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Effects of HCO�3 on the kinetics of UO2 oxidation by H2O2
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Abstract

The effect of HCO�3 on the kinetics of UO2 oxidation by H2O2 in aqueous solution has been studied using powder
suspensions where the concentration of H2O2 was monitored as a function of time. By varying the UO2 surface to solution
volume ratio second order rate constants were obtained for HCO�3 concentrations ranging from 0 to 100 mM. The second
order rate constant increases linearly with HCO�3 concentration from 0 to approximately 1 mM. Above 1 mM HCO�3 the
rate constant is 4.4 · 10�6 mmin�1 independent of [HCO�3 ]. This indicates that the kinetics of the reaction depends on both
oxidation and dissolution below 1 mM HCO�3 while at higher concentrations it is solely governed by oxidation. Hence, the
rate constant obtained at HCO�3 concentrations above 1 mM is the true rate constant for oxidation of UO2 by H2O2. The
results also imply that the reaction between HCO�3 and oxidized UO2 on the UO2 surface (i.e. HCO�3 facilitated dissolu-
tion) is limited by diffusion (ca 10�3 mmin�1 in the present system). Furthermore, the experimental results were used to
estimate the oxidation site density of the powder used (126 sites nm�1) and the rate constant for dissolution of UO2þ

2 from
the UO2 surface (7 · 10�8 mol m�2 s�1).
� 2006 Elsevier B.V. All rights reserved.
1. Introduction

The possible release of toxic and radioactive spe-
cies from spent nuclear fuel in contact with water in
a future deep repository is expected to depend
mainly on the rate of dissolution of the UO2 matrix
[1]. In the reducing groundwater expected at the
depth of a repository, UO2 has very low solubility
[2]. However, radiolysis of the ground water will
produce reactive radicals and molecular products
(e�aq, H�, H2 (reductants) and OH�, H2O2 (oxidants))
[3] and thereby alter the reducing environment. Sec-
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ondary reactions will produce HO�2, O��2 and O2 and
with carbonate present in the ground water, CO��3
will be produced. OH� and CO��3 are both strong
one-electron oxidants (E0 = 1.9 V and 1.59 V vs.
NHE, respectively [4,5]) while HO�2 and O��2 are
fairly weak one-electron oxidants (depending on
pH). H2O2 and O2 on the other hand can act both
as one- and two-electron oxidants.

The presence of carbonate affects the kinetics for
UO2 oxidation not only by converting OH� into
CO��3 but also since it forms soluble complexes
with the oxidation product, UO2þ

2 [6], and thereby
maintains a larger surface area accessible to
oxidation.

In a previous paper we studied the kinetics for
oxidation of UO2 in aqueous solution by various
.
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oxidants [7]. From experimental data we were able
to establish a linear relationship between the loga-
rithm of the rate constant and the one-electron
reduction potential of the oxidant. Both one- and
two-electron oxidants were found to follow this
relationship and it was therefore concluded that
the first one-electron transfer is the rate determining
step also for two-electron oxidants. This implies
that oxidation of UO2 by H2O2 is a Fenton-like
two step process:

UO2 þH2O2 ! UOþ2 þOH� þOH� ð1Þ
OH� þUOþ2 ! OH� þUO2þ

2 ð2Þ

where k2� k1. On the basis of the established rela-
tionship and simple collision theory [8], the stron-
gest oxidants expected to occur during radiolysis
(OH� and CO��3 Þ of groundwater would have rate
constants limited by diffusion. Hence, both radicals
are expected to be equally reactive towards UO2. It
should, however, be noted that the impact of the
two radicals on UO2 dissolution may differ consid-
erably due to differences in reactivity towards other
species present in the system affecting the life-time
of the radicals.

The kinetic studies in Ref. [7] were performed in
carbonate free solutions and the reported rate
constants are, therefore, probably significantly
affected by the dissolution of oxidized UO2 and,
hence, are not the accurate rate constants for oxida-
tion. The effect of HCO�3 on the kinetics for UO2

