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a b s t r a c t

Abiotic and biotic processes catalyzed by ferric (hydr)oxide nanoparticles (NPs) in aquatic media underlie
many important nanotechnologies including chemical catalysis, biomedical engineering, remediation of
contaminants, and clean renewable energy sources. These processes have been extensively addressed in
the past and commonly interpreted within the so-called chemical paradigm neglecting semiconducting
properties of the NPs. Using batch kinetic measurements coupled with X-ray photoelectron spectroscopy
(XPS) as well as a new method that combines in situ FTIR spectroscopy and ex situ XPS, we study the effect
of size on the catalytic oxygenation of Mn(II) in the presence of hematite (a-Fe2O3) and ferrihydrite NPs.
We find that oxidative catalytic performance of these NPs degrades with decreasing their size. Using Den-
sity Functional Theory (DFT) modeling, we show that this unusual trend cannot be rationalized within the
traditional chemical paradigm. Given the nanosize-induced changes in the electronic properties of ferric
(hydr)oxides and the thermodynamic properties of the system, we demonstrate that the catalytic reac-
tion proceeds through the electrochemical pathway. The new mechanistic insights suggest new interpre-
tation of literature data, open up new possibilities for manipulating technological performance of metal
oxides, and conceptually broaden our general understanding of (bio)chemical activity of NPs.

� 2011 Elsevier Inc. All rights reserved.
1. Introduction

Ferric (hydr)oxide nanoparticles (NPs) are among the most fre-
quently used (photo)catalysts and sorbents in the environmental
remediation and are of interest for nanomedical and solar energy
harvesting applications. These NPs are ubiquitous in the environ-
ment (oceans, ground and surface waters, sediments, dust, soils,
and acid mine drainage) and are present in living organisms, where
they play important (bio)geochemical and biological roles. Such a
broad scope of (bio)chemical applications as well as the environ-
mental and biological importance has stimulated extensive studies
of aquatic chemistry of ferric (hydr)oxide NPs [1,2]. However, the
role of nanosize as a control of their (bio)chemical reactivity was
recognized only recently [3–11], and the effect of NP size on the re-
dox properties of ferric (hydr)oxides is as yet unclear. On the sur-
face area-normalized basis, goethite (a-FeOOH) microrods were
found to be more catalytically active compared to nanorods [8],
while acid-assisted dissolution of the latter is faster than of the for-
mer [4,12]. The reduction rate of hematite NPs by the dissimilatory
iron-reducing bacteria, Shewanella oneidensis MR-1, though
affected by aggregation, decreases with decreasing NP size [9].
At the same time, a the Mn(II) heterogeneous oxidation is
ll rights reserved.

rnyshova).
significantly accelerated with decreasing nanosize of hematite
from 37 to 7.3 nm [10].

Hematite NPs and ferrihydrite (FH) are among the most abun-
dant ferric (hydr)oxide NPs in the environment [1]. Bulk hematite
has a corundum structure with octahedrally coordinated ferric cat-
ions. Though this mineral is the most stable iron (hydr)oxide
polymorph under oxidizing conditions, it is destabilized with re-
spect to FH in aqueous media in the nanosize regime [13]. FH
(Fe10O14(OH)2 + �H2O in the more ordered form) is a low-
crystalline, cation-deficient ferric (hydr)oxide. It contains both
tetrahedrally and octahedrally coordinated ferric ions according
to Refs. [14,15], though this structure was doubted [16,17]. The
nanosize-induced phase transformation into FH results in a
decrease in the O 2p–Fe 3d hybridization, which ultimately brings
about localization of valence electrons, destabilization of the
valence band, the band-gap opening, and a decrease of the electron
affinity of the NPs [7].

Herein, using the Mn(II) heterogenous oxygenation

Mn2þ þ 1=4O2 þ 3=2H2O!MnOOHþ 2Hþ; ð1Þ

as a model catalytic reaction, we found that the oxidative catalytic
capacity of hematite NPs decreases with decreasing NP size at con-
stant pH of the reacting suspension. We show that this result can be
accounted for by the so-called electrochemical pathway [18,19] gi-
ven the changes in the electronic properties, while the previously

http://dx.doi.org/10.1016/j.jcat.2011.05.021
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accepted chemical mechanism is inconsistent with the data
obtained.
2. Experimental

2.1. Materials

All chemicals were of pure-for-analysis grade or higher, and
solutions were prepared from triply distilled water (TDW). All
glassware and high-density polyethylene containers were rinsed
with 0.1 M HNO3 and TDW before use.

