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ABSTRACT: Iron (oxyhydr-)oxide reduction has been extensively studied because of its importance in pollutant redox
dynamics and biogeochemical processes. Yet, experimental
studies linking oxide reduction kinetics to thermodynamics
remain scarce. Here, we used mediated electrochemical
reduction (MER) to directly quantify the extents and rates of
ferrihydrite, goethite, and hematite reduction over a range of
negative reaction free energies, ΔrG, that were obtained by
systematically varying pH (5.0 to 8.0), applied reduction
potentials (−0.53 to −0.17 V vs SHE), and Fe2+ concentrations
(up to 40 μM). Ferrihydrite reduction was complete and fast at
all tested ΔrG values, consistent with its comparatively low
thermodynamic stability. Reduction of the thermodynamically
more stable goethite and hematite changed from complete and fast to incomplete and slow as ΔrG values became less negative.
Reductions at intermediate ΔrG values showed negative linear correlations between the natural logarithm of the reduction rate
constants and ΔrG. These correlations imply that thermodynamics controlled goethite and hematite reduction rates. Beyond
allowing to study iron oxide reduction under deﬁned thermodynamic conditions, MER can also be used to capture changes in
iron oxide reducibility during phase transformations, as shown for Fe2+-facilitated transformation of ferrihydrite to goethite.

■

INTRODUCTION
Ferric iron (oxyhydr-)oxides are predominant redox-active
minerals in many natural and engineered systems.1−3 These
minerals include ferrihydrite, goethite, and hematite and, for
simplicity, are subsequently referred to as iron oxides. Redox
reactions involving iron oxides inﬂuence the (bio)availability of
nutrients4,5 and trace elements,6,7 the fate of pollutants,8,9 and
the cycling of major and minor elements.10,11 For instance, iron
oxides can serve as terminal electron acceptors in anaerobic
microbial respiration12−14 and can stimulate interspecies
electron transfer.15−17 Reduction of iron oxides may lead to
their dissolution and the simultaneous release of associated
trace elements.18,19 Ferrous iron formed during the reduction
of iron oxides may associate with the oxides and thereby
become a potent reductant for many contaminants, including
toxic metals and metalloids,20−22 radionuclides,23,24 and organic
compounds.25,26
The importance of iron oxide redox reactions in
biogeochemical processes and pollutant dynamics has led to
considerable research eﬀorts directed toward characterizing the
redox properties and reactivities of these minerals. Such
characterizations have proven challenging, however, because
© 2017 American Chemical Society

electron transfer to iron oxides is linked to a series of
concurrent reactions,27 including the association of the formed
Fe2+ with the iron oxide surface,28,29 interfacial electron transfer
followed by electron transfer in the crystal lattice of the iron
oxide,30−32 atom exchange,33−36 and mineral recrystallization
reactions.37−40 The resulting redox chemistry of the oxide Fe3+/
Fe2+ couple made it diﬃcult to interpret iron oxide reduction
data obtained from batch experiments with poor control of the
thermodynamic boundary conditions for reduction. These
boundary conditions include the reduction potential, EH, the
solution pH, and the Fe2+ activity. Research on iron oxide redox
chemistry would beneﬁt from an experimental system that
allows controlling and systematically altering these boundary
conditions and, at the same time, monitoring electron transfer
to and from iron oxides.
We and others have recently employed mediated amperometric analysis to characterize the redox properties and
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measurements were conducted in aqueous solutions containing
pH buﬀers (all 0.01 M; acetic acid (pKa = 4.75) for pH 5; 2-(Nmorpholino)ethanesulfonic acid (MES; pKa = 6.15) for pH 6−
6.5; 3-morpholinopropane-1-sulfonic acid (MOPS; pKa = 7.2)
for pH 6.75; 2-[4-(2-hydroxyethyl)piperazin-1-yl]ethanesulfonic acid (HEPES; pKa = 7.5) for pH 7−8) and
0.1 M KCl as electrolyte.
Chemicals and Iron Oxides. A list of all chemicals used
can be found in the Supporting Information (SI), Section S1. 6line ferrihydrite, goethite, and hematite were synthesized
according to established protocols.53 SI Section S2 provides
details on the synthesis and characterization of the iron oxides.
Mediated Electrochemical Reduction. Iron oxide
reductions were carried out in electrochemical cells positioned
in a N 2 -atmosphere glovebox (Unilab 2000, MBraun,
Germany) (O2 < 2 ppm). The electrochemical cells consisted
of 9 mL glassy carbon cylinders (GAZ 1, HTW, Germany) that
served simultaneously as reaction vessels and working electrodes (WE). The solution in each WE cylinder was stirred
continuously with a Teﬂon-coated stir bar and a stir plate
positioned below the cell. EMER
were measured against Ag/
H
AgCl reference electrodes (Re1B, ALS, Japan) but are reported
herein versus the standard hydrogen electrode (SHE). Each cell
contained a platinum wire counter electrode that was separated
from the WE compartment by a porous glass frit (PORE E
tubes; ACE glass). The cells were controlled by two eightchannel potentiostats (models 1000B and 1000C, CH
Instruments).45,46 Current data was collected with a 5 s
sampling frequency.
We determined both the extents and rates of iron oxide
2+
activities.
reduction at diﬀerent EMER
H , solution pH, and Fe
While we separately discuss the extents and rates of oxide
reduction, the data originated from the same MER experiments.
These experiments were performed as follows. After ﬁlling the
WE cylinder and counter electrode compartment with a pHbuﬀered solution, we applied a deﬁned and constant EMER
to
H
the WE. Once the background current had stabilized at low
values (i.e., < 3 μA), one of several electron transfer mediators
was added to the WE cylinder from a 10 mM mediator stock
solution: 1,1′-bis(cyanomethyl)-4,4′-bipyridyl (cyanomethyl
viologen, standard reduction potential E0H = −0.140 V) was
from −0.17 V to −0.305 V, 1,1′-ethylene-2,2′used at EMER
H
bipyridyl (diquat, E0H = −0.35 V) at EMER
from −0.35 V to
H
−0.485 V, and 1,1′-trimethylene-2,2′-bipyridyl (triquat, E0H =
of −0.53 V. We chose these viologens as
−0.54 V) at an EMER
H
mediators because they are structurally related to each other
and undergo fully reversible and pH-independent one electron
transfer reactions. Similar viologen mediators were previously
used in nonelectrochemical iron oxide reduction experiments.54−56 The iron oxide reductions were carried out at a
constant concentration of reduced mediator of 0.255 mM,
which was approximately 10 times higher than the total iron
concentration in the WE cylinder after the ﬁrst addition of iron
oxide suspension. At this concentration ratio of reduced
mediator to oxide Fe, the maximum iron oxide reduction
rates measured in MER were independent of the mediator
concentration (SI Section S3). To obtain the same reduced
mediator concentration in all experiments, we adjusted the total
mediator amount added to the cells to the potential oﬀsets
between applied EMER
and mediator E0H (resulting in diﬀerent
H
concentration ratios of oxidized to reduced mediator species in
the cells). Addition of iron oxide suspension to the cell resulted
in electron transfer from the reduced mediator to the iron

