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Abstract 
The kinetics for radiation induced dissolution of spent nuclear fuel is a key issue in the 
safety assessment of a future deep repository. Spent nuclear fuel mainly consists of UO2 
and therefore the release of radionuclides (fission products and actinides) is assumed to 
be governed by the oxidation and subsequent dissolution of the UO2 matrix. The process 
is influenced by the dose rate in the surrounding groundwater (a function of fuel age and 
burn up) and on the groundwater composition. In this licentiate thesis the effects of 
HCO3- (a strong complexing agent for UO22+) and ionic strength on the kinetics of UO2 
oxidation and dissolution of oxidized UO2 have been studied experimentally. 
The experiments were performed using aqueous UO2 particle suspensions where the 
oxidant concentration was monitored as a function of reaction time. These reaction 
systems frequently display first order kinetics. Second order rate constants were obtained 
by varying the solid UO2 surface area to solution volume ratio and plotting the resulting 
pseudo first order rate constants against the surface area to solution volume ratio. The 
oxidants used were H2O2 (the most important oxidant under deep repository conditions), 
MnO4- and IrCl62-. The kinetics was studied as a function of HCO3- concentration and 
ionic strength (using NaCl and Na2SO4 as electrolytes). 
The rate constant for the reaction between H2O2 and UO2 was found to increase linearly 
with the HCO3- concentration in the range 0-1 mM. Above 1 mM the rate constant is 
independent of the HCO3- concentration. The HCO3- concentration independent rate 
constant is interpreted as being the true rate constant for oxidation of UO2 by H2O2 [(4.4 
± 0.3) x 10-6 m min-1] while the HCO3- concentration dependent rate constant is used to 
estimate the rate constant for HCO3- facilitated dissolution of UO22+ (oxidized UO2) [(8.8 
± 0.5) x 10-3 m min-1]. From experiments performed in suspensions free from HCO3- the 
rate constant for dissolution of UO22+ was also determined [(7 ± 1) x 10-8 mol m-2 s-1]. 
These rate constants are of significant importance for simulation of spent nuclear fuel 
dissolution. 
The rate constant for the oxidation of UO2 by H2O2 (the HCO3- concentration 
independent rate constant) was found to be independent of ionic strength. However, the 
rate constant for dissolution of oxidized UO2 displayed ionic strength dependence, 
namely it increases with increasing ionic strength.  
The HCO3- concentration and ionic strength dependence for the anionic oxidants is more 
complex since also the electron transfer process is expected to be ionic strength 
dependent. Furthermore, the kinetics for the anionic oxidants is more pH sensitive. For 
both MnO4- and IrCl62- the rate constant for the reaction with UO2 was found to be 
diffusion controlled at higher HCO3- concentrations (~0.2 M). Both oxidants also 
displayed ionic strength dependence even though the HCO3- independent reaction could 
not be studied exclusively. 
Based on changes in reaction order from first to zeroth order kinetics (which occurs when 
the UO2 surface is completely oxidized) in HCO3- deficient systems the oxidation site 
density of the UO2 powder was determined. H2O2 and IrCl62- were used in these 
experiments giving similar results [(2.1 ± 0.1) x 10-4 and (2.7 ± 0.5) x 10-4 mol m-2, 
respectively]. 
Keywords: UO2, H2O2, spent nuclear fuel, HCO3-, ionic strength, oxidation, dissolution, 
surface site density. 



 
  

Sammanfattning 
Kinetiken för strålningsinducerad upplösning av utbränt kärnbränsle är en nyckelfråga i 
säkerhetsanalysen för ett framtida djupförvar. Utbränt kärnbränsle består främst av UO2 
och därför antas spridningen av radionuklider (fissionsprodukter och aktinider) styras av 
oxidation och påföljande upplösning av UO2 matrisen. Processen påverkas av 
stråldoshastigheten (en funktion av bränslets ålder och utbränningsgrad) i det omgivande 
grundvattnet och av grundvattnets sammansättning. I denna licentiatavhandling har 
effekterna av HCO3- (stark komplexbindare för UO22+) och jonstyrka på kinetiken för 
oxidation och upplösning av UO2 studerats experimentellt. 
Experimenten har utförts med vattensuspensioner innehållande UO2-partiklar. I dessa 
suspensioner har oxidanthalten studerats som funktion av reaktionstiden. Kinetiken för 
förbrukning av oxidant i dessa system är i de flesta fall av första ordningen. Andra 
ordningens hastighetskonstanter har bestämts genom att variera yta till volymförhållandet 
och plotta pseudo första ordningens hastighetskonstant mot yta till volymförhållandet. De 
oxidanter som har använts i detta arbete är H2O2 (den viktigaste oxidanten under 
djupförvarsförhållanden), MnO4- och IrCl62-. Kinetiken har studerats som funktion av 
HCO3- koncentration och jonstyrka (NaCl och Na2SO4 användes som elektrolyter). 
Hastighetskonstanten för reaktionen mellan H2O2 och UO2 visade sig öka linjärt med 
HCO3- halten i koncentrationsintervallet 0-1 mM. Vid HCO3- halter högre än 1 mM är 
hastighetskonstanten oberoende av HCO3- halt. Den HCO3- oberoende 
hastighetskonstanten tolkas som den verkliga hastighetskonstanten för reaktionen mellan 
H2O2 och UO2 [(4.4 ± 0.3) x 10-6 m min-1] och den HCO3- beroende hastighets-
konstanten har använts för att beräkna hastighetskonstanten för HCO3- medierad 
upplösning av UO22+ (oxiderad UO2) [(8.8 ± 0.5) x 10-3 m min-1]. Från experiment 
utförda i HCO3- fria suspensioner har hastighetskonstanten för upplösning av UO22+ 
bestämts [(7 ± 1) x 10-8 mol m-2 s-1]. Dessa hastighetskonstanter är av stor betydelse vid 
simulering av bränsleupplösning. 
Den HCO3- oberoende hastighetskonstanten för reaktionen mellan H2O2 och UO2 visade 
sig vara oberoende av jonstyrka. Hastighetskonstanten för upplösning av oxiderad UO2 
ökar dock med ökande jonstyrka. 
För de anjoniska oxidanterna MnO4- och IrCl62- visade sig både HCO3- och 
jonstyrkeberoendet vara mer komplext eftersom även den renodlade redoxprocessen är 
jonstyrkeberoende. Kinetiken är också mer pH-beroende. För både MnO4- och IrCl62- är 
hastighetskonstanten diffusionskontrollerad vid höga HCO3- halter. Hastighets-
konstanterna för båda oxidanterna ökar med ökande jonstyrka. 
Med utgångspunkt från observerade förändringar i reaktionsordning från första till nollte 
ordningen (vilket sker när ytan är fullständigt oxiderad) i system med mycket låga halter av 
HCO3- har antalet oxidationspositioner (sites) per ytenhet för UO2 pulver bestämts. H2O2 
och IrCl62- har använts för detta och båda oxidanterna ger snarlika resultat [(2.1 ± 0.1) x 
10-4 respektive (2.7 ± 0.5) x 10-4 mol m-2]. 
 