Highly monodisperse and highly pure hematite NPs of three dif-
ferent average sizes of 7, 9, and 38 nm (H7, H9, H38, respectively)
were synthesized by forced hydrolysis as described elsewhere [7].
Importantly, 38- and 9-nm NPs were synthesized using the same
protocol as in Ref. [10]. 150-nm hematite (H150) and 2-line fer-
rihydrite (FH) were acquired from Fisher and Alfa Aesar, respec-
tively, and used as received. All the NPs have similar aspect ratio
ranging from 1 to 2. The NPs were extensively characterized. Re-
sults of transmission electron microscopy (TEM) are shown in
Fig. S1 in Supporting Information. X-ray diffraction (XRD), X-ray
photoelectron spectroscopy (XPS), and UV–Vis spectroscopy mea-
surements are reported in Ref. [7]. Except for H7, all the hematite
NPs show only hematite XRD patterns, with no lines due to other
iron-containing impurity phases. H7 has some admixture of 6-line
ferrihydrite. FH is 2-line ferrihydrite with a small admixture of
hematite phase. In addition to adventitious carbon, only ferric iron
and oxygen were detected by XPS on the hematite NPs, while FH
was found to contain Si at the Si/Fe atomic ratio of 0.025. Size, sur-
face area, and surface charging characteristics were also measured.
The results are presented in Table 1 and Fig. S2. The values of both
point of zero charge (PZC) and iso-electric point (IEP) of 7-, 9-, and
38-nm NPs are within the 7.5–9.5 range typical for hematite NPs
synthesized by the hydrolysis of a ferric nitrate/chloride solution
and not subjected to drying [1,20–22]. Commercial 150-nm parti-
cles are the most acidic (PZC = 6.2), which can be due to either a
trace amount of acidic surface impurities or the high-temperature
route of their synthesis. FH is characterized by IEP of 7.0 ± 0.1. For
comparison, reported values for FH are 7.0 [23], 7.2 [24], 7.5 [25],
and 8.5 [26]. Importantly, both PZC and IEP do not change mono-
tonically with increasing the NP size, attaining the maxima for
H38.
2.2. Methods

Batch measurements of kinetics of heterogeneous Mn(II) oxida-
tions were run either in 0.04 M HEPES buffer (4-(2-hydroxyethyl)-
1-piperazineethanesulfonic acid) or 0.001 M NaCl at [surface OH]/
[Mn2+] ratios of 3–25, which were estimated assuming 6 OH
groups per nm2. pH was preset by NaOH (Fisher) and equilibrated
overnight upon stirring. Experiments in a 0.04 M HEPES were con-
ducted at constant pH of 7.40 for all hematite NPs and at pH 7.40
and 7.75 for FH. In the case of the non-buffered NaCl suspensions,
Table 1
Size, surface area, and surface charging characteristics of ferric (hydr)oxide NPs.

Sample Average particle size (TEM) (nm) BET (m2/g) PZC IEP

FH 2–4 180 8.0 (7.1a) 7.1
H7 7 154.4 8.8 8.9
H9 9 128.3 8.8 (8.5a) 8.5
H38 38 37.0 9.2 9.3
H150 150 9.5 6.2 (6.2a) 7.0

a In air-saturated electrolyte.
pH was readjusted to a value in a range of 7.4–9.0, 2 h before the
experiment. Mn(II) was added by slowly dripping an appropriate
volume of 500 ppm of Mn2+ (as MnCl2�4H2O (Sigma)) to obtain ini-
tial concentration of Mn2+ between 14.6 and 2 ppm. The reactor
volume was 200 ± 2 mL for FH and H150, 123 mL for H7, and
100 ± 2 mL for H9 and H38 in the case of the NaCl suspensions,
while volume of all the HEPES-based suspensions in the reactor
was 105 ± 2 mL.

All the batch experiments were run under the same stirring
conditions for 6–8 h, at room temperature of 23 ± 2 �C, in high-
density opaque polyethylene flasks covered with aluminum foil
to prevent photolysis. pH was monitored continuously. Aliquots
of the test suspension were withdrawn at regular time intervals
and analyzed for concentration of Mn2+ ions using the formal-
doxime spectrophotometric method [10]. Namely, 10 ml of the
suspension was placed into a 15 ml polypropylene centrifuge tube.
After 15 min of centrifugation, 6 ml of the colorless (as determined
by UV–Vis spectrophotometry) supernatant was carefully ex-
tracted from the tube and mixed with 1.2 mL of formaldoxime re-
agent and 3 ml of 5 M NaOH for UV–Vis spectrophotometry after
aging for the same time of 1 h. Total time of the Mn2+ interaction
with NPs was taken as the time lasted from the addition of Mn2+

into the suspension to the time when the supernatant was ex-
tracted. Dissolved Fe(II) in the filtrate was always below sensitivity
of the ferrozine method [9]. Concentration of H7, H9, and H38 in
suspensions was determined UV–Vis spectrophotometrically based
on calibration curves obtained on dried and redispersed NPs as
well as on the as-synthesized suspensions for which concentra-
tions were calculated from loadings of ferric salts.

In situ FTIR spectroscopic measurements were performed on the
NPs deposited onto a ZnSe internal reflection element (IRE) (10
internal reflections, angle of incidence 45�) in a 10�2 M carbonate
buffer in the horizontal attenuated total reflection (HATR) geome-
try. A Perkin-Elmer Spectrum 100 FTIR spectrometer equipped
with an MCT detector, and a HATR accessory equipped with a
closed cell with volume of 3 mL was employed. A particulate film
of NPs was deposited using 120 lL of a �250 g/L suspension onto
the IRE, which results in surface density of the NPs of �7 mg/
cm2. The deposited layer was air-dried and then rinsed several
times with water to remove any loose or detached particles. The
layer was equilibrated for at least 1 h with the buffer being chan-
ged manually every 10 min. Afterward, a fresh portion of the buffer
was added and the background spectrum was measured. Then, the
buffer was replaced with the buffer containing Mn(II). The sample
spectra were measured for 5–6 h at �1-h time intervals. The Mn(II)
solution in the cell was refreshed after 1 and 2 h from the start. The
spectra were collected at 300 scans at a resolution of 4 cm�1 and
represented in the absorbance scale.