reactivities of organic and mineral geochemical phases,
including natural organic matter,41,42 pyrogenic carbonaceous
materials,43 iron-containing minerals,44−48 as well as of
sediments containing more than one redox-active constituent.49,50 This electrochemical approach oﬀers the unique
capability to study electron transfer to and from geochemical
phases under well-controlled thermodynamic boundary conditions deﬁned by the reduction potential applied to the
working electrode and the pH of the solution in the
electrochemical cell. Electron transfer between the working
electrode and the geochemical phase added to the cell is
facilitated by dissolved electron transfer mediators. The use of
mediators is critical to overcome kinetic artifacts typically
encountered in nonmediated measurements that arise from
sluggish electron transfer between the working electrode and
the geochemical phase.51,52 Depending on whether the cells are
operated under reducing or oxidizing conditions relative to the
phase added, mediated electrochemical reduction (MER) and
oxidation (MEO) result in reductive and oxidative current
peaks. In the past, we and others exclusively used MER and
MEO to quantify the capacities of geochemical phases to accept
and donate electrons by integrating the reductive or oxidative
current peaks (e.g. refs 41−50). However, a second feature of
mediated electrochemical analysis has not yet been systematically explored: the measured currents correspond to the rates at
which electrons are transferred across the working electrode
and may thus also provide a direct measure for the rates at
which electrons are transferred to and from a geochemical
phase.51
The goal of this work was to assess the applicability of MER
to quantify both extents and rates of electron transfer to iron
oxides under controlled thermodynamic boundary conditions.
We focused on iron oxide reduction because this reaction has
well-constrained standard reduction potentials and because we
can readily calculate the eﬀects of the reduction product, Fe2+,
on system thermodynamics. To reach this goal, we performed
MER experiments with three iron oxides commonly found in
the environment, namely ferrihydrite, goethite, and hematite.
We added these oxides in suspended form to MER cells that we
operated at diﬀerent reduction potentials applied to the
working electrode, EHMER, and at diﬀerent solution pH.
Furthermore, we systematically altered the activity of dissolved
Fe2+ in the cell solutions during iron oxide reduction. These
variations resulted in a wide range of negative reaction free
energies, ΔrG, for iron oxide reduction. The work had three
speciﬁc objectives. First, we tested whether the selected iron
oxides are reducible during MER and qualitatively assessed the
eﬀect of ΔrG on reductive current responses. Second, we
evaluated the capabilities of MER to relate extents and rates of
iron oxide reduction to ΔrG quantitatively. Third, we assessed
whether MER can be used to characterize changes in the
reducibility of iron oxides under conditions that favor phase
transformations of iron oxides.

■

MATERIALS AND METHODS
Solutions and Suspensions. All solutions and suspensions
were prepared with deionized water (resistivity >18.2 MΩ·cm,
Barnstead Nanopure Diamond Water Puriﬁcation System).
Oxygen-free solutions (with and without pH buﬀers) were
prepared by heating them to 80°C and purging them with
ultrahigh purity N2 (99.999%) for at least 2 h. Oxygen was
removed from iron oxide suspensions by purging them with
ultrahigh purity N2 (99.999%) for 3 h without heating. All MER
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Data Analysis. The number of electrons transferred to the
iron oxides, q [mole−], was quantiﬁed by integration of the
reductive current peak that resulted from iron oxide additions
to the MER cell according to eq 1.45

