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a  b  s  t  r  a  c  t

The  present  study  aims  to  investigate  the  electrochemical  reduction  of  a range  of  H2O2 concentrations
on  a 1.5  at.%  SIMFUEL  rotating  disk  electrode  over  the  pH  range  1–4. The  peroxide  reduction  mechanism
is  determined  to  occur  either  on a UV-containing  surface  layer  of composition  UIV

1−2xUV
2xO2+x or  on  an

adsorbed  UV-containing  surface  intermediate  depending  on the  surface  composition  which  is determined
by  solution  pH  and  H2O2 concentration.  The  UIV

1−2xUV
2xO2+x catalytic  surface  lattice layer,  if formed,  is

stable  and rotation  disk  studies  have  demonstrated  that  H2O2 reduction  on this  surface  achieves  the
diffusion-controlled  limit  at sufficiently  negative  overpotentials.  However,  the  adsorbed  UV-containing
surface  intermediate  is  unstable  and  can  be  destroyed  by  electrochemical  reduction  to its  original  state,

VI 2+

orrosion
cidic pH
-ray photoelectron spectroscopy (XPS)

i.e. UO2,  or by  chemical  oxidation  to U prior  to dissolution  as  UO2 .
The  instability  of  this  surface  intermediate  limits  its  availability  which  prevents  significant  H2O2

reduction  and  yields  currents  below  the  diffusion-controlled  limit.  The  occurrence  of both  reduction
mechanisms  demonstrates  the  influence  of  locally  established  surface  compositions  and  the  switch  from
one to  the  other  appears  to  be  controlled  by  surface  diffusion  conditions  and  the bulk  pH  and  H2O2

concentrations.
. Introduction

While nuclear power represents a clean and safe form of
nergy generation it comes with the responsibility of managing
he radioactive fuel waste. Internationally, deep geologic disposal
s the primary option for long term nuclear waste management.
n the Canadian approach, used nuclear fuel bundles would be
ealed in corrosion resistant containers, emplaced in a vault exca-
ated deep underground in a stable geologic formation [1,2]. Safety
ssessments conservatively assume that some containers will be
mplaced with undetected defects which could allow groundwater
o contact the fuel waste form and initiate its corrosion/dissolution.

Assuming that the containers remain unbreached until the �-
nd �-radiation fields have decayed to insignificant levels (a pro-
ess which will take a few hundred years [3]), then the primary

ource of oxidants will be the �-radiolysis of water,

H2O
�−→ H2O2 + H2 (1)
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Among the several oxidants produced, H2O2 is considered the
most likely to cause fuel corrosion, and the potential effects of this
oxidant have been studied in detail [3–20]. H2O2 reduction on UO2
surfaces occurs via a coupled chemical–electrochemical process in
which UIV–UV donor–acceptor sites are first chemically created on
the UO2 surface by H2O2 and subsequently destroyed electrochem-
ically,

2UIV + H2O2→ 2UV + 2OH− (2)

2UV + 2e−→ 2UIV (3)

Under natural corrosion conditions, reaction (3) is coupled to
the oxidation and dissolution of UO2 as UO2

2+

UO2→ UO2
2+ + 2e− (4)

although it could also lead to the oxidation of H2O2

H2O2→ O2 + 2H+ + 2e− (5)

resulting in its overall decomposition.
Based on an original suggestion by Nicol and Needes [21], Keech

et al. [12] proposed that, for the low pH region (pH <3), H2O2 reduc-
tion is catalyzed by a surface adsorbed UV species (UVO2OHads)

created by the chemical reaction (2).  In less acidic solutions (pH
∼5–9) the UV state is created within the UO2 matrix by incorpora-
tion of O2− anions at interstitial sites creating a UIV

1−2xUV
2xO2+x

surface layer. This layer is considerably more stable than the

dx.doi.org/10.1016/j.electacta.2012.05.163
http://www.sciencedirect.com/science/journal/00134686
http://www.elsevier.com/locate/electacta
mailto:dwshoesm@uwo.ca
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dsorbed state formed in acidic solutions and can sustain H2O2
eduction at the diffusion-controlled limit [6,12].