To determine the oxidation state of sorbed Mn(II) as well as to
quantify adsorption density of manganese, samples collected after
the batch and in situ FTIR experiments were analyzed by XPS. We
used a Perkin-Elmer 5400 instrument using nonmonochromatic
Al Ka X-rays with pass energies of 17.6 eV at a take-off angle of
45� at pressures of less than 4 � 10�9 Torr, calibrated using the
Au(4f7/2) peak at 84.0 eV. Regional XPS scans from 10 to 50 eV win-
dows widths were collected at 0.1 eV steps. The Mn/Fe atomic con-
centration ratios were evaluated using the Mn 2p3/2 and Fe 2p3/2

peaks and PHI atomic sensitivity factors. The Shirley function
was used to subtract the background.

The XPS spectra were reproduced in terms of peak widths and
shapes as well as surface atomic concentrations, within the exper-
imental error of the method. However, the peak position was
reproduced only if binding energies (BE) were corrected for the
charging effect by assuming a common BE for the O 1s core-level
electrons of lattice oxygen, which was taken to be 529.9 eV. Such
referencing of BE is used in some of previous XPS studies of ferric
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oxides [27,28], because common referencing to the C 1s signal of
hydrocarbon contamination can be ambiguous [29]. Besides, there
is no convincing evidence so far that the O 1s peak position of tran-
sition metal oxides is significantly affected by variations in cation
site occupancy [30].

Density Functional Theory (DFT) calculations were performed
using the exchange–correlation functional Perdew–Burke–
Ernzerhof (PBE) Generalized Gradient Approximation (GGA) as
implemented in Dmol, Material Studio (Accelrys Inc., San Diego,
California). Numerical basis set of Double Numerical Polarization
(DNP) with double polarization functions capable of accurate
description of hydrogen bonding was employed. Energy optimiza-
tion was performed under symmetry unrestricted and spatially
unconstrained conditions. Spin unrestricted wave functions were
employed. Hydrated Mn(II) was modeled by MnðOH2Þ2þ6 and
MnðOHÞðOH2Þþ6 octahedra. The effects of polarizability of the
immersion medium were neglected (calculations were performed
at dielectric constant of 1). Such simplifications are justified by
the purpose of current study, which is to determine variations in
the HOMO–LUMO levels with bonding strength. To vary the
Mn(II)O-Fe bond strength, each of the Mn(II) species was bound
to a Fe(III) or Fe(II) octahedron in (a) monodentate or (b) bidentate
chelating form, and the oxidation state of the iron cation was taken
as either +2 or +3. Mulliken population analysis was performed in
order to obtain the orbital occupation of Mn(II) ion both in dis-
solved and adsorbed state.
3. Results

3.1. Batch kinetic and XPS measurements

We measured kinetics of the Mn(II) oxygenation in the presence
of hematite NPs with mean sizes of 7, 9, 38, and 150 nm in both
0.04 M HEPES at pH 7.4 and 0.001 M NaCl at pH 7.0–7.15. The re-
sults revealed that the normalized pseudo-first order rate constant
of the reaction, k0obs, decreases with decreasing NP size (Fig. 1a). The
reason for the opposite trend reported in the literature [10] can be
differences in the pH values naturally established in unbuffered
suspensions of different catalysts under the conditions of Ref.
[10] (see Supporting Information for more detail). As seen from
Fig. 1b, smaller NPs are also characterized by lower surface concen-
tration of the manganese sorbed during the first 30–60 min. As this
time interval is typical for the Mn(II) sorption on ferric hydroxides
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Fig. 1. Kinetics of catalytic Mn(II) oxygenation on ferrihydrite (FH) and hematite NPs in
detail): (a) Normalized rate constant k0obs ¼ kobs=ðSA �m � ½Mn2þ�), where kobs is the obse
concentration of Mn(II), and m = concentration of NPs in g/L. Uncertainties represent th
experiments. (b) Time dependence of Mn adsorption density on NPs in HEPES at pH 7.4 (
(Fig. S3). Also shown is Mn/Fe atomic ratio measured by XPS on the last probe in the se
[31], this fact indicates that larger hematite NPs have higher sorp-
tion capacity, in agreement with published data [11,12,7].

For comparison, we also evaluated the catalytic properties of FH
(�4-nm amorphous precursor of hematite). In the presence of
these NPs, no statistically meaningful change in the Mn(II) concen-
tration is detected at pH 7.0–7.4, under both unbuffered (Figs. S3c)
and buffered (not shown) conditions. However, the reaction prop-
agates at higher pH of 7.75, the rate being comparable to that ob-
served on 9-nm hematite at pH 7.4 (Fig. S3 and Table S1).