oxide, which lead to an increase in the concentration ratio of
oxidized to reduced mediator in the cell. The formed oxidized
mediator molecules were immediately re-reduced at the WE,
resulting in reductive current peaks that were analyzed as
described below.
For standard MER experiments, each mediator was transferred to the cell in three separate additions prior to the iron
oxide additions and in two further additions after the oxide
additions (see SI Section S4 for an illustration of the spiking
scheme). All mediator additions were suﬃciently spaced apart
for baseline separation of the resulting reductive current peaks.
The ﬁrst mediator addition resulted in a reduced mediator
concentration in the cell of 0.218 mM. The following two
mediator additions had smaller, yet identical volumes and each
increased the reduced mediator concentration by 0.018 mM
(total reduced mediator concentration after the three additions:
0.255 mM). The three mediator additions were followed by
triplicate additions of the same iron oxide suspension to the
electrochemical cell (see next paragraph). Finally, following the
oxide additions, we repeated the two smaller mediator
additions, after which the ﬁnal reduced mediator concentration
in the cell had increased to approximately 0.283 mM. The
reductive current peaks in response to the four small mediator
additions served to determine the rate constants of mediator
reduction in each individual cell setup. These rate constants
were used to account for the eﬀect of slight diﬀerences in the
responsiveness of the electrochemical cell setups on iron oxide
reduction rate constants (see below).
Iron oxide suspensions were added to the electrochemical
cells in three sequential 50 μL aliquots from iron oxide stock
suspensions containing 134 ± 4, 142 ± 1, and 127 ± 1 mgFe
L−1 of ferrihydrite, goethite and hematite, respectively. These
iron concentrations were independently quantiﬁed using the
phenanthroline method after iron oxide dissolution in 6 M HCl
and iron reduction by ascorbic acid.57 The additions of the iron
oxide suspensions were suﬃciently spaced apart to ensure
baseline separation of the resulting reductive current peaks. The
reductive current responses to the ﬁrst iron oxide additions
served to quantify extents and rates of iron oxide reduction at
the given experimental EMER
and solution pH. The current
H
responses to the second and third iron oxide additions served
to investigate the eﬀect of accumulating Fe2+ in the electrochemical cell on the extents and rates of iron oxide reduction.
Iron Oxide Transformation Experiment. We ran
duplicate batch reactors (400 mL each) in a N2 atmosphere
glovebox (Unilab 2000, MBraun, Germany) to carry out
ferrihydrite transformation in the presence of Fe2+. The
transformation was initiated by addition of FeCl2 (ﬁnal solution
concentration: 1 mM) to a ferrihydrite suspension (10 mM
Fe3+). The transformation was terminated 15 d after Fe2+
addition. During the transformation, the iron oxide suspension
was continuously stirred using an overhead stirrer (Unistirrer
OH2, LLG, Germany) and the pH of the suspension was kept
constant at pH 7.0 using an automated pH-stat titrator
(titration of 70 mM KOH with a 907 Titrando, Metrohm,
Switzerland). The initial and ﬁnal materials were characterized
using X-ray diﬀraction, transmission electron microscopy and
MER (see SI Section S5 for details). Duplicate MER
experiments were performed for each sample at eight diﬀerent
pH (i.e., pH 5.00, 5.50, 6.00, 6.25, 6.50, 6.75, 7.00, and 7.25)
and at constant EMER
= −0.35 V as described in the previous
H
section except that we only added a single 20 μL aliquot of the
iron oxide suspension to the MER cell.

q(tend) =

1
F

∫t

tend

I(t)dt

(1)

0

where I(t) [A] is the baseline-corrected reductive current, F is
the Faraday constant, and t0 and tend [s] denote the initial and
ﬁnal integration boundaries for each current peak. Current
responses were corrected for the background current described
by the ﬁt of a spline function (using Igor Pro, WaveMetrics)
through background current points that we selected manually.
Peak integration and determination of the maximum current
response, Imax, were performed using Matlab (MathWorks).
The Matlab code used for data analysis is provided in SI
Section S6.
Observed rate constants for iron oxide reduction, kobs [s−1],
were obtained from the current responses in MER experiments
that resulted in complete iron oxide reduction according to eq
2.51
⎛
⎛ Fe3 + ⎞
⎛
⎜
q(t ) ⎞
− kobs·t = ln⎜⎜ t3 + ⎟⎟ = ln⎜1 −
⎟ = ln⎜1 −
q(tend) ⎠
⎝
⎜
⎝ Fet0 ⎠
⎝

t
1
· I(t )dt ⎞⎟
F t0

∫

q(tend)

⎟
⎟
⎠

(2)

where t0 and t [s] are the time of iron oxide addition to the
MER cell and the time during oxide reduction, respectively,
3+
Fe3+
t /Fet0 [1] is the fraction of the initially added ferric iron
that remains in the electrochemical cell at time t, and I(t) [A] is
the time-dependent background-corrected reductive current
response. We determined kobs from the slope of a linear
regression line ﬁtted to the reductive current response plotted
3+
as ln(Fe3+
t /Fet0 ) versus time using Matlab (MathWorks; see SI
Section S6 for the Matlab code). This linear regression was
carried out on current data collected between the time point of
the maximum reductive current and the time point at which
95% of the added Fe3+ was reduced (see SI Section S7 for the
fraction of Fe3+ reduced until the time of Imax). We note that eq
2 corresponds to the analytical solution of a general rate law for
mineral dissolution introduced by Christoﬀersen and Christoﬀersen58 and Postma59 for the case when reduction rates are
unaﬀected by changes in size, morphology and reactive site
density of iron oxide particles during reduction (see SI Section
S8 for details). This assumption was justiﬁed given that all
current data was well described by eq 2. Furthermore, we show
in SI Sections S8 and S9 that eq 2 and the general rate law for
dissolution allowing for changes in iron oxide reactivity during
the reduction resulted in very similar iron oxide reduction rate
constants.
−1
The reduction rate constants for the mediators, kmed
obs [s ],
were obtained from the reductive current peaks in response to
the second to the fourth mediator additions using a modiﬁed
version of eq 2 (i.e., ln(medred(t)/medred(t0)) instead of
3+
med
ln(Fe3+
t /Fet0 ) and kobs instead of and kobs). We determined
med
med
values deﬁned an
kobs for two reasons. First, the kobs
experimental limit for kobs values. In MER experiments that
resulted in kobs ≈ kmed
obs , reductive currents were controlled by
mediator re-reduction and not by transfer of electrons from the
mediator to the iron oxide. Second, kmed
obs values served to
capture diﬀerences in the responsiveness among individual
electrochemical cells that resulted from small changes in the cell
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Figure 1. a., d., g. EH-pH diagrams for ferrihydrite (FH), goethite (GOE) and hematite (HEM) were drawn using the Nernst equation (eq 8) and a
ferrous iron concentration of 1 μM (see Materials and Methods for details). The colored areas represent conditions at which the iron oxides are
thermodynamically stable. The EMER
H -pH conditions that were chosen for this study are shown as black stars. The gray contour lines mark conditions
of identical reaction free energies, ΔrG, and are labeled with the respective values in kJ mol−1. b., e., h. Current responses measured during the
reduction of FH, GOE and HEM at varying solution pH and c., f., i. at varying potentials applied to the working electrode of the electrochemical cell,
EMER
H .

