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Abstract 

 
This licentiate thesis is focused on oxidative dissolution of UO2 (as a model for spent 
nuclear fuel) induced by radiolysis of water and the inhibiting effect of H2 on this 
process. Rate constants for oxidation of UO2 are determined from experiments 
performed in aqueous suspensions of UO2-powder. The second order rate constant for 
the reaction between H2O2 and UO2 is determined to 8×10-7 m/min (based on solid 
surface area to total solution volume ratio) in absence of carbonate. In order to gain 
insight into the oxidation mechanism of UO2, the reaction between UO2 and 
radiolytically produced oxidants as well as some other oxidants were studied. The 
logarithm of the second order rate constant, ln k, for UO2 oxidation appears to be 
linearly dependent on the one-electron reduction potential, E0, of the oxidant. This 
indicates that the rate limiting step in the oxidation of UO2 is one-electron transfer. A 
Fenton like mechanism is plausible for the reaction between UO2 and H2O2. The 
diffusion limit in this particular system is ~10-3 m/min, and the reactions with UO2 for 
OH• and CO3

•- are therefore estimated to be diffusion controlled. The effect of 
carbonate on the dissolution rate has to some extent also been studied. 
 
The relative efficiency (per electron) of one- and two-electron oxidants in causing 
oxidative dissolution of UO2 has been investigated. The dissolution yields for one-
electron oxidants are strongly dependent on the amount of oxidant (especially at low 
amounts). For higher concentrations of one-electron oxidants, the probability for two 
one-electron oxidants reacting at the same site is increased and the possibility for 
disproportionation (U(V) + U(V) → U(IV) + U(VI)) is also enhanced.  
 
In autoclave experiments, the rate constant for UO2

2+ reduction by H2 (p ~40 bar) in 
the temperature interval 74-100°C has been determined, k298K= 3.6×10-9 M-1 s-1 in 
presence of 2 mM HCO3

-. The activation energy, activation enthalpy and activation 
entropy were also determined: Ea=130 ±24 kJ mol-1, ∆H‡=126 kJ mol-1 and ∆S‡= 
16.5 J mol-1 K-1. The reaction starts in the absence of a catalyst, which implies that H2 
is capable of reducing uranyl in an uncatalyzed process.  
 
The dissolution of UO2 under influence of radiolysis has been modeled using 
MAKSIMA-CHEMIST, a program for mass action kinetics simulation. The 
experimentally derived rate constants in this study have been implemented in the 
program, the effects of H2 and carbonate on the dissolution have been given special 
focus. The outcome of the modeling has been compared to experimental data derived 
elsewhere. The inhibiting effect of H2 on UO2-dissolution is clearly demonstrated by 
the simulations. These simulations also lead to the conclusion that the main inhibiting 
effect of H2 is the reaction with OH• rather than the reduction of UO2

2+ to UO2.  
 
 
 
 
 
Keywords: UO2, spent nuclear fuel, radiolysis, H2O2, H2, oxidation, dissolution, reduction, rate 
constants and modeling 



 

Sammanfattning 
 
Denna licentiatavhandling är främst fokuserad på oxidativ upplösning av UO2 
(modellsubstans för utbränt kärnbränsle) inducerad av radiolys av vatten. Den 
inhiberande effekten av H2 på processen har också studerats. Hastighetskonstanter för 
oxidation av UO2 har bestämts experimentellt genom att använda vattensuspensioner 
med UO2-pulver. Andra ordningens hastighetskonstant för reaktionen mellan H2O2 
och UO2 är bestämd till k298K= 8×10-7 m/min (baserat på förhållandet mellan fast 
ytarea och total lösningsvolym) i frånvaro av karbonat. För att få insikt i oxidations-
mekanismen för UO2 har reaktionen mellan UO2 och radiolytiskt bildade oxidanter 
samt andra oxidanter studerats. Logaritmen för andra ordningens hastighetskonstant, 
ln k, för oxidation av UO2 visar sig vara linjärt beroende av en-elektron-
reduktionspotentialen, E0, för oxidanten. Detta indikerar att det hastighets-
bestämmande steget i oxidationen av UO2 är en en-elektronöverföring. En Fentonlik 
mekanism är rimlig för reaktion mellan UO2 och H2O2. Den diffusionskontrollerade 
hastighetskonstanten i detta system är ~10-3 m/min, och reaktonerna mellan UO2 och 
OH• samt CO3

•- uppskattas vara diffusionsbegränsade. Effekten av karbonat på 
upplösningshastigheten har i viss utsträckning också studerats. 
 
Den relativa effektivetiten (per elektron) hos en- och två-elektronoxidanter som 
orsakar oxidativ upplösning av UO2 har undersökts. Utbytena för upplösning med en-
elektronoxidanter har ett starkt koncentrationsberoende med avseende på oxidanten 
(särskilt vid låga koncentrationer). För högre koncentrationer av en-elektronoxidanter 
ökar sannolikheten att två en-elektronoxidanter reagerar på samma ställe på UO2-ytan. 
Möjligheten för disproportionering (U(V) + U(V) → U(IV) + U(VI)) ökar också.  
 
