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Abstract

The kinetics of UO, oxidation by H,0, has been studied using aqueous suspensions of UQO,-powder. The second
order rate constant for the reaction between H,O, and UO, has been determined to 8 x 10~7 m/min (based on the
surface to solution volume ratio) in the absence of carbonate. By studying the reaction between UO, and other oxi-
dants, it is possible to draw conclusions concerning the mechanism. The logarithm of the second order rate constant,
Ink, for UO, oxidation appears to be linearly related to the one-electron reduction potential, E°, of the oxidant. This
indicates that the rate limiting step in the oxidation of UO, is one-electron transfer. A Fenton like mechanism is
plausible for the reaction between UO, and H,0,. The diffusion controlled rate constant in this particular system is
approximately 10° m/min, and therefore the reactions with OH' and COj are estimated to be diffusion controlled.

© 2003 Elsevier B.V. All rights reserved.

1. Introduction

Spent nuclear fuel mainly consists of uranium dioxide
(~95%), UQO,, the remaining 5% being fission products
and transuranic elements. The release of toxic and ra-
dioactive species from spent nuclear fuel in contact with
water is expected to depend mainly on the rate of disso-
lution of the UO, matrix [1]. In reducing ground water
UO, has very low solubility [2]. However, radiolysis of
the ground water will produce reactive radicals and mo-
lecular products (e;q, H-, H, (reductants) and OH', H,O,
(oxidants)) [3] and thereby alter the reducing environ-
ment. A key-question is if and how oxidation by primary
radiolysis products and other oxidants formed in the
system can increase the dissolution rate of the UO, ma-
trix? Secondary reactions will produce HO; and O, and
with carbonate present in the ground water, CO3 will be
produced. OH' and COjy are both strong one-electron
oxidants (E° = 1.9 and 1.59 V vs. NHE, respectively [4,5])
while HO;, is a moderately strong one-electron oxidant
(E°=0.79 V vs. NHE [4]). H,O, and O, on the other
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hand can act both as one- and two-electron oxidants. The
difference in potential between the radical oxidants and
the molecular oxidants as well as the difference in possible
redox reactions is of vital importance for the under-
standing of radiolytically induced UQO,-dissolution. In
the case of H,O, two different redox reactions with UO,
should be considered, one-electron oxidation (reaction
(1)) and two-electron oxidation (reaction (2)):

H,0, + U0y — UO3" +20H~ (2)

The effect of radiolysis on spent fuel dissolution is a
complex issue, which has been studied and discussed for
several decades [1]. Due to the complexity of the spent
fuel system it is difficult to conclude how much of the
dissolution that can be attributed to radiolysis. To an-
alyze the importance of radiolysis, numerical simula-
tions of the reaction system, including heterogeneous as
well as homogeneous reactions must be employed. The
outcome of such simulations strongly depends on the
quality of the input parameters (rate constants) and
on the descriptions of the system (e.g., the geometrical
dose distribution). It is therefore important to determine
the rate constants as well as the mechanisms for the
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elementary reactions involved in the process, e.g., to
separate redox processes and dissolution processes.

The oxidative dissolution of UO, is a two-step pro-
cess according to electrochemical studies. The formation
of an oxidized layer of UO,3; is followed by oxidative
dissolution of this phase together with the formation of
secondary phases [1]. Shoesmith et al. have performed
H,0,; experiments on UQO, electrodes. They have found
that the oxidation rate is higher with H,O, than with O,
saturated solutions. However, the corrosion (oxidative
dissolution) rate, to soluble UO3", appears to be roughly
the same for O, and H,O,. According to these studies,
three regions of behavior are apparent in H,O, solutions
[1,6]: (1) At low H,O, concentrations (~10~* M), the
oxidative dissolution rate is strongly dependent on H,0,
concentration, i.e. reaction order >1 with respect to
H,0,. (2) For 107* <[H,0,]<5x 10~* M, the corrosion
rate is independent of the H,O, concentration. In this
concentration range, oxidative dissolution is suggested
to occur simultaneously with H,O, decomposition to O,
and H,O by radical intermediates (OH* and HO) [7,8].
H,O, auto-decomposition, a process that is believed to
be catalyzed by the UO, surface appears to predominate
on surfaces of composition UO, ., ,, where x <0.33, i.e.
the UO, surface contains mixed oxidation states. (3) For
[H>0,]>5x 1073 M, the oxidative dissolution rate again
increases with H,O, concentration with approximately
first order dependence.