oxidation by H2O2 was also investigated qualita-
tively in Ref. [7]. It was clearly shown that the rate
of UO2 dissolution as well as of UO2 oxidation
(consumption of H2O2) increased with increasing
carbonate concentration. This has also been shown
previously by other authors [9–12]. The presence of
carbonate has also been suggested to reduce the
efficiency of the oxidant (H2O2) due to the conver-
sion of OH� into CO��3 where the latter was claimed
to be less reactive towards UO2 [11]. However, judg-
ing from our previous work, this does not seem
to be a plausible explanation. It should be noted
that, in aqueous solutions containing H2O2 and
HCO�3 , peroxymonocarbonate (HCO�4 Þ can be for-
med [13]. The reactivity of peroxymonocarbonate
towards UO2 is not known, but judging from the
reported redox properties it should be similar to
that of H2O2 [14]. In this work we have performed
a quantitative study of the effect of HCO�3 con-
centration on the second order rate constant for
the reaction between H2O2 and UO2 in aqueous
UO2-particle suspensions. This was done by deter-
mining the second order rate constant at eight dif-
ferent HCO�3 concentrations ranging from 0 to
100 mM.
2. Experimental

The UO2 powder was supplied from Westing-
house Atom AB. Chemicals and gases used were
of purest grade available and were obtained from
Lancaster, Perstorp AB, Merck, Alfa, BDH and
AGA. Millipore Milli-Q filtered water was used
throughout. The UO2 powder used in this work
has a specific area of 5.85 m2/g given by BET mea-
surements (He/N2, 70/30). When studying the effect
of carbonate on the reaction between H2O2 and
UO2, the UO2 powder was washed three times with
NaHCO3 solutions of the same concentration as in
the subsequent experiments.

The suspensions (18 ml) initially containing
18 mM H2O2, 50–200 mg UO2 and 0–100 mM
HCO�3 were purged with Argon throughout the
experiments and stirred by a magnetic stirrer. For
each HCO�3 concentration, experiments using 4–5
different amounts of UO2 were performed in order
to allow for determination of the second order rate
constant. The sample volume taken for analysis was
approximately 2 ml. Before analysis, the solution
was filtered (pore size 0.20 lm) to stop the reaction
and to clear the solution.

The concentration of H2O2 was measured indi-
rectly by UV/visible spectroscopy (Jasco V-530
UV/VIS-Spectrophotometer). The H2O2 solutions
were protected from light during the experiments.
We have used I�3 as ‘indicator’ for analysis of the
hydrogen peroxide concentration at 360 nm where
I�3 absorbs (reactions (3) and (4)):

H2O2 þ 2Hþ þ 2I� ! 2H2Oþ I2 ð3Þ

I2 þ I� ! I�3 ð4Þ

The sample was mixed with 100 ll potassium
iodide (1 M KI) and 100 ll acetate buffer which
contained ammonium molybdate (catalyst) (1 M
HAc/NaAc, a few drops of 3% (NH4)2Mo2O7

(ADM) to 100 ml solution) and water to a total
volume of 2 ml. Using this method, lM concen-
trations of H2O2 are detectable. Detailed informa-
tion about the I�3 method can be found in Refs.
[15–17].



204 M.M. Hossain et al. / Journal of Nuclear Materials 358 (2006) 202–208
3. Results and discussion

In the kinetic studies the UO2 surface is assumed
to be in excess compared to the oxidants. Hence, the
reactions can at least initially be treated as being
pseudo-first order. In Fig. 1 the concentration of
H2O2 in suspensions containing 50 mg UO2 is given
as a function of time at different concentrations of
HCO�3 .

As can be seen, the rate of H2O2 consumption in
the system increases significantly with increasing
HCO�3 concentration.

In Fig. 2 the concentration of H2O2 in suspen-
sions containing various amounts of UO2 and
100 mM HCO�3 is given as a function of time.

As expected, the rate of H2O2 consumption
increases with increasing amount of UO2 (increasing
surface to volume ratio). It is interesting to note
that, when plotting the concentration of H2O2 ver-
sus time, for experiments performed at low carbon-
ate concentrations the reaction is initially of first
order but in a relatively short time becomes a reac-
tion of zeroth order, i.e. the reaction rate becomes
independent of H2O2 concentration. The change in
reaction order occurs at different H2O2 conversions
depending both on the amount of UO2 and the con-
centration of HCO�3 . The reason for this behaviour
is probably that a significant fraction of the UO2

surface becomes covered by oxidation products
and, in the absence HCO�3 ([H2O2] is more than a
factor 20 higher than [HCO�3 ] in the experiments
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Fig. 1. Concentration of H2O2 in suspensions containing 50 mg UO2 a
where zeroth order behaviour is observed), the rate
limiting step becomes dissolution of UO2þ

2 rather
than oxidation of UO2. The implications of this will
be discussed in more detail later on.