Nyckelord: UO2, H2O2, utbränt kärnbränsle, HCO3-, jonstyrka, oxidation, upplösning. 
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1. Introduction   
Nuclear power is used for generation of electricity in many countries. Nuclear fuel for 

light water boiling reactors consists of solid ceramic pellets of enriched UO2 containing 

3-4% U-235. The byproduct in the process is Spent Nuclear Fuel (SNF). SNF consists of 

95% UO2 the rest being fission products and actinides. The fission reactions occurring in 

the fuel during use in reactors modify the chemical composition, activity and 

microstructure of the fuel. SNF is a gamma, beta and alpha radioactive material with an 

activity depending on burn-up and storing age. In Sweden SNF will be stored in a deep 

geological repository in order to protect the public and the environment from radiological 

impact. The radio-toxicity is dominated by a few nuclides and the radioactivity of SNF 

will be elevated for around 105 years [1] after which the level is the same as for a natural 

uranium ore. The safety of the repository is accomplished by using multiple barriers 

(figure 1.1). The barriers should be independent of each other as far as possible [2]. 

Swedish SNF disposal will be performed according to the KBS-3 concept, where the fuel 

will be encapsulated in copper/cast-iron canisters, deposited in holes surrounded by 

bentonite clay. The outer barrier is the bedrock which will isolate the waste and prevent 

environmental impact.  

The cast iron in the canister provides mechanical strength while copper provides 

corrosion resistance. In case of canister failure water will be transported into the canister. 

The environment around the fuel matrix will be changed due to radiolysis of water 

possibly causing oxidative dissolution of the fuel matrix and radionuclide release to the 

biosphere. For most radionuclides the release rate is controlled by the rate of fuel matrix 

dissolution [3]. For this reason, several studies have been conducted to elucidate the 

impact of radiolysis on the stability of the fuel matrix [4-7].  
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Figure 1.1.  Schematic presentation of the four protective barriers 

in the Swedish KBS-3 model. 
Groundwater contains significant amounts of organic and inorganic anionic complexing 

agents. The groundwater composition depends on temperature, weather, glacial ice, 

salinity and mineral components. Groundwater contains more dissolved minerals than 

surface water. The composition is controlled by the geological composition, groundwater 

movement, and contact time with the rock [8]. Saline groundwater can be formed when 

trapped sea water dissolves highly soluble minerals for a long period of time. The major 

groundwater components are Cl-, Na+, Ca2+, HCO3
-, Mg2+, K+ and SO42-. The oxidative 

dissolution of UO2 is affected by a variety of hydrolysis and complexation reactions that 

influence not only the solubility of UO2 but also the kinetics of its oxidative dissolution. 

In this licentiate thesis the effects of carbonate concentration and ionic strength on the 

kinetics for oxidative dissolution of UO2 are studied.  

1.1 Radiation chemistry and water radiolysis 

Radiation chemistry concerns chemical reactions induced by high energy radiation (>100 

eV) [9]. The radiolysis of water in contact with SNF will produce oxidative and reducing 

species. These species can affect the dissolution of the fuel in a geologic disposal site [10].  

The yield of radiolysis products depends on the pH, groundwater composition and 

temperature. Radiolysis of water produces reactive radicals and molecular species such as 
•OH, H2O2 (oxidants) and eaq-, H•, H2 (reductants) [11]. The mechanism for water 

radiolysis is shown in figure 2. 
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Figure 1.2.  Reaction scheme of events and time scale for water radiolysis. 
 
Secondary reactions will produce HO2•, O2•- and O2. If the aqueous solution contains 

carbonate, then carbonate will act as a scavenger for •OH producing CO3•-.  CO3•- is, as 
•OH, a strong one-electron oxidant (E0  =1.59 V vs NHE [12]). The hydrated electron eaq- 

is a strongly reducing species (E0 = -2.9 V) [13]. The hydrogen atom is a less powerful 

reductant (E0 = -2.3 V) [14]. The H atom is considered a week acid with a pKa =9.6, 

H• eaq- + H+. In strongly alkaline solution •OH dissociates into its anionic form O- 

which has nucleophilic properties, •OH  O•- + H+ (pKa=11.9) [15]. 

The radiation chemical yield is described by the G-value originally expressed as the 

number of molecules changed in an irradiated substance per 100 eV absorbed radiation. 

In table 1.2 G-values for radiolysis of water are shown. The SI-unit is mol/J. The G-value 

depends on the energy and type of radiation. 

Table 1.2.  Primary yields (µmol/J) in irradiated water [14, 15]. 
 G (-H2O) G (H2) G (H2O2) G (eaq

-) G (H•) G (•OH) G (HO2
•)

γ and fast electrons 0.43 0.047 0.073 0.28 0.062 0.28 0.0027 

12 MeV He2+ 0.294 0.115 0.112 0.0044 0.028 0.056 0.007 

 

H2O

H2O*
H2O+

. OH+ H3O+

Event

H. + .OH H2  +  O

+   e-

eaq
-

eaq
-,   H.,   . OH ,  H2,   H2O2, H3O+

Exitation Ionization

Time scale

10-16 s

10-14 s
10-13 s

10-7 s

Ionizing radiation
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1.2 Oxidation and dissolution of UO2 

Groundwater at the depth of a repository provides a reducing (redox potential ranging 

between -200 and -300 mV vs NHE) and slightly alkaline (pH 7-9) environment and UO2 

has very low solubility under these conditions [16, 17]. The major part of the 

radionuclides should therefore be retained within the fuel. Radiolysis of water can change 

the near field reducing environment to an oxidizing. Under oxidizing conditions U(IV) 

will be oxidized to U(VI) which has fairly high solubility [18, 19]. Changes in groundwater 

composition and pH can also influence the rate of dissolution. The effect of water 

radiolysis on UO2 dissolution is a complex issue that has been studied for several decades 

[20]. The release of radioactive species from SNF in contact with water will depend on 

the rate of dissolution of the UO2 matrix. The mechanism for oxidative dissolution is 

expected to be the following [6]. 

