samples is usually referenced to α-Fe0 foil at room temperature. All samples will contain 

a CS value relative to α-Fe0, and may contain QS and H contributions. The number of 

peaks observed for a given phase in the spectrum (i.e., singlet (1), doublet (2), and sextet 

(6)) arise from the allowed nuclear transitions (65). An octet (8 peaks) is also possible in 

magneticially ordered HS Fe2+ samples where spin-forbidden transitions can occur, with 

interpretation being complex (65). The CS value is the offset of the phase spectrum from 

zero, the QS is the distance between the two peaks of a doublet, and H is the width of the 

sextet, or the distance between the two outermost peaks (Figure 6.1).  

To model spectra, fitting is typically done using computer software with a least-

squares fitting approach (71). Individual parameters can be floated or fixed to allow for 

the most realistic fit. Fitting of spectra is nontrivial, and is dependent upon the model 

assumed for fitting. The ideal lineshape in a Mossbauer spectrum is Lorentzian, which 

arises from the excitation time and the Heisenberg uncertainty principle. Spectra typically 

display linewidths broader than the predicted ones, which has been accounted for using 

different models. The broadening can occur by a sample which is too thick, or by 
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distributions of sites (i.e., different stresses and strains for each atom) (69, 70). It has 

been concluded previously that for samples with a distribution of sites, a broader 

Lorentzian line is not an accurate descriptor by several researchers; instead, it is common 

to assume a Gaussian distribution of Lorentzian peaks, which is referred to as a Voigt 

distribution (70). Here, the Voigt model is used for all modeling parameters reported 

(70). Similar Voigt-based modeling techniques have been used in the past to fit similar 

spectra of 57Fe2+ sorbed on montmorillonite (23).  

Results and Discussion 

Spectral Interpretation of Sorbed Fe2+ 

Spectra were collected at three temperatures (140 K, 13 K, 4.2 K) for sorbed Fe2+ 

on a series of substrates. Spectra collected for 57Fe2+ sorbed on cell, oxide, and clay 

surfaces are all very similar at 13 K (Figure 6.2). The spectra all contain doublets which 

have the characteristic peak localities for HS VIFe2+ (8). There is no indication of 

magnetic ordering (i.e., no appearance of the doublet broadening to a sextet or octet). In 

spectra collected at lower temperatures (4.2 K; Table 6.2), no ordering was observed. 

Most ferrous minerals will order above 4 K, including siderite, green rusts, vivianite, and 

in some cases, Fe2+ in clay minerals (191-193); the lack of ordering is indicative that 

there is negligible metallic bonding and Fe-Fe interactions (65, 71, 194). Note that upon 

careful inspection, the doublets appear to be slightly asymmetrical; this is discussed in 

greater depth later.   

A primary goal of this work was to determine if sorbed Fe2+ could be 

distinguished from other forms of Fe2+, such as structural Fe2+ in minerals. To do this, the 

hyperfine parameters (i.e., CS and QS) were compared between literature values for other 

forms of Fe2+ and the sorbed Fe2+ samples from this study. Here, the 13 K data is 

presented for the sorbed Fe2+ samples, but it should be noted that similar trends are also 

observed for the 140 K spectral parameters (Table 6.2). The data from previous studies 
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was collected at 77 K, 16 K, and 4.2 K; the change in temperature will slightly influence 

the hyperfine parameters, although it will likely be fairly minor (< 0.05 mm/s).  

To compare hyperfine parameters, the values are typically plotted with QS vs. CS 

(Figure 6.3) (8, 180, 181). Two clear groupings exist within this data set; the oxide and 

clay samples cluster together in a narrow CS and QS range, while the cell data samples 

have significantly larger CS and QS values. For the Fe2+ sorbed on oxide and clay 

samples, the hyperfine parameters overlap with samples containing structural Fe2+, 

including green rust, ferrous phosphates, and Fe2+ found structurally within clays. As a 

result, the parameters indicate that sorbed Fe2+ cannot be fingerprinted using the 

hyperfine parameters. In a previous work examining Fe2+ sorption on hematite (α-Fe2O3), 

the hyperfine parameters were used to attempt to discriminate a sorbed Fe2+ signal from a 

mineral species, and it was also concluded that the hyperfine parameters could not be 

used to differentiate between the possible phases (26). 

As mentioned above, the spectra in Figure 6.2 appear to be slightly asymmetrical; 

this is a telling observation, and can be used to gain insight into the hyperfine interactions 

of sorbed Fe2+. In the spectra, the left peaks appear to be narrower and deeper, while the 

right peaks are broader and shorter. The presence of asymmetry is abnormal in a 

spectrum, although it can arise from multiple sources. Fitting of the spectrum determined 

that the two peaks had the same spectral area, which narrows down the potential 

explanations. Note that if the peak areas were different, it would likely be due to an 

unaccounted for Fe3+ phase contained within the left peak, preferential orientation of the 

sample, or the Goldanskii-Karyagin effect, where a sample has orientation-dependent f 

values (8). Asymmetrical doublet peaks have been reported in the literature, and usually 

arise when a sample is poorly structured, such as in metallic glasses and heterogenic 

samples, where there are negligible Fe-Fe interactions (70, 194-197). For sorbed Fe2+, the 

fairly low Fe2+ uptake as compared to the amount of substrate and lack of crystallinity in 

a frozen sorbed sample suggest that the sample is indeed heterogenic and poorly ordered. 
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It has been previously argued that in amorphous samples, CS-QS coupling is 

observed because a considerably large range of CS and QS values exist due to different 

binding environments of the individual 57Fe atoms (e.g., bond lengths, distortions). In a 

more crystalline solid, however, while distortions still exist, the bulk Fe-Fe and 

magnetization interactions dominate the effects of the local changes, effectively washing 

out any potential coupling (71). The implications of this are significant: the observed 

hyperfine parameters for crystalline solids and amorphous samples (i.e., sorbed Fe2+) 

manifest from fundamentally different effects, and can therefore not be compared on an 

interpretative level (71, 198). This means that if a sorbed Fe2+ sample and a crystalline 

Fe2+ sample (e.g., green rust) exhibit similar or identical hyperfine parameters, one 

cannot conclude that the 57Fe atoms have similar local environments. Furthermore, this 

suggests that a range of hyperfine parameters is likely not a good indicator for sorbed 

Fe2+, but instead the appearance of CS-QS coupling may be a better indicator.  

Spectral Asymmetry of Sorbed Fe2+ 

Since asymmetry is rarely observed in environmentally relevant samples, we 

aimed to determine if it could be used to fingerprint sorbed Fe2+ samples. To model and 

interpret asymmetrical doublets with the same area under each peak, researchers have 

invoked the use of a coupling factor (CF), with is a modeling technique which assumes 

that a distribution of local 57Fe  environments exist within a sample (i.e., sample 

heterogeneity). The CF modeling observes that there is a correlation between the 

distribution of CS and QS values within a spectrum (195 and refs. therein). Typically, a 

first-order trend between the CS and QS is assumed, with the CS expressed relative to 

QS: 

 
CS<QS= �  CF K <QS 4 QScRd= � CScRd (6.1) 

Using equation 6.1, a simple linear trend is produced, with the slope (CF) being 

the degree of correlation; it can be seen that if the CF is assumed to be zero, the CS will 
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simply be a constant value (i.e., CSmin). In the literature, both positive and negative CF 

values have been reported (70, 194-197), indicating that the CS and QS can relate to one 

another in fundamentally different ways. Despite our ability to model coupling observed 

in spectra, it still remains unclear as to why the CS and QS should be coupled, or why the 

relationship would be linear (197). It has been proposed that a change in a bond or the 

local environment would affect both the CS (i.e., electron density) and the QS (i.e., 

electron distribution and distortion) in a systematic way among 57Fe isotopes (70, 197).  

Figure 6.4 shows a model fit of the 57Fe2+ sorbed on α-Al2O3 spectra shown in 

Figure 6.2 where a CF was used to model the data, with the Voigt model doing an 

excellent job of capturing all the character of the spectrum (i.e., peak shape and 

intensity). Within Figure 6.4, there is an inset of theoretical spectra with varied coupling 

factors to illustrate the effects of the CF on the left and right peak. Positive CF values 

lead to a narrow left peak and a broad right peak, while negative CF values result in a 

broad left peak and a narrow right peak.  

In most of the sorbed Fe2+ spectra collected in this study (89%), a positive CF 

value was observed (Table 6.2). To better gauge the relationship between the CF and the 

sample type, histograms were created for the CF values observed with each substrate 

(Figure 6.5). For the oxide samples, an apparent normal distribution of CF values is 

observed, with the mean CF value being approximately 0.04. CF values greater than zero 

were also observed for the clay and cell surfaces, although the smaller number of samples 

makes meaningful interpretation difficult. When the data is collected together (Figure 6.5, 

bottom-right panel), the collection of CF values indicates that CFs may be good 

indicators of sorbed Fe2+ within a sample, although the absence of a coupling in a 

spectrum cannot rule out the possibility of sorbed Fe2+. 

It is difficult to access if the observation of asymmetry is consistent with previous 

work. In a previous study which examined Fe2+ sorption on Al and Ti oxides, the spectra 

appear very similar to those in this study, with significant asymmetry observed between 
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the doublet peaks at 4.2 K (24). In other studies examining sorbed Fe2+ on clay and cells 

(23, 199), the spectra all contain significant amounts of Fe3+ which overlaps with the left 

peak. As a result, it would be challenging to discern between the influence of the Fe3+ 

signal and potential coupling effects. 

Fe2+ sorption on cell surfaces and functional groups 

Fe2+ sorption on cell surfaces is a widely studied topic, as the process controls the 

ability for cells to interact with surrounding substates, and can influence the mineralogy 

of Fe in the environment. As a result, several studies have examined which functional 

groups on a cell surface interact with dissolved metals, and specifically Fe2+, due to its 

abundance in the environment (182-184). To determine if the hyperfine parameters could 

elucidate which functional groups were responsible for Fe2+ sorption, sorption 

experiments were conducted for polystyrene beads activated with six unique functional 

groups (Table 6.1). Note that in this study, significantly more uptake was observed on the 

carboxyl and phosphate functional beads (~100 µM) than the others (i.e., amine, sulfate, 

and sulfonate; ~10 µM), although no trend exists between the extent of uptake and the 

observed hyperfine parameters. It is possible that the comparison of the extent of sorption 

may be somewhat biased, as each bead had varying functional group densities, and it is 

unclear how washing the beads influenced the functional site densities.  

To determine if the functionalized beads could be used as an environmental 

analog, we compared the bead hyperfine parameters with those found for the 

environmentally relevant surfaces (Figure 6.6). When the functional group markers are 

plotted along with the other data sets, the hyperfine parameters appear to be markedly 

different that those found for the clay and oxide surfaces, but they do appear to cluster 

around the cell data; in fact, the bead data seems to surround the cell samples. In 

literature regarding Fe2+ sorption on cell surfaces, carboxyl and phosphate functional 

groups are typically thought to be the two dominate sites of sorption on the cell surface 
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(184 and refs. therein). The data appears to be consistent with this possibility, although it 

does not offer conclusive evidence.  