Further oxidation of this surface layer can lead to the forma-
ion of a corrosion product deposit (UO3·yH2O), but for pH <6 this
hase undergoes chemical dissolution (as UO2

2+) and the UO2 dis-
olution rate increases considerably [22]. The literature suggests
hat the presence of H2O2 at sufficient concentrations can also lead
o the formation of uranyl peroxides, such as studtite (UO4·4H2O),
hich can be the dominant secondary phase rather than schoepite

UO3·2H2O) [23–29].  Calorimetric calculations [24] indicate that
tudtite can form in the presence of [H2O2] as low as 10−14 mol  L−1,
nd it is reported to inhibit H2O2 reduction on fuel surfaces leading
o steady-state uranium concentrations during leaching experi-

ents [30]. However, HCO3
−/CO3

2− can influence the stability of
hese phases by complexing UO2

2+ [22], and Hanson has reported
heir solubility in acidic solutions [31]. In addition, these peroxy
ydrates are reported to be unstable in the presence of ionizing
adiation ∼106 Gy (total absorbed dose) which leads to their partial
morphization and decomposition [32].

Although neutral to slightly alkaline conditions (pH 6–9.5) are
xpected to prevail under repository conditions, the possibility of
roducing acidic locations by UO2

2+ hydrolysis

UO2
2+ + yH2O → (UO2)n(OH)y

(2n−y)+ + yH+ (6)

ithin corrosion product deposits and flaws in the fuel surface
as been considered [10–15].  While unlikely, such a possibility

s difficult to rule out on a spent fuel surface which will contain
oble metal particles able to enforce the separation of anodes and
athodes.

With this possibility of local acidification in mind the electro-
hemical reduction of H2O2 has been studied over the pH range
–9 [12]. While this study identified a change in mechanism with
H, the details remained obscure. In the study presented here a
ider range of H2O2 concentrations have been studied over a nar-

ower range of pH (1–4). The primary goal of the study is to identify
he details of this change in mechanism with pH and how it is
nfluenced by, or dictates, the composition of the UO2 surface.

. Experimental

.1. Electrode material

Experiments were performed on a simulated nuclear fuel (SIM-
UEL). SIMFUEL is a chemical analog of spent nuclear fuel fabricated
y Atomic Energy of Canada Limited (Chalk River, Ont., Canada).
he pellets are produced by doping the UO2 matrix with a series
f stable elements (Ba, Ce, La, Mo,  Sr, Y, Rh, Pd, Ru, Nd, Zr) in the
roportions required to simulate fuels of different in-reactor burn-
p [33]. In this case the matrix was doped to simulate a burn-up
f 1.5 at.% [33]. Doping leads to the substitution of trivalent rare-
arth species for UIV atoms in the fluorite lattice and the creation of

 corresponding number of UV species to maintain the charge bal-
nce. The noble metal dopants (Pd, Mo,  Ru, Rh) separate as metallic
articles uniformly distributed in the UO2 matrix as spherical pre-
ipitates [33]. The electrodes were approximately 2 mm thick and
.2 cm in diameter and were cut from a SIMFUEL pellet using a
reviously published procedure [34].

.2. Electrochemical cell and equipment

All experiments were carried out in a standard three-electrode,
hree-compartment cell. The cell compartments were separated

y glass frits to minimize contamination of the working electrode
ompartment. The working electrode was screwed on to the shaft of

 Pine Instruments model AFASR analytical rotator and the rotation
ates were varied from 5 to 33 Hz. All potentials were measured and
 Acta 83 (2012) 410– 419 411

are quoted against a saturated calomel reference electrode (SCE,
Fischer Scientific). The counter electrode was a ∼6 cm2 Pt sheet
spot-welded to a Pt wire (99.9% purity, Alfa Aesar). The cell was
housed in a grounded Faraday cage to minimize external sources of
noise. A Solartron model 1287 potentiostat was used to record cur-
rent responses as a function of applied potential and CorrwareTM,
version 3.0, software was used to control the instrument and ana-
lyze the data. The current interrupt method (IR) was  employed to
compensate for potential drop due to the electrode and solution
resistances.