de Pablo et al. [9] have shown that the rates of H,O,
consumption are higher than the corresponding rates of
uranium release. They suggest that this difference can be
attributed to both oxidation of uranium in the solid phase
and H,0, decomposition by the solid phase acting as a
catalyst. The oxidation mechanism of UQ; is thought to
occur via OH- and HO;. In the presence of carbonate they
have found that the dissolution rate is decreased, which is
interpreted as a reduction of the efficiency of the oxidant,
due to radical scavenging of OH- by HCO; forming
COy . COy is argued to be less reactive than OH'.

In this work, we have mainly studied the reaction
between UO, and H,O,, the latter being one of the
major products from a-radiolysis. The experiments were
performed using aqueous suspensions of fine UQO,
powder. The effect of carbonate on this reaction was also
studied. To elucidate the relation between reaction ki-
netics and oxidant properties we have also studied the
kinetics for oxidation of UO, by IrClZ~, MnO, and
Fe(EDTA)".

2. Experimental

2.1. Kinetic studies

The UO, powder was supplied from Westinghouse
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 UO,
powder used in this work has a specific area of 5.85 m?/g
given by BET measurements. The powder was washed
one time with 10 mM NaHCO; and three times with
pure water in order to remove U(VI) from the surface.
The suspensions (18-20 ml) were purged with Argon
throughout the experiments and stirred by a magnetic
stirrer. The sample volume taken for analysis was ap-
proximately 2 ml. Before analysis, the solution was fil-
tered (pore size 0.20 pm) to stop the reaction and to clear
the solution. In Table 1 the experimental conditions for
the different oxidants are shown.

The oxidant concentrations were measured by UV/
visible spectroscopy (Jasco V-530 UV/VIS-Spectropho-
tometer). For Fe(EDTA)~, both Fe(EDTA)> and
Fe(EDTA)™ absorbs at 257 nm. In this case the difference
in measured molar extinction coefficients, épeEpra)” =
9572 M~'em™" and e pprap- = 13007 M~ em™!, for
the two complexes was used to quantify the consumption
of Fe(EDTA) . The concentration of H,O, was mea-
sured indirectly by UV/visible spectroscopy. The H,0,
solutions were protected from light during the experi-
ments. We have used I as ‘indicator’ for analysis of
the hydrogen peroxide concentration at 360 nm where
I5 absorbs (reaction (3) and (4)).

H,0, + 2H" + 21" — 2H,0 + 1, (3)

Iz + I — I; (4)

The sample was mixed with 100 pl potassium iodide (1 M
KI) and 100 pl acetate buffer which contained ammo-
nium molybdate (catalyst) (1 M HAc/NaAc, a few drops
of 3% (NH4),Mo0,0; (ADM) to 100 ml solution) and
water to a total volume of 2 ml. Using this method, pM
concentrations of H,O, are detectable. Detailed infor-
mation about the Iy method can be found in [10-12].
When studying the effect of carbonate on the reaction
between H,O, and UQ,, the UO, powder was washed

Table 1
Experimental conditions

Oxidant Initial Amount  Volume Wave-
conc. of UO, (ml) length
(mM) (mg) (nm)
IrCI2- 0.1 10-80 20 488
MnO; 0.1 40-80 20 525
H,0, 3-9 20-200 18 3602
Fe(EDTA)~ 0.1 20-80 20 257

*I; has been used as indicator of the H,O, concentration
according to the reactions:
H,0, + 2H* + 21 —2H,0+1,
L+I" =13
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three times with NaHCO; solutions of the same con-
centration as in the subsequent experiments (1, 10 and
100 mM, respectively). The U(VI) concentrations in
these samples were measured using a Scintrex UA-3
Uranium Analyser [13].