The deviation of the hyperfine parameters for the cells as compared to the beads 

could result from several causes such as a combination of sites being used in cell 

samples, with the observed spectra resulting from an averaging of the hyperfine 

parameters. Another possibility is that the sorption sites on cell surfaces are not identical 

to the simplified functional group analogs used here. Both explanations are plausible and 

could be concurrent. The similarity in the hyperfine parameters, however, is indicative 

that similar reactions are occurring between the bead and cell samples. The oxide QS-CS 

parameters are significantly different, however, which suggests that the bonding 

environment at the oxide surface is somewhat dissimilar to sorption at functional groups. 

 The one outlier in the functional bead data is the amine sample, which exhibits a 

significantly smaller CS than for the other beads (Figure 6.6). The amine group (≡R-NH2) 

is fundamentally different than the other functional groups in that the amine group is a 

Fe-N bond, whereas the others have Fe-O bond. The lower CS indicates that the Fe-N 

bond is weaker than for the Fe-O bonds, which is inconsistent with the spectrochemical 

series (i.e., amine having a weaker binding strength than hydroxyl); note that previous 

work has shown that there is good agreement between the spectrochemical series and CS 

(189). Very little uptake was observed for the amine beads, which may demonstrates that 

there is not a strong affinity by Fe2+ for the beads. A previous study examining Fe2+ 

uptake on cell surface came to a conclusion that the amine group was not a significant 

sorption site for Fe2+ (184). 

The Relationship Between Bulk Solution Conditions and 

Hyperfine Parameters 

To further our understanding of the effect of the solution conditions (i.e., pH, the 

amount of total Fe2+, the amount of sorbed Fe2+) and surface site characteristics influence 
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the hyperfine parameters (i.e., CS, QS, and CF), a sorption isotherm and pH-edge were 

performed for 57Fe2+ uptake on γ-Al 2O3. The isotherm and pH edge are shown in Figure 

6.7. The Fe2+ sorption behavior is typical for uptake on a redox inactive surface: the 

sorption isotherm shows increased Fe2+ uptake with higher Fe2+ dissolved concentrations 

until the isotherm appears to plateau at approximately 3 mM Fe2+ dissolved Fe2+. For the 

pH edge, the extent of Fe2+ uptake increases with increasing pH, a common observation 

for Fe2+ uptake on clay and oxide substrates, which is typically attributed to the surface 

becoming increasingly negatively charged (e.g., 200).  

At each point of the isotherm and pH edge, a Mössbauer spectrum was collected. 

Each spectrum was then fit to determine the hyperfine parameters. In order to discern 

general trends between the bulk conditions and the hyperfine parameters, the CS, QS, and 

CF were plotted against the typical relevant bulk conditions (i.e., pH, the equilibrium 

dissolved Fe2+ concentration, and the amount of Fe2+ sorbed) for the isotherm and pH 

edge (Figure 6.8).  

Prior to examining the data, the expected trends should be outlined. Significant 

previous work has been done examining the relationship of the CS to several 

physiochemical parameters (189 and refs. therein). For instance, observed CS values of 

Fe atoms bound to ligands appear to agree well with the spectrochemical series (i.e., the 

t2g-eg energy gap) (189). Experiments have also shown that the center shift increases with 

electronegativity of ligands (e.g., FeF2 has a significantly larger CS than FeI2 (~0.35 

mm/s)) (189). As discussed above, the CS is related to the electron density at the nucleus, 

and an increase in CS is caused by a decrease in the electron density at the 57Fe atom. For 

a terminal oxygen atom (σ acceptor) at the oxide surface, we would expect that as the 

≡R-O-Fe bond strengthened, and shortened as a result, the CS would decrease as a result 

(assuming no change in the other ligands attached to the Fe2+ atom). 

Interpreting and predicting the behavior of the QS is more difficult. When a 

spectrum is fit, the sign of the QS (i.e., negative or positive) cannot be derived, meaning 
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one cannot determine if the electron field gradient (EFG) shape is flattened (pancake) or 

stretched (rod-shaped). Because of this, it is not possible to predict if the QS should 

increase or decrease as a bond changes. Recent theoretical work has shown that the QS 

should change with a shift in a ligand bond length, but any other changes in the EFG 

would also influence the observed QS (67, 68). The CF has never been interpreted in a 

quantitative manner to our knowledge. We should note, however, that the mere presence 

of a CF suggests that bulk crystalline hyperfine interactions are negligible when 

compared to the local electronic environment of the atom, although it is unclear how the 

CF relates to the degree of local environments dictating the spectrum.  

These expected correlations can now be compared with the experimental trends 

(Figure 6.8). For several of the panels in Figure 6.8, strong linear trends are observed 

between the bulk and hyperfine parameters. Note that the presented data was collected at 

13 K, with identical trends observed in spectra collected 140 K (data in Table 6.2). For 

the pH edge, the CS decreases with increased pH (panel A), which would be indicative of 

a stronger bond forming between the Fe2+ and the ligand as the pH increases. For the 

isotherm data, the CS increases with more Fe2+ sorbed (panel C); this can be rationalized 

by the increasing Fe2+ uptake occurring at progressively weaker binding sites, which 

would exhibit a higher CS.  

It is much more difficult to discern trends between the QS and bulk parameters 

(panels D-F). From inspection, nearly identical trends are seen for both the CS and QS. 

The observed similarities between the CS and QS are in agreement with the apparent 

positive trend observed in Figure 6.6 between the two values. This trend is not related to 

the CF values observed in spectra however, as these trends exist between multiple 

samples collected, and the CF is only used to interpret individual samples. Positive CS-

QS trends between samples have been observed previously for structural Fe2+ in clays as 

well as several other sample types, although the underlying cause remains unknown (180, 

181). What can be said is that the positive correlation between the two parameters 
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suggests that the change in binding environment which affects the CS is also affecting the 

QS.  

The coupling factors are also presented in relation to the bulk conditions (panels 

G-I). For the pH-edge, the CF decreasing with increasing pH and uptake, but for the 

isotherm, the CF remains constant. The decrease in CF is not indicative of a narrowing of 

the QS distributions (width of peaks), as this value remains relatively constant for all 

samples (mean = 0.45±0.02 (σ), n = 6; Table 6.2); instead, the decrease in CF means that 

whatever is causing the coupling is somehow affected by the solution conditions, which 

could be a result of the changing of the other ligand’s bonds.  

Final Comments 

The interpretation of this data set is admittedly speculative. Because Mössbauer 

spectra cannot be derived a priori, progress must be made gradually, with experiments 

used to validate and question existing conclusions. Hypotheses must be formulated 

empirically, which requires additional experiments to validate or reject them. With this in 

mind, the following hypotheses have are proposed here, with the goal of furthering 

progress and discussion regarding characterization of environmental samples at a deeper 

level:  

1. Sorbed Fe2+ can be distinguished from other forms of Fe2+ found in the 

environment by the presence of CS-QS coupling, or spectral asymmetry 

where the two peaks have equal areas.  

2. Sorption of Fe2+ on complex surfaces (e.g., cells) can be interpreted on a 

molecular level by collecting Mössbauer hyperfine parameters of simplified 

analogs.  

3. Observed relative trends between observed CS values and expected 57Fe 

electron densities exhibit good agreement.  
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4. The CS and QS appear to follow a general positive linear correlation for 

sorbed Fe2+ samples. 
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Table 6.1. Supplier, lot, and particle size information of the functionalized polystyrene 
beads used.  

Type Functional Group Diameter (µm) Source Lot No. 

Amine ≡R-NH2 0.66 Bangs Laboratories 847 

Carboxyl  ≡R-C(=O)OH 1.05 Bangs Laboratories 6151 

Hydroxyl ≡R-OH 0.86 Magsphere HY3087B 

Phosphate ≡R-OP(=O)(OH)2 0.50 Kisker GK0480743T 

Sulfate ≡R-OSO3H 1.26 Bangs Laboratories 6060 

Sulfonate ≡R-SO2R' 0.88 Magsphere S3088 
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Table 6.2. Mössbauer hyperfine parameters (CS, QS, QSD, and CF) for sorbed Fe2+ data collected at 13 K and 140 K. The solution 
conditions (pH, [Fe2+]) are provided for each experiment. Reference values are also shown for similar experiments.  

 Sorption Conditions  Mössbauer Parameters 

Sample pH 

Fe2+
init  

(µM) 

Fe2+
sorb 

(µM) 

Fe2+
eq. 

(µM) 

Solids 

conc. 

(g/L)  Temp. (K) CS (mm/s) QS (mm/s) 

QSD 

(mm/s) CF Trace Fe3+ 

Beads 
            

Amine 7.5 ~1000 ~10 990 4  13 1.29 2.92 0.39 0.06 N 

       140 1.25 2.86 0.45 0.06 Y 

Carboxyl  7.5 ~1000 59 940 4  13 1.36 2.97 0.42 0.04 Y 

       140 1.31 2.84 0.47 0.04 Y 

  ~1000 b.d. ~1000 4  13 1.36 2.97 0.43 0.03 Y 

       140 1.32 2.82 0.50 0.02 Y 

Hydroxyl  7.5 ~1000 b.d. ~1000 4  140 1.32 2.96 0.41 0.13 Y 

Phosphate  7.5 ~1000 110 890 4  13 1.38 2.96 0.45 0.05 N 

       140 1.33 2.83 0.49 0.04 N 

Sulfate 7.5 ~1000 b.d. ~1000 4  13 1.39 3.18 0.33 -0.01 N 

       140 1.33 2.94 0.57 -0.02 Y 

  ~1000 ~9 990 4  13 1.38 3.20 0.44 0.07 N 
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Table 6.2 Continued   

    

 Sorption Conditions  Mössbauer Parameters 

Sample pH 

Fe2+
init  

(µM) 

Fe2+
sorb 

(µM) 

Fe2+
eq. 

(µM) 

Solids 

conc. 

(g/L)  Temp. (K) CS (mm/s) QS (mm/s) 

QSD 

(mm/s) CF Trace Fe3+ 

       140 1.33 3.04 0.58 -0.03 Y 

Sulfonate 7.5 ~1000 b.d. ~1000 4  13 1.39 3.13 0.45 0.09 N 

       140 1.28 2.92 0.53 0.07 Y 

             

Cells             

S. putrefaciens 

CN32 
7.4 2127 1483 689 *a  4.2 1.37 3.19 0.30 0.00 N 

        13 1.36 3.07 0.46 0.01 N 

  7.0 991 787 204 *  13 1.36 3.08 0.42 0.01 N 

       140 1.32 2.92 0.45 0.01 N 

S. ojiedensis MR1 7.4 2127 1264 908 *  4.2 1.37 3.17 0.39 0.01 N 

        13 1.37 3.08 0.43 0.02 N 

  7.0 860 586 274 *  140 1.32 2.88 0.47 0.02 N 
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Table 6.2 Continued   

    

 Sorption Conditions  Mössbauer Parameters 

Sample pH 

Fe2+
init  

(µM) 

Fe2+
sorb 

(µM) 

Fe2+
eq. 

(µM) 

Solids 

conc. 

