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ABSTRACT: Manganese oxides function as efficient electro-
catalysts for water oxidation to molecular oxygen in strongly
alkaline conditions, but are inefficient at neutral pH. To
provide new insight into the mechanism underlying the pH-
dependent activity of the electrooxidation reaction, we
performed UV−vis spectroelectrochemical detection of the
intermediate species for water oxidation by a manganese oxide
electrode. Layered manganese oxide nanoparticles, δ-MnO2
(K0.17[Mn4+0.90Mn3+0.07□0.03]O2·0.53H2O) deposited on fluo-
rine-doped tin oxide electrodes were shown to catalyze water oxidation at pH from 4 to 13. At this pH range, a sharp rise in
absorption at 510 nm was observed with a concomitant increase of anodic current for O2 evolution. Using pyrophosphate as a
probe molecule, the 510 nm absorption was attributable to Mn3+ on the surface of δ-MnO2. The onset potential of the water
oxidation current was constant at approximately 1.5 V vs SHE from pH 4 to pH 8, but sharply shifted to negative at pH > 8.
Strikingly, this behavior was well reproduced by the pH dependence of the onset of 510 nm absorption, indicating that Mn3+ acts
as the precursor of water oxidation. Mn3+ is unstable at pH < 9 due to the disproportionation reaction resulting in the formation
of Mn2+ and Mn4+, whereas it is effectively stabilized by the comproportionation of Mn2+ and Mn4+ in alkaline conditions. Thus,
the low activity of manganese oxides for water oxidation under neutral conditions is most likely due to the inherent instability of
Mn3+, whose accumulation at the surface of catalysts requires the electrochemical oxidation of Mn2+ at a potential of
approximately 1.4 V. This new model suggests that the control of the disproportionation and comproportionation efficiencies of
Mn3+ is essential for the development of Mn catalysts that afford water oxidation with a small overpotential at neutral pH.

1. INTRODUCTION
An efficient catalyst for the oxidation of H2O to molecular
oxygen is a critical component for solar fuel production
systems, as it provides a viable source of electrons for hydrogen
production or the direct conversion of carbon dioxide to liquid
fuel.1−4 To date, the most extensively investigated catalysts for
this oxidation reaction are nanostructured IrO2 and RuO2,

5−16

which are robust and efficient water oxidation catalysts that
exhibit high turnover frequencies under mild conditions.
However, the high cost and scarcity of noble metals severely
limit the widespread use of these catalysts for solar fuel
production. Thus, a distinct need exists for more abundant
materials that can serve as efficient catalysts in such
systems.17−25

In biological systems, manganese serves a crucial role as an
O2-evolution center in a number of critical redox reac-
tions.26−29 For example, the μ-oxo-bridged tetrameric Mn
cluster Mn4Ca, which is found within nearly all photosynthetic
organisms, catalyzes multielectron water oxidation with a low
overpotential (η) of 160 mV at pH 6.5.30−32 All species capable
of O2 evolution possess qualitatively the identical reaction
center, and no other metal element has been identified in place

of Mn.33,34 Therefore, the Mn cluster within photosynthetic
organisms has triggered extensive research efforts to explore the
water oxidation catalyst composed of inexpensive and abundant
Mn.35−43

Numerous studies have examined the electrochemical
oxidation of H2O by Mn-containing materials, particularly
manganese oxides, such as the simple oxides MnO2, Mn2O3,
and MnOOH and complex oxides MnFe2O4 and Mo- or W-
doped MnO2.

44−53 Manganeses oxides have been demonstrated
to function as effective electrocatalysts under strongly alkaline
conditions. For example, modest η values of 360 and 390 mV
were reported for a MnFe2O4 electrode in 1 M KOH51 and a
nanostructured MnOOH electrodeposited on gold at pH 14,48

respectively, while the notable η of 290 mV was demonstrated
for Mn2O3 at pH 14.47 However, under neutral pH conditions,
the electrochemical oxidation potential of manganese oxides
drastically decreases, and no Mn-containing electrocatalysts
capable of efficiently or stably catalyzing water oxidation at
neutral pH have been identified. Tamura et al. demonstrated
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that the η of 300 mV for MnO2 at pH 14 increased significantly
to 610 mV at pH 6.5.44 Several other manganese oxides,
including MnOOH and the mixed oxide of Mn2O3 and MnO2,
also require a large η, ranging from 500 to 700 mV, at neutral
pH.47,49