setups (e.g., stirring speed and/or depth of the counter
electrode compartment in the cell). Because the responsiveness
of an electrochemical cell equally aﬀected mediator and iron
oxide reduction rates, we used kmed
obs values to correct absolute
kobs values for diﬀerences in cell reactivity according to eq 3.
* = kobs·
kobs

(3)

α‐Fe2O3 + 2e− + 6H+ ⇌ 2Fe2 + + 3H 2O

(6)

Δr G = −nF ·(E Hoxide − E HMER )

−1

where kobs
* [s ] is the corrected observed rate constant for iron
−1
oxide reduction, and kmed
obs, av [s ] is the averaged mediator
reduction rate constant measured for all MER experiments in
which the same mediator species was used. We note that
med
variations in kmed
obs were small for all three mediators (kobs, av =
−3
−3 −1
4.03 · 10 ± 0.40 · 10 s for cyanomethyl viologen, 4.56 ·
10−3 ± 0.63 · 10−3 s−1 for diquat and 3.87 · 10−3 ± 0.33 · 10−3
s−1 for triquat).
For all iron oxides, duplicate MER experiments were carried
out simultaneously in two separate electrochemical cells.
Reported q and kobs
* are the averages of the duplicate
measurements (error bars depict deviations of single measurements from the mean). These averages were determined
individually for each of the three sequential iron oxide
additions, resulting in separate q and kobs
* for the ﬁrst, second
and third iron oxide addition.
Thermodynamic Calculations. We used the stoichiometries and pH-dependencies of the reductive dissolution of
ferrihydrite (expressed for simplicity as Fe(OH)3 below),
goethite (α-FeOOH), and hematite (α-Fe2O3), shown in
reaction eqs 4 to 6, to calculate reaction free energies, ΔrG [kJ
mol−1].
Fe(OH)3 + e− + 3H+ ⇌ Fe2 + + 3H 2O

(5)

ΔrG was calculated from the diﬀerence between the
reduction potential of the iron oxide under the experimental
conditions (i.e., pH and Fe2+ concentration) in the electroMER
chemical cell, Eoxide
according to eq 7.
H , and EH

med
kobs,av
med
kobs

α‐FeOOH + e− + 3H+ ⇌ Fe 2 + + 2H 2O

(7)

where n is the number of transferred electrons (n = 1 for the
reduction of Fe3+ to Fe2+) and F is the Faraday constant. Eoxide
H
was calculated from the Nernst equation (eq 8).
E Hoxide

=

E H0

2 + m Fe2 +
{Feaq
}
RT
−
·ln
−m H+·pH
nF
10

(8)

where R is the gas constant, T (= 298.15 K) is the absolute
temperature at which MER experiments were conducted, and
mFe2+ and mH+ denote the stoichiometric coeﬃcients for eqs 4 to
6. E0H [V] is the standard reduction potential of the iron oxide
(E0H = +0.985 V,60 + 0.768 V61 and +0.769 V61 for ferrihydrite,
−1
goethite, and hematite, respectively). {Fe2+
aq } [mol L ] is the
activity of aqueous ferrous iron calculated using the Davies
equation (SI eq S3 in Section S9.1). A detailed description of
the ΔrG calculations is provided in SI Section S9.1.
According to eqs 7 and 8, the ΔrG of the iron oxide
reduction linearly depends on the logarithm of the dissolved
ferrous iron activity (recently also shown experimentally in
Gorski et al.61). Because {Fe2+
aq } increases during an MER
experiment, calculations of ΔrG for reaction eqs 4 to 6 require
explicit assumptions for {Fe2+
aq }. We calculated ΔrG for two
selected {Fe2+
aq } that corresponded to two diﬀerent stages of
oxide reduction: (i) the time of the maximum rate of electron

(4)
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Figure 2. Mediated electrochemical reduction of ferrihydrite (FH), goethite (GOE) and hematite (HEM) at pH 5.0−8.0 (EMER
= −0.35 V) and at
H
= −0.53 to −0.17 V (pH 7.0). a. Illustrative example for the determination of the number of electrons transferred, q, from current responses by
EMER
H
(c.). d. The fraction of q relative
peak integration according to eq 1. q values for FH, GOE and HEM reduction are shown versus pH (b.) and EMER
H
2+
−
3+
activity that
to the total number of iron atoms, nFe3+
tot (mole /molFe ), shown versus ΔrG. ΔrG values were calculated using eq 7 with the Fe
resulted from complete reduction of the added oxide (see SI Section S9.1 for details). e. Illustrative example for the determination of observed
reduction rate constants, kobs, from peaks in current responses according to eq 2 between the time of the maximum current, tImax and the time at
* ) based on eq 3 and are shown versus pH (f.), EMER
(g.) and ΔrG (h.). The
which 95% of the oxide was reduced, t95%. kobs values were corrected (kobs
H
dashed gray lines in panels f.−h. depict the average mediator kobs over all experiments (see Materials and Methods for details). Filled and empty
and at varying EMER
and constant pH, respectively.
markers in panels d. and h. refer to data obtained at varying pH and constant EMER
H
H

transfer across the WE (i.e., {Fe2+
aq } was calculated based on eq
1 with integration boundaries from t0 to tImax), and (ii) the end
of the reduction reaction (i.e., {Fe2+
aq } was calculated based on
eq 1 by integration of the entire reductive current peak). SI
Section S9 provides more details on the calculation of ΔrG for
the two diﬀerent stages of iron oxide reduction.

