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ABSTRACT
Iron (Fe) is ubiquitous in the environment, where it affects the fate of environmental
contaminants, cycling of major elements, and availability of nutrients through redox reactions.
Despite much work, the occurrence, rate, and extent of these redox reactions have been difficult
to predict, due largely to challenges in determining thermodynamic parameters for the relevant Fe
phases. In this work, I hypothesized that previous experimental challenges in measuring reduction
potentials of Fe redox couples, and particularly interfacial Fe redox couples that involve aqueous
Fe2+ and solid-phase Fe3+, could be overcome using mediated potentiometry. Mediated
potentiometry uses soluble electron shuttles to facilitate redox equilibration between suspended
iron minerals in solution and a measuring redox electrode operating in open circuit potential
mode. To test this hypothesis, I first performed a set of validation experiments in which I
measured reduction potentials (E) as a function of mediator type and mediator concentration. I
then measured reduction potential values for interfacial redox couples of three commonly
occurring Fe oxides (goethite, hematite, and magnetite) in equilibrium with aqueous Fe2+ as a
function of pH and aqueous Fe2+ concentration. Using these measurements, I calculated standard
reduction potentials (E0). The measured values for goethite and hematite were in excellent
agreement with those calculated from Gibbs free energy values for the expected redox reactions.
Quantifying these reduction potentials is an important step towards understanding the precise
nature of redox reactions involving Fe in the environment. The measured values could be used to
predict the rate and extent of reactions between Fe and contaminants or other chemical species.
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Chapter 1

Introduction
Iron (Fe) is ubiquitous in the environment, where it affects the fate of environmental
contaminants, cycling of major elements such as carbon (C), and nutrient bioavailability through
redox reactions. Iron, which can exist in ferrous (Fe2+) or ferric (Fe3+) form, can transfer electrons
to and from several classes of contaminants, including radionuclides [1, 2], heavy metals [3], and
organic contaminants [4], affecting their toxicity, mobility, and solubility. When Fe minerals such
as goethite or magnetite are exposed to aqueous Fe2+, Fe atoms are exchanged between the phases
[5, 6]. Contaminants and other elements can become involved in this cycle and can be
transformed. Studies have demonstrated that adding Fe2+ to Fe oxides enhances reactivity (i.e.,
contaminant reduction) [7, 8]. Magnetite in the presence of Fe2+ can rapidly reduce
nitroaromatics, whereas magnetite without excess Fe2+ reacts very slowly or not at all [9, 10].
Awareness of these reactions has led many to suggest that naturally occurring and
artificially reduced Fe2+ can be used to remediate contaminated groundwater aquifers via natural
attenuation or in situ chemical reduction. While this approach shows great promise, a major
challenge has been developing the ability to predict the occurrence, rate, and extent of reactions
between Fe and contaminants. To do so, one needs thermodynamic data for both the contaminant
and Fe phase in the form of reduction potentials. Despite progress in measuring and calculating
reduction potentials for contaminant phases, efforts to determine reduction potentials of Fe3+/Fe2+
redox couples have been largely unsuccessful to date.
Reduction potentials for Fe minerals are likely to be very important in new research
focusing on Fe – C interactions. Recent research suggests that iron can sequester C (prevent C
from entering the atmosphere) [11, 12]. Knowing the precise nature of the Fe – C interaction is
1

vital for predictions regarding long-term storage potential of C associated with Fe. Knowing
reduction potentials of Fe oxide – aqueous Fe2+ redox couples could help us make better
predictive models for determining the fate of C sequestered by Fe.
Measuring reduction potentials of Fe oxide – aqueous Fe2+ redox couples is difficult both
experimentally and conceptually. Experimentally, directly measuring reduction potentials using
electrochemical techniques is often impractical because Fe minerals do not reach redox
equilibrium with measuring electrodes on experimental time-scales [13]. As a result, measured
values often depend on the measurement time and concentration of the mineral phase in
suspension [14]. Conceptually, reactions involving Fe oxides and aqueous Fe2+ are complex and
can include processes such as sorption, interfacial electron transfer, and secondary mineralization
[15, 16]. Accounting for these processes is particularly difficult when writing proposed
molecular-scale reactions and determining if the system of interest is at thermodynamic
equilibrium.
Recent work has demonstrated that these challenges may be overcome by using mediated
electrochemical techniques. In mediated electrochemical techniques, soluble electron transfer
mediator compounds are used to facilitate electron transfer and redox equilibration between the
phase of interest and a working electrode. Work from our group has shown that mediated
electrochemical techniques can be used to measure reduction potential distributions in Fe-bearing
clay minerals [17, 18]. Note that in clay minerals, virtually all the Fe remains in the mineral
structure during reduction and oxidation reactions, whereas for Fe oxides, significant amounts of
aqueous Fe2+ can be present. To date, mediated electrochemical techniques have not been tested
on such interfacial redox couples.
In this work, I hypothesized that mediated potentiometry could be used to accurately
measure reduction potential values for Fe oxides in equilibrium with aqueous Fe2+. Mediated
potentiometry uses soluble electron transfer mediators to facilitate reduction potential
2

measurements of a suspension while the working electrode is operating in open circuit potential
mode, such that negligible electron transfer occurs between the electrode and species in solution.
To test the validity of this approach, I first examined how mediator concentration and mediator
type influenced measurements for goethite in equilibrium with aqueous Fe2+ and for magnetite. I
then systematically measured reduction potentials for three common, thermodynamically stable
Fe oxides (goethite (α-FeOOH), hematite (α-Fe2O3), and magnetite (Fe3O4)) in equilibrium with
aqueous Fe2+ as a function of pH and aqueous Fe2+ concentration. These values were used to
calculate a standard reduction potential for each redox couple. The standard reduction potential
was then compared with values estimated using reference Gibbs free energies for the proposed
reaction stoichiometries.

3

Chapter 2

Background

2.1 Relationship of thermodynamic values to reaction extents and rates.
To estimate the occurrence, rate, and extent of redox reactions, thermodynamic
parameters are needed for both reacting phases. In redox reactions, these thermodynamic
parameters are often presented in the form of standard reduction potentials (E0), which are
proportional to Gibbs free energy:
∆𝐺°!"# =    −𝑛𝐹𝐸      !

Eq. 2-1

where ΔG°rxn is standard state free energy of a half reaction, n is moles of electrons, F is
Faraday’s constant, and E0 is the standard reduction potential.
The standard reduction potentials can be used to calculate reduction potential values that
account for deviations in solution chemistry from standard state, according to the Nernst
equation:
𝐸 = 𝐸    ! −

!"
!"

ln

!! !
!! !

Eq. 2-2

where E is reduction potential, R is the universal gas constant, T is absolute temperature, CR is
product involved in the reduction reaction, r is number of molecules of species CR, CO is reactant
involved in the reduction reaction, and o is number of molecules of species CO.
To determine if a reaction is thermodynamically favorable (i.e., that it should occur), the
net reduction potential of the reaction can be calculated from the reduction potentials of the phase
being reduced and the phase being oxidized:
𝐸!"# = 𝐸!"#$%&'() + 𝐸!"#$%&#!'