For the successful application of Mn catalysts as components
for solar fuel production processes, improvement of the water
oxidation activity, particularly under neutral conditions, is
essential. Nevertheless, few studies have investigated the
mechanisms of water oxidation at the surface of manganese
oxide electrodes. Thus, the reasons for the sharp decline of the
catalytic activity of manganese oxides under neutral conditions
remain unclear.
In the present work, we examined the mechanism underlying

the pH-dependent activity of water oxidation at the surface of a
manganese oxide electrode on the basis of a spectroelec-
trochemical method. Following the deposition of manganese
oxide nanoparticles, δ-MnO2, onto a fluorine-doped tin oxide
(FTO) electrode, we monitored spectral changes during the
catalytic cycle of water oxidation at pH ranging from 4 to 13.
Using this approach, we succeeded in detecting surface
intermediates of O2 evolution from manganese oxide electrodes
that provide new insight into the mechanism for the pH-
dependent activity of water oxidation.

2. EXPERIMENTAL SECTION
Manganese oxide electrodes were prepared using a spray deposition
method, as previously described.54 Briefly, a 0.5 mM MnO2 colloidal
solution was obtained by the reduction of KMnO4 with a
stoichiometric amount of Na2S2O3 at room temperature and was
then repeatedly sprayed onto a clean conducting glass substrate (FTO-
coated glass, resistance 20 Ω/square, size 30 mm × 30 mm, SPD
Laboratory, Inc.) held on a 200 °C hot plate. Each spray application of
the solution was followed by a pause of 10 s to allow evaporation of
the freshly sprayed solution. This process was repeated 600 times, with
a total of approximately 6.0 mL of the MnO2 solution being deposited
on the FTO substrate. The resultant transparent dark-brown film on
the electrode was rinsed with pure water and then calcinated at 500 °C
in air for 2 h. All reagents used were reagent grade and were used
without further purification.
Current density (j) vs potential (U) curves were obtained with a

commercial potentiostat and potential programmer (HZ-5000,
Hokuto Denko) using a Pt wire as the counter electrode and a Ag/
AgCl/KCl(satd) electrode as the reference electrode. The electrolyte
solution was prepared using highly pure Milli-Q water (18 MΩ−1

cm−1) and reagent grade chemicals, and the pH was adjusted using 0.1
M H2SO4 and 1.0 M NaOH and their mixture. No agent for pH
buffering was added to avoid influences from the specific adsorption of
multivalent anions.55 The prepared electrolyte solution was maintained
at 30 °C and was bubbled with argon gas prior to the measurements.
For minimizing pH changes near the electrode surface, the j vs U curve
was measured using a potential sweep from negative to positive
without stirring. The amount of dissolved oxygen in the electrolyte was
monitored simultaneously with the j vs U measurements using a
needle-type oxygen microsensor (Microx TX3-trace, PreSens).
Optical absorption spectra were obtained in diffuse transmission

mode using a UV−vis spectrometer (UV-2550, Shimazu) equipped
with a multipurpose large-sample compartment with a built-in
integrating sphere (MPC-2200, Shimadzu). For in situ acquisition of
spectra, a MnO2 film electrode mounted in the electrochemical cell
was placed in front of the integrating sphere to collect diffused
transmission light. The structure of a MnO2 film was characterized
using scanning electron microscopy (SEM; YE-9800 electron
microscope, Keyence), high-resolution transmission electron micro-
copy (HRTEM; H-9000 UHR, 300 kV, Hitachi), and X-ray diffraction
(XRD; RINT-2100, Cu Kα radiation, Rigaku). For HRTEM analysis,
MnO2 powder was scratched off from the surface of the electrodes,

dispersed into ethanol, and deposited onto germanium-coated
microgrids. XRD patterns were recorded from 30° to 70° in 2θ at a
step size of 0.02° and a scan rate of 0.25 deg/min. To determine the
chemical formula of a MnO2 electrode, thermal analysis was carried
out at a heating rate of 10 °C/min to 500 °C. The weight loss due to
structural water was measured by thermogravimetric analysis (TGA;
Thermo plus TG8120, Rigaku). Chemical analysis of the K/Mn ratio
was done using atomic absorption spectroscopy (AAS; Z-2000,
Hitachi). The average oxidation state of manganese in MnO2 was
determined by the oxalic acid−permanganate back-titration. A 0.1 g
sample was dissolved in 10 mL of 0.5 M H2C2O4 and 10 mL of 0.5 M
H2SO4 to reduce all highly charged manganese ions to Mn2+. The
excess C2O4

2− was determined by titration at around 60 °C with 0.02
M KMnO4.