2.2. Mechanistic studies

Two methods have been used to investigate if any
free OH" are formed in the reaction between UO, and
H,0;: (1) chemiluminescence (CL) and (2) spectropho-
tometrical detection of indigo carmine.

The chemiluminescence method for detection of OH"
has been described in detail elsewhere [14]. In summary
a trace amount of phthalhydrazide is added to the
reaction solution. Phthalhydrazide is a non-chemi-
luminescent but upon reaction with OH- it forms a che-
miluminescent product which can readily be detected. It
should be noted that other strong one-electron oxidants
do not produce a chemiluminescent product upon re-
action with phthalhydrazide. When using this method
samples from a suspension of UO, (60 mg), H,O, (4.5
mM) and phthalhydrazide (0.5 mM) purged with Argon
were taken at different time interval. The samples were
filtered (pore size 0.20 pm) and mixed with different re-
agents and finally analyzed by a BioOrbit 1250 lumi-
nometer. A reference sample without UQO, has also been
analyzed in the same way as described above.

In the second method a suspension of UO, (40 mg),
H,0, (~2 mM) and indigo carmine (5x 107> M) purged
with Argon was used. Indigo carmine shows a strong
absorption band at 610 nm whereas the product formed
upon oxidation of indigo carmine does not absorb at
this wavelength. Using this method, it is not possible to
distinguish between OH' and other strong oxidants.
Samples were taken according to the same procedure as
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in the CL-method. A reference sample was also used in
this reaction system.

3. Results and discussion

In the kinetic studies the UO, surface is assumed to
be in excess compared to the oxidants. Hence, the re-
actions can at least initially be treated as being pseudo
first order.

3.1. Oxidation of UO; by H,0;

In Fig. 1 the concentration of H,O, is given as a
function of time. The reactivity of H,O, follows first
order kinetics when the amount of UQO, is varied be-
tween 50 and 200 mg in absence of carbonate. The
second order rate constant can be obtained from the
slope (8x 1077 m/min) in Fig. 2 where the pseudo first
order rate constant, k; (min~') is plotted against the
solid surface/total solution volume ratio, S/¥ (m~!). The
second order rate constants, k, for all oxidants studied
in this work are presented in Table 2.

Interestingly, when a small amount of UO; is used
(20 mg), the reactivity of H,0O, follows zeroth order
kinetics with respect to hydrogen peroxide. However, in
the presence of 0.1 M NaHCOs;, the kinetics is drasti-
cally changed as can be seen in Fig. 3. The reaction
becomes significantly faster and the kinetics is now of
first order. The rationale for this is probably that, at low
S/V ratio and in the absence of HCOj5, dissolution of
UO3™ ) at the surface of the UO, particles is the rate
limiting step rather than the reaction with H,O,. Car-
bonate increases the solubility of UO?(SM) [15], shifting
the rate limiting step from dissolution to the redox re-
action between H,O, and UQO,. Shoesmith has observed

1.59
193
47 =~ 0-5'\
)
z o T = T
£ 10 20 e 30 40 50
31 -0.5
~ i 151
ON 2 Time (min)
Z .
1 o
o
e
o
0 T T T .. L — .
0 10 20 30 50 60 70 80
Time (min)

Fig. 1. Concentration of H,O, as a function of reaction time (myo, ~ 100 mg).
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Fig. 2. Pseudo first order rate constants plotted against surface/volume ratio.