2.3. Electrode polishing and solution preparation

Electrodes were prepared by polishing on wet 1200 SiC paper
and rinsed with distilled deionized water. Subsequently, they were
electrochemically cleaned at two different potentials, −1.5 V and
−1.2 V for 5 min  each (vs. SCE). This procedure removed any air
formed oxides or organic contaminants. X-ray photoelectron spec-
troscopy (XPS) was used to investigate the chemical composition of
the fuel surface after electrochemical measurements. On extraction
from the cell, the electrode surface was immediately rinsed with
Millipore water and air dried before loading into the XPS vacuum
chamber.

Solutions used were prepared with distilled deionized water
(resistivity (�) = 18.2 M� cm)  purified using a Millipore Milli-
Q-plus unit to remove organic and inorganic impurities. All
experiments were performed in a 0.1 mol  L−1 NaCl (Caledon, >99%)
solution purged with Ar gas (Praxair). The solution pH was adjusted
to the desired value using a reagent grade HCl solution, and mon-
itored with an Orion model 720A pH meter. Hydrogen peroxide
(Fisher Scientific, 3% w/v) was added to the electrochemical cell
before the start of an experiment.

2.4. UV/vis spectrophotometry

The H2O2 concentration in the cell was  determined by
ultra-violet/visible spectrophotometry. All spectrophotometric
measurements were performed using a BioLogic Science Instru-
ments MOS  450 diode array UV/vis spectrophotometer. H2O2
concentrations were determined using the Ghormley tri-iodide
method in which ammonium molybdate is used to catalyze the
oxidation of I− to I3− by H2O2. The maximum absorption of I3−

was taken to occur at 350 nm with a molar extinction coefficient
of 25,500 mol  L−1 cm−1 [35,36]. The detection limit for H2O2 was
3 × 10−6 mol  L−1.

2.5. Scanning electron microscopy (SEM)

SEM micrographs were obtained using a Hitachi S-4500 Field
emission scanning electron microscope. Immediately following
experimentation, samples were rinsed with Millipore water and
placed into the microscope. During image collection, the electron
beam potential was maintained at 10.0 kV and the working distance
was 10 mm.

2.6. X-ray photoelectron spectroscopy (XPS)

XPS analyses were performed on a Kratos Axis NOVA spectrom-
eter. Spectra were collected using Al K�-monochromatic radiation
(15 mA,  14 kV) to bombard the surface with high energy monochro-
matic X-rays (hv = 1486.6 eV). The instrument work function was

set to give a binding energy (BE) of 83.96 eV for the Au 4f7/2 line
for metallic gold and the spectrometer dispersion was adjusted to
give a BE of 932.62 eV for the Cu 2p3/2 line of metallic copper. The
instrument charge neutralizer was used on all specimens. Survey
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Fig. 2. Voltammograms recorded on a 1.5 at.% SIMFUEL at 10 mV s−1 at an electrode
ig. 1. Voltammograms recorded on a 1.5 at.% SIMFUEL at 10 mV s at an elec-
rode rotation rate of 16.7 Hz in 0.1 mol  L−1 NaCl containing 5 × 10−3 mol  L−1 H2O2

t different pH values. The scans are offset by 15 mA cm−2.

pectra were recorded for the energy range 0–1100 eV with an anal-
sis area of ∼300 × 700 microns at a pass energy of 160 eV, and high
esolution spectra for the U 4f, O 1s, C 1s and the U 5f valence band
egions were collected with a pass energy of 20 eV. The carbon 1s
ine at 285 eV was used as a standard, when necessary, to correct
or surface charging. Spectra were analyzed using CasaXPS software
version 2.3.14).