One-electron oxidant  
U(IV)(surf) + 1-e- ox →  U(V)(surf)   + 1-e- red 1 
U(V)(surf)  + U(V)(surf) → U(IV)(surf)  + U(VI)(surf)  2 
U(V)(surf)  + 1-e- ox → U(VI)(surf)  + 1-e- red 3 

Two-electron oxidant 
U(IV)(surf) + 2-e- ox → U(VI)(surf) + 2-e- red 4 
 (H2O, HCO3-) 
U(VI)(surf) → U(VI)(aq) 5 

Groundwater analyses show that the most important species to consider are the anions 

Cl-, SO42-, HCO3-, H2PO4-, F-,  the cations Na+, K+, Ca2+, and dissolved silica in quantities 

that depends on the type of rock and its location and depth [3]. These species can affect 

the rate of dissolution.  

1.3 Effects of HCO3- 

Bicarbonate is a strong complexing agent for U(VI) [21] and enhances the dissolution of 

UO22+ [22]. In Swedish groundwater the HCO3- concentration is 2-10 mM [23]. In figure 

1.3 the dominating complexes are presented as a function of [CO32-]Tot. Although the 

speciation of dissolved U(VI) is likely to be dominated by hydrolysis and carbonato 
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complexes, complexes with sulfate and organic ligands may also occur in natural systems. 

Carboxyl groups on naturally occurring humic and fulvic acids can strongly bind to 

uranium. In figure 1.4 the dominating complexes are presented as a function of pH. 
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Figure 1.3.  Uranium speciation as a function of CO32- concentration. 
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1.4 Effects of ionic strength 

The kinetics for reactions between charged oxidants and UO2 is expected to be 

significantly affected by the surface charge of the solid UO2 particles. The Point of Zero 

Charge (PZC) of UO2 is found at pH     5-5.5 for all ionic strengths [24]. For pH<PZC, 

the UO2 surface is positively charged leading to electrostatic attraction with negatively 

charged oxidants. For pH>PZC, there will be an electrostatic repulsion between the 

negatively charged oxidants and the UO2 surface due to the negative surface charge. The 

rate of a reaction involving only ionic species depends on the ionic strength of the 

solution. This dependence is known as the kinetic salt effect. The ionic strength, I, is 

defined by: 

[ ]∑=
i

ii zmI 2

2
1  6 

where im  is molality and iz is the charge of the ion. The Brönsted equation predicts the 

influence of the activity coefficients on the rate constant in dilute solutions as:  

mγ
γγ BAkk 0=  7 

where 0k  is the limiting value of the rate constant at zero ionic strength and BA γγ ,  and 

mγ  are the activity coefficients for reactant A and B and the activated complex, 

respectively [25]. The Debye-Hückel limiting law gives a relationship between the ionic 

strength and the activity coefficients ( iγ ) of the reacting ions in the solutions: 

Iii
2509.0log Ζ−=γ  8 

where Ζ  is the ionic charge of the reactive species and the value 0.509 is a constant that 

depends on the dielectric constant (H2O≈78.4) and temperature (250C) for aqueous 

solutions. By substituting equation 8 in equation 7, a relationship between the rate 

constant and ionic strength is obtained. For a reaction in dilute aqueous solution, the 

equation may be written as:  

Ikk BAΖΖ+= 018.1loglog 0   9 

with the slope and intercept equal to BAΖΖ018.1  and 0log k , respectively [26].  
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2. Experimental 
All experiments were performed with suspensions of UO2 powder monitoring the 

oxidant concentration as a function of time. The oxidants used were H2O2, MnO4- and 

IrCl62-. The experimental conditions were varied systematically in order to quantify the 

effects of different parameters. UO2 powder was supplied from Westinghouse Atom AB. 

The specific area was 5.85 m2/g  as given by BET measurements (He/N2, 70/30) [5]. The 

chemicals used were of purest grade available from Lancaster, Merck, Alfa and BDH. All 

experiments were performed at room temperature using Millipore Milli-Q filtered water. 

The UO2 powder was washed three times with 0.01 mol dm-3 NaHCO3 solution and 

three times with pure water to remove the pre-oxidized surface layer. Before each 

experiment the aqueous UO2 suspensions were purged with argon gas for 15 min and the 

purging continued throughout the experiment. Magnetic stirring was also employed 

throughout the experiment for uniform dispersion of UO2 particles in the reaction vessel. 

Light effects on the reactions were minimized by covering the experimental reaction 

vessels with aluminium foil. The hydrogen peroxide concentration in the solution was 

measured by UV/visible spectroscopy (Jasco V-530 UV/VIS-Spectrophotomer) using I3
- 

as indicator for H2O2 [reaction (10) and (11)]. The concentration was measured at 360 

nm. The samples were mixed with 100 µl potassium iodide (1 M KI) and 100 µl acetate 

buffer (which contained 1 M acetic acid/sodium acetate and a few drops of 3% 

(NH4)2Mo2O7 (ADM) as catalyst to make 100 ml solution volume). Detailed information 

about the I3- method can be found in reference [27-29]. 

H2O2 + H+ + 2I-                                   2H2O  + I2 10 

I2 + I-                                                    I3
- 11 

The concentrations of MnO4- and IrCl62- were measured directly by UV/visible 

spectroscopy at 545 and 448 nm, respectively. Before analysis the samples were filtered 

(pore size 0.20 µm) to stop the reaction and to clear the solution. The second order rate 

constants were determined by plotting the pseudo-first order rate constant against the 

solid surface area to solution volume ratio. The experimental conditions are presented in 

table 2.1-2.3. In table 2.3, the conditions used when determining oxidation site densities 

are given. These experiments will be discussed in more detail in the next section. 
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Table 2.1.  Experimental conditions for studying the effect of HCO3
-. 

 
 
Table 2.2.  Experimental conditions for studying the effect of ionic strength. 

 
 
Table 2.3.  Experimental conditions for determination of oxidation site densities. 