Table 2

One electron reduction potentials, £, and measured and esti-
mated (italics) second order rate constants, &, for the reaction
between UO; and various oxidants in the absence of carbonate

E° (V) Rate const. k Ink Oxidant
(m/min)

0.8665 [21]  4.60x 10~ ~9.99 1rCl-

0.576 [21]  2.72x10°° ~12.81 MnO;

0.46 [4] 8.05x 1077 -14.03 H,0,

0.13* 6.20x 1078 —416.60 Fe(EDTA)~

1.9 [4] 4.28% 107 -0.85 OH'

1.59 9] 2.64x107? -3.63 COy

0.79 [4] 1.99x10~° -10.82 HO;,

—0.15 [4] 4.26x10~° -19.27 0O,

#Measured by cyclic voltammetry.

that when carbonate is added, the accumulation of a
corrosion product deposit is prevented. In the absence of
carbonate, the accumulation of a corrosion product
deposit seems to block the surface sites required for
catalyzing H,O, decomposition [1]. At higher S/V ratio
the small fraction of UO?(M{) does not affect the ki-
netics significantly.

Parallel measurements of both the H,O, consump-
tion and U(VI) formation as a function of carbonate
concentration have been performed. The results are
shown in Figs. 4 and 5. From these studies it is obvious
that the rate of H,O, consumption as well as the initial
rate of U(VI) dissolution increase with increasing HCO5
concentration. The final concentrations of U(VI) in so-
lution are not in agreement with the initial concentration
of H,0,, which is consistent with the results from de
Pablo et al. [9]. This can probably be attributed to the
formation of secondary phases [1]. Consequently, a di-
rect comparison of the kinetics for H,O, consump-
tion and uranium dissolution is not possible without
knowledge about the kinetics for precipitation of sec-

ondary phases. Shoesmith has shown that for carbonate
concentrations (107 to 10~ M), HCO;/CO3" is kinet-
ically involved via the formation of surface intermedi-
ates, in the dissolution process [1].

To further elucidate the effect of carbonate we have
performed numerical modeling of the following reaction
system: !

U0, + H,0, — U0 ) (5)
UO3" () + HCO; — UOS" 4 U0, (6)
UO§+(aq) - UOZ(X)(S)Z @)

The experimental results could be quantitatively repro-
duced when using a kg¢/ks ratio of 0.25. Experimental
and numerical results are given in Fig. 5. Given the good
agreement between the experimental results and the
numerical simulation it is reasonable to suggest that
carbonate simply acts as a complexing agent.

The experiments aimed at analyzing the formation of
OH' in the reaction between UO, and H,O, did not
result in any detectable OH concentrations. Hence, the
suggested effect of carbonate as a radical scavenger in
the system can be ruled out. These observations, i.e. the
absence of free OH" could suggest that the reaction is a
two-electron process. However, it cannot be ruled out

! In the numerical modeling of this system, the rate constant
for reaction (5) must be based on reaction sites rather than on
the surface/volume ratio. As the number of sites per m? is
unknown for this system we have chosen an arbitrary number
and, by trial and error, optmized the system to fit the
experimental results. Consequently, the absolute values of ks
and ks are arbitrary numbers. However, the ratio between ks
and ks has significance. k; has no effect on the modeling.

2 UO,(X)( denotes a solid uranyl phase.
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Fig. 3. Concentration of H,O, as a function of reaction time: (®) UO, 23 mg, 0.1 M HCOy5; () UO, 18 mg, no carbonate.

[UO 2*] (mM)

Time (min)

Fig. 4. Concentration of uranyl as a function of reaction time: () UO, 51 mg, 100 mM HCOj; () UO, 51 mg, 10 mM HCOy5; (A)

UO; 52 mg, 1 mM HCOy5; (O) UO, 100 mg, no carbonate.

that the reaction is a slow one-electron transfer followed
by a rapid one-electron transfer.

It should be noted that, in aqueous solutions con-
taining H,O, and HCO;, peroxymonocarbonate
(HCOy) is formed [16]. The reactivity of peroxymono-
carbonate towards UQ, is not known but judging from
the redox properties [16], it should be very similar to that
of HQOQ.