Eq. 2-3
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where Erxn is the cell potential of the reaction, Ereduction is reduction potential of reduction halfreaction, and Eoxidation is reduction potential of oxidation half-reaction. Since half-reactions are
listed as reductions, Eoxidation is obtained by reversing the reduction equation of interest and
changing the sign of the listed reduction potential.
If the calculated Erxn is a positive value, the reaction should be favorable under the
defined solution conditions. If Erxn is equal to zero, then the system is thought to be at
equilibrium. Assuming that equilibrium is often the method used to estimate the extent to which a
redox reaction will occur. Note that this does not mean the reaction will happen, only that it is
thermodynamically favorable. If one step of the reaction is highly unfavorable (e.g., the formation
of a reactive intermediate), then the reaction may occur incredibly slowly or not at all.
To estimate the rate at which a redox reaction will occur, the Arrhenius relationship is
often used:
𝑘 = 𝐴 ∗ exp  (

!"
!"

𝐸!"# )

Eq. 2-4

where k is reaction rate constant and A is frequency factor. The Arrhenius equation relates
reaction rates to temperature and required activation energy. Here the activation energy is
replaced by a relationship to reduction potentials. Often, the rate-limiting step in reactions is
determined and then used to estimate rates.

2.2 Mechanisms of Fe oxide – Fe2+ interactions
In the past, electrochemical studies focused on using surface complexation models
(SCM) to describe Fe2+ sorption on Fe oxides. These SCMs were useful in improving predictions
of the amount of ions taken up from solution by solids. Though these SCMs led to better
descriptions of processes involved in sorption reactions, they did not sufficiently account for
5

observed trends in cation uptake behavior. Additional reactions were often used to account for
these deviations from the SCM’s behavior [19].
Now, however, advanced microscopic and spectroscopic techniques have enabled more
detailed measurements at the microscopic level. Concepts of processes involved in reactions
between Fe oxides and aqueous Fe2+ that were proposed in earlier studies have now been
confirmed by utilizing these advances. Both electron transfer and atom exchange have been
documented for Fe minerals in contact with aqueous Fe2+ [5, 6, 16, 20]. On the basis of research
using advanced techniques, the SCMs are now being replaced by new conceptual models. The
SCM models allowed interpretation and predictions of reactions presumably because they were
proportional to thermodynamic properties, rather than because they were mechanistically
accurate. Newer concepts include properties of the underlying oxide in addition to surface
reactions. The challenge now is to incorporate more recent experimental observations into an
accurate model of the precise nature of interactions between aqueous Fe2+ and Fe oxides. One
proposed model hypothesizes that electron transfer occurs between aqueous Fe2+ and structural
Fe3+ beginning at the mineral surface, which is followed by secondary mineral phase
transformations. Once electrons have entered an Fe oxide, bulk electron conduction and/or Fe2+ Fe3+ oxide atom exchange could occur [19].

2.3 Review of electrochemical techniques
Reduction potential has been indirectly measured by calculations from experimentally
determined enthalpy and Gibbs free energies by using the relationship between E and ΔG values.
Previous attempts to quantify reduction potentials of Fe oxides in the presence of aqueous
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Fe2+ have often produced inaccurate results. Electrochemistry can be used to make direct
measurements, but requires special considerations/conditions for minerals. Experimental setups
are often complicated and can require complex calculations involving multiple chemical reactions
to determine the reduction potential.

2.3.1 Mineral-based electrodes
Mineral based electrodes overcome the challenge of achieving equilibration between the
mineral and the electrode by using the mineral itself as the working electrode [21-23]. A single
mineral crystal can be used for this method (compact crystal electrode), or a powdered form of
the mineral can be compressed between the existing working electrode and the aqueous solution
(packed powder disk electrode). However, the packing process can sometimes result in mineral
transformations, leading to inaccurate redox measurements (i.e., measurements do not correspond
to the intended mineral). Compact crystal electrodes rely on conduction in the mineral for
measurements. For this reason, the method in not suitable for poorly conducting or nonconducting minerals, such as goethite. Another problem is that dissolution of Fe minerals can
allow Fe2+ to come into contact with the working electrode, thereby interfering with
measurements.
Another method that can be used on non-conducting minerals is to combine the mineral
with a conductive material. Minerals can be combined with carbon black or graphite powder to
create a working electrode. It is important that the mineral and its reaction products do not react
with the conductive materials or the redox measurements will be affected [24].
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2.3.2 Dyes/redox electrodes
Other studies have used organic probe compounds to estimate reaction rates and extent
between the Fe mineral and probe [25]. Reductive dissolution of Fe3+ oxides combined with
calculation of activities of the involved species have been used in determining reduction potential
[26, 27]. Prior studies have used anthraquinone 2,6-disulfonate (AQDS) speciation to estimate
reduction potential of the goethite – Fe2+ redox couple [28]. Spectrophotometric measurements
are used to quantify activities of the probe compounds. These methods can be very timeconsuming and often involve complicated calculations. Side reactions lead to inaccurate
measured reduction potentials and must be avoided. Probe compounds can also form complexes
with the mineral and its products, affecting the measurements.

2.3.3 Mediated electrochemistry
In mediated electrochemistry, a mediating compound is used to promote electron transfer
and equilibration between the mineral (Fe oxide) and measuring electrode [21]. Mediators
provide a method for direct redox measurements without complications or interference from use
of additional chemical species. Using mediators is not an entirely new concept. Mediators have
previously been used to increase reaction kinetics. Work from our group has shown that mediated
electrochemical techniques can be used to measure reduction potential distributions in Fe-bearing
clay minerals [17, 18]. Mediators have also been used in other fields to measure redox properties
of proteins, such as ferritin [29]. However, using mediators to directly measure reduction
potentials of Fe oxide – aqueous Fe2+ redox couples has not been done to date.
There is a broad range of mediators that are suitable for use across the most
environmentally relevant reduction potential ranges. A broad range of mediators is necessary
because the reduction potential of the mediator should be within ±120 mV of actual measured
values to ensure accurate results. There must be enough mediator in both reduced and oxidized
8

form to maintain electron flow (i.e., the mediator must maintain its ability to donate or accept
electrons, as needed). For this reason, multiple mediators were used to complete reduction
potential measurements for each Fe oxide – aqueous Fe2+ redox couple used in this study.
Specific properties are sought when choosing appropriate mediators. The mediator should
quickly equilibrate with the redox-active species of interest and must not form complexes with
minerals or species in solution. In addition, the number of electrons involved in the mediator’s
redox reaction should be known. One-electron transfer reactions are preferable because they are
fast and should not be rate limiting. It is also preferable (though not necessary) that the mediator
be pH independent. Reaction should be reversible, and the mediator should remain stable over
duration of experiment.