 

 
 
 
 
 
 
 

Oxidants UO2 (mg) Volume (ml) Surface/Volume (m-1) [HCO3-] (mol dm-3)
 
 
 

H2O2 

 
50 
75 
100 
150 
200 

 
 
 

18 

 
16 250 
24 375 
32 500 
48 750 
65 000 

 

 
 
 

0 to 0.10 

 
 

IrCl62- 

 
 

25 

 
100 
200 
250 

 
1 462.5 
731.25 

585 
 

 
 

0 to 0.50 

 
 
 

MnO4- 

 
25 
50 
25 

50/25 
50 
25 

 
18 
18 
50 

50/25 
30 
30 

 
8 125 
16 250 
2 925 
5 850 
9 750 
4 875 

 

 
 
 

0 to 0.50 

Oxidants 
 

UO2 (mg) NaCl/Na2SO
4 

(mol dm-3) 

Surface/Volume 
(m-1) 

[HCO3-] (mol dm-3 ) 
 

 
H2O2  

 

 
50 

 
0 to 0.50  

 
16 250 

 

 
0 and 0.01 

IrCl62- 
 

25 0.01 to 0.50 1 462.5 
 

0.01 

MnO4- 
 

25 0.01 to 0.50 2 925 
 

0.01 

Oxidants UO2 (mg) Volume (ml) Surface/Volume ( m-1) 
 

IrCl62- 
 

 
25 

 
100 

 
1 462.5 

 
 
 

H2O2 

25 
50 
75 
100 
150 

 
 

18 

8 125 
16 250 
24 375 
32 500 
48 750 
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3. Results and Discussion 
3.1 Effects of HCO3- on the kinetics for UO2 oxidation by H2O2 

H2O2, found to be the most important radiolytical oxidant under deep repository 

conditions [30], reacts with UO2 in a Fenton-like two step processes where the first step is 

rate determining [5]: 

UO2    +   H2O2      →     UO2+   +   •OH   + OH- 12 

UO2+  +  •OH         →     UO22+  +   OH- 13 

In aqueous solutions containing H2O2 and HCO3-, peroxymonocarbonate (HCO4-) can be 

formed [31]. The reactivity of peroxymonocarbonate with UO2 is not known but judging 

from the redox properties, it should be similar to that of H2O2, (E0 (H2O2/H2O)=1.77 V 

and E0 (HCO4-/HCO3-)=1.8 V vs. NHE) [30]. The kinetics of UO2 oxidation by H2O2 

was investigated in presence and absence of HCO3-. To quantify the effect of carbonate 

on the kinetics of UO2 oxidation we performed a series of experiments using varying 

amounts of UO2 for each HCO3- concentration, whereby the second order rate constant 

was determined. In figure 3.1 the H2O2 concentration is plotted against time for various 

carbonate concentrations (0-100 mM). As can be seen, the rate of H2O2 conversion in the 

system increases with increasing carbonate concentration. 

In figure 3.2 the H2O2 concentration is plotted against time for various amounts of UO2 

at constant [HCO3-]. As expected, the rate of H2O2 consumption increases with 

increasing amount of UO2. 
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Figure 3.1. H2O2 concentrations in suspensions containing 50 mg UO2 
as a function of reaction time at different concentrations of HCO3-. 
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Figure 3.2.  H2O2 concentration for various amounts of UO2 in 1 mM HCO3- solution 

as a  function of reaction time. 
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In experiments performed at low carbonate concentrations we observed that the reaction 

is initially first order but in a relatively short time becomes a zeroth order reaction i.e. the 

reaction rate becomes independent of the H2O2 concentration. The effect of HCO3- on 

the kinetics of UO2 oxidation by H2O2 has already been investigated to some extent [5]. It 

has clearly been shown that the rates of dissolution as well as oxidation increase with 

increasing carbonate concentration.  

From figures 3.1 and 3.2 can be seen that the reaction order changes at different H2O2 

conversions depending both on the amount of UO2 and the concentration of carbonate. 

The reason for this behaviour is probably that a significant fraction of the UO2 surface 

becomes covered by oxidation products and, in the absence of carbonate the rate limiting 

step becomes dissolution of UO22+ rather than oxidation of UO2. Carbonate increases the 

solubility of UO22+ [22], shifting the rate limiting step from dissolution to the redox 

reaction between H2O2 and UO2. D. W. Shoesmith has observed that when carbonate is 

added, the accumulation of a corrosion product deposit is prevented [20]. 

The resulting second order rate constants for all carbonate concentrations obtained from 

the slope by plotting the pseudo first order rate constant, k (min-1) against the surface area 

/ total solution volume ratio, S/V (m-1) are presented in table 3.1. An example of a plot 

of the pseudo-first order rate constant vs. the surface area to solution volume ratio is 

given in figure 3.3.  

Table 3.1.  Second order rate constants for different carbonate concentrations. 
 Added [HCO3-] (mM) k (m/min) 

[HCO3-] 
dependent 

range 

0 
0.05 
0.1 
0.5 
1 

(1.9 ± 0.1) × 10-6 
(1.9 ± 0.2) × 10-6 
(2.1 ± 0.3) × 10-6 
(3.2 ± 0.3) × 10-6 
(4.6 ± 0.5) × 10-6 

[HCO3-] 
independent 

range 

1 
10 
50 
100 

(4.6 ± 0.1) × 10-6 
(4.0 ± 0.1) × 10-6 
(4.6 ± 0.5) × 10-6 

(4.5 ± 0.2) × 10-6 

As can be seen in table 3.1 the second order rate constant increases by more than a factor 

of 2 between the lowest and the highest carbonate concentrations. It should be stressed 

that for the experiments with low carbonate concentrations the analysis of the pseudo 
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first order reactions is only based on the initial part of the plot (ln[H2O2] vs. time) where 

first order kinetics is observed.  
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Figure 3.3.  The pseudo first order rate constant, k (min-1) plotted against 

specific surface area to volume ratio, S/V (m-1). 

In figure 3.4 the relationship between the rate constant and [HCO3-] in the concentration 

range 0 to 100 mM is presented. In figure 3.5 the relationship between the rate constant 

and [HCO3-] in the concentration range 0-1 mM is presented. 
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Figure 3.4.  The second order rate constant for oxidation of UO2 by H2O2 

as a function of  HCO3-]=(0-100  mM). 
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Figure 3.5.  The second order rate constant for oxidation of UO2 by H2O2 

as a function of [HCO3-]=(0-1 mM). 
From figure 3.5 (and table 3.1) we make two important observations: (1) The second 

order rate constant for the reaction increases linearly with carbonate concentration in the 

0-1 mM concentration range and (2) The second order rate constant is independent of 

carbonate concentration above 1 mM. 