(g/L)  Temp. (K) CS (mm/s) QS (mm/s) 

QSD 

(mm/s) CF Trace Fe3+ 

S..alga BrY 7.0 1016 751 265 *  140 1.33 2.88 0.40 0.02 N 

B. subtilis 7.4 2130 484 1646 *  4.2 1.38 3.18 0.29 0.05 N 

G. Sulfurreducens 7.4 2070 424 1646 *  13 1.36 3.10 0.53 0.01 N 

        140 1.32 3.00 0.54 0.01 N 

B. substlis (199) 4.0      4.2 1.2 3.3 0.2  Y 

 4.0      4.2 1.3 3.4 0.2  Y 

 4.3      4.2 1.15 3.23 0.35  Y 

 4.3      4.2 1.3 3.1 0.34  Y 

 2.6      4.2 1.2 3.4 0.35  Y 

 2.6      4.2 1.2 3.4 0.39  Y 

             

Oxides             

TiO2 (32nm) 7.2 1013 82 931 2  13 1.31 2.71 0.40 0.01 Y 
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Table 6.2 Continued   

    

 Sorption Conditions  Mössbauer Parameters 

Sample pH 

Fe2+
init  

(µM) 

Fe2+
sorb 

(µM) 

Fe2+
eq. 

(µM) 

Solids 

conc. 

(g/L)  Temp. (K) CS (mm/s) QS (mm/s) 

QSD 

(mm/s) CF Trace Fe3+ 

       140 1.25 2.65 0.38 0.04 Y 

 7.5 985 116 869 2  13 1.30 2.73 0.41 0.02 Y 

       140 1.27 2.57 0.40 0.00 Y 

TiO2 (5 nm) 7.5 1009 661 348 2  13 1.30 2.75 0.45 0.01 N 

       140 1.26 2.65 0.45 0.01 N 

γ-Al 2O3 7 101 86 15 20  13 1.31 2.67 0.42 0.05 N 

       140 1.27 2.62 0.41 0.04 N 

 7 489 310 179 20  13 1.32 2.73 0.43 0.05 N 

       140 1.28 2.67 0.42 0.04 N 

 7.1 1044 554 490 20  13 1.32 2.75 0.44 0.04 N 

       140 1.28 2.69 0.43 0.04 N 

 7 3889 861 3028 20  13 1.33 2.78 0.48 0.04 N 

       140 1.29 2.71 0.47 0.03 N 
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Table 6.2 Continued   

    

 Sorption Conditions  Mössbauer Parameters 

Sample pH 

Fe2+
init  

(µM) 

Fe2+
sorb 

(µM) 

Fe2+
eq. 

(µM) 

Solids 

conc. 

(g/L)  Temp. (K) CS (mm/s) QS (mm/s) 

QSD 

(mm/s) CF Trace Fe3+ 

 6.9 9138 762 8376 20  13 1.33 2.80 0.50 0.04 N 

       140 1.29 2.72 0.48 0.03 N 

 5.9 939 65 874 20  13 1.33 2.83 0.44 0.07 N 

       140 1.30 2.76 0.46 0.05 N 

 6.2 996 139 857 20  13 1.33 2.79 0.44 0.06 N 

       140 1.29 2.72 0.44 0.06 N 

 6.6 994 296 698 20  13 1.33 2.77 0.43 0.06 N 

       140 1.28 2.70 0.43 0.05 N 

 7.1 1044 554 490 20  13 1.32 2.75 0.44 0.04 N 

       140 1.28 2.69 0.43 0.04 N 

 7.5 981 612 369 20  13 1.31 2.75 0.45 0.03 N 

       140 1.27 2.69 0.44 0.02 N 

 7.9 930 847 83 20  4.2 1.32 2.73 0.41 0.05 N 
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Table 6.2 Continued   

    

 Sorption Conditions  Mössbauer Parameters 

Sample pH 

Fe2+
init  

(µM) 

Fe2+
sorb 

(µM) 

Fe2+
eq. 

(µM) 

Solids 

conc. 

(g/L)  Temp. (K) CS (mm/s) QS (mm/s) 

QSD 

(mm/s) CF Trace Fe3+ 

       13 1.30 2.74 0.44 0.02 N 

       140 1.26 2.68 0.43 0.02 N 

α-Al2O3 7.0 991 204 788 20  4.2 1.33 2.77 0.35 0.06 N 

       13 1.31 2.75 0.37 0.04 N 

       140 1.28 2.69 0.36 0.03 N 

α-Al2O3 (24) 7.4    10  4.2 1.31 2.68   Y 

TiO2 (24) 7.4    10  4.2 1.32 2.79   Y 

             

Clays             

Montmorillonite 7.8 716 457 259 1  13 1.30 2.79 0.38 0.10 Y 

       140 1.26 2.77 0.34 0.08 Y 

Hectorite 7.8 768 527 241 1  13 1.31 2.70 0.72 0.02 N 

       140 1.28 2.57 0.48 0.00 N 
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Table 6.2 Continued   

    

 Sorption Conditions  Mössbauer Parameters 

Sample pH 

Fe2+
init  

(µM) 

Fe2+
sorb 

(µM) 

Fe2+
eq. 

(µM) 

Solids 

conc. 

(g/L)  Temp. (K) CS (mm/s) QS (mm/s) 

QSD 

(mm/s) CF Trace Fe3+ 

Laponite 7.8 623 452 171 1  13 1.31 2.68 0.69 0.01 N 

       140 1.28 2.57 0.46 0.00 N 

Montmorillonite  4.03 650 n.r. n.r. 10  77 1.34 3.18 n.d. n.r. Y 

      (23) 5.01 650 n.r. n.r. 10  77 1.32 3.08 n.d. n.r. Y 

 6.1 650 n.r. n.r. 10  77 1.30 3.05 n.d. n.r. Y 

 7.08 650 n.r. n.r. 10  77 1.31 2.92 n.d. n.r. Y 

 8.66 650 n.r. n.r. 10  77 1.27 2.93 n.d. n.r. Y 

 4.91 650 n.r. n.r. 10  77 1.29 2.81 n.d. n.r. Y 

Illite (177) ~7      77 1.26 3.02    
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Figure 6.1. Mössbauer spectral diagrams for single-line source (single), a quadrupole split 
source (doublet), and a hyperfine split source (sextet). The hyperfine variables 
(i.e., CS, QS, and H) are illustrated on each spectrum.  
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Figure 6.2. Mössbauer spectrum of 57Fe2+ sorbed on α-Al2O3, a synthetic hectorite, and 
Shewanella alga BrY at 13 K. Experimental conditions: α-Al2O3: [α-Al2O3] = 
20 g/L, [Fe2+] init = 1 mM, pH 7.1, 25 mM PIPES, 10 hr eq. 554 µM Fe2+ 
sorbed; hectorite: [hectorite] = 1 g/L, [Fe2+] init = 0.8 mM, pH 7.8, 25 mM 
PIPPS, 24 hr eq. 527 µM Fe2+ sorbed; S. alga BrY: [cells] ≈ 1010 mL-1, 
[Fe2+] init = 1 mM, pH 7.0, 10 hr eq. 750 µM Fe2+ sorbed.  
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Figure 6.3. Hyperfine parameters for sorbed 57Fe2+ (dark markers) compared to structural 
and frozen Fe2+ (grey markers). Sorbed Fe2+ data was collected at 13 K, the 
values are provided Table 6.2. The structural and frozen Fe2+ data were taken 
from: Green rust, 77 K (201); ferrous hydroxide, 77 K (23); Fe-bearing clays, 
77 K, 16 K, 4 K (8, 195); ferrous phosphates, 77 K (202); and frozen Fe2+, 4.2 
K (203). 
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Figure 6.4. Mössbauer spectrum of 57Fe2+ sorbed on α-Al2O3 at 13 K. Raw data is shown 
(�) with the model fit (—) overlaid.  Experimental conditions: [α-Al2O3] = 
20 g/L, [Fe2+] init = 1 mM, pH 7.1, 25 mM PIPES, 10 hr eq. 554 µM Fe2+ was 
taken up by the particles.  
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Figure 6.5. Frequencies of coupling factors observed in Mössbauer spectra of sorbed Fe2+ 
separated by substrate type (data also in Table 6.2).  
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Figure 6.6. Hyperfine parameters for sorbed Fe2+ at 13 K (black markers). Grey markers 
are for reference data: cells, 4.2 K (199); α-Al2O3 and TiO2, 4.2 K (24); clays, 
77 K (23). 
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Figure 6.7. An Fe2+ sorption isotherm (top) and pH edge (bottom) for 57Fe2+ exposed to γ-
Al2O3. Isotherm experimental conditions: [γ-Al2O3] = 20 g/L, pH 7.0, 25 mM 
PIPES, 10 hr eq. pH-edge experimental conditions: [γ-Al2O3] = 20 g/L, 
[Fe2+] init = 1 mM, 25 mM PIPES , 10 hr eq. 
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Figure 6.8. Scatter plot matrix comparing measured hyperfine parameters (y-axes) and 
bulk solution conditions (x-axes). Filled markers are data from the sorption 
isotherm. Open markers are data from the pH-edge.  
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CHAPTER VII: ENGINEERING AND SCIENTIFIC SIGNIFICANCE 

Summary 

This work sheds new light on the redox reactions which occur between iron 

oxides and groundwater constituents. Previous studies of magnetite contained several 

discrepancies regarding the measured redox potential and reactions with dissolved Fe2+ 

and several environmental contaminants. This work was able to reproduce and explain 

these results by finding the contradictions rooted to the magnetite stoichiometry (x = 

Fe2+/Fe3+), which can vary between x = 0.5 (i.e., stoichiometric) to x = 0 (i.e., completely 

oxidized). Here, we showed that stoichiometry is a critical parameter to consider in 

environmental studies, and should be measured in future work. The three most common 

techniques used to measure stoichiometry and their relative agreements are reviewed in 

Chapter II of this thesis.  

The observation that Fe2+ uptake by magnetite is controlled by the stoichiometry 

has interesting implications for the uptake of Fe2+ by other oxides. Recent work by 

several groups has shown that Fe2+ uptake on other iron oxides also involves electron 

transfer reactions, which may be controlled by a ‘capacity’ for structural Fe2+ as observed 

for magnetite. The fate of a transferred electron to the underlying oxide phase is less 

understood for other minerals, making the potential capacity difficult to access. The 

apparent Nernstian relationship between the redox conditions of the Fe2+-iron oxide 

suspensions observed in Chapter V offers an additional step to making progress in this 

area.   

In Chapter IV, it was shown that redox measurements of magnetite made using a 

powder disk electrode (PDE) setup could be used to accurately predict the reduction rates 

of substituted nitroaromatics using a quantitative structure-activity relationship (QSAR). 

To our knowledge, this is the first example of contaminant reduction rates being 

predicted using only redox measurements for reduced iron oxide suspensions. This 



153 

 

technique may aid in the ability for regulators to better access the fate of contaminants in 

the environment.  

Work using Mössbauer spectroscopy was also carried out to characterize several 

samples of sorbed Fe2+ on Al and Ti oxides, clay minerals, cells, and functionalized 

beads. Sorbed Fe2+ is often difficult to characterize due to its amorphous structure and 

low relative atomic abundance within a sample. Within the literature, there are very few 

reported hyperfine parameters for sorbed Fe2+, making it difficult to compare values 

between studies. Chapter VI provides an extensive collection of measured parameters 

collected under various conditions which can be used in future works. Furthermore, the 

observed asymmetry for sorbed Fe2+ Mössbauer spectra may be used as an indicator for a 

sample being fingerprinted as sorbed Fe2+. 