The XPS analysis of surfaces of the reacted NPs (Table S4 and
Fig. S8) confirms that the Mn/Fe atomic ratio increases with
increasing NP size. This confirmation is important since the macro-
scopic data based on measurements of the solution depletion in-
clude an intrinsic error caused by the normalization of the
observed rates by the BET surface area of NPs. This error is due
to the difference between the BET and effective surface areas of
suspended NPs, which is affected by their aggregation state
[8,32]. Moreover, this state can substantially vary in the course
of the heterogeneous reaction. The XPS analysis of the reacted
NPs is also free from another potential artifact of the macroscopic
data caused by experimental limitations in separating NPs from
solution.

The low signal-to-noise ratio in both the Mn 2p and Mn 3s pho-
toemission does not allow inferring the NP size effect on the oxida-
tion state of manganese. The presence of the distinct Mn 2p3/2

satellite in the Mn 2p core-level spectra (Fig. S8d) suggests (vide in-
fra) that the reaction product is dominated by Mn(II) for all the
NPs. Interestingly, the effect of the Mn(II) oxygenation on the
NPs was very little except for 9-nm hematite. The latter is partially
reduced during the catalytic redox reaction, as follows from the Fe
2p spectrum (Fig. S8a).
3.2. In situ FTIR-ex situ XPS method

To verify that the reaction rate of the catalytic Mn(II) oxygena-
tion decreases with decreasing NP size and to further explore the
reaction details, we employed a new in situ FTIR–ex situ XPS spec-
troscopic approach; Time-dependent in situ FTIR spectra were
measured to follow the reaction kinetics, while the reacted NPs
collected at the end of each kinetic run were analyzed using XPS.
The Mn/Fe atomic ratios evaluated from the XPS peak areas were
used to convert the time-dependent FTIR peak intensity into the
time-dependent Mn/Fe atomic ratios. The suggested method also
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provides direct information about the oxidation state as well as the
composition/structure of both the reaction products and the cata-
lyst. Another its advantage is the lack of the inherent limitations
mentioned above of the solution depletion method.

The measurements were performed in a 10�2 M carbonate buf-
fer at pH 8.55 (Fig. 2) and in a 10�3M carbonate at pH 8 (Fig. S6)
and pH 9 (Fig. S7). The initial Mn(II) concentration was selected
to be either higher (80 ppm at pH8) or lower (10 and 27 ppm at
pH9 and 8.55, respectively) than concentration of the reacting
Fe–OH sites (calculated assuming the site density of 6 sites/nm2

(Ref. [10])).
The in situ FTIR spectra (Figs. 2, S6, and S7) of the reaction prod-

uct that is formed in the initial stage of the reaction exhibit two
strong broad absorption bands at �1480 and 1365 cm�1 as well
as a weak sharp band at 1070 cm�1. These bands can be attributed
to the stretching vibrations mCO2�

3 of adsorbed MnCO3-like species
based on comparison with the spectra of the reference compounds
(Fig. 2d). With elapse of time, a new broad feature at �1090 cm�1

is developed and further split into two narrow components at 1155
and 1090 cm�1 assignable to the bending dMn–OH mode of man-
ganite c-MnOOH. The manganite bands are more pronounced in
the spectra of coarser NPs, implying that coarser NPs convert a lar-
ger fraction of the initially (ad)sorbed MnCO3-like species into c-
MnOOH. Accordingly, compared to the dMn–OH bands, intensities
of the mCO2�

3 bands are lower in the spectra of coarser NPs, suggest-
ing that a smaller fraction of MnCO3 remains in the reaction
product.

To compare kinetics of the reaction on the different NPs, we
converted the time-dependent 1090-cm�1 band intensity into the
time-dependent Mn/Fe atomic ratio using the Mn/Fe atomic ratio
measured by XPS on the reacted samples. The spectroscopy-based
dependences directly show that the oxidative catalytic properties
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of hematite are improved with increasing NP size (Figs. 2e, S5d,
and S6d).

An additional evidence of the stronger catalytic properties of
larger NPs is provided by analysis of the Mn 3s and Mn 2p photoe-
missions, which are sensitive to the oxidation state of manganese.
A signature of a higher oxidation state of the adsorbed manganese
is a lower splitting between the 7S and 5S multiplet components at
�84 and 90 eV, respectively, in the Mn 3s spectra (Fig. S10) [29]. As
seen from Fig. 3, the 5S–7S splitting decreases with increasing NP
size from 6.2 eV to 5.5 eV as NP size increases from 9 to 150 nm.
This trend is also observed at pH 9 (Fig. S9). Taking into account
the multiplet splitting of 6.2 eV for rhodocrosite (MnCO3) [29],
MnO [33], and manganese ferrite (MnFe2O4) [34], 5.6 eV for
Mn3O4 [33] and 5.4–5.3 eV for manganate (c-MnOOH) and
Mn2O3 [29,35], one can conclude that the average oxidation state
of Mn on 9, 38, and 150-nm hematite is +2.0, 2.3, and +2.8, respec-
tively. (These values are obtained using the oxidation state correla-
tion shown in Fig. S10.)