The general reaction mechanism including oxidation (reaction 14) and carbonate 

facilitated dissolution of the oxidation product (reaction 15) can be written as: 

 
(UO2)n   +  H2O2 (UO2)n-1UO2

2+  +  2OH-

(UO2)n-1UO2
2+     + xHCO3

- UO2(CO3)x
(2-2x)

(aq)  + xH+  +  (UO2)n-1

14

15  
 
Reaction (14) should in fact be reactions (12) and (13) but since reaction (12) is rate 

determining, we can, from a kinetic point of view, combine the two consecutive one-

electron transfer processes into a single two-electron transfer step. At carbonate 

concentrations above 1 mM, the reaction rate appears to be independent of reaction (15). 

Hence, the carbonate concentration independent rate constant of approximately (4.4 ± 

0.3) × 10-6 m min-1 (mean value, table 3.1) should be the true rate constant for oxidation 

of UO2 by H2O2.  



 
  

14 

The carbonate concentration independence implies a negligibly low steady-state 

concentration of oxidized UO2 on the particle surface ((UO2)n-1UO22+ (s)). This can be 

expressed as: 

d[(UO 2)n-1UO 2
2+

(S)]

dt
= k14[H 2O 2][UO 2 n (S)]-k15[(U O 2)(n-1) UO 2

2+
(S)][HCO 3

-]x =0 16

 
 

where x is the reaction order with respect to HCO3-. Judging from figure 3.5, the reaction 

is first order with respect to HCO3- (the observed rate constant increases linearly with 

carbonate concentration) and hence x = 1. The rate constant k15 is then given by: 

k 1 5  =
k 1 4[H 2O 2][U O 2  n (s)]

[(U O 2)n -1U O 2
2 +

(S )][H C O 3
- ]

1 7

 

Assuming the steady-state fraction of oxidized UO2 on the particle surface ((UO2)n-

1UO22+(s)) to be less than 1% of the total surface we obtain k15≥ (8.8 ± 0.5) × 10-3 m min-

1. This result implies that the rate constant for carbonate facilitated dissolution of oxidized 

UO2 is essentially diffusion controlled. The diffusion controlled rate constant for this 

system was previously estimated to be approximately 10-3 m/min. [5]. In fact, the 

diffusion controlled rate constant would allow a steady-state concentration as high as 10% 

of the total surface. 

3.2 Effects of HCO3- on the kinetics for UO2 oxidation by anionic oxidants 

The second order rate constants for the anionic oxidants (MnO4- and IrCl62-) at different 

HCO3- concentrations are presented in table 3.2. The [HCO3-] dependence is also 

illustrated graphically in figure 3.6 and 3.7. 

As can clearly be seen, the [HCO3-] dependence of the two systems is somewhat different. 

For MnO4-, which is a weaker oxidant than IrCl62-, the second order rate constant 

increases with increasing HCO3- until a maximum rate constant is reached. For IrCl62- on 

the other hand, the rate constant initially decreases with increasing [HCO3-] (see figure 

3.7) until it reaches a minimum and thereafter it increases with increasing [HCO3-] until 

reaching a maximum rate constant. For both MnO4- and IrCl62- the maximum rate 

constant is 1.9 × 10-4 m/min. This is a factor 5 lower than the diffusion limited rate 

constant for neutral reactants in this type of particle suspension. However, since both the 

oxidants and the UO2 surface are negatively charged, the diffusion limit will be reduced 
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for electrostatic reasons. Hence, the maximum rate constant could very well correspond 

to a diffusion controlled rate constant. Furthermore, we can see that at HCO3- 

concentrations below the [HCO3-] independent region, i.e. the rate constant for IrCl62- is 

always higher than that for MnO4- as expected from the difference in reduction potential. 

 
Table 3.2.   Second order rate constant for the reactions between anionic 

oxidants and UO2 at different concentrations of added HCO3
-. 

[HCO3-]/mM MnO4-, k(m/min) IrCl62-, k(m/min) 
0 

0.05 
0.1 
0.5 
1 
10 
50 
100 
200 
500 

(7.8 ± 0.3) × 10-7 
(9.9 ± 0.2) × 10-7 
(1.1 ± 0.2) × 10-6 
(9.2 ± 0.2) × 10-7 
(1.4 ± 0.2) × 10-6 
(2.6 ± 0.5) × 10-5 
(1.2 ± 0.2) ×10-4 
(1.4 ± 0.3) × 10-4 
(1.9 ± 0.4) × 10-4 
(1.8 ± 0.2) × 10-4 

(1.8 ± 0.1) × 10-4 
(9.9 ± 0.5) × 10-5 
(5.6 ± 0.2) × 10-5 
(6.1 ± 0.7) × 10-5 
(8.0 ± 0.8) × 10-5 
(4.9 ± 0.1) × 10-5 
(1.5 ± 0.9) × 10-4 
(1.7 ± 0.3) × 10-4 
(1.9 ± 0.2) × 10-4 
(1.8 ± 0.2) × 10-4 
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Figure 3.6.  The second order rate constant for oxidation of UO2 by MnO4- 

as a function of [HCO3-]=(0-0.50 mol dm-3). 
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Figure 3.7.  The second order rate constant for oxidation of UO2 by IrCl62- 

as a function of  [HCO3-]=(0-0.50 mol dm-3). 

The rate constant for IrCl62- (at 0 mM added HCO3-) is very close to the maximum rate 

constant. The reason for this is probably that the pH in the absence of added HCO3
- 

(pH≈4.8) is lower than the PZC. Hence, the UO2 surface is positively charged and instead 

of having electrostatic repulsion we have electrostatic attraction.  

As mentioned above, the rate constant for UO2 oxidation by H2O2 reaches a maximum at 

1 mM HCO3-. In the previous section we discussed the kinetics for oxidation in relation 

to the kinetics for HCO3- facilitated dissolution of oxidized UO2. Equation 17 was 

derived as a prerequisite for a system displaying first order kinetics. According to equation 

17, the ratio between k14[OX] and [HCO3-] must be constant (the ratio between [UO2] 

and [(UO2)n-1UO22+(s)] is constant at steady-state), a higher HCO3- concentration is 

required to balance a higher rate constant for oxidation (k14). The rate constants for 

oxidation of UO2 by MnO4- and IrCl62- are considerably higher than the corresponding 

rate constant for H2O2. This partly explains why the maximum rate constant is reached at 

considerably higher HCO3- concentrations for the two anionic oxidants. However, there 

are several factors influencing the effect of HCO3- on the kinetics. The rationale for the 
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initial decrease in rate constant in the case of IrCl62- is probably that small additions of 

HCO3- increase the pH and thereby the negative charge at the surface. Hence, the 

repulsion increases which slows down the reaction. The complex formation between 

UO22+ and HCO3- is not sufficient at these low concentrations. For MnO4-, the pH is 

higher than the PZC also at 0 mM added HCO3- (pH≈7.4). However, increasing the 

HCO3- concentration will also increase pH (figure 3.8) and thereby the surface charge. 