2.4 Reduction potential values obtained in experiments
Direct use of redox probes to measure reduction potentials of Fe oxide – aqueous Fe2+
redox couples often resulted in measurements that disagree with reported literature values (which
are based on Gibbs free energies). Pang et al. (2007) used a redox probe to measure the reduction
potentials of both magnetite and hematite. The authors prepared both acidic and alkaline
magnetite suspensions and measured the reduction potential as a function of pH using a Pt
electrode with Zobell’s solution as a reference standard. Measured reduction potential and total
dissolved Fe concentration was used to calculate the standard reduction potential using the
appropriate Nernst equation for each redox reaction. Reactions for hematite – aqueous Fe2+ and
magnetite – aqueous Fe2+ redox couples were constant over a small pH range of 1.70 – 3.00,
giving E0 values of 940 mV and 1090 mV, respectively. These values were compared to the
author’s reported literature values of 730 mV and 980 mV, respectively. The hematite –
magnetite redox reaction (no aqueous Fe2+ involved) was constant over a pH range of 1.70 –
11.75, giving an E0 of 660 mV. The literature value reported by the authors for the hematite –
9

magnetite redox reaction is 220 mV. The authors believed the difference in their E0 for the
hematite – magnetite redox reaction was mainly due to the particle size of the magnetite. They
suggested that the small size (nano-sized) along with the charged properties of magnetite resulted
in changes in interfacial interactions and energetics and led to the observed difference in E0 value
between their specimen and colloidal magnetite used in other studies.
Silvester et. al. (2005) measured reduction potentials for Fe oxide suspensions. The
authors found good agreement between predicted reduction potentials and measured reduction
potentials for nano-sized ferric oxide hydrate (nano-FOH) and hydrous ferric oxide (HFO).
However, goethite and lepidocrocite predictions were lower (more negative) than the
measurements were. The authors believed the thermodynamic model used in their study was
correct based on HFO and nano-FOH measurements. Poor equilibration between the suspension
and the measuring electrode presumably caused the difference between predicted and measured
reduction potentials values for the goethite and lepidocrocite. It was suspected that the measured
reduction potentials values were not the equilibrium values. Poor equilibration was determined to
be the cause of discrepancies.
Addition of catalysts (such as carbon) to goethite and hematite suspensions often resulted
in wide ranges of reduction potential values that are inconsistent with predicted values. Fischer
(1987) reduced Fe oxides in the presence of a platinum carbon catalyst using hydrogen as a
reductant. Fe2+ concentration was measured using spectrophotometry and the value of pH
throughout the experiments ranged from approximately 2 to 3. Standard reduction potentials for
goethite ranged from 720 – 790 mV. Values of E0 for goethite were believed high (in comparison
to author’s expected value of 710 mV) due to presence of poorly crystalline material, possibly
ferrihydrite. The values of E0 for goethite containing traces of ferrihydrite were lowered by
dissolution of the poorly crystallized material using HCl or H2SO4 (from 809 – 853 mV to 755 –
790 mV). However, the values were still higher than theoretically expected. Standard reduction
10

potentials for hematite were also higher than anticipated, ranging from 764 – 828 mV. A hematite
sample containing goethite produced an even higher E0 value of 899 mV.
Fischer noted that accurate potential measurements require a homogeneous suspension
with equilibrium conditions between Fe3+ oxides and aqueous Fe2+, absence of ligands that could
complex with Fe2+, and pH values in a relevant range for the applied redox equations. He
cautioned that measurements from this experiment may only be applicable to systems at low pH
with low ionic strengths. Furthermore, reduction potential measurements conducted in very dilute
systems are unstable and poorly reproducible. For this reason, 0.1 M Na2SO4 was used as a
supporting electrolyte, though it may have contributed to higher readings of reduction potential.
Although the measured reduction potential values for goethite and hematite were not always
constant and were higher than expected, Fischer believed the values could still be used to
compare reactivities of the tested Fe oxides since the same experimental conditions were used in
all of his experiments.
Roden (2006) calculated E0 values for Fe oxides based on AH2DS reduction experiments.
Spectrophotometric methods were used to measure final dissolved Fe2+. Fe2+ concentration, pH,
and Eh0 of AQDS/ AH2DS couple were used to estimate E0 of Fe oxides. The abiotic reduction
experiments resulted in E0 values of 787 – 844 mV for goethite and 774 – 781 mV for hematite.
The values of E0 seemed to increase with increasing surface area. This study mainly focused on
differences in rates and extent of reactions in relation to abiotic versus microbially reduced Fe
oxides. Roden concluded that oxide surface area controls the long-term extent of microbial
reduction of Fe oxides, in contrast to abiotic reduction (which is controlled by thermodynamic
properties). Buildup of biogenic Fe(II) appeared to hinder further reduction of Fe oxides.
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White et.al. (1994) used mineral electrodes (magnetite and ilmenite as working
electrodes, calomel reference electrode, graphite counter electrode, 0.1 M NaCl electrolyte
solution). The pH was held constant with HCl or NaOH. Magnetite E0 ranged from 183-336 mV.
Over time, potentials increased, presumably due to surface oxidation of the minerals.
Table 2-1 lists the standard reduction potential (E0) values from the experiments
described above. A major challenge in obtaining these measurements was slow interaction
between the measuring electrode and redox active species. In some experiments, measured
reduction potentials were not equilibrium values because of inability to achieve redox equilibrium
between Fe3+ oxides and aqueous Fe2+ in the experiments. Equilibrium values are required to
apply the Nernst equation, and, therefore, to calculate E0 values. Many experiments were
conducted at low pH values, which may limit applicability of the measured reduction potentials to
environmentally relevant pH values.
Table 2-1: Measured reduction potential values obtained from the experiments described above.
Fe Mineral
Goethite
Hematite
Magnetite
(without Fe2+(aq))
Magnetite
(with Fe2+(aq))

Pang et al.
(mV vs SHE)
---940
660

Fischer
(mV vs SHE)
720 -790
764 - 828
----

Roden
(mV vs SHE)
787 - 844
774 - 781
----

White et al.
(mV vs SHE)
------183 - 336

1090

----

----

----
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Chapter 3

Materials and Methods

3.1 Anaerobic Conditions
Experiments were performed inside an anaerobic glovebox (MBraun Unilab, 100% N2
atmosphere, <0.1 ppm O2), except where noted. Distilled-deionized (DDI) water (Millipore MilliQ system, 18.2 MΩ) was used in all pH buffers, stock solutions, and experiments. All solutions
were purged with N2 gas (Praxair, 99.99% purity) for 2 hours before being taken into the
glovebox. Labware was held under vacuum in an exchange chamber overnight before being taken
into the glovebox. Solids were placed in exchange chamber and cycled 3 times with vacuum
followed by refill with N2 inside the chamber. Solids were then allowed to equilibrate with
glovebox atmosphere for at least 24 hours before conducting experiments.

3.2 Reagents
I prepared 150mM Fe2+ stock solution inside the glovebox by dissolving ferrous
ammonium sulfate (Fisher Scientific Company) in DDI water. A few drops of 5 M HCl were
added to keep the Fe2+ from precipitating.
Mediator stock solutions were prepared by dissolving solids in DDI water. 10 mM stocks
were made of Ru (hexaammineruthenium, E0= +0.09 V vs SHE; Acros Organics, purity 98%),
CMV (cyanomethyl viologen (1,1’-bis(cyanomethyl)-4,4’-bipyridyl), E0= -0.14 V vs SHE;
synthesized [30]), and DQ (diquat (1,1’-ethylene-2,2’-bipyridyl), E0= -0.35 V vs SHE; CHEM
Services, purity 99.5%). 15 mM stock solutions were made of BV (benzyl viologen, E0= -0.36 V
13