Features of the Mn 2p photoemission support the above conclu-
sion. The main peaks at 642.2 and 653.9 eV in the Mn 2p photo-
emission of the reacted NPs are due to the Mn 2p3/2 and Mn 2p1/2

spin–orbit components, respectively (Fig. 3d). The Mn 2p1/2 com-
ponent is accompanied by the Mn 2p1/2 shake-up charge transfer
satellite at 664 eV, while the Mn 2p3/2 satellite is not observed
due to its overlap with the Mn 2p1/2 main peak. Such a spectral pic-
ture is typical for Mn(III) and Mn(IV) (hydr)oxides [36–38]. In con-
trast, a prominent Mn 2p3/2 satellite is typical for Mn(II)-containing
compounds as well as for tetrahedrally coordinated manganese
with strong O 2p–Mn 3d hybridization [34,38–40]. As NP size in-
creases, intensity of the Mn 2p1/2 satellite increases, which signifies
a gain in the oxidation state of the cation. A slight shift of the Mn
2p3/2 peak to lower binding energies also points to that the lowest
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oxidation state of Mn on 9-nm as compared to 38-and 150-nm
hematite.

Finally, it is worth noting that the Fe 2p3/2 peak of the reacted
NPs exhibits a shoulder at lower binding energies (marked by ar-
row in Figs. 3f and 4), suggesting the presence of Fe(II). Moreover,
the Fe 2p3/2 peak of 150-nm (not shown) and 38-nm (Fig. 4) hema-
tite is characteristically split (marked by lines), which is due to the
effects of crystal field and spin–orbit coupling between the 2p core
hole and unpaired 3d electrons of the photoionized ferric cation
[41–43]. The subpeak at lower binding energy has a lower intensity
in the case of the reacted NPs. A similar effect was previously ob-
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Fig. 4. XPS Fe 2p3/2 peak of (red) initial 38-nm hematite and (blue) 38-nm
hematite reacted with 27 ppm of Mn(II) at pH 8.55 for 5 h in the in situ FTIR cell
(Fig. 2). (For interpretation of the references to color in this figure legend, the reader
is referred to the web version of this article.)
served for ferric cations on a hematite surface compared to the
bulk and attributed to a reduction of the crystal field [44]. If so, sur-
face cations that have interacted with Mn(II) experience a weaker
crystal field, which can be caused by a distortion of their octahe-
dral coordination or by a decrease in the coordination number. This
observation allows concluding that manganese forms inner-sphere
surface complexes with hematite upon the adsorption.

3.3. DFT calculations

To discriminate between possible mechanisms of the catalytic
reaction, DFT calculations were performed to explore how the
HOMO–LUMO energies of a hydrated Mn(II) ion change upon vary-
ing the strength of its binding to a hydrated iron octahedron in or-
der. The results (Fig. 5) show that strengthening of the Mn(II)O–Fe
bond results in a more negative value of the HOMO energy of the
Mn(II) complex and a lower Mn 3d electron density. This implies
that stronger Mn(II) complexes are harder nucleophiles (weaker
electron donors) than the weaker ones. Similar results were ob-
tained in a DFT study of the electronic properties of bridging biden-
tate and monodentate adsorption forms of formic acid on the
(10ı̄0) ZnO surface modeled as a slab [45].

4. Discussion

4.1. Reaction mechanism

The NP size-induced changes in the catalytic redox properties of
ferric (hydr)oxides have previously been discussed exclusively
within the chemical paradigm [46–48] in terms of variations in
crystallographic facets, aggregation, surface hydration, basicity of



Fig. 5. Dependence of (a) HOMO and LUMO energies on the average Mn(II)O-Fe bond length in chelating complexes of Mn(OH2)6 and MnOH(OH2)5 with Fe(II)(OH2)6 and
Fe(III)(OH2)6 octahedra and (b) variations in Mulliken population of Mn 3d electrons in free, mononuclear monodentate and chelating complexes of Mn(OH2)6 with
Fe(III)(OH2)6 octahedra.
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the NPs, and surface texture (relative concentration of weakly and
strongly adsorbed complexes) [8–10]. This paradigm considers that
both the reduction and oxidation half-reactions take place at the
same adsorption site or two neighboring adsorption sites and ne-
glects semiconducting properties of the NPs, though the details
vary (e.g., the reaction mechanism can be of the Rideal or
Langmuir–Hinshelwood type). The kinetics of electron transfer
(ET) in such a process is determined by the relative positions of
the HOMO and LUMO of the reactants. The catalytic effect of the sur-
face is attributed to accumulating the reactants and decreasing the
activation energy for ET [49]. In particular, adsorption is believed to
increase the electron density on the reductant thereby decreasing
its formal reduction potential and thus making it more prone to
electrophilic attack. Moreover, the stronger the adsorption, the low-
er is the activation energy barrier for ET [31,46,47,50,51].