Recommendation of Future Work 

Using the data presented in Chapters III-V, a conceptual semiconductor model 

can be developed which is based on the photoexcitation of an electron (Figure 7.1). Here, 

sorption of Fe2+ on an oxide surface results in interfacial electron transfer, with a 

structural Fe3+ atom being subsequently reduced to structural Fe2+. The valence electron 

will then undergo promotion from the valence band (VB) to the conduction band (CB) as 

described in Chapter I. The additional electron on the structural Fe2+ atom has three 

possible fates: (i) it can become trapped in a structural defect known as a trapping site (t), 

which exists due to slight imperfections in bonding environments (149); (ii ) the electron 

can reduce an aqueous species, such as a contaminant (nitrobenzene shown), or (iii ) the 

electron may have a sufficiently low potential that reductive dissolution occurs at the 

surface. This model is consistent with the paradigm shift that has recently occurred for 

Fe2+ sorption of Fe3+ oxides which have been outlined in Chapter I, yet validating or 

disproving this model will require further work.  
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The implications of magnetite stoichiometry are likely to impact several 

biogeochemical processes which were not explored in this work. The stoichiometry of 

magnetite found in the environment remains entirely unexplored; in the few studies were 

stoichiometry can be extracted, precaution was not taken to avoid oxidation. For 

microbial iron reduction and oxidation, processes thought to be important in iron redox 

cycling, it is unclear how stoichiometry influences the extent and rate of biological 

respiration. Additionally, it is unclear if the synthesis method, particle size, and probe 

contaminant will influence conclusions presented in this work. For example, it has been 

hypothesized that large particulate magnetite does not oxidize to maghemite, and instead 

directly transforms to hematite (204). 

The utilization of the quantitative structure-activity relationship (QSAR) in 

Chapter IV is the first study to our knowledge that accurately predicted contaminant 

reduction rates using only electrochemical measurements. Reduction of additional 

contaminants still needs to be explored with this model to determine the scope of the 

QSAR. Additionally, measurements made using powder disk electrodes can easily be 

applied to other oxide systems equilibrated with dissolved Fe2+, which will aid in our 

ability to understand and potentially predict contaminant fate in the environment.  

In addition to biogeochemical processes, the importance of stoichiometry in 

determining the redox processes of magnetite expands to several fields of research. 

Magnetite, a semiconductor with an incredibly low band gap (~0.1 eV), has several 

industrial applications which can be foreseen due to the adjustable properties of 

magnetite: (i) the size can range from a few nanometers to several microns, and can be 

coated onto surfaces; (ii ) the redox potential can range over 500 mV as shown in Chapter 

IV; ( iii ) the particles can be easily “recharged” by a reductant or dissolved Fe2+ (Chapter 

III); ( iv) the conductivity and band gap are strongly correlated to the stoichiometry; and 

(v) several works have shown that functional groups can be readily sorbed to the surface 

to further control their reactivity and properties (cite).  
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Other iron oxides, such as hematite and goethite, also have potential industrial 

applications. Leland and Bard previously studied the photochemistry of several iron 

oxide polymorphs (158), and is often cited for demonstrating that iron oxides are poor 

photochemical catalysts (cite). They argued that surface trapping sites are the most likely 

reason for lower than expected electron recoveries. The work presented here, and work 

by other groups (30, 33, 149, 159), indicates that the presence of aqueous Fe2+ can fill 

trapping sites, and may result in significantly more efficient photocatalysis by hematite, 

and potentially other iron oxides. Like magnetite, nanoparticulate and micron-scale iron 

oxides can easily be synthesized and do not involve expensive trace metals, making them 

ideal candidates for green chemistry applications including synthesis of compounds, 

photocatalysis in energy cells and batteries, and several more possibilities which remain 

currently unforeseen.  
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Figure 7.1. Conceptual semiconductor model of iron oxide suspensions in the presence of 
aqueous Fe2+. Here, a sorbed aqueous Fe2+ atom subsequently reduces a 
structural Fe3+ atom, which promotes the additional electron from the valence 
band (VB) to the conduction band (CB). The electron can then become 
trapped in a crystalline defect (t), undergo reductive dissolution as aqueous 
Fe2+, or reduce an aqueous reductant such as nitrobenzene (ArNO2).   
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APPENDIX A: SUPPLEMENTAL INFORMATION 

Supplemental Information for Chapter III 

Figures and Tables 

Figure A.1. A representative transmission electron microscopy (TEM) of the magnetite 
used in this study, with the particles typically ~ 20 nm in size, with spherical 
morphology.  
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Figure A.2. (A) Powder X-ray diffraction patterns of magnetite synthesized from 56Fe 
metal and naturally abundant Fe-salts. All the observed peaks corresponded to 
magnetite, with no observable difference between the two patterns. (B) 
Mössbauer spectra of 20 mg of 56magnetite and INmagnetite collected at 140 
K.  
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Figure A.3. FeII uptake reported for magnetite batches of varying stoichiometries from 
Figure 3.1. The data shown was collected with an initial aqueous FeII 
concentration of 3 mM. The theoretical fit model was calculated assuming that 
the particle would go to stoichiometric magnetite (x = 0.5), using a mass 
balance approach with 1 g/L initial solids.  
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Figure A.4. Observed trend of the calculated x values after FeII uptake to the x value 
measured from dissolution in Figure 3.4. For the linear fit, m= 0.91; R2 = 
0.88; n = 32.  



 

 

1
61

 

 
Table A.1. Data shown in Figures 3.3, 3.4, and A.3. Experimental conditions: 50 mM MOPS buffer at pH 7.2, 24 hour equil, 1 g/L 

solids. x theor. was calculated using the method shown in Calculation A.2.  

Initial 
(µM) 

Final 
(µM) 

Sorbed 
(µM) 

x 
meas 

x 
theor. 

Initial 
(µM) 

Final 
(µM) 

Sorbed 
(µM) 

x 
meas 

x 
theor. 

Initial 
(µM) 

Final 
(µM) 

Sorbed 
(µM) 

x 
meas 

x 
theor. 

Initial 
(µM) 

Final 
(µM) 

Sorbed 
(µM) 

x 
meas 

x 
theor. 

0 0 0 0.28 0.28 0 0 0 0.33 0.33 0 0 0 0.41 0.41 0 0 0 0.48 0.48 

15 14 1 0.27 0.28 12 26 -14 0.33 0.33 12 16 -4 0.34 0.41 24 156 -132 0.46 0.46 

242 12 230 0.30 0.30 258 26 232 0.35 0.35 263 20 243 0.41 0.44 263 286 -22 0.49 0.48 

474 14 460 0.31 0.33 510 56 454 0.38 0.38 536 58 478 0.46 0.46 518 462 55 0.47 0.49 

690 52 637 0.35 0.34 782 148 634 0.40 0.40 771 157 614 0.49 0.48 767 615 152 0.50 0.50 

912 112 801 0.37 0.36 1028 293 735 0.42 0.41 1011 323 688 0.49 0.49 1027 854 173 0.48 0.50 

1379 380 1000 0.39 0.38 1489 517 973 0.47 0.43 2056 1170 886 0.52 0.51 1520 1299 221 0.50 0.51 

1845 623 1222 0.44 0.40 1989 817 1172 0.49 0.45 3011 2144 867 0.51 0.50 2047 1743 303 0.50 0.51 

2786 1310 1476 0.49 0.43 2456 1126 1329 0.50 0.47      2989 2622 367 0.52 0.52 

     3855 2555 1300 0.51 0.46           
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Figure A.5. Reduction of nitrobenzene to aniline by non-stoichiometric magnetite (x = 
0.31). Experimental conditions: 50 mM MOPS buffer at pH 7.2, 1 g/L solids, 
40 µM nitrobenzene.  
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Mössbauer Fitting Notes 

Samples were prepared by filtering suspensions onto 13 mm filter disks in an 

anaerobic glove box. Air was then passed through the filter housing several times to 

remove excess moisture prior to mounting the sample between two pieces of Kapton tape 

to avoid oxidation when the sample was removed from the glove box. Spectra were then 

collected in transmission mode with a constant acceleration drive system, with a 57Co 

source ranging from 30-50 mCi. Data were calibrated against α-Fe metal foil collected at 

room temperature. Spectral fitting was done using the Recoil software package, as 

described in detail below (University of Ottawa, Ottawa, Canada). Spectra were collected 

at room temperature, with the sample subsequently cooled to lower temperatures 

(typically 140 K, 77 K, and 13 K) for data collection.  

Spectra collected at all temperatures suggested only the presence of magnetite and 

maghemite in the signal, but only the 140 K spectra are presented, as lowering the 

temperature  maximized the clarity due to size and surface effects diminished the quality 

of higher temperature spectra (205). Spectra collected below the Verwey transition (121 

K) produce very complex spectra, with five to six sextets used to model the signal, 

making quantitative interpretation virtually impossible (206-208). The challenge with this 

technique was that little literature existed on modeling magnetite at this temperature, but 

due to the small particulate magnetite used, room temperature spectra could only be used 

qualitatively due to collapsing of the observed signal.  

Magnetite spectra at 140 K manifests in the observation of two sextets, one 

corresponding to the OctFe2.5+ signal, and the other representing the OctFe3+ and TetFe3+ 

signals. One can then model the magnetite in order to determine the Fe2+ content of the 

magnetite by the formula:  

 
xMössbauer= 

1

2
Fe

2.5�Oct

1

2
Fe

2.5�Oct

+ Fe
3�Tet

 = 
Fe

2+

Fe
3+

 (A.1) 
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Fitting of these two sextets is non-trivial, as the underlying assumptions of model 

type produces significantly different results. In this study, the magnetite spectra were fit 

using three model types: Lorentzian, Voigt-based fitting (VBF), and Extended Voigt-

based fitting (xVBF) using Recoil software package. Previous work has shown that a 

solid contains probe nuclei in several different local environments, with each local 

environment having slightly different hyperfine parameters (70). In a Lorentzian fit, only 

one local environment is assumed, with the natural line-width of Mössbauer signal (an 

intrinsic constant, 0.097 mm/s) is broadened to account for this distribution, which is an 

inaccurate physical model. VBF, however, uses a Gaussian distribution of Lorentzian 

lines to account for the distribution of local environments, which more accurately 

describes the likely environment on a physical level. xVBF is a more complex fitting 

method, which allows for the linear coupling of unique parameters (center shift, 

quadrupole shift, hyperfine field), and provides a more rigorous fit due to the addition of 

adjustable parameters (99).  

xVBF fitting was chosen as the final fit type due to the accuracy of the final fit 

that could be achieved based on the χ
2 value and the appearance. Fits were achieved using 

two sextets (OctFe2.5+ and TetFe3+,OctFe3+). Each sextet was fit using two components for 

the hyperfine field, with one component accounting for interline broadening that was 

observed in spectrum. Additional components were attempted, but the fit was not 

significantly improved, and in some cases unrealistic values were produced. No coupling 

parameters were allowed to float in the fitting process, but relative areas of peak 

intensities did float, with minor shifts from the ideal 3:2:1 ratio observed. The x = 0.48 

magnetite was fit initially, with the fit saved and applied to other spectra, floating all 

variables. The linewidth and background were also held constant through the fitting 

process.  
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Calculations 

Calculation A.1. Theoretical calculation for Figure 3.2 

For 1 g/L magnetite: 

 

1 
g

L� Fe3O4×
mol

231.54g
×

3 Fe

mol Fe3O4
=12.96 mM Fe  

 

1.5 mM 56Fe2+ sorbed from solution 

 

Assume 2/3 of the sorbed Fe2+ undergoes electron transfer, with the other 1/3 remaining 

Fe2+ to form stoichiometric magnetite in the growth phase. As a result, 1.0 mM electrons 

transferred to the underlying magnetite.  