Consequently, the effect of HCO3- on the kinetics for anionic oxidants is not only due to 

HCO3- facilitated dissolution of oxidized UO2. It should be pointed out that the effect of 

surface charge is expected to be more pronounced for IrCl62- than MnO4- due to the 

higher charge. Given the complex nature of the system it is very difficult to distinguish 

between the individual effects. 
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Figure 3.8.  Relationship between the pH and HCO3-  

determined by Medusa Chemical Diagram. 

3.3 Dissolution of oxidized UO2 

As previously mentioned, the zeroth order behavior observed in experiments where the 

carbonate concentration is low can be attributed to a change in the rate determining step 

from oxidation to dissolution (not facilitated by carbonate). In table 3.3, 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 experimental series. 

 



 
  

18 

Table 3.3.  Zeroth order rates and approximate H2O2 conversions (critical conversion), at which 
the reaction order changes from 1 to 0 for [HCO3

-]=0 mM and [HCO3
-]=0.1 mM. 

H2O2 conversion=
[H2O2]consumed 1st order

[H2O2]t=0  
  [HCO3-] = 0 mM  [HCO3-] = 0.1 mM

UO2 (mg) H2O2 
conversion 

Rate (M/min) H2O2 
conversion 

Rate (M/min) 

50 
75 
100 
150 

0.20 
0.31 
0.38 
0.57 

(4.4 ± 0.6) × 10-5 
(1.1 ± 0.1) × 10-4 
(1.4 ± 0.2) × 10-4 
(1.9 ± 0.3) × 10-4 

0.28 
0.45 
0.53 
0.66 

(9.6 ± 0.4) × 10-5 
(9.1 ± 0.1) × 10-5 
(1.2 ± 0.1) × 10-4 
(1.3 ± 0.2) × 10-4 

 
As can be seen in table 3.3, the zeroth order rate also depends on the amount of UO2, i.e., 

on the surface area to solution volume ratio. This is particularly evident for the series 

where no HCO3- was added to the solution. In figure 3.9 the zeroth order rate is plotted 

against the surface area to solution volume ratio. 
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Figure 3.9.  Zeroth order rate for oxidation of UO2 by H2O2 ([HCO3-]=0) 

plotted against the surface area to solution volume ration. 

Assuming the dependence to be linear, we can obtain the first order rate constant for 

dissolution of UO22+ from the oxidized surface with respect to UO2 surface area to 

solution volume ratio. The resulting rate constant is (7±1) x 10-8 mol m-2 s-1. Interestingly, 

this rate constant is more than one order of magnitude higher than previously reported 

rate constants for UO2 dissolution in the presence of H2O2 [30],[32]. It should be noted 
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that the previously reported values are based on measurements of uranium release while 

our value is based on consumption of H2O2. As the previously 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 

H2O2 dependence (zeroth order kinetics) and consequently the surface is expected to be 

fully oxidized. In table 3.4 rate constants for oxidative dissolution of UO2 by H2O2 are 

presented. 

Table 3.4.  Rate constants for oxidation of UO2 by H2O2, carbonate facilitated 
dissolution of UO2

2+ and dissolution of UO2
2+ in pure water. 

Reaction Rate constant, k 
H2O 2 + UO2(s) 2OH - + UO 2

2+(s)

HCO 3
-  + UO 2

2+(s) UO 2CO3(aq) + H +

UO 2
2+(s) UO 2

2+(aq)  

(4.4 ± 0.3) × 10-6 m min-1 
≥ (8.8 ± 0.5) × 10-6 m min-1 

(7±1) × 10-8 mol m-2 s-1 

3.4 Effect of ionic strength on the kinetics of UO2 oxidation 

In this study we investigated the effect of ionic strength using NaCl and Na2SO4 

electrolytes. All experiments were carried out at constant surface area to solution volume 

ratio. Hence, we have sufficient data to derive pseudo first order rate constants but not 

second order rate constants. However, pseudo first order rate constants (determined at 

the same surface to volume ratio) satisfactorily describes the effects of ionic strength on 

the kinetics for UO2 oxidation. The pseudo first order rate constants obtained from the 

experiments are summarized in Table 3.5.  

 



 
  

20 

Table 3.5.  Pseudo first order rate constants for H2O2, MnO4
- and IrCl62- 

at different electrolyte concentrations. 

Pseudo-first order rate constant/min-1 
 

 
 

Electrolyte 
 

H2O2 
(0 mM HCO3

-) 
H2O2 

(10 mM HCO3
-) 

MnO4
- 

(10 mM HCO3
-) 

IrCl62- 
(10 mM HCO3

-) 
0 
10 mM/Na2SO4 
50 mM/Na2SO4 
100 mM/Na2SO4 
200 mM/Na2SO4 
300 mM/Na2SO4 
500 mM/Na2SO4 
10 mM/NaCl 
50 mM/NaCl 
100 mM/NaCl 
200 mM/NaCl  
300 mM/NaCl 
500 mM/NaCl 

(1.9 ± 0.1) × 10-2 
(2.3 ± 0.5) × 10-2 
(3.6 ± 0.5) × 10-2 
(3.9 ± 0.1) × 10-2 
(2.6 ± 0.2) × 10-2 