3. RESULTS
3.1. Characterization and Electrocatalytic Potential of

MnO2 Electrodes. Figure 1a shows the XRD pattern for a

prepared manganese oxide electrode. The electrode exhibited
an XRD pattern characteristic of δ-MnO2 (potassium birnessite,
indexed to JCPDS 15-0604), and no peaks assignable to other
crystal phases of manganese oxides were detected. As shown in
Figure 1b, δ-MnO2 has a 2-D layered structure composed of
edge-sharing MnO6 octahedra with water molecules and/or
metal cations occupying the interlayer region.56,57 K+ ions
served as intercalated cations of the δ-MnO2 particles. The
chemical formula of δ-MnO2 was expressed with
K0.17(Mn4+0.90Mn3+0.07□0.03)O2·0.53H2O as determined by
TGA, AAS, and the oxalic acid−permanganate back-titration.
HRTEM analysis combined with electron diffraction measure-

Figure 1. (a) X-ray diffraction pattern of a δ-MnO2 film on a SnO2
substrate. The patterns assigned to δ-MnO2 and SnO2 are indicated
with asterisks and pound signs, respectively. (b) (Left) Schematic
arrangement of Mn octahedra in the layer structure of a hexagonal δ-
MnO2. Brown, red, and gray represent Mn, O, and water, respectively.
A fraction of the layer Mn4+ cations are vacant. (Right) Projection of δ-
MnO2 along the b axis. We adopted an image of the crystal structure of
δ-MnO2 intercalated with a water molecule, as the interlayer position
was mainly occupied with a water molecule for the prepared δ-MnO2
(K0.17[Mn4+0.90Mn3+0.07□0.03]O2·0.53H2O).
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ments showed that the δ-MnO2 particles in the electrode film
adopted a 2-D layered structure with an interlayer distance of
6.9 Å, which is characteristic for a (110) plane of K+ ion
intercalated δ-MnO2 (Figure 2a).58,59 SEM observations
demonstrated that the entire electrode surface of the FTO
substrate was covered with nanoparticles with diameters
ranging from 20 to 50 nm (Figure 2c,d).
A representative j−U curve for the δ-MnO2 electrode

measured at neutral pH (0.5 M Na2SO4, pH 6) is shown in
Figure 3. An increase in both anodic current (solid line) and O2

production (open circles) was observed at an onset potential of
approximately 1.5 V. Since O2 production by a bare FTO
electrode was not detected (Figure S1, Supporting Informa-
tion), the observed water oxidation current generated by the δ-
MnO2 electrode was attributable to the electrocatalytic function
of the δ-MnO2 nanoparticles. The δ-MnO2 electrode was next
subjected to HRTEM analysis after electrolysis for 30 min at
1.9 V, corresponding to a turnover number of 72 (evolved O2

molecules per Mn atom) (Figure 2). The HRTEM images in
Figure 2b show that the δ-MnO2 nanoparticles maintained an
interlayer distance of 6.9 Å, confirming the stability of δ-MnO2
for water oxidation. However, the δ-MnO2 electrode exhibited a
remarkably large deviation of 600 mV in the onset of anodic
current, Uon,j, from the standard potential for O2 evolution
(Figure 3). The η of 600 mV is a typical value reported for
manganese oxide electrocatalysts at neutral pH.44,47,49,50,53,60

We next examined the origin for the large η using UV−vis
spectroelectrochemical methods.

3.2. In Situ Spectroscopic Analysis of Surface
Intermediates. 3.2.1. Spectral Changes Associated with
Water Oxidation at Neutral pH. The δ-MnO2 electrode
displayed an intense absorption in the UV and visible light
region that was assigned to its band gap transition (Figure 4a,
trace 1).61,62 This characteristic allowed us to apply an in situ
spectroelectrochemical method to elucidate the origin of η and
the mechanisms underlying its pH dependence.
First, we examined the spectral changes of the δ-MnO2

electrode caused by water oxidation at neutral pH (0.5 M
Na2SO4, pH 6) (Figure 4b). Diffuse transmission UV−vis
absorption spectra were recorded in 0.5 M Na2SO4 at potentials
ranging from 1.2 to 1.8 V using the spectral data obtained at 1.1
V as a spectral reference. Upon stepping U from 1.2 to 1.8 V in
0.1 V increments, a new absorption peak at 510 nm, ΔAbs510,
and bleaching of the absorption in the longer wavelength region
of the band gap transition, ΔAbs>680, were observed, in addition
to a clear isosbestic point at 680 nm (Figure 4b). These spectral
changes were fully reversible for both the positive- and
negative-going sweeps and remained stable in the repeated
cycle of the potential sweep (Figure S2, Supporting
Information).
As seen from the plot of ΔAbs510 (filled circles) against U in