3.2. Oxidation of UO; by other oxidants

To find out more about the mechanism for UO,
oxidation we performed experiments using other oxi-
dants than H,0,. Two of the oxidants, IrClé’ and
Fe(EDTA)™, are pure one-electron oxidants while the
remaining oxidant, MnO,, can act both as one- and

two-electron oxidant (as can H,0,). In Table 2, the
oxidants and their one-electron reduction potentials are
listed along with the observed second order rate con-
stants for oxidation of UQO,. As can be seen in the table
the strongest oxidant, IrClg, reacts most rapidly with
UO, while the weakest oxidant, Fe(EDTA)~, displays
the lowest reactivity. The difference in reactivity between
these two oxidants is nearly three orders of magnitude.

When plotting In k for the reaction against the one-
electron reduction potential of the oxidant (Fig. 6) we
obtain a very good linear correlation indicating that
linear free energy relationships are applicable also to this
type of surface reaction (i.e., Ink oc AG® oc AE®) [17].

The linear relationship could also serve as an indi-
cation for the rate determining/limiting step being a one-
electron transfer.
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Fig. 5. Concentration of H,O, as a function of reaction time at two different carbonate concentrations: () UO, 51 mg, 100 mM
HCOjy; (@) UO, 52 mg, 10 mM HCOy; (—) UO, 50 mg, 100 mM HCO;5 (numerical modeling according to reaction (5)~(7)); (---)
U0, 50 mg, HCO3 10 mM (numerical modeling according to reaction (5)—(7)).

2\

In k

25 4

Fig. 6. The logarithm of the second order rate constant, In &, for oxidation of UO, plotted against the one-electron reduction potential
of the oxidant, E°: the dashed line represents the diffusion limit; @ experimental data; (J values estimated from the linear relationship
between Ink and E° (1. OH', 2. COy, 3. IrCI>~, 4. HO;, 5. MnOy, 6. H,0,, 7. Fe(EDTA)™ and 8. O,).

Hence, a plausible mechanism for the reaction be-
tween UQO; and H,O, is a slow one-electron transfer step
producing U(V) and OH" (reaction (8)) followed by a
very rapid reduction of OH' to OH~. This mechanism
has also been proposed by Nicol and Needes as quoted
by Shoesmith et al. [18]. The U(V) could either be oxi-
dized directly to U(VI) by OH" or undergo dispropor-
tionation with another U(V) in the matrix producing
U(V) and U(VI) (reaction (9)). The primary step is
analogous to the Fenton reaction.

U02 + H202 — UO;(surf) + OH + OH_ (8)

UO;(surl‘) + U02+( - UO§+ (surf) + U02 (9)

surf)

If we allow ourselves to extrapolate the linear relation-
ship established in Fig. 6 we can predict the rate con-
stant for oxidation of UO, by OH'. The predicted rate
constant (see Table 2) is almost six orders of magnitude
higher than the observed rate constant for the reaction
between H,0, and UQO,. The predicted rate constant
for the reaction between CO; and UO, is one order
of magnitude lower than that of OH".

However, for this specific system we have estimated
the diffusion controlled rate constant to be approxi-
mately 1073 m/min (Ink = —6.5) [19]. Hence, the rate of
oxidation by OH- and COj; should be strictly limited by
diffusion, i.e. the rate constant should be identical for
both oxidants (~10° m/min). Consequently, OH" formed
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at the UQO,; surface upon one-electron reduction of H,O,
are expected to react instantly with the UO, matrix.

We have also predicted the reactivity of HO; and O,
towards UQ,. Interestingly, the H,O, reduction is ~190
times faster than the predicted O, reduction on UQ,,
which is in very good agreement with experimental ob-
servations by Shoesmith et al. [8]. If we compare the
estimated rate constant for diffusion limited reactions,
e.g. OH' reduction with that for H,O, reduction on
UO,, OH: reacts 1.5x10° times faster than H,O,. Ac-
cording to Christensen and Bjergbakke [20] the
k[OH']/k[H,0,] ratio is 4x10° which is ~2500 times
faster than our results indicate.
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