- 
- 

(2.3 ± 0.4) × 10-2 
(2.8 ± 0.4) × 10-2 
(2.6 ± 0.5) × 10-2 
(2.7 ± 0.4) × 10-2 

- 
(3.6 ± 0.1) × 10-2 

(3.6 ± 0.4) × 10-2 
(3.3 ± 0.2) × 10-2 
(3.6 ± 0.4) × 10-2 

- 
(4.0 ± 0.1) × 10-2 

- 
- 

(3.6 ± 0.2) × 10-2 
(3.4 ± 0.3) × 10-2 

- 
(4.4 ± 0.1) × 10-2 

- 
- 

(4.5 ± 0.3) × 10-2 

(6.7 ± 0.2) × 10-2 

(1.1 ± 0.6) × 10-1 

(1.2 ± 0.1) × 10-1 

(1.3 ± 0.1) × 10-1 

(1.1 ± 0.6) × 10-1 

(9.4 ± 1.0) × 10-2 

(4.8 ± 0.2) × 10-2 

(7.1 ± 0.2) × 10-2 

(9.3 ± 0.3) × 10-2 

(1.0 ± 0.0) × 10-1 

(1.1 ± 0.1) × 10-1 

(1.2 ± 0.1) × 10-1 

(1.3 ± 0.1) × 10-1 

(1.6 ± 0.2) × 10-1 

(1.9 ± 0.1) × 10-1 

(2.5 ± 0.1) × 10-1 

(2.6 ± 0.1) × 10-1 

(3.0 ± 0.2) × 10-1 

(2.7 ± 0.2) × 10-1 

(2.3 ± 0.0) × 10-1 

(2.5 ± 0.1) × 10-1 

(3.7 ± 0.3) × 10-1 

(4.0 ± 0.1) × 10-1 

(4.1 ± 0.8) × 10-1 

(4.2 ± 0.6) × 10-1 

3.4.1 H2O2 

In figure 3.10 the logarithm of the pseudo first order rate constant for the reaction 

between H2O2 and UO2 is plotted as a function of I  for 0 and 10 mM HCO3-. As can 

be seen the pseudo first order rate constant for 0 mM HCO3- increases with increasing 

ionic strength. For 10 mM HCO3- the rate constant is virtually independent of ionic 

strength. In this case, the rate constant at 0 mM added electrolyte is more or less identical 

to the maximum rate constant for 0 mM HCO3- obtained at fairly high ionic strength. The 

relatively large effect of 10 mM HCO3- and the slight, if any, effect of additional increase 

in electrolyte concentration at this [HCO3-] clearly demonstrate that the major effect of 

HCO3- is complexation of UO22+ rather than an ionic strength effect.  

As can be seen in figure 3.10 there is no significant difference between the two 

electrolytes. This implies that the observed effect where no HCO3- is added, is indeed an 

ionic strength effect. Figure 3.10 clearly demonstrates the difference between the system 

containing HCO3- and the system where no HCO3- was added. In the system containing 

10 mM HCO3- the rate limiting step is oxidation and, as expected since H2O2 is 

uncharged, the system does not display any ionic strength dependence. Consequently, the 

ionic strength does not have to be accounted for in spent nuclear fuel dissolution 

provided the groundwater HCO3- concentration is sufficiently high (>1 mM). It is 

interesting to note that the absence of an ionic strength effect in the system containing 10 
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mM HCO3- shows that peroxymonocarbonate (HCO4-) cannot be an important oxidant 

under the present conditions. As stated above, the rate limiting step in this system is 

oxidation rather than dissolution of oxidized UO22+ and, since peroxymonocarbonate is 

an anion, its involvement in the oxidation process would have been revealed by an ionic 

strength effect. 
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Figure 3.10. The logarithm of pseudo-first order rate constants for the reaction between 

H2O2 and UO2 plotted against I . Open symbols indicate 0 mM HCO3- and filled 
symbols indicate  0 mM  HCO3-. Triangles indicate NaCl and squares indicate Na2SO4. 

For the system where no HCO3- was added the ionic strength effect is significant. This 

implies that the kinetics for dissolution of oxidized UO2 is ionic strength dependent. The 

rationale for this may simply be that the Gibbs free energy for UO22+ in solution 

decreases with increasing ionic strength (as given by the Debye-HÜckel limiting law). The 

ionic strength dependence can be quantitively described by equation 19. 

I
k
k

)13.061.0(log
)1(0

)1( ±=  19 

As has been shown previously for HCO3- free systems, the kinetics for H2O2 

consumption changes from initially being of first order to zeroth order where the 

consumption is completely governed by dissolution. The rationale for the change in 

reaction order is that the surface becomes saturated with oxidized UO2 and the rate of 
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consumption of H2O2 thereby becomes identical to the rate of UO22+ dissolution. In 

figure 3.11 the logarithm of the zeroth order rate of dissolution is plotted as a function of 

I for 0 mM HCO3-. 
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Figure 3.11. The logarithm of the zeroth order rate of UO22+ dissolution plotted against 
the I at 0  mM HCO3-. Triangles indicate NaCl and squares indicate Na2SO4. 

There is an apparent difference between the two electrolytes. However, upon closer 

inspection the difference has no statistical significance. The ionic strength dependence on 

the zeroth order dissolution kinetics can be quantitively described by equation 20. 

I
k
k

)17.065.0(log
)0(0

)0( ±=  20 

Interestingly, the ionic strength dependence is slightly higher for the zeroth order 

dissolution kinetics than for the H2O2 consumption in the HCO3- free system. However, 

the difference is very small which indicates that the pseudo first order H2O2 consumption 

is largely limited by dissolution in the absence of HCO3-.  

3.4.2 Anionic oxidants 

For the anionic oxidants the ionic strength effect was studied at [HCO3-]=10 mM. The 

rationale for this was that 10 mM HCO3- was sufficient to reach the dissolution 

independent kinetics in the H2O2 system and still gives the possibility for reasonable 

variation in ionic strength.  

∆  NaCl  
 
□ Na2SO4
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As can be seen in table 3.5 and in figure 3.12, there is no significant difference between 

the two electrolytes for MnO4-. This indicates that the effect is solely due to changes in 

ionic strength. The slope is 1.3 which is significantly higher than for H2O2 (in the absence 

of HCO3-). However, as stated in section 3.2, the HCO3- concentration is too low to 

reach the dissolution independent region and the reaction is therefore not limited by 

oxidation only. From the IrCl62- plot in figure 3.13 we see that Cl- and SO42- give different 

ionic strength dependence. The rationale for this is that Cl- influences the reduction 

potential for IrCl62- by altering the complex equilibrium. The data for SO42- should reflect 

the pure ionic strength effect. The slope is very close to the slope found for dissolution of 

UO22+ in the presence of H2O2 (0.6). Hence, the reaction between IrCl62- and UO2 

appears to be completely controlled by dissolution under the present conditions.  
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Figure 3.12. The logarithm of the pseudo first order rate constant against the I  for 

MnO4- at 10 mM  HCO3-. Triangles indicate NaCl and squares indicate Na2SO4. 
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Figure 3.13. The logarithm of the pseudo first order rate constant against the I  for 

IrCl62- at 10 mM  HCO3-. Triangles indicate NaCl and squares indicate Na2SO4. 