vs SHE; Aldrich Chemistry, purity 99%), EtV (ethyl viologen (1,1’-bis(ethyl)-4,4’-bipyridyl),
E0= -0.45 V vs SHE; Aldrich Chemistry, purity 98%), MV (methyl viologen, E0= -0.45 V vs
SHE; Acros Organics, purity 98%), and ZiV (zwitterionic viologen (4,4’-bipyridinium-1,1’-bis(2ethylsulfonate)), E0= -0.38 V vs SHE; synthesized [18].
Outside the glovebox, I made 5 M solutions of HCl (Sigma Aldrich, 37% HCl) and KOH
(VWR, pelleted solids, purity >99%) by dilution with DDI water. I bubbled these solutions with
N2 for 2 hours to remove oxygen before placing them in the glovebox.
I prepared all pH buffer solutions outside the glovebox. I used the following pH buffers
for goethite and hematite experiments: pH 5.5 – 6.5 buffers were made with 50 mM MES (2-NMorpholinoethanesulfonic acid monohydrate, pka 6.10; Amresco, purity ≥ 99%) and 25 mM KCl
(potassium chloride, EM Science, crystals); pH 7.0 – 7.75 buffers were made with 50 mM MOPS
(3-N-Morpholinopropanesulfonic acid, pka 7.20; EMD Chemicals, Inc., purity 100%) and 25 mM
KCl.
For magnetite, I prepared pH 7.5 and pH 8.0 solutions using 25 mM MOPS and 25 mM
KCl. I made buffering solutions for pH 8.5 – 10.0 with 25 mM boric acid (pka 9.24, Sigma
Chemical Company, powder form) and 25 mM KCl. The pH of all buffers was adjusted using 5
M KOH (potassium hydroxide, VWR, pellets). I bubbled the buffer solutions with N2 for 2 hours
to remove oxygen before placing them inside the glovebox.

3.3 Goethite synthesis
Goethite was synthesized using previously established method [31]. I dissolved 40. 402 g
Fe(NO3)3 9H2O (ferric nitrate, EM Science, purity 98%) in 100 mL DDI water. After adding 180
mL 5 M KOH, I immediately diluted the solution to 2 L with DDI water. I placed the solution in a
70°C oven for 60 hours. After cooling to room temperature, the resulting goethite suspension was
14

centrifuged and rinsed 3 times with DDI water. Solids were dried in an oven at 40°C before being
ground and passed through a 75 µm mesh sieve. BET surface area was 46.88 m2/g. Goethite
purity was confirmed by XRD and Mössbauer spectroscopy.

3.4 Hematite synthesis
Hematite was synthesized using previously established method [31]. A flask containing 2
L HNO3 was heated to 98°C in an oven. 16.16 g Fe(NO3)3 9H2O was mixed with the solution and
placed in the oven at 98°C for 7 days. After cooling to room temperature, the hematite suspension
was centrifuged and rinsed 3 times with DDI water. Solids were ground and passed through a 75
µm mesh sieve. BET surface area was 49.09 m2/g. Hematite purity was confirmed by Mössbauer
spectroscopy.

3.5 Magnetite synthesis
Magnetite was synthesized using established method (adapted from Schwertmann and
Cornell [31]) of mixing 1:2 ratio of Fe2+:Fe3+. Inside anaerobic glovebox, FeCl2 was dissolved in
200mL DDI water, and FeCl3 solids were dissolved in 200 mL DDI water in separate beakers. I
combined the solutions and titrated to pH 10.4 using 5 M NaOH. I covered the solution and
allowed it to mix overnight. I vacuum-filtered the resulting black solution using a 0.45 µm glass
filter to remove the liquid from the magnetite. I poured DDI water over the solids to rinse off any
salts, repeating 2 times. I then air-dried the magnetite inside the glovebox. I ground the
synthesized magnetite using a mortar and pestle and passed it through a 75 µm mesh sieve. Purity
of the magnetite was confirmed by Mössbauer spectroscopy (done at 140K). The BET surface
area of the synthesized magnetite was 67.28 m2/g.
15

3.6 Mössbauer spectroscopy
The Mössbauer system (SEE Co.) used 57Co in an Rh matrix as a source. Goethite,
hematite, and magnetite samples were prepared by placing the mineral samples into an aluminum
ring sealed on both sides with 5 mL kapton tape. The goethite and hematite samples were
prepared in standard laboratory conditions, while magnetite samples were prepared inside an
anaerobic glovebox to prevent oxidation. Recoil software (University of Ottawa, Ottawa, Canada)
was used for spectral fitting of the collected data. Figures 3-1, 3-2, and 3-3 show Mössbauer
spectra for goethite, hematite, and magnetite, respectively. Mössbauer spectra confirmed
identification of the Fe oxides as listed. Goethite may have been poorly crystalline based on the
data.

-8

-6

-4

-2

0

2

Velocity (mm/s)

4

6

8

Figure 3-1: Mössbauer spectra of goethite collected at 297 K. Center shift was 0.285 mm/s and
hyperfine field was 24.6.
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Figure 3-2: Mössbauer spectra of hematite collected at 5 K. Center shift was 0.488 mm/s and
hyperfine field was 53.8.

Oct,Tet

Oct

3+

Fe

2.5+

Fe

Raw data
-10

-5

0

Velocity (mm/s)

5

10

Figure 3-3: Mössbauer spectra of magnetite collected at 140 K. Center shift was 0.716 mm/s and
hyperfine field was 46.6.
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3.7 Mediated potentiometry experiments
In general, for all experiments, I put 15 mL pH buffer into a 20 mL glass vial that was
capped with a rubber septa during In general, for all experiments, I put 15 mL pH buffer into a 20
mL glass vial that was capped with a rubber septa during mixing and equilibration. I pipetted Fe2+
stock into the solution and mixed for at least 5 minutes. I then took a small sample ≤300 µL to
measure initial Fe2+ concentration. Next I added an Fe oxide and mixed for 1 hour. I added
mediator and allowed the suspension to equilibrate for 24 ± 4 hours. After equilibration, I
removed approximately 1 mL sample and filtered it through a 0.45 µm pore size syringe filter.
This filtered solution was used for final Fe2+ concentration measurements. I placed a Pt ring
electrode (Metrohm 6.0451.100, 3 M KCl filling solution, Ag+/AgCl reference) in the suspension
and measured Eh for 1 hour in 2-second time intervals. I recorded the Eh value at the 1-hour mark
to use in my data set. Deviations from this procedure are noted when applicable. I used magnetic
stir bars to continuously mix the goethite and hematite suspensions throughout the experiments.
Magnetite suspensions were mixed immediately after adding mediator but were not mixed during
overnight equilibration.
Eh values were converted to mV vs SHE by adding 175 mV to the measured values. Eh
conversion calibration was done using quinhydrone (Tokyo Chemical Industry Co., LTD) buffer.
I added 0.1 g quinhydrone powder to 20 mL pH 4.0 reference buffer (Metrohm) and 0.1 g
quinhydrone powder to 20 mL pH 7.0 reference buffer (Metrohm). I measured Eh in each
solution, recording 294.5 mV vs Ag+/AgCl at pH 4.0 and 107 mV vs Ag+/AgCl at pH 7.0.
Theoretical values are 464 mV vs SHE at pH 4.0 and 287 mV vs SHE at pH 7.0. The difference
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between values was 169.5 mV at pH 4.0 and 180 mV at pH 7.0. The average conversion factor
was thus determined to be 175 mV.