 

1.0 mM/12.96 mM = 7.7% of the underlying oxide reduced.  

 

For every one electron transferred, two OctFe3+ are reduced to two OctFe2.5+ atoms.  

 

Expected increase in OctFe2.5+ = 2*7.7% = 15.4% 

 

The observed spectral OctFe2.5+ change from Figure 3.2A to 3.2B = 12.4% (Table 3.1). 

Calculation A.2. Theoretical x values 

The stoichiometry of the magnetite particles measured by dissolution (xdissolution)  is used 

to determine the percentage of maghemite in the particle. From that we can determine 

how much Fe2+ would be required to reduce the phase to stoichiometric magnetite. 
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For 1 g/L magnetite (Fe3O4): 

 

1 
g

L� Fe3O4×
mol

231.54g
×

3 Fe

mol Fe3O4
=12.96 mM Fe  

 

4.32 mM Fe2+ 

8.64 mM Fe3+ 

12.96 mM Total Fe 

 

For 1 g/L maghemite (Fe2O3) 

 

1 
g

L� Fe2O3×
mol

159.69g
×

2 Fe

mol Fe2O3
=12.52 mM Fe  

 

Variables 

 

M = % Magnetite 

Mh = % Maghemite  

x = Fe2+/Fe3+ 

 

Calculations 

The calculation of the Fe2+ and Fe3+ concentrations can be made in relation to percent 

magnetite and maghemite (in mM): 

 

[Fe2+] = M*4.32 

[Fe3+] = 12.52*Mh + 8.64*M 
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M = 1 – Mh (Mass balance, M + Mh = 1 assuming all iron is either maghemite or 

magnetite) 

[Fe3+] = 12.52*(1-M) + 8.64*M 

[Fe3+] = 12.52 – 3.88*M 

 

x can then be expressed relative to the ‘percent magnetite’ of the sample: 

x=
Fe2+

Fe3+
=

4.32×M

12.52-3.88×M
 

 

Using algebra, the equation can also be expressed as: 

M= 
12.52

4.32
x� +3.88

 

 

For Figure A.2, the amount of Fe2+ needed to reach x = 0.5 was calculated.  

x=
4.32×M+Sorbed FeII

12.52-3.88×M
 

 

Plugging in x = 0.5: 

0.5=
4.32×M+Sorbed FeII

12.52-3.88×M
 

 

0.5*(12.52-3.88*M) = 4.32*M + Sorbed FeII 

 

The amount of FeII needed can be expressed relative to the percent magnetite or x: 

Sorbed FeII= 6.26×(1-M) = 6.26×(Mh)  

 

Sorbed FeII= 6.26×(1-
12.52

4.32
x� +3.88

) 
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Supplemental Information for Chapter IV 

Chemicals and Instrumentation Used 

Chemicals used: 

MOPS buffer: Research Product International Corporation, >99% 

Ferrous chloride (anyhydrous): Fisher Scientific, 99.99% 

Ferric chloride (anhydrous, lump): Fisher Scientific, >97% 

H2O2: Fisher Scientific, 30% 

Methanol: Burdick and Jackson, >99.9% 

Aniline, Fisher Scientific, 99.9% 

Nitrobenzene, Fisher Scientific, 99.9% 

2-Me-Aniline, Acros Organics, 99% 

2-Me-Nitrobenzene, Acros Organics, 99% 

3-Cl-Aniline, Acros Organics, 99% 

3-Cl-Nitrobenzene, Acros Organics, 98% 

 

Instruments used: 

TEM: Joel 1230 TEM 

pXRD: Rigaku Miniflex II, equipped with a Co source 

57Fe Mössbauer spectrometer: 13 K He system equipped with a ~30 mCu 57Co source 

from Science Engineering and Education Co. 

HPLC: Agilent 1100 Series HPLC 

BET: Automated surface area analyzer, Quantachrome BET Nova 4200e 
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Figures and Tables 

Table A.2. Measured EOCP of magnetites with varying stoichiometries after 60 minutes 
equilibration; data shown in Figure 4.5. Measurements reported are of single 
specimens; when sufficient material was available, duplicate EOCP 
measurements were done, and the results generally agreed within 5%. σx < 
0.01 for all batches.  

x = Fe2+/Fe3+ EOCP
a
 (V vs. SHE) 

0.50 -0.477 

0.49 -0.464 

0.42 -0.298 

0.36 -0.258 

0.31 -0.253 

0.28 -0.182 

0.33 -0.262 

0.22 -0.010 

0.17 +0.047 

a Open-circuit potential.  
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Figure A.6. First-order plot for 2-Me-ArNO2 reduction by magnetite with different 
stoichiometries (x = Fe2+/Fe3+). Legend: � x = 0.50, � x = 0.48, � x = 0.42, 
� x = 0.36,  x = 0.31. Experimental conditions: 1 g/L magnetite, pH 7.2, 50 
mM MOPS buffer, 1 hour equilibration prior to addition of 2-Me-ArNO2, [2-
Me-ArNO2]0 = 40 µM. 
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Figure A.7. First-order plot for 3-Cl-ArNO2 reduction by magnetite with different 
stoichiometries (x = Fe2+/Fe3+). Legend: � x = 0.50, � x = 0.48, � x = 0.42, 
� x = 0.36,  x = 0.31. Experimental conditions: 1 g/L magnetite, pH 7.2, 50 
mM MOPS buffer, 1 hour equilibration prior to addition of 3-Cl-ArNO2, [3-
Cl-ArNO2]0 = 40 µM. 
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Figure A.8. First-order kinetics of substituted nitrobenzene compounds by magnetites of 
varying stoichiometries (x = Fe2+/Fe3+). Experimental conditions: pH 7.2, 50 
mM MOPS, 1 g/L magnetite, 40 µM nitrobenzene. First-order linear fits are 
presented in Table 4.1.    
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Figure A.9. The measured open-circuit potentials (EOCP) of magnetite-packed electrodes 
in N2 purged 50 mM MOPS, pH 7.2. The written values on the Figure are the 
stoichiometry (x = Fe2+/Fe3+) for each sample. Values shown are in reference 
to SHE.  
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Calculations 

Calculation A.3. Production of the calculated rates in Figure 4.7.  

Example calculation for ArNO2 reduction by magnetite. Note for substituted 

nitroaromatics (or other contaminants), Eh
1’ will be the only variable that changes; thus, 

the y-intercept will shift, but the slope will still be dependent only on EOCP(x).  

 

Ek�ll<�= �  >?�′ 4 E@AB<�= 

For ArNO2: (Eh
1’ = -0.485 V) 

Ek�ll<�= �  V40.485 H— <41.52<�= � 0.28 V=Y 
Ek�ll<�= �  V40.765 H � 1.52<�=Y 
lnVk<�=Y �  α 4nFRT VEk�ll<�=Y � β 

 

n = 1; F = 96.485 kC; R = Ideal gas constant, T = absolute temperature (298 K here) 

Assume α = 1 (adiabatic); β = 0 (allow Ea to determine intercept) 

 

lnVk<�=Y �  429.8 � 59.2<�= 
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APPENDIX B: CONNECTING OBSERVATIONS OF HEMATITE 

(α-Fe2O3) GROWTH CATALYZED BY Fe(II)4 

Abstract 

Electron exchange between aqueous Fe(II) and structural Fe(III) in iron oxides 

and oxyhydroxides is important for understanding degradation of environmental 

pollutants through its apparent constitutive role underlying highly reactive “sorbed 

Fe(II)” and by catalyzing phase interconversion among these minerals. Although a 

mechanistic understanding of relationships between interfacial Fe(II)ads-Fe(III)oxide 

electron transfer, bulk electron conduction, Fe(II) release, and phase transformation 

behavior is emerging, much remains unclear in part due to poorly interconnected 

investigations.  The focus of this study is on reconciling two mutually similar 

observations of Fe(II)-catalyzed hematite growth documented spectroscopically and 

microscopically under substantially different chemical conditions. Here we employ iron 

isotopic labeling to demonstrate that hematite grown on the (001) surface in Fe(II)-

oxalate solution at pH 2.10 and 348 K has temperature-dependent magnetic properties 

that closely correspond to those of hematite grown in Fe(II) solution at pH 7.4 and room 

temperature.  The temperature evolution and extent of the Morin transition displayed in 

these two materials strongly suggest a mechanistic link between the two studies, and that 

this mechanism involves in part trace structural Fe(II) incorporation into the growing 

hematite. Our findings indicate that Fe(II) catalyzed growth of hematite on hematite can 

occur under environmentally relevant conditions and may be due to bulk electron 

conduction previously demonstrated for hematite single crystals. 

                                                 
4 K.M. Rosso, S.V. Yanina, C.A. Gorski,  P. Larese-Casanova, and M.M. Scherer. Connecting 

observations of hematite (α-Fe2O3) growth catalyzed by Fe(II). Environmental Science and 
Technology. 2009, In press. 
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Introduction  

Electron exchange between aqueous Fe(II) and structural Fe(III) in iron oxides 

and oxyhydroxides is a natural process capable of important direct and indirect linkages 

to the degradation or mobility of environmental pollutants.  For example, it appears to 

comprise a key characteristic of highly reactive putatively “sorbed Fe(II)” pools on these 

minerals that yield kinetically enhanced reduction of redox-active contaminants (13, 20, 

143).  Electron exchange between aqueous Fe(II) and structural Fe(III) is also 

fundamental to redox transformations of iron oxide and oxyhydroxide minerals from one 

phase to another, which impacts the nature and availability of the reactive surface sites 

provided by this widespread class of high specific surface area subsurface sorbents (1). 

The electron transfer step, entailing reduction of lattice Fe(III) to Fe(II) through a 

surface adduct with adsorbed Fe(II) – the electron donor, was deduced in early research 

(85, 209, 210) and more recently has been directly implicated (24, 26-30).  Also, because 

many iron oxides and oxyhydroxides are electrical semiconductors with significant 

charge carrier mobilities (158, 211, 212), electron transfer into the solid has long been 

speculated or known to couple with spontaneous electron conduction, such that injected 

electrons are somewhat free to move about in the solid or solid surface to remote 

locations (30, 85, 149, 154, 157, 213, 214).  The dynamics of diffusive mobility of 

injected electrons and its relationship to crystalline structure for these materials has been 

examined in detail with computational methods from first principles, and generally 

validates this picture (215-221). 

The relationship between interfacial Fe(II)ads-Fe(III)oxide electron transfer, bulk 

electron conduction, and phase transformation behavior remains poorly understood.  

They appear intimately linked in the topotactic transformation between maghemite and 

magnetite (29, 54, 85).  Recent studies of Fe(II) interaction with fine-grained hematite 

and goethite powder, under circumneutral pH and low [Fe(II)] where conversion to 

magnetite is avoided, provide strong evidence for interfacial Fe(II)ads-Fe(III)oxide electron 
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transfer without change in mineralogy (22, 24, 26-29, 140, 222).  In these instances, 

Fe(II) appears to catalyze recrystallization of the solid.  Ostensibly, this occurs by 

oxidative adsorption of Fe(II) coupled to remote reductive dissolution of Fe(III) by 

surface or bulk conduction, yielding a combined electron and iron atom exchange 

process. However, a complete picture is yet to emerge.  Current findings are not without 

some apparent contradictions, and the existing set of observations remain poorly 

interconnected due to significant differences in approach, experimental conditions, and 

degree of conclusiveness.   