in decreasing heights (and hence Imax values) and increasing
widths of the reductive current peaks, meaning reduction rates
decreased (Figure 1b). Similar to the eﬀect of pH, the heights
of the reductive current peaks for ferrihydrite decreased and the
from −0.53
widths of the peaks increased with increasing EMER
H
V to −0.17 V (Figure 1c). Compared to ferrihydrite, increasing
had much stronger eﬀects on the shapes of the
pH and EMER
H
reductive current peaks for goethite (panels e and f) and
hematite (panels h and i). For these two iron oxides, the
reductive current peaks were very small and broad at pH values
≥ − 0.35 V. Overall, the observed changes in
≥ 7.0 and EMER
H
demonthe reductive current responses with pH and EMER
H
strated that the reactivity of the three iron oxides decreased
with increasing ΔrG to less negative values and thus decreasing
thermodynamic driving force for iron oxide reduction.
Quantitative Analysis of the Eﬀects of pH and EMER
on
H
Iron Oxide Reduction. Extents of Iron Oxide Reduction. We
determined the extents of iron oxide reduction by quantifying
the number of electrons transferred to the iron oxides, q (eq 1).
As an illustrative example, Figure 2a depicts a selected reductive
current peak resulting from the addition of 50 μL of a hematite
= −0.35 V.
suspension to a MER cell run at pH 7.00 and EMER
H
Integration of this peak showed that q = 113 nmole− were
transferred from the WE to hematite. The high signal-to-noise
ratio of the current response and the small number of electrons
transferred emphasize the high sensitivity of MER.
decreased the heights of the
While increasing pH and EMER
H
reductive current peaks of ferrihydrite (Figure 1b, c),
integration of these peaks showed that approximately the
same number of electrons were transferred to ferrihydrite under

■

RESULTS AND DISCUSSION
Qualitative Analysis of Iron Oxide Reduction. We
determined the reductive current responses of iron oxides in
MER over a range of solution pH in the electrochemical cell
(i.e., from pH 5.0 to 8.0 at EMER
= −0.35 V) and at diﬀerent
H
EMER
(i.e., from EMER
= −0.53 to −0.17 V at pH 7.0). The MER
H
H
conditions are depicted as black stars in Figure 1a, d, and g for
ferrihydrite, goethite, and hematite, respectively. The ﬁlled
areas in the upper right corners of panels a, d, and g depict the
E H -pH conditions under which the iron oxides are
thermodynamically stable (i.e., ΔrG ≥ 0 with a ferrous iron
concentration of 1 μM). The gray lines parallel to the iron
oxide stability lines connect EH-pH conditions with the same
ΔrG values for oxide reduction (shown in increments of −20 kJ
mol−1). Reduction of the three oxides was thermodynamically
favorable under all experimental conditions. However, the
experimental pH and EMER
conditions resulted in less negative
H
ΔrG values for goethite and hematite than ferrihydrite
reduction due to the higher E0H of ferrihydrite.
The remaining panels of Figure 1 show selected reductive
current responses to additions of the three iron oxides to
electrochemical cells run at diﬀerent pH and EMER
H . For
ferrihydrite, increasing the solution pH from 5.0 to 8.0 resulted
564
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Rates of Iron Oxide Reduction. Past studies using mediated
electrochemical analysis almost exclusively utilized the measured current responses to quantify the number of electrons
transferred to and from geochemical phases. This work is the
ﬁrst to systematically assess the possibility to derive rates of
electron transfer from the reductive current peaks measured in
MER. To this end, we determined observed rate constants, kobs,
for iron oxide reduction for all experiments that resulted in
complete oxide reduction (i.e., q/nFe3+
tot ≈ 1). We assume that
complete reductive dissolution rules out phase transformation
of the iron oxides during MER. The data treatment to obtain
kobs values is illustrated in Figure 2e using the same exemplary
current peak as in Figure 2a (i.e., hematite reduction at pH 7.00
= −0.35 V). In a ﬁrst step, we stepwise integrated the
and EMER
H
reductive current peak to determine the fractions of added
ferric iron that remained in the electrochemical cell at any given
3+
time t (i.e., Fe3+
t /Fet0 ). In a second step, we plotted the natural
3+
logarithm of Fe3+
t /Fet0 versus time t (Figure 2e). We restricted
our analysis to data collected between the time at which the
reductive current peaked (i.e., tImax) and the time at which 95%
of the added oxide were reduced, t95%. The converted current
data was accurately ﬁtted by eq 2 (Figure 2e), yielding a kobs
value for hematite reduction of 2.5 · 10−3 s−1 under the given
conditions. The ﬁnding that a single kobs value accurately
described the converted current data could be ascribed to the
constant pH, EMER
H , and reduced mediator concentration during
MER. Fits of comparable quality and very similar kobs values
were obtained when ﬁtting the current data using the general
rate law for mineral dissolution proposed by Christoﬀersen and
Christoﬀersen58 and Postma59 (see SI Section S8) instead of eq
2. The following discussion is based on rate data obtained using
eq 2.
We note that neither of the two rate models predict the
observed increase in reductive currents during the initial phase
of iron oxide reduction from t0 to tImax, which was more
pronounced for goethite and hematite than for ferrihydrite
(Figure 1). Conversely, such a gradual increase was not seen for
the mediator addition after which Imax was reached within < 20
s (see SI Section S4). The gradual initial current increases to a
maximum suggested an initial increase in iron oxide reducibility
following their addition to the MER cells. The underlying cause
of this observation remains unidentiﬁed. The current increase
was too gradual to have resulted from the re-reduction of
oxidized mediator species in the cell that had formed by
electron transfer from reduced mediator to the iron oxide (i.e.,
the addition of oxidized mediator to the MER cell resulted in
very sharp current increases to Imax). A possible explanation for
the gradual initial increase in reductive currents is that Fe2+
formed upon initial oxide reduction facilitated disaggregation of
the added oxides, thereby increasing the surface area readily
available to the reduced mediator for electron transfer. This
explanation is supported by the ﬁnding that between 20% and
30% of the ferric iron added as goethite and hematite had been
reduced when Imax was reached (SI Section S6). Such Fe2+induced disaggregation was recently proposed for goethite and
ferrihydrite.65,66
Figure 2f and g show kobs
* values for all three oxides obtained
from experiments in which we varied pH at constant EMER
H
(panel f) and EMER
at constant pH (panel g). The dashed
H
horizontal lines correspond to kmed
obs, av averaged over all mediator
−3 −1
s ). Ferrihydrite
measurements (kmed
obs, av = 4.44 ± 0.63 · 10
MER
* that scattered
reduction at all pH and EH resulted in kobs