Figure 5, ΔAbs510 was negligible in the potential range of 1.1−
1.3 V, but increased rapidly at more positive potentials. The
depression of ΔAbs>680 exhibited a potential-dependent

Figure 2. HRTEM images of nanocrystalline δ-MnO2 (a) before and (b) after electrolysis in a 0.5 M Na2SO4 aqueous solution at 1.9 V for 30 min.
The insets show FFT analysis results for the outlined areas in the crystal. (c, d) SEM images and a photograph (inset) of the as-prepared δ-MnO2
film.

Figure 3. Current density (solid line) and dissolved O2 concentration
(open circles) for a δ-MnO2 film electrode in a 0.5 M Na2SO4 aqueous
solution (pH 6) during the positive potential sweep at 10 mV/s.
E(O2/H2O) reflects the standard potential for O2 evolution.
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behavior resembling that of j−U and ΔAbs510−U relations
(open circles). Note that when an organic electrolyte, a
chloroform solution containing tetra-n-butylammonium per-
chlorate ((TBA)ClO4 in CHCl3), was used in place of the
aqueous solution of 0.5 M Na2SO4, both the appearance of
ΔAbs510 and depression of ΔAbs>680 were largely suppressed
(Figure 4c). Therefore, it is considered that the spectral
changes observed in Figures 4 and 5 were the consequence of
manganese redox chemistry in the presence of water. In
addition, the isosbestic change detected in the spectra indicated
that the Mn species responsible for ΔAbs>680 (species A>680)
were transformed into those responsible for ΔAbs510 (species
A510) with the progress of water oxidation.

3.2.2. Effects of pH on Spectral Changes. We next
examined the influences of pH on the observed spectral
changes of the δ-MnO2 electrode in conjunction with the pH
dependence of η. Figure 6 shows the plot of ΔAbs510 against U,
together with the j−U curve for δ-MnO2 electrodes measured
at pH ranging from 4 to 13.63 At all examined pH values, the
anodic current was assignable to the O2 evolution reaction
(Figure S3, Supporting Information). Figure 7 summarizes the
pH dependence of Uon,j and Uon,A510

from the results presented
in Figure 6 and also includes the E(O2/H2O) value to compare
η at different pH values. The electrode potential at which the
current density for O2 evolution reached 40 μA cm−2 was
adopted as Uon,j. As shown in Figure 7, Uon,j (red squares)
remained constant at approximately 1.5 V between pH 4 and
pH 8, but displayed a sharp negative shift at pH ≥ 9, which is
responsible for the unique pH dependence of η. Namely, η
increased from 500 to 700 mV between pH 4 and pH 8, but
sharply decreased to 480 mV at pH 9. Moreover, η decreased to
380 mV at pH ≥ 11. Note that such a non-Nernstian behavior
of Uon,j was reasonably well reproduced by the pH dependence
of Uon,A510

(Figure 7, blue circles). In addition, it is notable that

Uon,A510
was located at the potential region slightly negative of

Uon,j over the entire evaluated pH range (Figure 7). These
observations indicate that species giving the 510 nm absorption
(species A510) may serve as precursors for O2 evolution, and the
easiness of species A510 production determines the deviation of
Uon,j from E(O2/H2O). We could not assign the 510 nm
absorption on the basis of the existing spectroscopic data of
manganese oxides. Thus, we next attempted to experimentally

Figure 4. (a) Diffuse transmission UV−vis absorption spectra of (1) a δ-MnO2 film electrode and (2) a bare FTO electrode. (b) Changes in the
UV−vis spectrum of a δ-MnO2 film electrode at increasing potential (1.2, 1.3, 1.4, 1.5, 1.6, 1.7, and 1.8 V). The spectrum measured at 1.1 V was used
as a reference spectrum. Arrows indicate the direction of a spectral change with a potential shift from 1.2 to 1.8 V. The spectra at 1.2 and 1.8 V were
colored blue and red, respectively. (c) Difference spectrum of a δ-MnO2 film electrode at 1.8 V in a 0.1 M (TBA)ClO4 in CHCl3 solution. The
spectrum measured at 1.1 V was used as a reference spectrum.