The slope is lower than for MnO4- which is a bit surprising considering that IrCl62- has 

higher negative charge and should therefore express a stronger ionic strength effect.  

Admittedly, to study the effect of ionic strength on the dissolution independent oxidation 

reaction we would need much higher HCO3- concentrations. However, such 

concentrations would have given very high initial ionic strengths and it would not have 

been possible to perform sufficient variations in ionic strength. 

3.5 UO2 oxidation site densities determined by one- and two- electron oxidants 
As previously mentioned the kinetics for UO2 oxidation changes from first to zeroth 

order under certain conditions. This is illustrated for IrCl62- in figure 3.14. For H2O2, the 

critical 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 experimental series where no HCO3- was added. In the experimental set ups 

used in this work, the concentration 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 ± 0.1) x 10-4 mol m-2 
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corresponding to (126 ±5 sites nm-2). This is somewhat lower than the value reported by 

Clarens et al. (165±10 sites nm-2) [33] based on acidic site density. It should, however, be 

noted that these two values were determined using completely different methods on UO2 

powders with different specific surface areas. In view of this, the values are surprisingly 

similar.  

The oxidation site density was also determined using the one-electron oxidant IrCl62-.  

 
Figure 3.14.  Concentration of IrCl62- plotted 

as a function of reaction time at 0 mM [HCO3-]. 
 

The oxidation site densities determined using IrCl62- and H2O2 are presented in table 3.6. 

 
Table 3.6.  UO2 oxidation site densities were determined by H2O2 and IrCl62-. 

Oxidant Site density (mol m-2) 2-e- site density (mol m-2)
 

H2O2 
 

IrCl62- 

 
(2.1 ± 0.1) × 10-4 

 
(5.4 ± 1.0) × 10-4 

 

 
(2.1 ± 0.1) × 10-4 

 
(2.7 ± 0.5) × 10-4 

 
As can be seen, the oxidation site density determined using IrCl62- is more than two times 

higher than the corresponding value for H2O2. However, the direct comparison is not 

relevant since IrCl62- is a one-electron oxidant while H2O2 is a two-electron oxidant. 

Hence, one equivalent of H2O2 corresponds to two equivalents of IrCl62-. It is more 
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relevant to compare the site density based on two-electron oxidation (2-e- density) which 

also corresponds to the conversion of U (IV) to U (VI). As can be seen in the table, both 

oxidants give similar site densities which implies that the methodology used indeed gives a 

reasonable measure of the oxidation site density. Admittedly, the 2-e- density determined 

using IrCl62- is somewhat higher than the corresponding value for H2O2. However, the 

difference is within experimental uncertainty. 

3.6 Oxidation site density determined for different size fractions of UO2 

Previous kinetic studies on different size fractions of UO2 powder gave some unexpected 

results [7]. Furthermore, BET measurements displayed no significant difference in 

specific surface area between the four size fractions used (<20 µm, 20-41 µm, 41-72 µm 

and >72 µm). SEM-studies revealed significant differences in surface structure between 

the size fractions. The larger fractions have a rougher surface which could explain why 

there is no significant difference in specific surface area. On the basis of particle size 

alone we would expect the smaller particles to have a larger specific surface area than the 

larger particles. In order to shed some more light on the difference between different size 

fractions we have determined the oxidation site density for the four size fractions 

mentioned above using H2O2. This was done by determining the critical conversion for 

different solid surface area to solution volume ratios. In figure 3.15 the critical conversion 

is plotted against the surface to volume ratio. 
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Figure 3.15. Relationship between the critical conversions of H2O2 

and surface area to solution volume for  the particle size fraction >72 µm. 

The slope of this plot directly gives the oxidation site density. The resulting oxidation site 

densities for the four size fractions are given in table 3.7. 

Table 3.7. Oxidation site densities based on H2O2  
consumption for different powder size fractions. 

 
As can be seen, the oxidation site density appears to increase with particle size. However, 

the difference is only slightly larger than the experimental uncertainty. This increase can 

probably be attributed to the surface roughness which is significantly higher for the larger 

particles. The rougher surface has more defects which could act as oxidation sites. The 

Size fractions (µm) Particle radius (µm) Oxidation site density (mol 
m-2) 

 
>72 

 
41-72 

 
20-41 

 
<20 

 
40 
 

29 
 

15 
 
7 

 
(2.5 ± 0.1) × 10-4 

 
(2.3 ± 0.2) × 10-4 

 
(2.1 ± 0.2) × 10-4 

 
(2.1 ± 0.1) × 10-4 
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oxidation site densities presented in table 3.7 are fairly close to the values presented in 

table 3.6. In figure 3.16 the oxidation site density is plotted against the approximate 

particle radius. 
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Figure 3.16.  The oxidation site density for different particle sizes of UO2 

This finding again demonstrates the problems that can occur when comparing the kinetics 

for different types of solid materials. 
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4. Conclusions 
The effects of HCO3- and ionic strength on the kinetics of UO2 oxidation and in 

dissolution have been studied experimentally. The following conclusions were made from 

these studies:  

1. The rate constants for the reaction between H2O2 and UO2, the HCO3- facilitated 

dissolution of UO22+ and dissolution of UO22+ from the oxidized UO2 surface in 

pure water have been determined to be (4.4 ± 0.3) × 10-6 m min-1, (8.8 ± 0.5) × 10-3 

m min-1 and (7 ± 1) × 10-8 mol m-2 s-1 respectively.  

2. The rate constants for UO2 oxidation by the anionic oxidants MnO4- and IrCl62- 

appears to be diffusion controlled at high (ca 0.2 M) [HCO3-].  

3. The HCO3- concentration necessary for reaching the [HCO3-] independent region 

is considerably higher for IrCl62- and MnO4- than for H2O2.  

4. The rate constant for UO2 oxidation by H2O2 is not affected by ionic strength. 

The rate of UO22+ dissolution from the surface of oxidized UO2 increases with 

increasing ionic strength. The rate constant for UO2 oxidation by anionic oxidants 

increases with increasing ionic strength.  

5. A method for determination of oxidation site density (on UO2(s)) has been 

developed. Results from these experiments reveal slight differences between 

different UO2 powders depending on the roughness of the surface. 
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