Two recent studies involving Fe(II)/hematite interaction performed with very 

different approaches and conditions have intriguingly similar conclusions.  Larese-

Casanova and Scherer (26) used the 57Fe specificity of Mössbauer spectroscopy to 

examine the interaction of 57Fe(II) with synthetic α-56Fe2O3 powder (hereafter 56hematite) 

anoxically at room temperature over a range of Fe(II) concentrations and pH values.  At 

pH 7.4 with sorbed Fe(II) concentrations estimated to be lower than site saturation, these 

workers spectroscopically documented growth of a 57Fe-bearing hematite surface layer 

formed from 57Fe(II) oxidation by structural 56Fe(III) at the 56hematite surface.  By 

examining the temperature dependence of the Mössbauer spectra, the hematite surface 

layer was found to have a partially suppressed Morin transition.  Pure bulk hematite is 

weakly ferromagnetic (WF) above the Morin transition temperature TM ~ 265 K (223, 

224), and antiferromagnetic (AF) below.  The WF phase entails alignment of unpaired 

spins contributed by high-spin Fe 3d5 electrons along the basal (001) plane in a nearly 

antiparallel fashion, whereas the AF phase entails antiparallel spin alignment along the 

[001] direction with no net magnetic moment.  With decreasing temperature, the spin-flip 

transition to the AF phase is complete; the WF phase is gone typically within a few 

degrees of TM.  However, certain impurities and structural defects are known to suppress 

TM even in low concentrations (225).  In the study by Larese-Casanova and Scherer (26), 

the Fe(II)-catalyzed hematite surface layer never completes the Morin transition, that is, 
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the WF phase persists down to 13 K.  In a follow-up Mössbauer study using reversed Fe 

isotopes, Larese-Casanova and Scherer (27) examined the magnetic properties of 

57hematite after exposure to 56Fe(II).  Suppression of TM to below 13 K was also observed 

for this system using equivalent conditions.  Lattice 57Fe(II) was not directly observed, 

attributed to valence interchange and electron hopping mobility faster than observable by 

Mössbauer spectroscopy, consistent with theoretical predictions (221). 

The second study of interest was reported by Yanina and Rosso (30).  

Macroscopic single crystals of hematite with oriented surfaces and synthetic tabular 

hematite platelets were exposed to a variety of anoxic, low pH, Fe(II) solutions that 

included oxalate anions to achieve conditions consistent with ligand-assisted dissolution 

“catalytically enhanced” by Fe(II) (214, 226).  Fe(II) was the only available reductant and 

was present at concentrations similar to those in Larese-Casanova and Scherer (26).  The 

structure, composition, and morphology of basal and edge surfaces was examined before 

and after reaction, which showed that while most surfaces dissolve, the basal (001) 

surface grows large amounts of additional hematite.  Using controlled exposure of 

specific surface types, and measurements of surface potential differences and bulk 

electrical conductivity, the interaction of Fe(II) with hematite was deduced to initiate two 

distinct but coupled surface-specific interfacial processes: i.) hematite growth on (001) by 

net Fe(II) oxidative adsorption at this surface, and ii.) dissolution of edge surfaces by net 

internal reduction of lattice Fe(III) at edge surfaces yielding Fe(II) release.  Edge surface 

Fe(III) effectively serves as the oxidant for Fe(II) adsorbed on the (001) surface, and 

electron exchange between these sites is facilitated by bulk electrical conduction (30). 

The focus of the present study is on the mutually similar conclusions in Larese-

Casanova and Scherer (26) and in Yanina and Rosso (30) that Fe(II) interaction with 

hematite causes hematite deposition by Fe(II)ads-Fe(III)oxide interfacial electron transfer 

into the solid.  While similar Fe(II) concentrations were used in both studies, different pH 

regimes, the presence of iron chelating ligands, and hematite materials that differ 
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substantially in their origin, preparation, crystal sizes and morphologies make it unclear 

whether the observations were due to similar mechanisms.  Here we address this issue by 

applying the surface-specific methods and conditions of Yanina and Rosso (30) to yield 

Fe(II)-catalyzed hematite growth on the (001) surface, and we use iron isotopes and 

Mössbauer characterization similar to Larese-Casanova and Scherer (26) to characterize 

the magnetic properties of the deposited hematite alone.  The hypothesis is that if the 

hematite growth mechanism observed in both studies is similar, hematite grown on the 

(001) surface will also display Morin transition suppression with characteristics close to 

that documented in Larese-Casanova and Scherer (26).  Because the temperature 

dependence of the Morin transition is sensitive to the degree of hematite crystal 

perfection, close correspondence in the temperature dependence would be a compelling 

argument that the deposited hematite in the two studies has similar mechanistic origins 

despite the different conditions and materials used.  Specifically, the Fe(II) oxidative 

adsorption process causing hematite deposition observed by Larese-Casanova and 

Scherer (26) could be driven by preferential Fe(II) adsorption and electron transfer to 

lattice Fe(III) at specific crystallographic surfaces or sites, with bulk electron conduction 

flowing down a surface potential gradient to remote electron accepting Fe(III) sites of 

relatively high oxidation potential favoring Fe(II) release, as deduced by Yanina and 

Rosso (30).   

Materials and Methods 

Synthetic tabular hematite powders were grown similar to those used in Yanina 

and Rosso (30) following a hydrothermal recipe (227).  57Fe is the signal-generating 

isotope for Mössbauer measurements. Two hematite samples were synthesized: (1) non-

isotopically selective hematite containing iron isotopes at natural abundance (~2.2% 57Fe; 

hereafter termed NAhematite), and (2) isotopically enriched 56hematite (>99% 56Fe) 

(Supporting Information, Appendix A) intended as a Mössbauer-transparent sample.  In 
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both cases, resulting hematite platelets had a euhedral platy hexagonal habit with large 

smooth (001) surfaces bounded by (012) edge terminations.  X-ray diffraction (XRD) 

showed that both materials so obtained consisted primarily of hematite with trace 

deposits of nanocrystalline goethite.  Trace goethite was eliminated by conversion to 

hematite from annealing in air at 873 K overnight.  This step also eliminates trapped 

H2O/OH− (228) 

The anoxic reaction of hematite with Fe(II) in oxalate results in the preferential 

growth of hematite on the (001) surface (30), presumably towards a new equilibrium 

crystal morphology under these conditions. The present study utilizes 57Fe(II)-oxalate 

reaction mixtures with 1 mM 57FeCl2 and 10 mM oxalic acid; the pH was adjusted to 2.10 

using HCl (see Supporting Information, Appendix A). Reaction runs were performed 

using a digestion bomb setup (30), where ~ 10 mg of hematite and 125 mL of the 

57Fe(II)-oxalate solution were placed in a cylindrical Teflon™ vessel (~ 125 mL 

capacity) within the glove box and tightly covered with a Teflon™ lid.  The covered 

vessel was placed inside the digestion bomb (Parr Instrument Co., Moline, IL, USA) 

which was then sealed.  Reaction runs were performed with precisely controlled 

temperature (75±2ºC) and shaking (~ 150 rpm) for 24 h as described in Supporting 

Information, Appendix A.  

XRD and scanning electron microscopy (SEM) analyses of hematite before and 

after reaction were performed at Pacific Northwest National Laboratory, while 

Mössbauer analyses were performed at the University of Iowa on samples from parallel 

runs, with sample handling as described in Supporting Information, Appendix A. 

Mössbauer spectra were collected in the 13-298 K temperature range using methods 

described earlier (26). All spectra are reported in reference to α-Fe foil calibration room 

temp spectrum. Spectra were fit using Recoil software package (University of Ottawa, 

Ottawa, Canada). Three unique models were used to fit spectra to attempt to minimize 

model-bias and provide a range of plausible parameters. The models used were the 
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Lorentzian, Voigt (70), and extended-Voigt (99). Parameters were set initially to 

references values, then allowed to vary using a least-squares optimization. For all fits, the 

3:2:1 peak ratio was held constant, and the linewidth was fixed at 0.12 for the Voigt and 

extended-Voigt fits, as it was determined to be the instrumental linewidth. Here, we 

report the Lorentzian fits, as they were the most conservative estimates of relative areas; 

the Voigt and extended-Voigt parameters and fitting standard deviations can be found in 

Tables B.3 and B.4 in Supporting Information, Appendix A. Fitting of 57Fe(II) spectra 

typically showed the following standard deviations in parameters 0.01 mm/s (CS), 0.04 

mm/s (QS), 0.1 T (H), and 0.5% (relative area). For the natural abundance samples, the 

standard deviations were below the significant Figures presented here.   

All solutions were prepared from deionized anoxic H2O from boiling Milli-Q 

water under vacuum (resistance >18 MΩ) with the residual dissolved oxygen content 

determined to be below 1 ppb based upon Rhodazine D™ colorimetric analysis 

(CHEMetrics, Inc., Calverton, VA, USA).  Solutions were prepared in the dark under 

nitrogen atmosphere from liquid N2 evaporation inside an oxygen-monitored glove box 

(nominal pO2≤1.0 ppm) using oxalic acid (99.999%, purified), and HCl (ACS reagent 

grade) for pH adjustment to 2.10.  Isotopically pure 57Fe(II)-oxalate solutions were 

produced as follows:  A weighed amount of metallic 57Fe was placed into 5 mL of a 

concentrated solution of oxalic acid and HCl prepared with anoxic H2O, which was left to 

fully digest overnight inside the glove box. The next day, the solution was filtered with 

cellulose Millipore™ filters (20 µm pore size) and diluted to yield a solution of 1 mM 

ferrous iron chloride and 10 mM oxalate.  Isotopically pure (>99%) metallic 56Fe and 

57Fe was obtained from Cambridge Isotopes (Cambridge, MA).  All solutions were 

prepared immediately prior to the experiments. All glassware, plastic bottles and 

Teflon™ parts used in the experiments were cleaned in 5 M HCl, 10% HNO3 and 

deionized H2O prior to experiments. 
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Reaction runs in the digestion bomb were performed as follows.  For the purpose 

of monitoring the internal temperature, a K-type thermocouple (Omega Engineering, 

Stamford, CT, USA) was placed in contact with the lid of the vessel in the interior of the 

bomb. The bomb was tightly sealed and enclosed in a heating mantle (Barnstead 

International, Dubuque, IA, USA) that was placed on an orbital shaker moving at a rate 

of ~ 150 rpm.  The temperature of the external bomb sheath was monitored separately 

with a K-type thermocouple attached to the body of the bomb. The bomb was heated for 

45 minutes up to 75±2ºC and held at this temperature for 24 hours. During a run, the 

temperature inside the reaction vessel did not deviate from the temperature of the external 

bomb sheath by more than ± 2 K. Upon completion of a run, the bomb was cooled in an 

ice bath for two to five minutes. 

  For XRD and SEM analyses of reacted samples, the vessels were opened in air 

with no concern for oxidation, the reaction solution was decanted, and the powders were 

washed with deionized H2O and placed onto glass dishes to dry.  Previous work has 

shown that the grown material is hematite (13) and therefore insensitive to oxidation.  