The macroscopic acid–base properties (Table 1 and Fig. S2b)
suggest that 38-nm hematite is most basic among the NPs used
in the study. Hence, if the chemical paradigm were valid, the high-
est rate of the Mn(II) oxidation and the highest fraction of the oxi-
dation product MnOOH would be observed on these nanoparticles
because higher basicity of their surface oxygens would result in a
lower redox potential of the attached reducing cation [10,31,50–
52]. However, the highest oxidative capacity is demonstrated by
150-nm hematite. Another possible interpretation of our results
within the chemical paradigm could be that an increase in NP size
is accompanied by a strengthening of the Mn(II) bonding to their
surface [31], which reduces the reorganization energy penalty for
ET from adsorbed Mn(II) to O2 [10]. In fact, available data suggest
that the adsorption affinity of hematite trends to increase with
increasing NP size [7,53]. However, as follows from our DFT mod-
eling results (Fig. 5), the electron-donating capacity of stronger
Mn(II) complexes is lower. Therefore, if the chemical pathway
was the case, the reaction would slow down with increasing NP
size, which is opposite to what is observed. Furthermore, the sur-
face area normalized reaction rate monotonically decreases with
decreasing NP size despite the significant difference in the mor-
phology of the 38-nm hematite (Fig. S1) and hence in the propor-
tion of the exposed strongly vs. weakly adsorbed surface sites.
Provided the anodic reaction is the rate determining step, this fact
can imply that kinetics of electron injection is faster than that of
the formation of a stable surface complex. We also reject the pos-
sibility of the catalysis by elevated pH in the diffuse layer due to a
higher concentration of OH� counter-ions attracted to more posi-
tively charged NPs [54] based on the surface charging characteris-
tics of the NPs (Table 1 and Fig. S2). In this case, the highest
reaction rate would also be observed for the most basic 38-nm
hematite. Finally, the chemical paradigm is unable to interpret
why 9-nm hematite is reduced while smaller FH NPs are not.
Hence, this paradigm is considered to be untenable for aquatic cat-
alytic reactivity of hematite.

A specific feature of the alternative, electrochemical mechanism
is the spatial separation of the oxidation and reduction half-
reactions, which are electrically coupled by charge transfer within
either the interior or surface of the catalyst [18,19] (Fig. 6). The
electrochemical mechanism can be considered as a modification
of the Mars-van Krevelen, or redox mechanism that is generally ac-
cepted for the gas-phase catalysis by metal oxides [55]. This path-
way can be energetically more favorable compared to the chemical
pathway provided (i) the product of heterogeneity of the surface
potential DWs and the NP conductivity is sufficient to support ET
between the anodic and cathodic reaction spots and (ii) the condi-
tion of the optimum exoergicity is satisfied [56]. The latter implies
that the standard redox potentials of the redox half-reactions
should match the position of the conduction or valence band to al-
low both electron injection into the catalysts and ET to the oxidant.
Hence, the electrochemical model takes into consideration the
semiconductor side of the electric double layer through incorporat-
ing new variables such as the position of the Fermi level relative to
the conduction and valence band edges at the semiconductor sur-
face, the rectifying properties of the space charge layer, and con-
ductivity of the semiconductor. The difference between the
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electrochemical and gas phase redox mechanisms is in new reac-
tion controls such as reorganization energy of the hydration shell,
the space charge layer in the oxide, and the structure and thickness
of the electrical double layer. In addition, ET can also be accom-
plished through the outer-sphere complex pathway.

The electrochemical route, which is generally accepted for
aquatic chemistry of semiconducting sulfides [18,57–59], was re-
cently suggested for catalysis of gold [60] and semiconducting me-
tal oxide [19] NPs in water. Below we show that, as opposed to the
chemical paradigm, the electrochemical mechanism is capable of
consistently explaining: (i) why larger hematite NPs are better
(per unit surface area) catalysts compared to more defective smal-
ler counterparts to which higher reactivity could intuitively be as-
cribed; (ii) why ferric (hydr)oxide NPs of certain size can be
reduced during the catalytic process, and also (iii) the previously
reported dependence of the growth pattern of the Mn(II) oxygena-
tion product on conductivity of the catalyst [29].

Reaction (1) is split into the oxidation and reduction half-reac-
tions as:

� S�MnCO3ads þ 2H2O!� S�MnOOHads þ CO2�
3 þ 3Hþ þ e;

ð2Þ

and

O2 þ 4eþ 4Hþ ! 2H2O; ð3Þ

respectively, where e denotes electron, though the actual reaction
pathway can be much more complex.

To show that coupling of processes (2) and (3) is thermodynam-
ically possible through the conduction band of highly crystalline
150-nm hematite particles but can be hindered in the case of
defective NPs, we model the energetics of these two extreme sys-
tems at pH 7.4 (Fig. 7). To evaluate the electron energy of 150-nm
hematite particles, we assume that these particles have semicon-
ducting properties of bulk hematite, which is a reasonable approx-
imation based on similarity of their structural [13] and electronic
[7] properties. We also neglect the possible effects of aggregation
on the electronic properties [19]. Hence, energy levels of 150-nm
hematite correspond to those of ideal n-type semiconductor with
band gap of 2 eV [7] and an energy gap of 0.15 eV between the
flat-band potential Efb of �0.10 V and the bottom of the conduction
Fig. 7. Schematic diagram of electron energetics of (a) 150-nm hematite at flat-band pot
at open-circuit potential under air-saturated conditions in the presence of 10 ppm Mn(I
absence of dissolved oxygen. Reduction potentials [19,78] of Mn3O4/MnCO3, O2/H2O and
EA

CB and EC
CB = conduction band edges at anodic and cathodic spots, respectively, EA

VB = va
distribution of dissolved Mn(II) and O2, respectively, with a typical reorganization energ
band [1,7,61]. At Efb in the absence of dissolved oxygen (Fig. 7a),
the electrochemical potential of the redox couple MnOOH/MnCO3

is in the energy gap of 150-nm hematite and below the Fermi level
(the electrochemical potential of electrons in a solid), EF. Therefore,
injection of electron from MnCO3 into hematite is thermodynami-
cally forbidden under such conditions.