In many previous studies, researchers have opted to deconvol-
te the U 4f7/2 peak to avoid the complications due to overlap of
he U 5f7/2 peak with a shake-up band associated with the U 4f7/2
atellite peak [34,37–39].  In this study, we have fitted both the
wo spin-orbit split peaks and the associated satellite structures
ollowing the procedure and recommendations of Schindler et al.
40] and Ilton et al. [41,42]. As discussed recently, there are advan-
ages and disadvantages to both procedures consistent with the
bservations of Ilton et al. [43]: a 10–15% higher UVI content is
bserved when ignoring the satellite structures in the fitting pro-
edure. Acknowledging these ambiguities we have resolved the 4f
pectrum into contributions from UIV, UV, and UVI. Table 1 summa-
izes the fitting parameters used, where the separation between
he U 4f7/2 and U 4f5/2 and between the deconvoluted peaks under
he main 4f peak are adopted from the literature [40–43].  Following

 Shirley background correction, Gaussian–Lorentzian peak shapes
ere used: 50% Lorentzian for the main 4f7/2 and 4f5/2 peaks and

0% Lorentzian for the satellite peaks.

. Results and discussion

.1. Voltammetry
A series of voltammograms recorded in H2O2-containing solu-
ions with various pH values ranging from 1 to 3 are shown in
ig. 1. The various stages of reduction are numbered and the fea-
ures present are consistent with previous observations [12]. The
rotation rate of 16.7 Hz in 0.1 mol  L−1 NaCl at pH 2.6 containing H2O2: (A) 0 mol L−1;
(B)  1.5 × 10−3 mol  L−1 and (C) 5 × 10−3 mol L−1. The arrows indicate scan direction.

reduction current observed in region 1 (at the most negative poten-
tials) can be attributed to H+ reduction catalyzed on noble metal
particles in the SIMFUEL matrix [44,45] and therefore, as the pH is
decreased, the current density increases. However, in very acidic
conditions the H+ reduction current is large and the hysteresis
observed between the forward and reverse scans obscures the
current for H2O2 reduction. The enhanced H+ reduction current
observed on the reverse scan at pH 1.0, 1.4 and 1.8 indicates a sen-
sitization of the UO2 surface by the formation (forward scan) and
reduction (reverse scan) of oxidized species. At pH 3, the reduction
current observed in region 2 is a characteristic of H2O2 reduction
on a UIV

1−2xUV
2xO2+x surface layer formed by the injection of O2–

anions into the UO2 lattice accompanied by the creation of a UV sur-
face species, reaction (2).  The kinetics of H2O2 reduction on such
a layer has been investigated in detail [6–9]. Rotating disk stud-
ies have shown that H2O2 reduction on this surface can achieve
mass transport control at sufficiently negative potentials (≤−0.8 V
vs. SCE) [7].  However, at pH 3 the formation of such a layer is unex-
pected, since it should be thermodynamically unstable in solutions
with a pH <5 [46]. Its presence would be consistent with the eleva-
tion of the pH at the electrode surface by OH− production, reaction
(2).

A separate H2O2 reduction pathway was observed in region 3
for pH ≤2.60, Fig. 1, attributed to H2O2 reduction catalyzed by
the adsorbed UV surface species (UVO2OH)ads, formed by surface
coordination with OH− [12]. It was claimed that this intermedi-
ate is unstable to electrochemical reduction, which prevents the
H2O2 reduction current from increasing to the diffusion-controlled
value. At pH 2.6, both reduction processes occur suggesting local-
ized surface regions of low and high pH. As will be shown below, the
surface of the electrode is rough allowing the convective/diffusive
conditions to vary with surface location.