Figure 5. Potential dependences of the difference absorbance at 510
nm (filled circles) and 800 nm (open circles) for a δ-MnO2 electrode
in a 0.5 M Na2SO4 aqueous solution (pH 6). The solid line indicates a
j−U curve for a δ-MnO2 electrode obtained in a 0.5 M Na2SO4
aqueous solution.
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determine the chemical origin of the precursors for O2

evolution.
3.2.3. Redox Potential of Species A510. To determine the

chemical origin of species A510, we first estimated the redox
potential of surface intermediates formed on δ-MnO2 electro-
des using the method developed by Wilson64 and Salvador et
al.65 This method is based on the detection of a transient
cathodic current when the potential is swept toward the
negative following O2 evolution by a metal oxide electrode at an
anodic potential, which is attributable to the surface
intermediates formed during water oxidation.64,65 Here, using
a δ-MnO2 electrode that had been subjected to water oxidation
at 1.8 V for 15 s in 0.5 M Na2SO4, the potential was swept

toward the negative at a scan rate of 50 mV s−1. The change in
the absorption peak at 510 nm was also monitored
simultaneously with the j−U curve measurements.
In the cathodic potential sweep, a cathodic current started to

flow at 1.45 V, with the maximum current detected at 1.35 V
(Figure 8a, solid line). Notably, a cathodic current was absent

for the δ-MnO2 electrode that had been subjected to
polarization at 1.8 V in a (TBA)ClO4 in CHCl3 solution
prior to the potential sweep (Figure 8a, dotted line). On the
basis of these results, we can assume that the transient cathodic

Figure 6. Potential dependences of the current density (solid line) and
difference absorbance at 510 nm (filled circles) observed in a 0.5 M
Na2SO4 aqueous solution at (a) pH 4, (b) pH 8, (c) pH 10, (d) pH
12, and (e) pH 13. The dotted line in (b) and (c) indicates the
voltammogram expanded in the y axis direction by a factor of 50.
When j−U curves were measured at pH 10 and 12 with stirring
electrolyte solutions, an anodic current displayed a continuous increase
with potential similar to the case observed at pH 13. (Figure S5,
Supporting Information). Therefore, a slight decrease in current
density at the potential region between the potential for the first rise of
current and 1.5 V observed at pH 10 and 12 is due to the proton
accumulation caused by water oxidation (c, d).

Figure 7. pH dependences of the onset potential for oxidation current
(Uon,j, red squares) and optical absorption at 510 nm (Uon,A510

, blue
circles). The solid line represents the standard potential for oxygen
evolution.

Figure 8. (a) Negative linear sweep voltammograms obtained in a 0.5
M Na2SO4 solution (pH 6) (solid line) and a 0.1 M (TBA)ClO4 in
CHCl3 solution (dotted line) after electrolysis at 1.8 V for 15 s. The
scan rate was 50 mV s−1. (b) Potential dependence of the difference
absorbance at 510 nm during the negative-going linear sweep
voltammetry measurement from 1.8 to 1.2 V in a 0.5 M Na2SO4
solution at pH 6. The absorbance obtained at 1.2 V was used as a
reference. (c) Potential dependence of absorbance at 258 nm during
the negative-going linear sweep voltammetry measurement from 1.8 to
1.2 V in a 0.5 M Na2SO4 solution at pH 6. The absorbance at 258 nm
is assigned to the Mn3+−pyrophosphate (PP) complex generated by
the reaction of surface Mn3+ species with 20 mM PP at different
electrode potentials.
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current was due to the electroreduction of the surface
intermediates related to water oxidation by the δ-MnO2
electrode. Importantly, transient absorption at 510 nm was
also observed during the flow of transient cathodic current
(Figure 8b). The agreement between the potential dependence
of the transient current and the absorption at 510 nm
confirmed that the surface intermediate that generated the
transient cathodic current was assignable to species A510.
The number of electrons (n) required for the production of

species A510 was estimated from the half-width potential of the
transient cathodic peak, ΔEp/2, using the relation ΔEp/2 =
3.53RT/nF (= 92.2/n at 30 °C).66 The ΔEp/2 value was
determined to be 100 mV, corresponding to an n of 1.
Therefore, we concluded that species A510 have a one-electron
redox potential located at approximately 1.4 V, although the
precise determination of the redox potential was not possible
due to the lack of a counterpart anodic wave. Of the reported
multiple redox couples involving a Mn center in hydroxides or
aquo complexes, only a Mn3+/Mn2+ couple (Mn3+ + e− →
Mn2+, E = 1.5 V67,68) has a one-electron redox potential close
to that estimated for species A510. Thus, we speculate that Mn3+

species existing on the surface of a δ-MnO2 electrode is a
plausible candidate of species A510. Here, the amount of species
A510 was estimated to be 14 nmol from the coulombs of the
transient cathodic peak (Figure 8a, solid line), which
corresponds to approximately 1% of the total Mn atoms
deposited on the electrode.
3.2.4. Direct Detection of Mn3+ with Pyrophosphate. To

obtain solid evidence for the assumption that species A510 is
attributable to Mn3+, we employed pyrophosphate (PP),
P2O7