The second order rate constant can be obtained
from the slope in a plot where the pseudo-first order
rate constant, k (min�1) (obtained by plotting
ln[H2O2] against reaction time) is plotted against
the solid surface/total solution volume ratio, S/V
(m�1). An example is given in Fig. 3. It should, how-
ever, be stressed that the analysis of the pseudo-first
order reactions should only be based on the initial
part of the plot (ln[H2O2] vs time) where first order
behavior is observed. The resulting second order
rate constants for all HCO�3 concentrations studied
in this work are presented in Table 1.

As can be seen in Table 1 the second order rate
constant increases by a factor of two between the
lowest and the highest HCO�3 concentrations. The
HCO�3 concentration dependence is illustrated in
Fig. 4 for the concentration range 0–1 mM.

From Table 1 and Fig. 4 we can make two impor-
tant observations: (1) The second order rate constant
for the reaction increases linearly with HCO�3 con-
centration in the 0–1 mM concentration range. (2)
The second order rate constant is independent of
HCO�3 concentration above 1 mM. Before discuss-
ing the results further we must introduce the follow-
ing general reaction mechanism including oxidation
(reaction (5)) and HCO�3 facilitated dissolution of
the oxidation product (reaction (6)):
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Fig. 3. The pseudo-first order rate constant, k (min�1) plotted against the solid surface/total solution volume ratio, S/V (m-1).
[HCO�3 ] = 100 mM.
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Fig. 2. Concentration of H2O2 in suspensions containing various amounts of UO2 (mg) and 100 mM HCO�3 as a function of time.

Table 1
Second order rate constant for the reaction between H2O2 and
UO2 at different concentrations of added HCO�3

Added [HCO�3 ] (mM) k (mmin�1)

0 1.9 · 10�6

0.05 1.9 · 10�6

0.1 2.1 · 10�6

0.5 3.2 · 10�6

1 4.6 · 10�6

10 4.0 · 10�6

50 4.6 · 10�6

100 4.5 · 10�6
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ðUO2ÞnðsÞ þH2O2 ! ðUO2Þn�1UO2þ
2ðsÞ þ 2OH� ð5Þ

ðUO2Þn�1UO2þ
2ðsÞ þ xHCO�3

! UO2ðCO3Þð2�2xÞ
x ðaqÞ þ xHþ þ ðUO2Þn�1ðsÞ ð6Þ

Reaction (5) represents the combined effect of reac-
tions (1) and (2). Since reaction (1) is rate determin-
ing we can, from a kinetic point of view, combine
the two consecutive one-electron transfer processes
into a single two-electron transfer step.

Judging from Fig. 4 and Table 1, the observed
reaction rate depends on both reactions (5) and (6)



Table 2
Zeroth order rates and approximate H2O2 conversions (critical
conversion) at which the reaction order changes from 1 to 0 for
[HCO�3 ] = 0 mM and [HCO�3 ] = 0.1 mM

m(UO2)/mg [HCO�3 ] = 0 mM [HCO�3 ] = 0.1 mM

H2O2

conversion
Rate/M
min�1

H2O2

conversion
Rate/M
min�1

50 0.20 4.4 · 10�5 0.28 9.6 · 10�5

75 0.31 1.1 · 10�4 0.45 9.1 · 10�5

100 0.38 1.4 · 10�4 0.53 1.2 · 10�4

150 0.57 1.9 · 10�4 0.66 1.3 · 10�4
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Fig. 4. The second order rate constant for oxidation of UO2 by H2O2 as a function of [HCO�3 ] (0–1 mM).
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in the HCO�3 concentration range 0–1 mM. Above
[HCO�3 ] = 1 mM, the reaction rate appears to be
independent of reaction (6). Hence, the HCO�3 con-
centration independent rate constant of approxi-
mately 4.4 · 10�6 mmin�1 (mean value) should be
the true rate constant for oxidation of UO2 by
H2O2. The HCO�3 concentration independence also
implies a negligibly low steady-state concentration
of oxidized UO2 on the particle surface
((UO2)n�1UO2þ

2ðsÞ). This can be expressed as:

d½ðUO2Þn�1UO2þ
2ðsÞ�

dt
¼ k5½H2O2�½UO2�

� k6½ðUO2Þn�1UO2þ
2ðsÞ�

� ½HCO�3 �
x ¼ 0 ð7Þ

where x is the reaction order with respect to HCO�3 .
Judging from Fig. 4, the reaction is first order with
respect to HCO�3 (the observed rate constant in-
creases linearly with [HCO�3 ]) and hence x = 1.