In support of this argument, Fig. 2 shows CVs recorded with and
without H2O2 at pH 2.6. The low background current (A) shows
that any contribution from H+ reduction is very small at this pH and
confined to very negative potentials. The CV recorded at the lower
[H2O2] shows only the current associated with region 3 while at
the higher [H O ] current was  observed in both regions 2 and 3.
2 2
The observation of a current in region 2 only at the higher [H2O2] is
consistent with the need for a high [OH−] to stabilize the catalytic
UIV

1−2xUV
2xO2+x layer.
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Table 1
Peak binding energies used for U (4f7/2) and satellite peak positions associated with U (4f5/2).

U 4f7/2 (eV) U 4f5/2 (eV) References

UO2 main peaks 379.9–381.0 390.8–391.9
Main peak FWHM (eV) 1.55

1.38 [51]
1.65 [40]

Separation between U7/2 and U5/2 peaks (eV) 10.9
10.9 [40]

Peak separation between primary peaks (eV) U(IV)–U(V) U(V)–U(VI) U(IV)–U(VI)
0.85 0.85 1.7
0.8 1.0 1.8 [51]
0.9 0.8 1.7 [40]

Separation between main peak and satellite (eV) U(IV)5/2 U(V)5/2 U(VI)5/2

6.3–7.0 8.1 4.0, 10.0
6.3 8 4.0, 10.0 [42]
6.6 8.1 4.0, 10.0 [40]
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ig. 3. Voltammograms recorded on a 1.5 at.% SIMFUEL RDE at 10 mV s−1 in Ar-pur
nd (b) 4.9 × 10−4 mol  L−1. The currents have been corrected for the background cu

Fig. 3(a) and (b) shows background-corrected H2O2 reduc-
ion curves recorded at pH 4 for two slightly different [H2O2] as

 function of electrode rotation rate. At both concentrations, a
ell-developed, rotation rate-dependent, current density plateau

s observed at high overpotentials suggesting H2O2 reduction is
iffusion-controlled when the local pH becomes sufficiently high to
tabilize a UIV

1−2xUV
2xO2+x surface layer. However, comparison of

he plateau currents to the theoretical diffusion-limiting currents,
alculated using the Levich equation [47] and a diffusion coefficient
dopted from Goldik et al. [7],  show deviations from the limiting
urrent values which depend both on electrode rotation rate and
H2O2] (Fig. 4(a) and (b)). As can be seen in Fig. 5, which plots the
atio of the measured currents to the theoretical diffusion-limited
alues, diffusion control is only achieved at low electrode rotation
ates at both concentrations when the flux of OH− away from, or
+ to, the electrode surface will be at its lowest and the surface pH
t its highest. Additionally, even though the difference in [H2O2] in
he two experiments is small, the deviation from diffusion control,
ndicating the onset of a kinetically-limited process, commences at

 lower rotation rate and is more significant at the lower [H2O2]
Fig. 4(b)) when the surface disturbance of pH by H2O2 reduction

ill be less marked.

A similar set of background-corrected H2O2 reduction curves
nd a Levich plot, recorded at pH 3 ([H2O2] = 8.3 × 10−4 mol  L−1)
s a function of electrode rotation rate, are shown in Fig. 6. No
1 mol  L−1 NaCl solution at pH 4 in solutions containing H2O2 (a) 6.5 × 10−4 mol  L−1

ecorded in the absence of H2O2. The arrows indicate scan direction.

diffusion-controlled reduction process is observed in the −0.75 V
to −1.1 V range (Fig. 6(a)) and the H2O2 reduction current only
increases toward the diffusion-controlled limit at very negative
potentials. Fig. 6(b) confirms this behavior, the deviation from theo-
retical diffusion-limiting current values indicating H2O2 reduction
is kinetically inhibited. Although the currents are corrected for
the contribution from H+ reduction they will be influenced by
the local pH increase associated with this reaction occurring in
an unbuffered solution (Fig. 6(a)). Thus, the large, but potential-
delayed H2O2 reduction currents can be attributed to this pH
increase and the eventual stabilization of the UIV