4−, as a probe agent for the detection of Mn3+. PP is a
redox-inert molecule that can uptake Mn3+ from the surface of
solid-phase manganese oxides via a specific chelating
reaction.69,70 To assay for Mn3+, a δ-MnO2 electrode was first
exposed to a 20 mM PP solution for 15 min to remove the
Mn3+ ions which were originally contained in the δ-MnO2
electrodes. The electrode was then subjected to water oxidation
in 0.5 M Na2SO4. After electrolysis for 15 min, the
electrochemical cell was switched to an open circuit condition
and the δ-MnO2 electrode was exposed immediately to a fresh
electrolyte solution containing 20 mM PP. The detection of
Mn3+−PP complexes in solution was then performed by optical
absorption measurements (Figure 9).71 This assay was
performed at potentials ranging from 1.2 to 1.8 V to examine

the potential dependence of Mn3+ generation. From the UV−
vis absorption spectra shown in Figure 9a, clear evidence for the
production of Mn3+ on the δ-MnO2 electrode surface can be
seen. Namely, the 258 nm absorption peak assigned to a Mn3+−
PP complex (Figure S4, Supporting Information)71 was
resolved in the potential range of 1.4−1.8 V (Figure 9a).
Note that the growth of the 258 nm peak became prominent
with increasing U (Figure 9b, filled circles), displaying
essentially the same potential dependence as j and ΔAbs510.
As a control experiment, when a PP solution reacted with the
electrolyte which was taken from the electrochemical reactor
after water oxidation at 1.8 V for 15 min, no Mn3+−PP was
detected, confirming that the observed Mn3+−PP was
predominantly generated by the reaction of PP with Mn3+

adsorbed on the electrode surface. Thus, the probing
experiments with PP provide strong support for the assignment
of species A510 as surface-associated Mn3+.
We also conducted the probing experiments with PP to

estimate the redox potential of Mn3+ adsorbed on the electrode
surface using the same voltammetry technique described in
Figure 8. Namely, the potential of a δ-MnO2 electrode that had
been subjected to water oxidation at 1.8 V for 15 s in 0.5 M
Na2SO4 was swept toward the negative from 1.8 to 1.2 V. As
shown in Figure 8c, the 258 nm absorption peak assigned to a
Mn3+−PP complex showed a depression in intensity at a
potential of approximately 1.4 V. Of particular note is that the
observed depression of the 258 nm absorption peak exhibited
essentially the same potential dependence as ΔAbs510−U
relations (see Figure 8b). This agreement between the
potential-dependent formation of a Mn3+−PP complex and
species A510 further supports the aforementioned assignment
and indicates that the one-electron redox potential of Mn3+

adsorbed on the surface of the δ-MnO2 electrode is
approximately 1.4 V. The amount of Mn3+ remaining on the
electrode surface that had been subjected to water oxidation at
1.8 V for 15 min was estimated to be 2.4 nmol from the
absorbance at 258 nm (Mn3+−PP, ε = 6750 M−1 cm−1) (Figure
9a; Figure S4, Supporting Information). This was approx-
imately one-sixth of that estimated from the coulombs of the
transient cathodic peak (Figure 8a).

4. DISCUSSION

Now, let us consider the origin and mechanisms underlying the
pH dependence of η for water oxidation by a δ-MnO2