If oxygen is fed to the reactor, it is preferably adsorbed on the
most negatively charged facets or surface defects of the catalyst.
The relative positions of the conduction band edge, the Fermi level,
and potential of half-reaction (3) allow the adsorbed oxygen to be
reduced by capturing free electrons of hematite (Fig. 7b). Then,
electrons will flow from the semiconductor to the solution until
equilibrium is established. At the equilibrium, the 150-nm hema-
tite particle is charged positively and it’s the Fermi level is equal
to the electrochemical potential of the oxygen reduction [half-
reaction (3)]. Under such conditions, the redox potential of oxida-
tion half-reaction (2) already occurs above EF, and ET from Mn(II)
to hematite becomes thermodynamically possible (Fig. 7b). Since
the MnOOH/MnCO3 redox potential is below ECB, we speculate that
the catalytic reaction can be mediated by surface states (underco-
ordinated ferric cations). Indeed, undercoordinated surface atoms
have different energies compared to the counterparts in the semi-
conductor bulk because of experience a weaker Madelung poten-
tial. As atoms get more undercoordinated, the cation (oxygen)
levels shift toward lower (higher) energies, as expected from the
reduction of the Madelung potential. This means that at surfaces,
the acidic strength of a cation and the basic strength of an oxygen
increase [62]. Alternatively, electrons can tunnel across the interfa-
cial barrier under the strongly electron-depletion conditions [63].
Finally, the Mn(II) oxidation can be accomplished by holes since
it is accelerated upon UV irradiation (not shown). If injected, the
electron will be moved away by the potential drop in the space
charge layer from the anodic spot toward the cathodic spot where
an O2 molecule can consume it (Fig. 7b). Therefore, the net reaction
(2) can proceed through the electrochemical route.

Importantly, as seen from Fig. 7a and b, the reduction of well-
crystalline hematite by Mn(II)

Fe2O3 þ 6Hþ þ 2e! 2Fe2þ þ 3H2O; ð4aÞ

or
ential Efb of �0.10 V (NHE) in the absence of dissolved oxygen; (b) 150-nm hematite
I) as MnCO3; (c) a virtual low-crystalline hematite NP at Efb of 0.15 V (NHE) in the
Fe(III)/Fe(II) couples are shown for pH 7.4. VB = valence band, CB = conduction band,
lence band edge at anodic spot. Shaded and empty Gaussians depict electron level
y of 1 eV [79].
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3Fe2O3 þ 2Hþ þ 2e! 2Fe3O4 þH2O; ð4bÞ

is precluded both in the absence and presence of oxygen because
redox potential of reactions (4) is above the bottom of the conduc-
tion band.

The nanosize-driven changes in the structural [13] and elec-
tronic [7] properties of hematite allow interpreting their poorer
oxidative catalytic activity as follows. A decrease in size/crystallin-
ity of hematite NPs is known to produce electron-acceptor states
(Fe-vacancies) [64–66]. The resulting lower concentration of free
electrons shifts Efb downwards compared to that of the well-crys-
talline oxide increasing the energy gap between EF and the conduc-
tion band edge, as shown schematically in Fig. 7c. Therefore, upon
equilibrating with the O2/OH� redox couple, smaller hematite NPs
will develop a lesser band bending. An additional contribution to
this effect is expected from their small size compared to a typical
thickness of the space charge layer of �100 nm, which precludes
development of the space charge layer. The resulting decrease in
the gradient of the electrostatic potential inside the NP hinders
ET from the anodic to the cathodic spot (Fig. 6). Finally, a decrease
in crystallinity of hematite is accompanied by an opening of the
band gap of the semiconductor, which suggests a higher energy
for its conduction band edge [7]. The upward shift of the conduc-
tion band hampers the electron injection from the reducing species
as the overlap of the electron levels diminishes. Along with the de-
creased concentration of free electrons and higher concentration of
charge traps, these changes in the electronic properties slow the
heterogeneous redox reaction.

A slowing of the oxidation process results in negatively charg-
ing of the catalyst, which shifts its conduction band upward. This
shift makes reactions (4) possible, which explains corrosion of
hematite NPs observed in the FTIR–XPS experiments as well as of
9-nm hematite in the batch experiments. Interestingly, we did
not find Fe(II) on the smallest (� 4 nm) FH NPs using XPS as well
as in the FH suspensions reacted with Mn(II) using the ferrozine
method. This fact suggests that there is no kinetic obstacles for
the Fe(II) ions produced by reactions (4) to be reoxidized by dis-
solved oxygen, resulting in phase transformation of FH. In fact,
phase transformation was reported for the Fe(II) oxygenation
[22] and Fe(II)-mediated reduction of U(VI) [67] on FH. Thus, given
the variation in the electronic properties of the NPs and the ther-
modynamic properties of the system, the redox activity of hema-
tite NPs is more likely to be driven by the electrochemical than
chemical mechanism.