1−2xUVO2+x layer.
The ratio of the measured (at −0.8 V) to the diffusion-limited cur-
rent for this [H2O2] is included in Fig. 5, and it is clear that only a
limited current for H2O2 reduction is observed and that it is only
marginally-dependent on electrode rotation rate. These observa-
tions suggest the H2O2 reduction current is kinetically rather than
diffusion-controlled at this pH and [H2O2]. Comparison of the three
sets of data, Fig. 5, indicates a transition from diffusion control to
kinetic control occurs as the [H2O2]/[H+] decreases.

At an intermediate pH of 3.5 and with only slightly different
[H2O2] a very distinct hysteresis occurs between the forward and

reverse scans and both types of behavior are observed, Fig. 7. Com-
parison of Fig. 7(a) and (b) shows the transition between the two
reduction mechanisms depends on pH, [H2O2], and the potential on
the forward and reverse voltammetric scans. On the forward scan
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ig. 4. Levich plots for H2O2 reduction currents recorded on a 1.5 at.% SIMFUEL
.5  × 10−4 mol  L−1 and (b) 4.9 × 10−4 mol  L−1. The currents have been corrected for 

rom −1.2 V, alkaline conditions are initially established at the elec-
rode surface due to H+ and H2O2 reduction. Under these conditions
he catalytic surface layer (UIV

1−2xUV
2xO2+x) is formed and the H2O2

eduction current approaches the diffusion-controlled limit. As the
otential becomes more positive, this catalytic layer is destabilized
ue to the decreased rate of OH− production and the formation of
UVO2OH)ads occurs, at least on some areas of the electrode surface.
s will be shown below, the surface is rough and hence the con-
ective/diffusive conditions will vary somewhat from location to
ocation on the fuel surface. Consequently, the pH will also change
lightly from location to location leading to some non-uniformity
n the transition between processes. The onset of this transition
n surface state accounts for the kink (∼−0.4 V) in H2O2 reduction

urrent at the higher [H2O2], Fig. 7(a), and the very rapid drop in
his current (E < −0.7 V) at the slightly lower [H2O2], Fig. 7(b). This
s clearly demonstrated in Fig. 8(a) and (b) which shows scans to
arious anodic limits for two different electrode rotation rates in
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ig. 5. The ratio of the background corrected currents (�i) to the theoretical diffu-
ion limiting current (iL) recorded as a function of electrode rotation rate at −0.8 V
n  0.1 mol  L−1 NaCl solutions for (a) pH 4; [H2O2] = 6.5 × 10−4 mol  L−1 (b) pH 4;
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ckground current recorded in the absence of H2O2.

the solution containing the higher [H2O2]. The observation of hys-
teresis at the high rotation rate only, confirms that its development
is very dependent on surface pH.

As demonstrated previously [10,12], this UV intermediate
becomes unstable at potentials more positive than ∼−0.2 V and is
electrochemically oxidized and subsequently dissolved.

(UVO2OH)ads + H2O → (UVIO2(OH)2)ads + H+ + e− (7)

(UVIO2(OH)2)ads + 2H+→ UO2
2+ + 2H2O (8)

On the reverse scan from an anodic limit of −0.1 V the cathodic
current increases slightly for E ≤ −0.2 V; i.e., when the potential
becomes too negative for the electrochemical oxidation reaction
(7). Subsequently, a low potential-independent cathodic reduc-
tion current is stabilized over a potential range which depends on
[H2O2] and electrode rotation rate. At the higher [H2O2], Fig. 7(a),
once a sufficiently negative potential is achieved, the H2O2 reduc-
tion current rises steeply toward the diffusion limit for all electrode
rotation rates. This rise indicates that sufficiently alkaline con-
ditions are established at the electrode surface to stabilize a
UIV