3.7.1 Mediator experiments
I performed separate experiments to test the effect of mediator concentration on Eh values
using goethite and magnetite. I tested the mediators hexaammineruthenium (Ru), cyanomethyl
viologen (CMV), and diquat (DQ) in concentrations from 0 – 100 µM in pH-buffered solutions
(pH 5.5, 6.5, and 7.75, respectively) containing 1 mM aqueous Fe2+ and 1 g/L goethite.
Experiments with magnetite were completed using DQ concentrations between 0 – 40 µM at pH
8.0. Magnetite (1 g/L) and mediator were mixed with pH 8.0 buffer solution and equilibrated
overnight without additional mixing.
To test effect of mediator structure on measured Eh values, I used DQ, ethyl viologen
(EtV), methyl viologen (MV), benzyl viologen (BV), and zwitterionic viologen (ZiV) as
mediators. I added 2 g/L magnetite and 20 µM mediator to a pH 8.5 buffer solution. I mixed the
suspension and allowed the solution to equilibrate overnight. I measured Eh and the final aqueous
Fe2+ concentration in solution at the end of the experiment. I confirmed that 0 µM aqueous Fe2+
was present in the magnetite experiments.

3.7.2 Reduction potential batch experiments
To measure reduction potential of goethite – aqueous Fe2+ redox couples, I suspended 1
g/L goethite in aqueous Fe2+ solutions. Measurements were taken over a pH range of 5.5 – 7.75
with initial aqueous Fe2+ concentrations ranging from 100 – 5000 µM. At pH 5.5 – 6.0, I used
19

aqueous Fe2+ concentrations ranging from 200 – 5000 µM. From pH 6.5 – 7.75, I used aqueous
Fe2+ concentrations ranging from 100 – 1000 µM. I used 10 µM mediator in these experiments. I
used Ru at pH 5.5, CMV at pH 6.0 – 7.0, and DQ at pH 7.5 – 7.75.
To measure reduction potential of hematite – aqueous Fe2+ redox couples, I mixed 1 g/L
hematite, 10 µM mediator, and various concentrations of aqueous Fe2+ in pH buffer. At pH 5.5, I
used Ru mediator and aqueous Fe2+ concentrations from 200 – 3000 µM. At pH 6.5, I used CMV
mediator and aqueous Fe2+ concentrations from 200 – 2500 µM. At pH 7.0, I used CMV mediator
and aqueous Fe2+ concentrations from 100 – 1000 µM. At pH 7.5, I used CMV mediator for
aqueous Fe2+ concentrations from 100 – 400 µM and DQ mediator for aqueous Fe2+
concentrations from 400 – 1000 µM.
In the magnetite reduction potential experiments, I used 20 µM mediator and 2 g/L
magnetite. First I measured magnetite without aqueous Fe2+ in the solution. For these experiments
I mixed magnetite with mediator in a pH-buffered solution. The suspension was left to equilibrate
overnight without additional mixing. For magnetite – aqueous Fe2+ experiments, I used DQ
mediator at pH 7.5 – 8.0 and EV mediator at pH 8.5 – 10.0.

3.8 Aqueous Fe2+ concentration measurements
Initial and final aqueous Fe2+ concentrations were determined using UV/VIS with the 1,
10 phenanthroline method[32]. Samples for initial aqueous Fe2+ concentrations were collected
after mixing dissolved Fe2+ with pH buffer for a minimum of 5 minutes. Samples for final
aqueous Fe2+ concentrations were collected just before measuring reduction potential values.
Sorbed Fe2+ was taken as the initial minus final Fe2+ concentration.
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Chapter 4

Results and Discussion

4.1 Validation experiments of mediated potentiometry with magnetite and goethite in the
presence of aqueous Fe2+

4.1.1 Reduction potential measurements in presence and absence of mediator
In this work, I hypothesized that mediated potentiometry could be used to accurately
measure reduction potential (Eh) of Fe oxide – aqueous Fe2+ redox couples. I first performed a
series of validation experiments using both magnetite and goethite. In the first experiment, I
examined how the presence of a soluble electron mediator influenced measured reduction
potential values. I performed potentiometric measurements in the presence and absence of a
mediator with pH 7.5 buffered solution containing 1 g/L goethite and 1 mM aqueous Fe2+. I then
inserted a Pt ring redox electrode and measured reduction potential in 2-second time intervals for
1 hour. The value of Eh continued to drift throughout the experiment when no mediator was used.
Next, the same experimental setup was repeated, except this time I added 10 µM of diquat (DQ)
to the goethite suspension. With the addition of mediator, a reduction potential value was
obtained that did not drift over the 1-hour measurement time. Figure 4-1 shows the results of
these attempted Eh measurements of goethite and aqueous Fe2+ at pH 7.5.
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Figure 4-1: Reduction potential versus time in presence and absence of mediator. Dashed red line
shows results without mediator. Solid blue line shows result when 10 µM diquat mediator was
added to the goethite suspension.

4.1.2 Mediator structure measurements
To identify whether mediator structure influenced the measured Eh values, I tested
different types of mediator while keeping other experimental conditions the same. Magnetite was
tested using diquat (DQ), ethyl viologen (EtV), methyl viologen (MV), benzyl viologen (BV),
and zwitterionic viologen (ZiV) as mediating compounds. The structure and values of reduction
potentials at pH 7 (E0’) of these mediators are shown in Figure 4-2.
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Figure 4-2: Mediator structures and apparent standard reduction potential values. The listed
reduction potentials (E0’) are the values at pH 7.

I mixed 2 g/L magnetite with 20 µM mediator in a pH 8.5 buffer solution. After allowing
the solution to equilibrate for several hours, Eh was measured (Figure 4-3). I used a minimum of 2
reactors for each data point. The measured Eh values were in good agreement with each other and
had less error associated with them than the unmediated readings. The benzyl viologen values had
more error associated with the measurements than the other mediators. I also recorded higher Eh
values using both BV and ZV. I measured values of -443 mV and -454 mV for BV and ZV,
respectively. The reduction potential was approximately -478 mV for the other mediators, on
average. A possible explanation for the higher readings is that the measured Eh value may have
been out of range of BV (E0 = -360 mV) and possibly ZV (E0 = -380 mV). Ideally we would like
to be within 120 mV of the mediator’s standard reduction potential for any measurements. The
general consistency of the Eh values given by the range of different mediators suggests that
mediator structure does not greatly affect the measured Eh value.
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Figure 4-3: Effect of mediator type on reduction potential of magnetite. Plot shows reduction
potential versus mediator type for magnetite at pH 8.5.

4.1.3 Mediator concentration measurements
I tested various concentrations of mediator to determine if mediator concentration
impacts the measured Eh values. I performed experiments with magnetite using diquat
concentrations between 0 – 40 µM at pH 8.0. Magnetite (1 g/L) and mediator were mixed with
pH 8.0 buffering solution and equilibrated overnight before measuring Eh (Figure 4-4). There was
a wide range of unsettled values when no mediator was used. The measurement using less than 5
µM mediator had slightly higher Eh measurements with more error than the other measurements,
indicating that greater concentrations of mediator were necessary to obtain consistent results. The
good agreement between Eh values within the 5 – 40 µM mediator range provided evidence that
mediator concentration did not influence measurements.
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Figure 4-4: Effect of mediator concentration on reduction potential of magnetite.