Fe(II) was found to be sufficiently stable with respect to oxidation at low pH such that the 

rinsing and drying treatment did not deposit unwanted Fe(III) solids on the sample 

surfaces detectable by XRD, SEM, nor Mössbauer analysis.  For Mössbauer 

characterization, samples from parallel runs were sent in their sealed reaction vessels to 

the University of Iowa.  At the University of Iowa, the vessels were opened in air, 

powders were collected and mounted on Kapton™ tape for analysis. 

Results and Discussion 

The conceptual model for these experiments can be illustrated as shown in Figure 

B.1.  The objective of the present study is to catalytically grow hematite on hematite 

parent crystals by reaction in Fe(II)-oxalate solution (30) and to characterize the magnetic 

properties of the deposited hematite alone without significant contribution from the 
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underlying hematite.  The underlying hematite must be Mössbauer-transparent, and the 

deposited hematite must be sufficiently enriched in 57Fe and present in sufficient amounts 

for detection.  To accomplish this, a tabular platelet morphology of 56hematite was 

exposed to 57Fe(II)-oxalate solution.  The hematite platelets are bounded at their edges by 

(012) surfaces (1), which under our conditions are expected to dissolve as the (001) 

surface grows.  The reaction of interest is net oxidative adsorption of 57Fe(II) at the (001) 

surface of 56hematite platelets.  This process is expected to be simultaneously coupled to 

release of 56Fe(II) from (012) edge surfaces by capture of electrons being injected into the 

(001) surface, in principle in a one-for-one atom exchange fashion (30).  The solution, 

although initially pure in 57Fe(II), progressively becomes a mixture of 57Fe/56Fe over the 

course of the reaction.  However, as long as the amount of 57Fe in solution remains much 

greater than the amount of contributed 56Fe, the hematite deposited on the (001) surface 

should at all times be isotopically enriched in 57Fe, while the underlying original hematite 

remains composed of Mössbauer-transparent 56Fe.  The presence of oxalate also provides 

a means for 56Fe release, in this case by chelation of surface Fe(III) or Fe(II) (221).  The 

apparent one-for-one iron atom exchange process described above can be considered a 

“sub-system” within an overall process that entails net iron release into solution by 

ligand-assisted dissolution.  Nonetheless, because the solid to solution ratio (0.08 g/L) 

was chosen to be small enough such that any released 56Fe over the time frame of the 

experiment would remain at least 2x less concentrated than 57Fe, 57Fe enrichment of the 

grown hematite is the expectation. 

The two hematite samples, 56hematite and NAhematite, were pre-characterized by 

SEM for crystal morphology, XRD for phase identification and to assess phase purity and 

crystallinity, and electron microprobe spectrometry for compositional purity. SEM 

showed that initial platelets had a euhedral tabular hexagonal habit with large flat (001) 

surfaces (Figure B.2a).  Lateral dimensions ranged between approximately 2-15 µm and 

platelet thickness ranged between approximately 0.5-2.0 µm; the samples were not 
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monodisperse.  The morphology and (001) surface details of hematite platelets 

synthesized in the same fashion were earlier characterized in detail by atomic force 

microscopy in (221).  Powder XRD Rietveld structure refinement of these materials 

confirmed that they consisted of pure hematite with hexagonal unit cell parameters 

a=5.032 Å and c=13.739 Å.  Electron microprobe analysis showed that these hematites 

had ideal Fe2O3 stoichiometry within measurement error. 

To establish a reference for characterizing the deposited hematite, the magnetic 

properties of unreacted NAhematite were assessed by collecting spectra at temperatures 

ranging from room temperature to 13 K (Figure B.3).  The spectra displayed the 

characteristic sextet of high-spin octahedral Fe(III) with spectral parameters (center shift 

(CS), quadrupole splitting (QS), and hyperfine magnetic field (H) values consistent with 

those of pure bulk hematite (26, 27) (Table B.1).  At 298 K, NAhematite was found to be 

fully in the WF state.  Upon cooling, the NAhematite is observed to start the Morin 

transition between 270-230 K and is fully in the AF state by 140 K.  The measured TM 

for NAhematite, taken as the temperature at which the two magnetic phases exist in equal 

proportions according to integrated peak areas, was ~ 250 K.  Although pure bulk 

hematite nominally has a TM ~ 265 K, the measured value is within the range of a survey 

of reported TM values on a variety of hematite samples (225), which suggests our 

synthesis protocol yields relatively pure hematite without significant defect.  Hence, the 

chosen synthesis route yields a material not only with the desired tabular morphology but 

one that behaves close to ideal α-Fe2O3. 

We now turn our attention to 56hematite reaction with 57Fe(II)-oxalate solution.  

Mössbauer spectra at 13 K for 56hematite before reaction showed a very weak signal due 

to trace 57Fe initially present (Figure B.1).  This material was synthesized from elemental 

iron that contained >99% 56Fe, therefore a trace amount of 57Fe impurity was expected to 

be present with initially uncertain spectroscopic detectability.  Although this 57Fe 

impurity signal was too weak for detailed spectral fitting, fitting one sextet to the data 
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shows that it is consistent with an AF phase (from the QS value, Table B.1). The 

56hematite sample was then reacted in 1 mM 57Fe(II) + 10 mM oxalic acid (pH = 2.10, 

temperature = 348 K, duration 24 h).  SEM of the reacted material confirmed that most of 

(001) basal surfaces of the platelets developed pyramidal overgrowths, consistent with 

Yanina and Rosso (30) (Figure B.2b).  Mössbauer spectra at 13 K showed that 57Fe-

enriched hematite was indeed deposited from the reaction based on an increase in the 

intensity of the sextet peaks (Figure B.1).  The spectra are consistent with 57Fe occupation 

of octahedral lattice sites in the hematite structure. Our identification of hematite as the 

sole phase to comprise the pyramids using Mössbauer spectroscopy is consistent with 

previous identification of the pyramids as hematite using a variety of techniques (30). 

The pyramidal hematite, however, shows markedly different magnetic behavior 

compared to bulk NAhematite.  Although pure bulk hematite is antiferromagnetic at 13 K 

(e.g., the NAhematite and unreacted 56hematite samples, Table B.1), there is a significant 

presence of the WF phase as well as the AF phase at this temperature in the reacted 

56hematite sample.  The WF phase is not statistically resolvable in the low temperature 

spectra of 56hematite before reaction, nor is it present at 13 K for NAhematite.  Persistence 

of the WF phase at low temperature in the reacted sample suggests strong Morin 

transition suppression in the hematite deposited on the (001) surface.  The temperature 

series from room temperature to 13 K is shown in Figure B.3 with accompanying 

parameter fitting values given in Table B.1.  Similar to NAhematite, the reacted sample 

starts the Morin transition between 270-230 K. Equal proportions of the WF and AF 

phases are present in the reacted sample at ~ 230 K, somewhat lower than TM ~ 250 K 

measured for NAhematite.  However, unlike the NAhematite, the reacted sample never 

completes the full transition into the AF state.  The WF phase is retained by the reacted 

sample to a significant degree on cooling to 140 K and persists down to 13 K.  

The amount of retained WF phase is difficult to quantify due to the low signal to 

noise ratio and the background signal from the 57Fe impurity in the 56Fe hematite (shown 
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in Figure B.3 for the 13K data). We chose to use multiple models to fit the data with and 

without background subtraction to determine a reasonable estimate of the range of WF 

phase present. The fitting parameters estimated from the models are all consistent with 

the WF and AF phase identifications, but the relative areas vary by about 20% as shown 

by the error bars in Figure B.4. Despite the 20% variation in the relative areas, it is still 

clear that the WF phase is retained by the reacted sample to a significant degree (about 

20-40%) on cooling to 140 K and persists down to 13 K.  

The suppression of Morin transition observed here, and the temperature range 

over which the transition evolves, shows good correspondence to that reported by Larese-

Casanova and Scherer (26, 27) for 57Fe-enriched hematite deposited on 56hematite from 

exposure to 57Fe(II) solutions under substantially different reaction conditions (e.g., no 

oxalate, circummeutral pH, room temperature, 10 hours of reaction, different hematite 

particle sizes and crystal morphologies).  In that study, much smaller hematite crystallites 

with a mixture of acicular 200×20 nm crystals and rounded hexagonal plates 100–200 nm 

in diameter were used.  Reacted material showed equal proportions of the WF and AF 

phases at approximately 13 K, although spectra were recorded for only two temperatures 

(Table B.2).  Furthermore, our findings are consistent with the behavior of 57hematite 

“doped” with Fe(II) to levels between ~ 0.3-0.5% by electron injection from oxidatively 

adsorbed 56Fe(II) (27).  That reversed isotope experiment, also involving the smaller 

hematite crystals, showed an equal proportion of the WF and AF phases occurs at 

approximately 180 K, 52 K below the reported TM of the unreacted 57hematite (232 K) 

(Table B.2).  Hematite reacted in this manner does not complete the Morin transition by 

13 K.  Instead it retains a mixture of WF (~ 30%) and AF phases (~ 70%) in proportions 

very similar to those reported here (~ 20-40% WF and ~ 60-80% AF) for the 57Fe-

enriched hematite grown on (001) surfaces of tabular 56hematite.  

Suppression of the Morin transition has been linked to a wide range of hematite 

characteristics including incomplete stoichiometry, certain impurities, lattice strain, 
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particle size and morphology, and the thermal history of the particles.  However, many of 

these characteristics are intertwined, and debate remains because of inadequate or 

impossible separation of effects (228, 229).  Given that the spectroscopic findings of the 

present study, which is based on the chemical conditions of Yanina and Rosso (30), are 

strongly reminiscent of those of Larese-Casanova and Scherer (26, 27), and given the 

numerous differences in growth conditions used, certain characteristics can be eliminated 

from consideration if they are not relevant to both sets of studies simultaneously.  For 

example, particle size effects do not appear to be relevant because in the present study 

grown hematite crystallite sizes are generally much larger (micron scale) than those 

where size effects become important (nanometer scale) (229).  Also, thermal history 

appears irrelevant because the hematite overlayer in Larese-Casanova and Scherer (26) 

was grown at room temperature and analyzed at room temperature and below. 

Hence, characteristics of the grown hematite that appear most relevant to both sets 

of studies entail possible incorporation of structural and/or compositional defects.  

Hematites grown in hydrothermal conditions often incorporate molecular water into 

interstitial sites at a level of several mole percent, i.e., “protohematite” (230), or charged 

structural defects, such as Fe(III)-vacancies coupled to structural OH− creation (i.e., by 

exchange of a lattice Fe(III) cation for three protons bound to lattice oxygen anions near 

the vacancy), i.e.,  “hydrohematite” (231).  However, in the studies under consideration 

hematite was grown under sub-hydrothermal conditions which alone typically does not 

yield significant TM suppression (232).  A related charged defect is incorporation of 

lattice Fe(II), which is conceptually feasible by either coupling to oxygen anion vacancy 

creation (e.g., exchange of lattice O2− for reduction of two lattice Fe(III) cations to Fe(II) 

(233)), or to structural OH− creation (e.g., reduction of a lattice Fe(III) cation to Fe(II) 

with charge compensation by protonation of a nearby lattice oxygen anion).  Fe(II) is the 

one key solution component common to the studies under consideration, and its 

incorporation in the hematite lattice has a long precedent (38).  Furthermore, small 
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amounts of Fe(II) doping in hematite have been shown to yield dramatic TM suppression 

(225, 234).  Therefore, the strongest candidate to explain TM suppression behavior in 

Fe(II)-catalyzed hematite growth is incorporation of lattice Fe(II), as originally concluded 

by Larese-Casanova and Scherer (27). 