1−2xUV
2xO2+x layer allowing the H2O2 reduction current to rise

toward the diffusion-controlled limit.
While a current close to the diffusion-controlled value is even-

tually achieved at all electrode rotation rates, the increase toward
this value commences at lower potentials for the lower electrode
rotation rate; i.e., the lower the diffusive flux of OH− from, or H+ to,
the electrode surface the more rapidly a high pH is established at
the electrode surface. That this is the case is more clearly illustrated
at the lower [H2O2], Fig. 7(b), when the local pH will be more readily
neutralized by OH−/H+ transport. The potential at which the H2O2
reduction current begins to rise is more obviously rotation rate
dependent. Additionally, considerably more negative potentials are
required for the current to approach the diffusion-controlled limit.
For the higher electrode rotation rates, the H2O2 reduction current
does not approach the diffusion limit within the range of potentials
investigated.

That the composition of the electrode surface is dictated by a
balance between the rate of OH− production by H2O2 reduction and

the flux of OH−/H+ from/to the electrode surface is confirmed by
the plot of the ratio of the measured background-corrected currents
to theoretically calculated diffusion-limiting currents in Fig. 9. The
H2O2 reduction current only approaches the diffusion limit when
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.2. XPS analyses

The evidence presented above clearly demonstrates two dis-
inct pathways for the cathodic reduction of H2O2 depending on
he pH at the electrode surface. The kinetics and mechanism of this
eaction on the UIV

1−2xUV
2xO2+x surface stabilized at pH ≥5 have

een studied in detail [6–9] but only a preliminary mechanism
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onstant current for H2O2 reduction observed over a wide potential
ange, Figs. 2 and 6, is consistent with the presence of the proposed
UVO2OH)ads surface intermediate which can either be further oxi-

ized to soluble UO2

2+ via reactions (7) and (8) or reduced back to
he substrate UO2 via reaction (9):

UVO2OH)ads + e−→ UO2 + OH− (9)
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To investigate this mechanism in acidic solutions in more detail,
potentiostatic experiments were performed at −0.2 V in 0.1 mol  L−1

NaCl (pH 3.5) solution with and without added H2O2. Theelectrode
was subsequently analyzed by XPS to determine the relative abun-
dances of the three oxidation states of U (UIV, UV, UVI) in the
electrode surface.

Fig. 10 shows the background-corrected steady-state currents
recorded over the [H2O2] range from 0 to 8 × 10−3 mol  L−1. Steady-
state was  achieved in a few minutes at all concentrations. The
dependence of the current on [H2O2] confirms that the reduc-
tion current is due to H2O2 reduction. The current measured in
the absence of H2O2 is insignificant suggesting only minor anodic
oxidation and dissolution of the electrode surface.

Fig. 11 shows the high resolution XPS spectra recorded after

potentiostatic oxidation in the absence and presence of H2O2. In
the absence of H2O2, UIV is the dominant oxidation state present
in the electrode surface as clearly demonstrated by the location
of the satellite peak at a binding energy of 7.0 eV higher than the U
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evelopment of the satellite peak at a binding energy 8.1 eV above
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Fig. 12 shows the fractions of the individual oxidation states
determined after the full range of potentiostatic experiments.
While the exact amounts of individual oxidation states may  be
slightly suspect due to the inevitable difficulties involved in trans-
ferring electrodes from aqueous solution to the spectrometer
vacuum chamber, our many previous studies have demonstrated
sampling depth is in the range of ∼3 nm and the oxidized surface
layer will be thinner than this, the fractions should be considered
illustrative rather than quantitative. The increase in extent of oxi-
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at  pH 3.5 after applying a constant potential of −0.2 V for 1 h.
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dation of the electrode surface on adding H2O2 is consistent with
the chemical oxidation of the surface to produce adsorbed oxidized
states (reaction (2)). Additionally, the constant composition of the
surface and the dominance of UV over UVI as the H2O2 reduction
current increases (Fig. 9) can be attributed to the balance between
the chemical production of the (UVO2OH)ads state, its catalysis of
H2O2 reduction, and eventual destruction by either electrochemi-
cal reduction or further chemical oxidation to (UVIO2(OH)2)ads and
dissolution as soluble UO2

2+. As noted above, the electrochemi-
cal oxidation of the chemically formed UV intermediate should be
minimal at −0.2 V [34]. The increased UVI content of the surface at
the highest [H2O2] may  indicate the increased rate of oxidation of
(UVO2OH)ads to (UVIO2(OH)2)ads by H2O2 prior to its dissolution.