I used goethite to further test the effects of mediator concentration. I mixed 1 g/L
goethite, 1 mM aqueous Fe2+, and 0 – 100 µM DQ in a pH 7.75 buffer solution. After
equilibrating the samples for 24 ± 4 hours, I measured Eh (Figure 4-5). Again, there was a wide
range of unsettled values when no mediator was used. The Eh values were slightly higher when
only 5 µM mediator was used, suggesting that this was too low of a concentration of mediator to
give reliable results. Only subtle differences in Eh value were observed for experiments using 10
– 100 µM mediator. I observed a higher drift towards positive values at the higher (100 µM) DQ
concentration. I used the same experimental setup to test the mediators cyanomethyl viologen
(CMV) at pH 6 and hexaammineruthenium (Ru) at pH 5.5 (results not shown). These additional
experiments using CMV and Ru mediatorss provided results comparable to the DQ experiments –
concentrations above 10 µM produced similar values of Eh. The results of the goethite and
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mediator experiments provided further evidence that mediator concentration within the tested
range did not affect the value of Eh measurements.
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Figure 4-5: Effect of mediator concentration on reduction potential of goethite.

The validation experiments provided evidence that the measured Eh values were not
affected by the concentration or type of mediator. The measured values were consistent for both
magnetite and goethite regardless of variations in mediator concentration. In addition, different
types of mediator provided similar values. The consistency of experimental values obtained with
multiple reactors provided compelling evidence that the mediated method works.
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4.2 Reduction potential measurements
After testing both concentration and type of mediator, we began systematically measuring
Eh values for goethite (α-FeOOH), hematite (α-Fe2O3), and magnetite (Fe3O4) as a function of pH
and aqueous Fe2+ concentration. I also collected Fe2+ sorption data (how much Fe2+ was taken up
by the Fe oxide solids) as part of each experiment.

4.2.1 Goethite reduction potential measurements
Goethite was measured across a pH range of 5.5 – 7.75. For pH 5.5 and 6.0, initial
aqueous Fe2+ content was varied between 200 – 5000 µM. For pH 6.5 – 7.75, aqueous Fe2+
content was varied between 100 – 1000 µM. The lower concentration of aqueous Fe2+ at the
higher pH values was used to prevent precipitation of the Fe2+ during the experiments.
For each reactor, I measured the concentration of aqueous Fe2+ before the Fe oxide was
added and after completion of the equilibration time (24 hours). I used the difference between the
values as the amount sorbed. I plotted the sorbed Fe2+ concentration versus the final Fe2+
concentration in Figure 4-6. Such graphs are known as sorption isotherms. My sorption isotherms
were consistent with expected results. There was more sorption at higher pH values. There was
also a general trend of more sorption at higher aqueous Fe2+ concentrations. It should be noted
that the calculations that I used involved aqueous Fe2+ only.
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Figure 4-6: Fe2+ sorption isotherms for goethite.

The measured Eh values for the goethite – aqueous Fe2+ redox couple are shown in Figure
4-7, below. I set up a minimum of 3 reactors for each data point. DQ, CMV, and Ru mediators
were used to cover the range of reduction potentials for the goethite – aqueous Fe2+ redox couple.
Note that the values used for aqueous Fe2+ concentrations are the final, equilibrated values. There
was a log linear relationship between Eh and aqueous Fe2+ concentration. I expected to see this
relationship based on the Nernst equation. The Eh values became increasingly negative with
higher pH and aqueous Fe2+ concentration.
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Figure 4-7: Reduction potential of goethite as a function of pH and aqueous Fe2+ concentration.

4.2.2 Hematite reduction potential measurements
Hematite was measured at 4 different pH values (pH 5.5 – 7.5) with varying
concentrations of aqueous Fe2+. Sorption isotherms (Figure 4-8) were prepared in the same
manner as for the goethite experiments. The sorption isotherms were as expected, with increasing
sorption at higher pH values and higher aqueous Fe2+ concentrations. The final aqueous Fe2+
concentrations were used in calculations to determine the standard reduction potential.
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Figure 4-8: Fe2+ sorption isotherms for hematite.

I measured hematite as a function of pH and aqueous Fe2+ concentration (Figure 4-9). I
chose a pH range of 5.5 – 7.5 for these experiments. Initial aqueous Fe2+ concentration was
varied from 10 – 3000 µM. I used the aqueous Fe2+ concentrations collected after equilibration for
the values on the graph. Mediator concentration was kept at 20 µM for all hematite experiments.
DQ, CMV, and Ru mediators were used in the hematite experiments. As with the goethite
measurements, there was a log linear relationship between Eh and aqueous Fe2+ concentration,
which was expected for Nernstian potentials. The Eh values became increasingly negative with
higher pH and aqueous Fe2+ concentration.

30

Reduction Potential (mV vs. SHE)

200

1 g/L Hematite
20 µM Mediator

100

0

-100

-200
pH
pH
pH
pH

-300

5.5
6.5
7.0
7.5

-400
9

10

2

3

4

5

6 7 8 9

100

2

3

2+

Aqueous Fe

4

5

6 7 8 9

1000

2

3

4

[µM]

Figure 4-9: Reduction potential of hematite as a function of pH and aqueous Fe2+ concentration.

4.2.3 Magnetite reduction potential measurements
I measured magnetite both as a function of pH with no aqueous Fe2+ added (Figure 4-10)
and with Fe2+ in solution (Figure 4-11). For magnetite experiments without aqueous Fe2+, 2 g/L
magnetite was mixed with 20 µM mediator. I used DQ at pH 7.5 and pH 8.0 and EV for pH 8.5 –
10. I measured Eh after equilibrating the reactors overnight. I set up 2 different reactors for each
data point. I included error bars to show the variation in Eh measurements between the 2 separate
reactors at each point. As expected, the reduction potential decreased with increasing pH.
However, I expected to see a more linear relationship between Eh and pH for these measurements.
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Figure 4-10: Reduction potential of magnetite as a function of pH.

For magnetite experiments with aqueous Fe2+, 2 g/L magnetite was mixed with 20 – 40
µM mediator. I used DQ for all measurements, which were at pH 7.5. I varied aqueous Fe2+
concentration from 100 – 5000 µM. I measured Eh after equilibrating the reactors overnight. I set
up a minimum of 3 separate reactors for each data point. I included error bars to show the
variation in Eh measurements at each point. I observed a color change from black to reddish
brown on the top layer of settled magnetite particles for my two lowest initial aqueous Fe2+
concentrations of 100 µM and 200 µM. The color change occurred in the experimental time frame
(24 hours) for one set of reactors. However, two additional reactors with the same initial aqueous
Fe2+ concentrations did not have any discernible color change until at least 2 days after the
experiments were completed. No discernible color change was observed for higher initial aqueous
Fe2+ concentrations, even after several days of storage. I did not observe any visible changes in
any other magnetite experiments.
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Figure 4-11: Reduction potential of magnetite as a function of pH and Fe2+(aq) concentration.
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Chapter 5