4.2. Consistency of the electrochemical concept with reported data

The electrochemical concept of reactivity of hematite NPs is
strongly supported by the observation of the electric current be-
tween different facets of a hematite macrocrystal observed during
the concerted dissolution-growth of these facets under anaerobic
conditions in the presence of oxalic acid and Fe(II) [68].

According to this concept, the autocatalytic regime of the Mn(II)
oxygenation becomes energetically more favorable compared to
the heterocatalytic regime when the activation barrier for ET
through the oxidation product becomes lower than through the
primary catalyst. Since conductivity of MnOOH significantly in-
creases with both dehydration and oxidation of the hydroxide
[69], such a redirection of the ET route can be anticipated when
the degree of the Mn(II) oxidation is higher, namely, on larger
hematite NPs.

The above arguments offer a new insight into the catalyst-
dependent growth patterns of the reaction products [29]. The
Mn(II) oxygenation was found to be initiated at the base of surface
steps of hematite and is developed as a substrate-controlled pro-
cess through the terrace, in contrast to albite on which the growth
is controlled by the initial Mn(III) precipitate [29]. This difference
was previously interpreted within the chemical paradigm as a re-
sult of different chemical reactivity of surface sites of the minerals
[29]. However, in lieu view of the above discussion, the reason for
the different growth patterns can be different conductivity of the
catalysts. In fact, heterocatalytic regime is expected to be energet-
ically more preferable on hematite due to its much better conduc-
tivity compared to the initial product, Mn(II)Mn(III) oxocarbonate
[69]. However, for insulating albite, the reaction can propagate
only in the autocatalytic regime.

Ferric (hydr)oxides have similar electronic structures [70] and
similarly accept electron from adsorbed Fe(II) [68,71,72]. On this
basis, it can be suggested that the electrochemical type of
(bio)chemical activity is common for this class of semiconductors.
If so, the lower catalytic activity of goethite nanorods compared to
microrods [8] can be due to higher ionicity and larger band gaps of
the former, which can be concluded based on the reported elec-
tronic spectra [12]. The higher reductive potential of electrons cap-
tured by smaller NPs (which is due to the higher energy of their
conduction bands) is expected to contribute to the enhanced
reductive dissolution of smaller ferric hydroxide NPs by hydroqui-
none [73] as well as to the acid-promoted dissolution of nanogo-
ethite compared to microgoethite [4,12], in addition to the
conventional effect of the increased surface area. The electrochem-
ical mechanism also allows attributing the morphology-selective
dissolution pattern of goethite nanorods [4,74] to the difference
in the surface potential of the different crystallographic facets
[75], by analogy to hematite [68].

4.3. Implications

So far, experimental data on reactivity of metal oxides have
mainly been interpreted within surface complexation models of
the solution side of the interface [46–48], though both the impor-
tance of the electronic structure of the adsorbent surface for the
adsorbent–adsorbate hybridization has been recognized [76,77].
The new, electrochemical approach to aquatic chemistry of semi-
conducting metal oxides implies the priority of energetics of the
solid–water interface and electronic properties of the solid over
the structural details of the solid surface in both reactivity and
selectivity of the solid. Indeed, there is no doubt that the surface
structure, which depends on the synthesis history and exposed
crystallographic planes of the solid, affects the molecular recogni-
tion mechanisms. At the same time, this molecular structure is re-
flected in the electronic structure of the interface that in turn can
be manipulated through changing the redox potentials of the solid
and/or the solution. The former can be done, for example, by
doping the solid with an appropriate element or employing the
nanosize, aggregation, or deposition [19] effects. Also, the electro-
chemical concept predicts that, the average size being the same,
the NPs with higher morphological inhomogeneity will be more
redox active.

Based on our results and generality of the redox mechanism for
the dark catalytic activity of semiconducting metal oxides in gas
phase [55], the electrochemical mechanism can be expected to
be common for this class of solids in electrolytes. If so, along with
the conventional physico-chemical characteristics of the solution
side of the interface, the semiconducting properties of the catalysts
should be involved in modeling and used for manipulating their
aquatic chemistry in the dark. Given the similarity of the electro-
chemical and photocatalytic mechanisms, the semiconducting
properties to be introduced in the area include positions of the
conduction and valence band edges, the position of the Fermi level
at the semiconductor surface, the presence of the surface and bulk
states, the potential drop in the space charge layer, and the semi-
conductor conductivity characteristics.
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5. Conclusions

The product of the initial stage of the Mn(II) oxygenation cata-
lyzed by hematite and FH NPs is dominated by Mn(II)CO3-like spe-
cies, which are attached to the catalysts surface as inner-sphere
complexes. Within 3–5 h, these species partially transform into
manganite (c-MnOOH).

Smaller hematite NPs are surprisingly less effective (per unit
surface area) catalysts of the Mn(II) oxygenation. The slowing
down of the redox reaction causes reduction of hematite NPs. At
the same time, FH NPs are not reduced. The effect is explained
by the absence of kinetic obstacles for the Fe(II) ions produced
by reactions (4) to be reoxidized by dissolved oxygen, which causes
phase transformation of FH. These findings are attributed to the
electrochemical mechanism of the redox activity of ferric (hydr)o-
xides given the nanosize-driven changes in both their electronic
properties and the thermodynamic properties of the system.
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