3.3. Scanning electron microscopy (SEM)

Fig. 13 shows SEM micrographs of the freshly polished electrode
surface and the electrode surface after the 1 h potentiostatic treat-
ment in solutions containing 2 × 10−3 and 8 × 10−3 mol L−1 H2O2;
i.e., at a low [H2O2]/[H+] ratio when acidic conditions will prevail
at the electrode surface. The surface roughness shown in Fig. 12(a)
is characteristic for a polished SIMFUEL electrode surface. After
potentiostatic oxidation in the solution containing the low [H2O2]
there is no visible change in the morphology of the surface sup-
porting the claim that at this concentration chemical dissolution is
minimal and the chemical formation of (UVO2OH)ads is primarily
balanced by its electrochemical reduction. At the higher concen-
tration the electrode surface is considerably rougher and unevenly
etched or pitted. This indicates that at this higher concentration the
further oxidation/dissolution of the (UVO2OH)ads state occurs. The
lateral variations in surface etching and pitting would be consistent
with an uneven distribution of the oxidation/dissolution reaction
which, at [H2O2]/[H+] ≤ 1, could lead to the coexistence of acidic and
alkaline surface locations as suggested by the results in Figs. 2 and 6.

3.4. Summary
Fig. 14 attempts to illustrate schematically the mechanisms for
H2O2 reduction operating in the two [H2O2]/[H+] regimes. If this
ratio is ≥1, Fig. 14(a), then H2O2 reduction proceeds through the
chemical formation of a UIV

1−2xUV
2xO2+x surface layer (1) in which
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Fig. 13. SEM images collected at a magnification of 1000× on a 1.5 at.% SIMFUEL
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[15] W.J. Cheong, P.G. Keech, J.C. Wren, D.W. Shoesmith, Z. Qin, Materials Research
fter a 1 h potentiostatic treatment in 0.1 mol  L NaCl solution at pH 3.5 containing
H2O2] (a) freshly polished surface (b) 2 × 10−3 mol  L−1 and (c) 8 × 10−3 mol  L−1.

2− anions are injected into the readily-available interstitial sites
n the fluorite UO2 lattice. Subsequently, this layer is reduced elec-
rochemically (2) which involves the ejection of these O2− anions
3). At the neutral to alkaline conditions prevailing at the electrode
urface and the potentials required for the overall H2O2 reduc-
ion reaction to occur, the formation of UVI species, which could
ead to the oxidative dissolution of the UO2, does not occur. Con-

equently, this layer is relatively stable and, for sufficiently high
H2O2], the current for its reduction can approach the diffusion-
ontrolled limit.

[

Fig. 14. Proposed mechanism for the reduction of H2O2 with UO2 surfaces in acidic
solutions (a) [H2O2]/[H+] ≥ 1 and (b) [H2O2]/[H+] < 1.

When the [H2O2]/[H+] ratio is <1, Fig. 14(b), this UIV
1−2xUV

2xO2+x
layer is not stable and H2O2 reduction proceeds via the chemical
formation (1) and electrochemical reduction (2) of a (UVO2OH)ads
surface intermediate. However, this intermediate can also be fur-
ther chemically oxidized (3) and dissolved (4).  This instability to
both electrochemical reduction and chemical oxidation prevents
the H2O2 reduction current from achieving the diffusion-controlled
limit.
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