all tested conditions (green squares in Figure 2b, c). Goethite
and hematite reduction at pH < 7.0 (EMER
= −0.35 V) and
H
EMER
<
−0.35
V
(pH
7.0)
also
showed
comparable and
H
constant q values. However, reduction of these two iron oxides
at higher pH and EMER
resulted in decreasing q values with
H
(orange circles and red triangles in
increasing pH and EMER
H
Figure 2b, c). The extents of goethite and hematite reduction
thus decreased as their reduction became thermodynamically
less favorable. To compare the extents of reduction under
diﬀerent experimental conditions and among the three iron
oxides, we normalized q to the total amount of iron that was
transferred into the electrochemical cell in a given oxide
addition, nFe3+
tot. Furthermore, we converted the diﬀerent pH
and EMER
conditions to ΔrG values using eqs 7 and 8. As
H
detailed in the Materials and Methods and SI Section S9, we
calculated ΔrG values for two ferrous iron activities, {Fe2+
aq }.
Figure 2d shows the ratios of q/nFe3+
tot plotted versus ΔrG values
that we calculated for {Fe2+
aq } at the end of the iron oxide
reduction. The trends described below were also observed for
the other {Fe2+
aq } scenario which merely shifted ΔrG to slightly
more negative values (SI Section S9.2).
For ferrihydrite, the number of electrons transferred was in
good agreement with the amount of Fe3+ added at all tested pH
(i.e., q/nFe3+
and EMER
H
tot = 1, Figure 2d), suggesting that
reduction thermodynamics for ferrihydrite were suﬃciently
favorable under all conditions to result in complete reduction of
the added ferrihydrite Fe3+ to Fe2+. Fast and complete
reduction of ferrihydrite likely ruled out its recrystallization to
thermodynamically more stable phases during MER. Conversely, goethite and hematite were completely reduced (i.e., q/
nFe3+
tot = 1) only at ΔrG values more negative than ≈ − 20 and
≈ − 15 kJ mol−1, respectively. At less negative ΔrG values, the
reduction of goethite and hematite started to be incomplete
(i.e., q/nFe3+
tot < 1). At the least negative ΔrG values of ≈ − 5 kJ
mol−1, the q/nFe3+
tot ratios of goethite and hematite approached
zero. We ascribe incomplete goethite and hematite reduction
under these conditions to (net) electron transfer rates to the
oxides that were too small to be accessible to the MER setup
(i.e., reductive current responses were too small to be detected
relative to the baseline current). It is possible that increasing
reversibility of electron transfer to the oxide (i.e., increase in
electron transfer from Fe2+ formed on the oxide surface back to
oxidized mediator molecules in solution) contributed to overall
and pH. We consider it
slow iron oxide reduction at high EMER
H
less likely that the incomplete reduction resulted from
transformation of goethite and hematite to more stable phases,
because such transformations typically occur on longer time
scales.62−64 At the same time, the observed strong dependence
of the reduction extents of goethite and hematite on ΔrG values
shows that MER can be used to characterize iron oxide
reducibility as a function of reduction thermodynamics (Figure
2d). In fact, the good agreement in the extents of reduction
between the two data sets collected at diﬀerent pH (closed
symbols, Figure 2b) and at diﬀerent EMER
(open symbols,
H
Figure 2c) suggests that system thermodynamics controlled the
extents of goethite and hematite reduction (see SI Section S10
for current responses obtained at the same ΔrG but diﬀerent
EMER
H -pH conditions). The agreement between the two data
sets is particularly evident for goethite for which the extents of
reduction decreased over a very narrow ΔrG range, irrespective
of whether the reduction driving force was altered by varying
the pH or EMER
H .
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Figure 3. Eﬀect of ferrous iron on electron transfer to ferrihydrite, goethite and hematite. a. Exemplary reductive current responses to three
= −0.35 V). b. Observed corrected reduction rate
consecutive additions of ferrihydrite, goethite and hematite to electrochemical cells (EMER
H
* , of goethite and hematite reduction as a function of ΔrG. kobs
* values were determined using eqs 2 and 3 and ΔrG values were
constants, kobs
calculated using eq 7 with ferrous iron concentrations that resulted from complete reduction of the added oxide (see SI Section S9.1 for details).
Closed symbols represent experiments run at varying pH and open symbols represent experiments run at varying EMER
H . Data were ﬁtted separately
for goethite and hematite using the linear equation ln(k*obs) = a·ΔrG + b.