Discussion

5.1 Measuring standard reduction potentials
I first performed a series of validation experiments to test my hypothesis that mediators
could be used to measure the reduction potential of Fe oxide – aqueous Fe2+ redox couples. I
found that measurements attempted without mediator resulted in drifting measurements with a
wide range of values. When mediator was added to the suspension, reduction potential values
were more consistent and noticeably lower (more reducing) than values without mediator.
Concentrations of mediator from 10 – 100 µM did not affect the measurements. These results
provided compelling evidence that mediators can be used to measure reduction potential.
Experiments designed to test the effect of different mediator structures on reduction
potential measurements used 5 different mediators. Overall, results showed good agreement
between the measured reduction potential values (Figure 4-3). Values were slightly higher for
benzyl viologen (Eh = -443 mV) and zwitterionic viologen (Eh = -454 mV) than for the other
mediators (average Eh = -478 mV). The reduction potential of the suspension may have been out
of the working range of these mediators, resulting in inaccurate measurements. Ideally we should
remain within 120 mV of a mediator’s apparent standard reduction potential for accurate
measurements. Benzyl viologen (E0 = -360 mV) and zwitterionic viologen (E0 = -380 mV) were
near the edge of their optimum working range for these measurements. These results demonstrate
that mediator structure does not affect reduction potential measurements. However, care must be
taken to ensure that the correct mediator is used for the value of the reduction potential that is
being measured in a solution.
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The mediator promoted interaction between the Fe and the measuring electrode by
serving as an electron shuttle. In addition, the mediator facilitated the reaction between the Fe
oxide and aqueous Fe2+, allowing equilibrium to be reached faster (in a reasonable time frame for
experimental measurements). Through these mechanisms, the mediator allowed us to measure
reduction potentials of the Fe oxide – aqueous Fe2+ redox couples, though further calculations
were necessary to determine the accuracy of the measured values.
Graphs of measured reduction potential versus aqueous Fe2+ for goethite (Figure 4-7) and
hematite (Figure 4-9) were consistent with expectations based on the Nernst equation. There was
a log linear relationship between the reduction potential and aqueous Fe2+ concentration. The
reduction potential values became increasingly negative at higher pH and higher aqueous Fe2+
concentration. For magnetite in absence of aqueous Fe2+ (Figure 4-10), reduction potential
decreased with higher pH, though a more linear relationship was predicted. In experiments of
magnetite in presence of aqueous Fe2+ (Figure 4-11), the relationship between the reduction
potential and log of aqueous Fe2+ concentration was not as linear as expected. There was also
much error associated with the reduction potential measurements. Additionally, a change in color
from black to reddish brown was observed in reactors with less than 200 µM aqueous Fe2+ added
to the magnetite suspension. (Note that no color change was observed in experiments without
added aqueous Fe2+ or in magnetite experiments using 500 µM or more aqueous Fe2+.) The
change in color was most likely caused by magnetite being oxidized to maghemite, though it is
unclear why this occurred in these experiments.
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5.2 Calculating standard reduction potentials
I next tested the hypothesis that our measured values could be used to determine the
standard reduction potential (E0) for the Fe oxide – aqueous Fe2+ couples that were
experimentally tested. The following redox reactions apply to the systems that I measured:
Goethite: α-FeOOH(s) + e- + 3 H+ = Fe2+(aq) + 2 H2O

Eq. 5-1

Hematite: α-Fe2O3(s) + 2 e- + 6 H+ = 2 Fe2+(aq) + 3 H2O

Eq. 5-2

Magnetite: 3 γ-Fe2O3(s) + 2 e- + 2 H+ = 2 Fe3O4(s) + H2O

Eq. 5-3

Magnetite: Fe3O4(s) + 2 e- + 8 H+ = 3 Fe2+(aq) + 4 H2O

Eq. 5-4

Note that Eq. 5-1 – 5-4 are written as reduction reactions. Next the redox reactions were
combined with the Nernst equation to provide equations specific to each Fe mineral that was
tested in the experiments. Recall Eq. 2-2:
𝐸! = 𝐸 ! −

!"
!"

ln  (

[!!"#$%"# ]
[!!"#$#%&$ ]

)

Eq. 2-2

For goethite and hematite, this simplifies to:
!!
𝐸! = 𝐸 ! − 59 ∗ log  [ 𝐹𝑒        
!" ] − 177 ∗ 𝑝𝐻

Eq. 5-5

For magnetite without aqueous Fe2+ (Eq. 4-3), this simplifies to:
𝐸! = 𝐸 ! − 59 ∗ 𝑝𝐻

Eq. 5-6

For magnetite with aqueous Fe2+ (Eq. 4-4), this simplifies to:
!!
𝐸! = 𝐸 ! − 88.5 ∗ log  [ 𝐹𝑒        
!" ] − 236 ∗ 𝑝𝐻

Eq. 5-7

The first and second numeric values in Equations 5-5, 5-6, and 5-7 were replaced with variable
names slope and pH_dependence, respectively:
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!!
𝐸! = 𝐸 ! − 𝑠𝑙𝑜𝑝𝑒 ∗ log  [ 𝐹𝑒        
!" ] − 𝑝𝐻_𝑑𝑒𝑝𝑒𝑛𝑑𝑒𝑛𝑐𝑒 ∗ 𝑝𝐻

Eq. 5-8

Using Igor software, I fit the experimental data to the simplified Nernst equations that
were derived earlier. I used my measured values for Eh, Fe2+(aq), and pH in Eq. 5-8. I fit the values
of E0, slope, and pH_dependence. Ideally, I would obtain a value of 59 for the slope and 177 for
pH_dependence in the equation for goethite and hematite. I expected a value of 59 for the slope
of magnetite without aqueous Fe2+. For magnetite with aqueous Fe2+, I expected a slope value of
88.5 and pH_dependence of 236. Table 5-1, below, shows the values for E0, slope, and
pH_dependence that were calculated in Igor based on our collected experimental data.

Table 5-1: Standard reduction potential value, slope, and pH_dependence of Fe oxide – aqueous
Fe2+ couples based on experimentally measured reduction potential values.
Fe mineral
Goethite
Hematite
Magnetite (without
Fe2+(aq))
Magnetite (with
Fe2+(aq))

E0 (mV vs SHE)
770.2 ± 9.4
756.8 ± 15.6
244.8 ± 104

Slope
60.1 ± 2.2
61.8 ± 3.3
Not applicable

pH_dependence
175.4 ± 1.5
174.1 ± 2.6
81.6 ± 11.8

930

17.4 ± 7.6

178.6 ± 11.8

For both goethite and hematite, the values for slope and pH_dependence agreed very well
with those I expected based on the Nernst equation. I expected a slope of 59 and calculated a
slope of 60.1 ± 2.2 and 61.8 ± 3.3 for goethite and hematite, respectively. My slope values fit the
expected values within the error range. I calculated pH_dependence of 175.4 ± 1.5 for goethite
and pH_dependence of 174.1 ± 2.6 for hematite. These values agreed very well with the expected
value of 177. These results suggest that Eqs. 4-1 and 4-2 were correctly chosen for my evaluation
of goethite and hematite, respectively.
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The magnetite values did not agree as well with the values that I expected. The poor fit of
the magnetite values could have been a result of the limited number of data points collected for
magnetite. Secondary mineralization or surface complexation may have been a factor in the poor
fit of magnetite data with aqueous Fe2+. Occurrence of reactions other than those that I predicted
could also have caused the poor agreement of magnetite values. I observed a color change from
black to reddish brown on the top layer of settled magnetite particles for low initial aqueous Fe2+
concentrations of 100 µM and 200 µM. However, no discernible color change was observed for
higher aqueous Fe2+ concentrations. This observation provided evidence of a mineral change in
magnetite at the lower aqueous Fe2+ concentrations, most likely to maghemite. This change would
affect the reduction potential and could have resulted in measurements of a mixed potential.
The presence of both structural Fe2+ and structural Fe3+ in magnetite makes reactions
more complex than those for goethite and hematite, which only contain structural Fe3+. Magnetite
stoichiometry is a measure of the ratio of structural Fe2+ to Fe3+ and varies from 0 to 0.5. The
completely oxidized from of magnetite, known as maghemite, has a value of 0; stoichiometric
magnetite has a value of 0.5. Studies have found that magnetite stoichiometry affects the reaction
rates of contaminant reduction by magnetite as well as the reduction potential [9]. Stoichiometric
magnetite was found to rapidly reduce nitroaromatics while more oxidized magnetite reacted
much more slowly [9]. The differences in stoichiometry may explain the wide range of values
reported in experiments using magnetite. Unfortunately, many studies do not report magnetite
stoichiometry, making it difficult to determine if magnetite stoichiometry is the main factor in the
different values.
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5.3 Thermodynamic calculations
I calculated E0 based on thermodynamic values. Gibbs free energies (ΔG°) are
thermodynamic values used to calculate whether or not a reaction could occur. If ΔG°rxn (Eq. 510) has a negative value, then the reaction is spontaneous (can proceed forward). These values
can be related to E0 using the relationship from Eq. 2-1.