Figure 9. (a) UV−vis absorption spectra of a 20 mM pyrophosphate solution exposed to a δ-MnO2 electrode after electrolysis in a 0.5 M Na2SO4
solution (pH 6). A 20 mM pyrophosphate solution was used as a spectral reference. Electrolysis was conducted for 15 min at electrode potentials of
1.2, 1.4, 1.6, and 1.8 V. The arrow indicates the direction of the spectral change with a potential shift from 1.2 to 1.8 V. (b) Absorbance at 258 nm for
a 20 mM pyrophosphate solution as a function of the electrode potential. The solid line shows a j−U curve obtained at pH 6.
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electrode. As summarized in Figure 7, Uon,j showed non-
Nernstian behavior, resulting in unique variations of η with
changes in pH. Specifically, η increased from 500 to 700 mV
with a rise of pH from 4 to 8, but sharply decreased to 480 mV
at pH ≥ 9. This finding indicates that fundamentally different
mechanisms exist for water oxidation under neutral and basic
conditions. Although several studies have also demonstrated
that strongly alkaline solutions are advantageous for water
oxidation by manganese oxide electrodes in terms of η,44−53,60

prior to the present study, the mechanism responsible for this
phenomenon had not been determined.
The pH dependence of η might be due to changes in the

surface charge of manganese oxide electrodes caused by pH-
dependent protonation/deprotonation of surface oxygen
species. At low pH, manganese oxide surfaces are protonated
and thus have a positive charge.72 With increasing pH, however,
deprotonation of the surface occurs, resulting in a negative
charge.72 As the nucleophilicity of oxygen species such as O− in
Mn4+O− is stronger than that of positively charged species, a
lower η for water oxidation is expected in basic solutions than
those at acidic/neutral pH.73 However, the pK2 of δ-MnO2 is
reported to be 2.4,74 a value in discordance with our present
results that show η sharply decreased at pH 9 (Figure 7). Thus,
the protonation/deprotonation of oxygen species is likely not
the primary reason for the pH dependence of η.
The present observation that species A510 which is

attributable to surface-associated Mn3+ acts as a precursor for
O2 evolution provides an alternative mechanism for the pH
dependence of η. The trivalent state of Mn is implicated in
disproportionation and comproportionation reactions, whose
efficiency sharply varies with pH.67,75−77 For example, in
acidic/neutral solutions, Mn3+ ions are unstable relative to the
disproportionation into Mn2+ and Mn4+, as shown in the
following reaction:

+

→ + +

+

+ +
2Mn (aq) 2H O

MnO (s) Mn (aq) 4H

3
2

2
2

With increasing pH, however, Mn3+ ions are free from the
disproportionation reaction and are effectively stabilized by a
comproportionation reaction at high pH:

+ → +MnO (s) Mn(OH) Mn O (s) H O2 2 2 3 2

If we adopt the equilibrium constants reported for the
disproportionation and comproportionation reactions of β-
MnO2 (Kdisp = 7.87 × 108 and Kcomp = 1.27 × 10−9),68 the
concentration of Mn3+ is estimated to be less than 10−14% of
the initial concentrations of MnO2(s) and Mn2+(aq) at pH 6.
Meanwhile, in basic solutions, the Mn3+ is stabilized by
comproportionation and reaches a concentration as high as
99.9%. These estimations indicate that the production and
accumulation efficiencies of Mn3+ (species A510) on the surface
of MnO2 electrodes are remarkably higher at alkaline compared
to neutral pH. In other words, at intermediate pH, Mn3+ is
highly unstable and unable to exist on the surface of MnO2
electrodes. Therefore, the effective production and accumu-
lation of species A510 are expected to occur when the electrode
is anodically poised at more positive U than E(Mn3+/Mn2+).
Silvester et al. have examined the pH dependence of Mn3+

disproportionation in δ-MnO2 particles using extended X-ray
absorption fine structure (EXAFS) and XRD measure-
ments.78,79 Their detailed analysis showed that the Mn3+ in
the MnO2 layer rapidly disproponates into Mn4+ and Mn2+ in
the pH region of 2−5, with the resultant Mn2+ being dissolved
in the solution phase. In addition, they showed that the
disproportionation of Mn3+ was fully suppressed at pH ≥ 9,78,79

which enables the Mn3+ to remain in the MnO2 layers of δ-
MnO2. Here, good agreement was observed between the pH
regions where the disproportionation of Mn3+ in the MnO2

layers was suppressed and Uon,j sharply shifted from 1.5 to 1.2
V (Figures 6 and 7). Moreover, ΔAbs510, which is assigned to
the surface Mn3+ species acting as precursors of water
oxidation, also showed a sharp negative shift of onset potential,
Uon,A510

, at the same pH region (Figures 6 and 7). Therefore, we
can consider that the pH-dependent disproportionation shown