around kmed
obs, av values. This ﬁnding implies that the rate of
electron transfer from the reduced mediator to ferrihydrite was
at least as high as the rate at which the formed oxidized
mediator species were re-reduced at the WE. The rates of
mediator re-reduction thus kinetically masked the rates of
electron transfer from the reduced mediator to ferrihydrite.
While the rates of mediator re-reduction also masked rates of
goethite and hematite reduction at the lower tested pH and
EMER
(Figure 2f and g), experiments run at pH 6.00 to 6.75
H
(EMER
= −0.35 V) and EMER
= −0.395 to −0.485 V (pH 7.0)
H
H
for goethite and at pH 6.75 to 7.25 (EMER
= −0.35 V) and EMER
H
H
= −0.305 to −0.395 (pH 7.0) for hematite resulted in k*obs
smaller than the average kmed
obs . Under these conditions, the
measured currents were thus controlled by the rates of electron
transfer from the reduced mediator to the iron oxides.
To directly compare the eﬀects of pH and EMER
on goethite
H
and hematite reduction rates, we replotted k*obs values versus the
corresponding ΔrG values in Figure 2h. We used the Fe2+
activity that resulted from complete reduction of the added iron
oxide to calculate ΔrG values. A comparison of panels h and d
in Figure 2 shows that the rate constants of goethite and
hematite reduction were much more sensitive to changes in
reduction thermodynamics than the extents of electron transfer
to these oxides: compared to q values, the kobs
* values for
goethite and hematite started to decrease at lower ΔrG values
and over wider ΔrG ranges. For each of the iron oxides, plotting
kobs
* versus ΔrG (Figure 2h) resulted in good agreement
between the data sets obtained at diﬀerent pH (closed
symbols) and EMER
(open symbols), similar to the agreement
H
for the extents of reduction discussed above (Figure 2d). This
ﬁnding suggests that reduction thermodynamics controlled the
rates of goethite and hematite reduction.
Quantitative Analysis of the Eﬀects of Fe2+ on Iron
Oxide Reduction Rate Constants. The ΔrG for iron oxide
reduction increased to less negative values as Fe2+ activities
increased according to eqs 7 and 8. In addition to varying pH
and EMER
H , we therefore also assessed the eﬀects of increasing
Fe2+ activities in the electrochemical cells on iron oxide

reduction rates. To this end, we compared the current peaks
that resulted from the ﬁrst iron oxide addition, discussed in
detail above in Figure 2, to the current peaks that resulted from
a second and a third oxide addition to the same electrochemical
cell. While the same amount of iron oxide was transferred in all
three consecutive additions, the Fe2+ activity in the cell
increased from the ﬁrst to the second and third additions as
a result of reductive iron oxide dissolution. We carried out the
three sequential iron oxide additions at all pH and EHMER
conditions illustrated in Figure 1 but limit our discussion to
selected experiments (see SI Section S11 for additional
experiments). For goethite and hematite, we discuss data that
was collected over the ΔrG range in which reduction was
complete but kobs
* values decreased (Figure 2h, ΔrG from −28
to −19 kJ mol−1 for goethite and from −20 to −11 kJ mol−1 for
hematite). At more negative ΔrG values, the three current peaks
had very similar shapes, implying that increasing Fe2+ activities
had no observable eﬀect on the extents and rates of oxide
reduction (SI Section S11). Conversely, once ΔrG values
approached −10 kJ mol−1, reduction was incomplete and the
reductive current peaks were too small to be analyzed (SI
Section S11).
Figure 3a shows selected current responses to three
sequential additions of ferrihydrite (pH 8.0), goethite (pH
6.5), and hematite (pH 7.0), all at EMER
= −0.35 V. For all three
H
oxides, the peak heights decreased and the peak widths
increased with increasing activities of Fe2+. Analysis of the
current peaks showed that q values decreased only slightly from
the ﬁrst to the second and third addition, while the decrease in
k*obs was much more pronounced. The buildup of Fe2+ in the
cells thus slowed down iron oxide reduction.
We conﬁrmed that decreasing rates of iron oxide reduction
resulted from increasing Fe2+ activities in two sets of control
experiments run for goethite (pH 6.5, EMER
H = −0.35 V) and
hematite (pH 7.0, EMER
= −0.35 V). In the ﬁrst control, we
H
added dissolved Fe2+ to the electrochemical cells once prior to
the three consecutive iron oxide additions. The amount of
added Fe2+ was identical to the amount of Fe2+ that formed
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Figure 4. Changes in iron oxide reactivity during transformation of ferrihydrite (10 mM Fe3+) to goethite in the presence of 1 mM Fe2+ at pH 7.0.
= −0.35 V on aliquots removed from duplicate batch reactors at the beginning (t = 0
MER experiments were performed at pH 5.00 to 7.25 and EMER
H
d) and at the end (t = 15 d) of the transformation. a. Exemplary current responses obtained at pH 5.00 and 7.00 at t = 0 d and t = 15 d. b. Relative
* (determined using eqs 2 and 3) at t = 0 d and t = 15 d shown
reduction extents, q/nFe3+
tot, and c. observed corrected reduction rate constants, kobs
versus the pH in the MER measurement.

during the complete reduction of Fe3+ in one of the three iron
oxide additions. Prior addition of Fe2+ to the MER cells
decreased the heights and increased the widths of the current
peaks in all three subsequent oxide additions as shown in SI
Figures S14 and S15, conﬁrming it was Fe2+ that decreased
goethite and hematite reduction rates. In the second set of
control experiments, we added phenanthroline, a strong
complexing agent for Fe2+, prior to each of the three goethite
and hematite additions. Phenanthroline was always added in a
3:1 molar ratio compared to the amount of Fe3+ in the
subsequent oxide addition. This molar ratio corresponds to the
stoichiometry of the phenanthroline-Fe2+ complex.67 SI Figures
2+
S14 and S15 show that the complexation of Feaq
by
phenanthroline increased the height and decreased the widths
of all three reductive current peaks of goethite and hematite.
Linking Rate Constants to Free Energies of Iron Oxide
Reduction. We assessed whether the eﬀect of accumulating
Fe2+ on the reduction rate constants of goethite and hematite
can be linked to changes in reduction thermodynamics, similar
to the eﬀects of pH and EMER
H . To this end, we replotted rate
constants from all three iron oxide additions and all pH and
EHMER conditions as the natural logarithm of kobs
* versus
calculated ΔrG values. Such linear free energy relations are a
widely used concept to relate kinetic information to the
thermodynamic descriptors of a chemical reaction.68,69 We use
such a relation here to infer the impact of changes in ΔrG on
the rate-limiting step of the reductive iron oxide dissolution.
Note that the data shown in Figure 3b is restricted to reduction
rate constants from experiments that resulted in complete oxide
reduction with kobs
* < kmed
obs, av. The ΔrG values for the second and
third oxide additions were calculated using the cumulative Fe2+
activities in the electrochemical cells at the end of these
additions (i.e., including the Fe2+ formed in preceding oxide
reduction steps).
Figure 3b shows that ln(kobs
* ) values obtained from all three
consecutive oxide additions were linearly correlated with the
respective ΔrG values. We note that rates of mediator rereduction may have slightly masked the higher k*obs values in
this correlation. More importantly, the good agreement of the
rate constants from diﬀerent experiments in which we varied
2+
pH, EMER
H , and Fe implies that ΔrG controlled the kinetics of
goethite and hematite reduction under the conditions studied
in the MER system. We note that these conditions (i.e., the
presence of a one-electron transfer mediator and highly
negative free energies for iron oxide reduction) were diﬀerent