The rate constant k6 is then given by:

k6 ¼
k5½H2O2�½UO2�

½ðUO2Þn�1UO2þ
2ðsÞ�½HCO�3 �

ð8Þ

If we assume the steady-state concentration of
oxidized UO2 on the particle surface (UO2)n�1UO2þ

2ðsÞ
to be less than 1% of the total surface we obtain
k6 P 8.8 · 10�3 mmin�1. Although expressing the
rate constant on the basis of the surface to volume
ratio is very questionable in this case, the result
implies that the rate constant for HCO�3 facilitated
dissolution of oxidized UO2 is essentially diffusion
controlled. The diffusion controlled rate constant
for this system is approximately 10�3 m min�1 [7].

As previously mentioned, the zeroth order behav-
iour observed in experiments where [HCO�3 ] is low
can be attributed to a change in the rate determining
step from oxidation to dissolution (not facilitated by
HCO�3 Þ. In Table 2, the zeroth order rates and the
approximate H2O2 conversions (hereafter denoted
critical conversion) at which the reaction order
changes from 1 to 0 are presented for two experi-
mental series.

As expected, the H2O2 conversion at which the
reaction order changes is lower for the lowest
HCO�3 concentration (0 mM added HCO�3 Þ. The
critical H2O2 conversion increases with increasing
amount of UO2 and closer inspection of the results
reveals an almost constant ratio between the critical
conversion and the amount of UO2 in the experi-
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Fig. 5. Zeroth order rate for oxidation of UO2 by H2O2 ([HCO�3 ] = 0) plotted against the surface area to solution volume ratio.

Table 3
Rate constants for oxidation of UO2 by H2O2, HCO�3 facilitated
dissolution of UO2þ

2 and dissolution of UO2þ
2 in pure water

Reaction Rate constant

H2O2 + UO2(s)!
2OH� + UO2þ

2ðsÞ

4.4 · 10�6 m min�1

HCO�3 + UO2þ
2ðsÞ !

UO2CO3(aq) + H+
P8.8 · 10�3 mmin�1

UO2þ
2ðsÞ ! UO2þ

2ðaqÞ 7 ± 1 · 10�8 mol m�2 s�1
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mental series where no HCO�3 was added. In the
experimental set ups used in this work, the concen-
tration of H2O2 is reduced by 0.07 mM per mg UO2

powder when the critical H2O2 conversion is
reached. As the change in reaction order implies
that the surface is saturated, the reduction in
H2O2 concentration at the critical H2O2 conversion
can be used to estimate the oxidation site density on
the UO2 powder used. In this particular case the
estimated oxidation site density is 2.1 · 10�4 mol
m�2 corresponding to 126 sites nm�2. This is some-
what lower than the value reported by Clarens et al.
(165 ± 10 sites nm�2) [18] based on acidic site
density. It should, however, be noted that these
two values were determined using completely differ-
ent methods on UO2 powders with different specific
surface areas. In view of this, the values are surpris-
ingly similar.

As can be seen in Table 2, the zeroth order rate
also depends on the amount of UO2, i.e. on the
surface area to solution volume ratio. This is par-
ticularly evident for the series where no HCO�3 was
added to the solution. In Fig. 5 the zeroth order rate
is plotted against the surface area to volume ratio.

The dependence is close to linear and from the
slope we can obtain the first order (with respect to
UO2 surface area to solution volume ratio) rate
constant for dissolution of UO2þ

2 from the oxidized
surface. The resulting rate constant is 4.2 ± 0.7 ·
10�9 mol dm�3 m min�1 (7 ± 1 · 10�8 mol m�2 s�1).
Interestingly, this rate constant is significantly
(more than one order of magnitude) higher than
previously reported rate constants for UO2 dissolu-
tion in the presence of H2O2 [11,19]. It should be
noted that the previously reported values are based
on measurements of uranium release while our
value is based on consumption of H2O2. As the pre-
viously reported dissolution rates have been shown
to depend on the H2O2 concentration in the system
one must conclude that the UO2-surfaces were not
fully oxidized. Hence, the oxidized surface area
exposed to the solution was smaller than the total
UO2 surface area (on which the dissolution rates
are based). In our case, we determine the dissolution
rate in a system where there is no dependence on the
H2O2 concentration (zeroth order kinetics) and
consequently the surface is expected to be fully
oxidized.

In conclusion, the rate constants for oxidation of
UO2 by H2O2, HCO�3 facilitated dissolution of
UO2þ

2 and dissolution of UO2þ
2 in pure water are

given in Table 3.
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