Scheme 1. Oxidation States of Mn Ions Involved in the Electrooxidation of Water to Oxygen on a δ-MnO2 Electrode at (a) pH
4−8 and (b) pH ≥ 9a

aLayer Mn atoms are shown as squares. The numbers on the face of the square refer to the sequence of Mn valency. As long as the electrooxidation
of Mn2+ to Mn3+ is the rate-determining step for the O2 evolution (pH 4−8), further oxidation of H2O to peroxo species, peroxo species to O2, or
Mn3+ to Mn4+ (or higher valence states such as Mn5+, Mn6+, and Mn7+) will not influence Uon,j. The amount of Mn3+ generated under the catalytic
cycle of water oxidation at 1.8 V (pH 6) was 14 nmol at the lowest estimate, which is 1% of the total Mn atoms deposited on the FTO electrode.
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in Scheme 1 represents one of the most plausible mechanisms
for the observed sharp variations of η with changes of pH.
On the basis of the experiments performed in a (TBA)ClO4

in CHCl3 solution (Figures 4c and 8a), the formation of Mn3+

should proceed via the electron injection from H2O to
anodically poised δ-MnO2 (step 1, Scheme 1). It is notable
that the Mn3+ in δ-MnO2 takes a high spin state (t2g

3eg), and
thus, a band gap energy of δ-MnO2 corresponds to the energy
difference between the t2g and eg states of the Mn 3d orbital.80

Thus, the observed bleaching of ΔAbs>680 that accompanied the
growth of ΔAbs510 (Figures 4b and 5) can be reasonably
attributable to the increased band-gap energy of δ-MnO2 via
the reduction of Mn4+ to Mn3+.80 Step 1 may become
progressive with increasing U; however, at pH < 9, Mn3+ is
rapidly consumed by disproportionation to form Mn2+ and
Mn4+, resulting in no net charges passing across the electrode
(step 2). Therefore, the effective production of Mn3+ requires
the electrochemical oxidation of Mn2+ to Mn3+ (step 3). As
long as step 3 is the rate-determining step for the overall water
oxidation reaction, further oxidation of H2O to peroxo species,
peroxo species to O2, or Mn3+ to Mn4+ (or higher valence states
such as Mn5+, Mn6+, and Mn7+) will not influence Uon,j.

81 The
fixed Uon,j and Uon,A510

at approximately 1.5 V between pH 4 and
pH 9 (Figures 6 and 7) are consistent with our assignment of
Mn3+ as a precursor for O2 evolution and demonstrate that step
3 determines the extent of η at pH < 9.
In contrast to the intermediate pH conditions, Mn3+

disproportionation is effectively suppressed at pH ≥ 9, as
reported by Silvester et al.,78,79 which results in the
accumulation of Mn3+ in the MnO2 layers being very facile.
Moreover, in this pH region, the comproportionation reaction
between Mn2+ and Mn4+ contributes to the regeneration
process of Mn3+ (step 6). As abundant Mn4+ neighbors exist for
Mn2+ in the MnO2 layers, the regeneration of Mn3+ via step 6
becomes prominent in conjunction with the production of
Mn2+. Notably, if we assume that Mn3+ also acts as a precursor
(i.e., an oxidant) for O2 evolution, similarly to the case at pH <
9, Mn3+ production clearly becomes autocatalytic,82 as reported
for H2O2 oxidation by MnO2 in alkaline conditions.76 Under
these conditions, Mn3+ should be regenerated even in potential
regions that are more negative than E(Mn3+/Mn2+). This
speculation is supported by the large negative shift of both Uon,j

and Uon,A510
detected at pH ≥ 9 and helps explain why η for

water oxidation markedly decreased in strongly alkaline
solution (Figures 6 and 7).

■ CONCLUSIONS

In this study, we have revealed the optical absorption spectrum
of the precursor for electrooxidation of H2O to O2 on δ-MnO2
electrodes. Detailed investigations of the pH dependence of j−
U and ΔAbs510−U, together with probing experiments for Mn3+

using P2O7
4−, demonstrated that the Mn3+ adsorbed on the

electrodes is the precursor for the electrooxidation reaction. On
the basis of this finding, we conclude that the large η at pH < 9
is due to the rapid consumption of Mn3+ by the
disproportionation reaction. Our findings also suggest that
the comproportionation between Mn2+ and Mn4+ to form Mn3+

occurs at pH ≥ 9, which results in a large decrease in η. To our
knowledge, this represents the first in situ spectroscopic
detection of intermediates for the O2 evolution reaction
mediated by manganese oxides. Thus, the influence of pH on
the production efficiency and accumulation of Mn3+ demon-

strated here would be important for development of manganese
oxide electrocatalysts that can serve as efficient water oxidation
catalysts at intermediate pH.
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