from those typically encountered in natural systems containing
iron oxides. As a consequence, our results may not be directly
applicable to natural systems. Our work calls for future studies
that speciﬁcally assess the degree to which thermodynamics
control iron oxide reduction rates also in natural systems with
diﬀerent reductants and less negative ΔrG than tested herein.
As established previously, the reductive dissolution of iron
oxides is a four step process which includes (i) precursor
complex formation of the iron on the oxide surface and the
chemical reductant, (ii) electron transfer from the reductant to
the iron, (iii) release of the oxidized mediator species, and (iv)
oxide surface protonation, release of reduced Fe2+ and reexposure of ferric iron on the oxide surface.70 In pulse radiolysis
experiments, Mulvaney et al.55 showed that that steps (i) to
(iii) for iron oxides and reduced viologens, which were similar
to the ones used here, are much faster than step (iv). This
interpretation is consistent with other studies that have
identiﬁed step (iv) to govern overall reduction rates.55,71−73
Within this step, protonation equilibria between the iron oxide
surface and solution protons are considered to be rapid,
whereas the release of the formed Fe2+ is slow.55 For these
reasons, we propose that for experiments shown in Figure 3b
the desorption of Fe2+ from the iron oxide surfaces controlled
the overall rate of iron oxide reduction in the electrochemical
cells: the rate of Fe2+ desorption from the iron oxide surface
determined the rate at which ferric iron became exposed on the
iron oxide surface and, thereby, the rate at which electrons were
transferred from reduced mediator molecules to the iron oxide
surface. The trends shown in Figure 3b are consistent with this
mechanism in that the release of Fe2+ increased the activity of
Fe2+ in solution and thereby lowered the Eoxide
according to eq
H
8.
For any given ΔrG in Figure 3b, k*obs values for hematite
reduction were higher than for goethite reduction. We note,
however, that the rate constants of goethite and hematite
reduction should not be directly compared because of
diﬀerences in speciﬁc surface areas, particle properties,
morphologies and sizes, and aggregation states. In our case,
even after normalization of kobs
* to the speciﬁc surface area of
goethite (35.8 m2 g−1) and hematite (46.3 m2 g−1), hematite
was more reactive than goethite (SI Section S12). Therefore,
the observed reactivity diﬀerences between goethite and
hematite may have resulted from diﬀerences in their
preparation rather than their mineralogies. In fact, literature
studies reported slower, comparable and faster reduction rates
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of goethite compared to hematite.70,73−75 We note that our rate
data for goethite and hematite reduction are in good agreement
with reduction rates reported by Shi et al.54 who reduced iron
oxides with viologens in batch experiments (SI Sections S12
and S13).
Analysis of Changes in Iron Oxide Reducibility in
Dynamic Systems. To demonstrate the applicability of MER
to characterize changes in iron oxide reducibility during phase
transformations, we ran duplicate transformation experiments
of ferrihydrite (10 mM Fe3+) to goethite in the presence of Fe2+
(1 mM). Sample aliquots were removed over the course of the
transformation reaction and were analyzed by X-ray diﬀraction
(XRD), transmission electron microscopy (TEM) and MER.
Here, we limit our discussion to the analysis of the initial (t = 0
d of incubation and prior to Fe2+ addition) and ﬁnal
suspensions (t = 15 d of incubation in the presence of Fe2+).
XRD and TEM demonstrated near complete conversion of
ferrihydrite at t = 0 d to goethite at t = 15 d (i.e., formation of
97.5% goethite and 2.5% magnetite; see SI Section S5 for
spectra and images). MER experiments were performed at pH
5.00 to 7.25 and EMER
= −0.35 V. Figure 4a shows two
H
representative reductive current peaks at pH 5.00 and 7.00
resulting from the additions of the initial and ﬁnal suspensions.
As expected, the reduction of ferrihydrite (t = 0 d) resulted in
sharp current peaks across the entire tested pH range (green
trace), whereas goethite reduction (orange trace) resulted in
sharp peaks only at low pH (shown for pH 5.00) but much
broader peaks with smaller maximum currents at higher pH
(shown for pH 7.00). Integration of the reductive current peaks
showed complete reduction of ferrihydrite at all tested pH (i.e.,
q/nFe3+
tot = 1), whereas the reduction of goethite was complete
only up to about pH 7.00 but incomplete at the higher pH of
7.25 (i.e., q/nFe3+
tot = 0.84, Figure 4b). Consistent with the
above data, kobs
* values for ferrihydrite and goethite reduction at
pH ≤ 6.5 all lay within the range of mediator reduction rate
constants (Figure 4c). Above pH 6.5, k*obs values for goethite
decreased below the range of mediator reduction rate
constants. We note that higher kobs
* of the goethite from
ferrihydrite transformation compared to the goethite in Figures
2 and 3 reﬂects the lower crystallinity, smaller particle size and
surface area of the former as evidenced from XRD, TEM, and
N2-BET analyses (SI Sections S2 and S5). These results
demonstrate that MER can be used to systematically study
changes in the reducibility of iron oxides in dynamic systems
involving phase transformations of the iron oxides and/or
changes in iron oxide surface chemistry.
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