Spectroscopic (26) and microscopic (30) observations of Fe(II)-catalyzed 

hematite growth therefore appear mechanistically related despite substantial differences 

in reaction conditions.  The magnetic properties of the 57Fe-enriched hematite grown on 

the (001) surface in the present study is very well described by that of the 0.3-0.5% 

Fe(II)-doped 57hematite in Larese-Casanova and Scherer (27).  The deposited hematite in 

both studies is likely driven by preferential Fe(II) adsorption and electron transfer to 

lattice Fe(III) at specific crystallographic surfaces or sites, with bulk electron conduction 

flowing down a surface potential gradient to remote electron accepting Fe(III) sites of 

relatively high oxidation potential favoring Fe(II) release.  The same process was recently 

invoked to explain complete atom exchange observed between goethite and aqueous 

Fe(II) (29).  It requires transient occupation of surface sites by adsorbed Fe(II) preceding 

electron transfer into the solid at sites favorable for this forward reaction.  Occupation of 

sites consistent with infilling or extension of the metal sublattice would be consistent 

with recent atomic-level surface structural investigations of Fe(II) interaction with 

crystallographically oriented hematite surfaces (142).  Hence, random incorporation of 

small amounts of residual Fe(II) bound at incipient lattice sites by inclusion in the 

growing overlayer of deposited Fe(III) electron transfer reaction products would be one 

chemically reasonable explanation.  Our findings suggest that the process of Fe(II)-

catalyzed electron and atom exchange is operative over a wide range of conditions in the 

Fe(II)-hematite system.  With respect to fundamental understanding of the degradation 

and mobility of environmental pollutants, the collective observations point to the need for 

a greatly improved conceptual model of iron oxides and oxyhydroxides in contact with 

aqueous Fe(II).  
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Table B.1. Fit spectral parameters of samples in this studya. The spectra are shown in 
Figure B.3. 

    Weakly ferromagnetic phase Antiferromagnetic phase 

  Temp CS QS H RA CS QS H RA 

sample (K) (mm s-1) (mm s-1) (T) (%) (mm s-1) (mm s-1) (T) (%) 

NAFe2O3 298 0.37 -0.21 51.6 100 - - - 0 

 270 0.39 -0.2 51.7 100 - - - 0 

 230 0.43 -0.2 52.3 10 0.41 0.4 52.8 90 

 140 - - - 0 0.46 0.41 53.5 100 

 77 - - - 0 0.48 0.4 53.6 100 

  13 - - - 0 0.49 0.4 53.7 100 

57/56Fe2O3   298 0.37 -0.21 51.4 100 - - - 0 

 270 0.38 -0.2 51.6 100 - - - 0 

 230 0.42 -0.18 51.9 48 0.41 0.4 52.8 52 

 200 0.4 -0.16 51.8 31 0.43 0.41 53 69 

 140 0.46 -0.28 52.5 19 0.46 0.43 53.4 81 

 77 0.51 -0.21 52.9 25 0.48 0.4 53.6 75 

  13 0.51 -0.27 52.8 21 0.5 0.39 53.5 79 

56Fe2O3 13 - - - - 0.5 0.39 53.7 ~100 
 

a Parameters are from Lorentzian model fits. CS = center shift. QS = quadrupole splitting. 
H = hyperfine magnetic field. RA = relative spectral area from fits.   
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Table B.2. Fit spectral parametersa from Larese-Casanova and Scherer (26) for 56hematite 
reacted with 57Fe(II), and from Larese-Casanova and Scherer (27) for 
57hematite and 57hematite reacted with 56Fe(II). 

    Weakly ferromagnetic phase Antiferromagnetic phase 

  Temp CS QS H RA CS QS H RA 

sample (K) (mm s-1) (mm s-1) (T) (%) (mm s-1) (mm s-1) (T) (%) 

57hematite 295 0.37        -0.21 51.2 100 -- -- -- -- 

  239 0.41 -0.20 52.0 100 -- -- -- -- 

  229 0.41 -0.21 52.1 40.4 0.42 0.44 52.9 59.6 

  219 -- -- -- -- 0.42 0.42 53.1 100 

  77 -- -- -- -- 0.48 0.42 53.9 100 

  13 -- -- -- -- 0.49 0.42 54.0 100 

57hematite + 270 0.39 -0.21 51.4 98.5c -- -- -- -- 

56Fe(II) ~0.5%b 140 0.45 -0.23 52.6 27.0 0.46 0.45 53.4 73.0 

  13 0.47 -0.21 53.1 29.4 0.49 0.44 53.7 70.6 

57hematite  140 0.44 -0.22 52.5 21.4 0.46 0.45 53.4 78.6 

+ 56Fe(II) ~0.3%b 13 0.47 -0.19 53.1 26.1 0.49 0.46 53.7 73.9 

57Fe(II)  140 0.46 -0.20 51.6 57.2 0.45 0.38 52.4 42.8 

+ 56hematite 13 0.48 -0.16 53.2 48.8 0.49 0.40 53.4 51.2 
 

aParameters are from Lorentzian model fits for 57hematite and are from Voigt model fits 
for 56hematite. CS = center shift. QS = quadrupole splitting. H = hyperfine magnetic 
field. RA = relative area from fits.   
 
bPercentage value is amount of 56Fe(II) sorbed in atom %.   
 
cThe remaining 1.5% was due to an unmodeled (super)paramagnetic phase. 

 
 
  



191 

 

Table B.3. Fit parameters for 57Fe(II) reacted with 56hematite using three unique models 
at a series of temperatures.  

    Weakly ferromagnetic phase Antiferromagnetic phase 

   CS QS H RA CS QS H RA 

Temp (K) Model (mm s-1) (mm s-1) (T) (%) (mm s-1) (mm s-1) (T) (%) 

270 Lora 0.38 -0.20 51.6 100 - - - 0 

  VBFb 0.38 -0.20 51.6 100 - - - 0 

  xVBFc 0.38 -0.21 51.6 100 - - - 0 

 230 Lor 0.42 -0.18 51.9 48 0.41 0.40 52.8 52 

  VBF 0.42 -0.16 51.8 50.0 0.40 0.40 52.9 50.0 

  xVBF 0.43 -0.16 51.8 50.3 0.40 0.40 52.9 49.7 

200 Lor 0.40 -0.16 51.8 31 0.43 0.41 53 69 

 VBF 0.42 -0.11 51.6 39.4 0.42 0.40 53.2 60.6 

 xVBF 0.43 -0.14 51.4 34.1 0.42 0.39 53.2 65.9 

140 Lor 0.46 -0.28 52.5 19 0.46 0.43 53.4 81 

 VBF 0.52 -0.15 52.7 30.5 0.45 0.42 53.5 69.5 

 xVBF 0.48 -0.30 52.6 23.6 0.46 0.42 53.4 76.4 

77 Lor 0.51 -0.21 52.9 25 0.48 0.40 53.6 75 

  VBF 0.52 -0.20 52.9 29.9 0.48 0.41 53.7 70.1 

 xVBF 0.52 -0.27 52.8 24.9 0.48 0.40 53.6 75.1 

13 Lor 0.51 -0.27 52.8 21 0.50 0.39 53.5 79 

 VBF 0.53 -0.16 52.8 34.6 0.49 0.42 53.7 65.4 

 xVBF 0.51 -0.28 52.7 24.8 0.50 0.40 53.6 75.2 
 

aLor = Lorentzian fit bVBF = Voight based fitting cxVBF = extended Voigt based fitting. 
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Table B.4. Fit spectral parametersa for 56hematite reacted with 57Fe(II) at 13 K assuming 
different model types.  

  Weakly ferromagnetic phase Antiferromagnetic phase 

  CS QS H RA CS QS H RA 

Model (mm s-1) (mm s-1) (T) (%) (mm s-1) (mm s-1) (T) (%) 

Lorentzian 

0.51  

(0.02)b 

-0.28 

 (0.05) 

52.8  

(0.2) 

21.3  

(0.7) 

0.50  

(0.01) 

0.38  

(0.02) 

53.5  

(0.1) 

78.7  

(0.7) 

Voigt 

0.53  

(0.03) 

-0.16  

(0.08) 

52.8  

(0.2) 

34.6  

(0.5) 

0.49  

(0.01) 

0.42  

(0.02) 

53.7  

(0.1) 

65.4 

 (0.5) 

Extended-Voigt 

0.51  

(0.03) 

-0.28  

(0.06) 

52.7  

(0.2) 

24.8  

(0.5) 

0.50  

(0.01) 

0.40  

(0.03) 

53.6  

(0.1) 

75.2  

(0.5) 

Voigtc 

0.55  

(0.01) 

-0.26  

(0.01) 

52.8 

 (0.1) 

40.4  

(0.2) 

0.53  

(0.01) 

0.36  

(0.01) 

53.5  

(0.02) 

59.6  

(0.2) 
 

aCS = center shift. QS = quadrupole splitting. H = hyperfine magnetic field. RA = relative 
area from fits. 
 
bStandard deviation provided by fitting software. 
 
cFit by subtracting out the 56hematite spectrum from the 57Fe(II) reacted with 56hematite 
spectrum to remove background signal.  
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Figure B.1. Conceptual design for the Fe(II)-catalyzed growth of 57Fe isotopically 
enriched hematite on the (001) surface of synthetic tabular hematite platelets, 
with a) initial conditions before reaction, and b) during reaction. Edge 
surfaces bounding the platelets are (012).  Closed circles are 57Fe(II) species 
present in the aqueous solution and open circles represent aqueous 56Fe(II) 
species created from reduction of 56Fe(III) atoms initially in the hematite 
structure. 
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Figure B.2. Scanning electron micrographs of synthetic tabular NAhematite powder before 
(a, top) and after (b, bottom) reaction in 1 mM FeCl2 + 10 mM oxalic acid at 
pH 2.10, temperature = 348 K, for 24 hours. Before reaction the powder 
consists of flat hexagonal platelets with (001) surface expression dominant.  
After reaction, the (001) surfaces of the platelets are covered by pyramidal 
hematite island overgrowths. 
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Figure B.3. Variable temperature Mössbauer spectra of NAhematite (left stack), and 
56hematite reacted with 57Fe(II) (right stack), with Lorentzian fitting as 
described in the text.  The NAhematite is fully in the AF state at low 
temperature.  For the reacted sample, the WF state can be observed even at 
low temperatures, far below the literature value of the Morin transition for 
hematite. 
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Figure B.4. The relative abundance of antiferromagnetic (af, ) and weakly 
ferromagnetic (wf, �) phases in the Mössbauer spectra (Figure B.3) presented 
as a function of temperature for NAhematite (filled markers) and 56hematite 
reacted with 57Fe(II) (open markers). The 56hematite reacted with 57Fe(II) 
sample exhibits a partial suppression of the Morin transition, where 
approximately 20-40% of the reacted sample does not complete the transition 
to the antiferromagnetic phase. The error bars shown represent the range of 
relative areas found with three different fitting models, with the markers 
representing the average area. 
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Figure B.5.  The relative intensities of 56hematite compared to 56hematite reacted with 
57Fe(II) fit using two unique models. The intensity increases upon reaction, 
which is attributed to the uptake of 57Fe(II) from solution. 
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