Gibbs free energy: ∆𝐺°!"# =    ∆𝐺°!"#$%&'( −    ∆𝐺°!"#$%#&%'

∆𝐺°!"# =    −𝑛𝐹𝐸      !

à

𝐸      ! =

!∆!°!"#
!"

Eq. 5-10

Eq. 2-1

I used the above relationships together with Eqs. 5-1 (goethite), 5-2 (hematite), 5-3
(magnetite without aqueous Fe2+), and 5-4 (magnetite with aqueous Fe2+) to calculate E0. Gibbs
free energies are shown in Table 5-2.
Table 5-2: Gibbs free energies for species of interest. Values were taken from Robie and
Hemingway (1995)[ 33], except in the case of maghemite, which was taken from Navrotsy
(2008)[ 34].
Chemical Species
Goethite (FeOOH)
Hematite (α-Fe2O3)
Magnetite (Fe3O4)
Maghemite (γ-Fe2O3)
Aqueous Fe2+
H+
eH2O(l)

Gibbs free energies (ΔG°)
− 491.8 kJ/mol
− 744.4 kJ/mol
− 1012.7 kJ/mol
− 731.4 kJ/mol
− 90.0 kJ/mol
0 kJ/mol
0 kJ/mol
− 237.1 kJ/mol
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For goethite:
∆𝐺°!"# =    ∆𝐺°!" !!

           !"

+    ∆𝐺°!! ! ! −    ∆𝐺°!"#$$% ! −    ∆𝐺°! ! − ∆𝐺°! !

∆𝐺°!"#,!"#$!!"# =   (-90.0) + 2 -237.1 − (-491.8) − 0 − 3 0 = -72.4
!
𝐸      !"#

=

!"
72.4  !"#

(1)(96.485  !"
)
!

= 0.750  𝑉

For hematite:
∆𝐺°!"# =    ∆𝐺°!" !!

           !"

+    ∆𝐺°!! ! ! −    ∆𝐺°!"!! !! ! −    ∆𝐺°! ! − ∆𝐺°! !

∆𝐺°!"#,!!"#$%$! =   2(-90.0) + 3 -237.1 − (-744.4) − 2 0 − 6 0 = -146.9
!
𝐸      !"#
=

!"
146.9  !"#

(2)(96.485  !"
)
!

= 0.761  𝑉

For magnetite without aqueous Fe2+:
∆𝐺°!"# =    ∆𝐺°!!! !! +    ∆𝐺°!! ! ! −    ∆𝐺°!!!! !! ! −    ∆𝐺°! ! − ∆𝐺°! !
∆𝐺°!"#,!"#$%&'&% =   2 -1012.7 + -237.1 − 3(-731.4) − 2 0 − 2(0) = -68.3

!
𝐸      !"#
=

!"
68.3  !"#

(2)(96.485  !"
)
!

= 0.354  𝑉

For magnetite with aqueous Fe2+:
∆𝐺°!"# =    ∆𝐺°!" !!

            (!")

+    ∆𝐺°!! ! ! −    ∆𝐺°!!! !! ! −    ∆𝐺°! ! − ∆𝐺°! !

∆𝐺°!"#,!"#$%&'&% =   3(-90.0) + 4 -237.1 − (-1012.7) − 2 0 − 8 0 = -205.7
!
𝐸      !"#

=

!"
205.7  !"#

(2)(96.485  !"
)
!

= 1.066  𝑉
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I tabulated the values of E0 derived from my experimental data, the experimental data of
other researchers, and the values I calculated from Gibbs free energies (Table 5-3). My measured
E0 values for goethite and hematite agreed very well with experimentally derived values from
other research studies as well as values derived from Gibbs free energies.
Magnetite without aqueous Fe2+ was within range of the E0 value calculated from
thermodynamics, though with a very wide margin of error. Differences in experimentally
calculated E0 values for magnetite may have been related to differences in magnetite
stoichiometry in the experiments. My determined E0 value of 930 mV for magnetite with aqueous
Fe2+ was reasonably close to the expected value of 1066 mV, especially for the limited amount of
data points that I collected. For this calculation, I only collected data at pH 7.5. If I collected data
across multiple pH values, I would expect this value to become closer to the expected 1066 mV.

Table 5-3: Measured redox potential values compared to other experimentally measured values
and values based on thermodynamic calculations. Values were taken from Fischer 1987, Roden
2006, Pang et al. 2007, and White et al. 1994.
Fe Mineral

Our measured E0
values (mV vs SHE)

E0 values based on
Gibbs free energies

770 ± 9
757 ± 16
245 ± 104

Experimentally
calculated E0 values
(mV vs SHE) from
other studies
720 - 844[26, 27]
764 - 940[26, 35]
183 - 660[15, 35]

Goethite
Hematite
Magnetite (without
Fe2+(aq))
Magnetite (with
Fe2+(aq))

930

1090[35]

1066

750
761
354
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Chapter 6

Conclusions and Future Work
Based on the results of this study, I concluded that meaningful Eh values can be measured
for Fe oxide – aqueous Fe2+ redox couples through the use of mediators. These values can then be
used to determine accurate E0 for the redox couples. The values can provide a framework of
reduction potentials for Fe oxide – aqueous Fe2+ redox couples that can be built upon by future
research experimentation. The calculated values of E0 for goethite and hematite agreed well with
those expected based on thermodynamics. Magnetite measurements had relatively large margins
of error and were not as close to expected values as the Fe3+ oxides. These errors may have been a
result of fewer experimental measurements compared to goethite and hematite. Surface
complexation and/or nonequilibrium status caused by limited mixing of the magnetite reactors
may have caused experimental error in the magnetite experiments.
For future work, I would continue work on magnetite measurements. I would expand my
data set by measuring Eh at more pH and aqueous Fe2+ concentrations. I would then use my data
to calculate E0 for the magnetite and compare it with the value I calculated from Gibbs free
energies.
I would then investigate the effects of particle size (surface area) on measured Eh values.
I would synthesize Fe oxides, such as goethite or hematite, to achieve different particle sizes and
verify surface area using BET surface area measurements. I would reproduce my previous
experiments using different particle sizes of Fe oxide and observe any differences in measured Eh
values
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