I autoklavförsök har hastighetskonstanten för UO2

2+-reduktion med H2 (pH2 ~ 40 bar) 
i temperaturintervallet 74-100°C bestämts till k298K= 3.6×10-9 M-1 s-1 i närvaro av 
2 mM karbonat. Aktiveringsenergin, aktiveringsentalpin och aktiveringsentropin har 
även bestämts: Ea=130±24 kJ mol-1, ∆H‡=126 kJ mol-1 och ∆S‡= 16.5 J mol-1 K-1. 
Reaktionen sker i frånvaro av en katalysator vilket innebär att H2 är kapabel att 
reducera uranyl i en okatalyserad process.  
 
Upplösningen av UO2 under inverkan av radiolys har modellerats med hjälp av 
MAKSIMA-CHEMIST, ett program för simuleringar av komplexa reaktionssystem. 
De experimentellt erhållna hastighetskonstanterna i denna studie har använts i 
programmet och effekterna av H2 och karbonat på upplösningen har särskilt studerats. 
Resultaten från modelleringen har jämförts med experimetella data som erhållits från 
annat håll. Simuleringarna visar tydligt den inhiberande effekten av H2 på UO2-
upplösning. Med hjälp av simuleringarna kan man dra slutsatsen att den huvudsakliga 
inhiberande effekten av H2 är reaktionen med OH• snarare än reduktionen av UO2

2+ 
till UO2.  
 
 
 
 
Nyckelord: UO2, utbränt kärnbränsle, radiolys, H2O2, H2, oxidation, reduktion, hastighets-
konstanter och modellering 
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Introduction 
 
In Sweden, spent nuclear fuel will be stored in a deep repository according to the 
KBS-3 model developed by The Swedish Nuclear Fuel and Waste Management Co. 
(SKB). The general principles, based on current legislation and the public opinion, for 
the final storage of radioactive waste according to KBS-3 [1] are the following: 
- “A very high level of safety is required, in both the short and the long term. 
- Burdens on future generations shall be avoided wherever possible. 
- It shall be possible to carry out the necessary measures with the highest possible 

degree of national independence.” 
The storage must be located in Sweden to fulfill the national independence demand. 
Main characteristics of spent fuel are the initially high level of radioactivity followed 
by a very long period of persistent but lower radioactivity. The purpose of the deep 
repository is to protect public and environment from radiological impact. This will be 
accomplished by containing the spent fuel for a sufficiently long period of time for the 
radionuclides to decay to stable nuclides and by the slow release of radionuclides by 
dilution so that the maximum concentration will remain acceptably low. In KBS-3, 
both of these means are adopted. In the first phase, the spent fuel is contained within a 
copper canister. The second phase is the geological barrier, the properties and ground 
water flow of which will determine the dilution time and spreading of fission products 
from the fuel.  
 
The spent fuel will be placed 500-700 meters below ground level in the bedrock, 
figure 1. The KBS-3 model encompasses four barriers: [2]  

• The spent fuel itself, which has very low solubility in reducing ground water. 
The nuclear fuel used in water-cooled reactors consists of ceramic uranium 
dioxide (UO2) enriched in 235U to 4-5% of the total uranium content.1 Hence, 
the irradiated nuclear fuel consists mainly of UO2 (~95%) and the rest is 
fission products and actinides [3, 4].  

• A copper/cast iron canister, the copper is corrosion resistant as well as tensile 
and the cast iron gives the canister good mechanical properties.  

• Bentonite clay will act as buffer material, protecting the canister from 
corrosive species and the environment from radioactive elements. The clay has 
plastic properties, which will moderate small movements in the bedrock. 

• The bedrock will isolate the waste and provide a stable chemical environment.  

 
Figure 1. A schematic model of the Swedish deep repository for spent nuclear fuel. Four barriers will 
protect the surroundings from the spent nuclear fuel according to the Swedish KBS-3. [2] 

                                                           
1 The natural composition is 0.71% 235U. 
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Spent fuel in contact with water will produce very reactive species (radicals and 
molecules) due to radiolysis of water. This will alter the redox conditions in the 
ground water and possibly increase the rate of spent fuel dissolution. The release of 
toxic and radioactive species from spent fuel in contact with water is expected to 
depend mainly on the rate of dissolution of the UO2-matrix.  
 
The focus of this licentiate thesis is on oxidative dissolution of UO2 (as a model for 
spent nuclear fuel) induced by radiolysis of water and the inhibiting effect of H2 on 
this process. Rate constants for reactions between aqueous radiolysis products and 
solid UO2 are used in a model predicting the total effect of radiolysis on the 
dissolution of spent fuel.  
 
 
Radiation chemistry and radiolysis of water 
 
Energy transfer from (ionizing) radiation gives rise to chemical effects in the 
absorbing material. Ionizing radiation comprises different types of radiation; high-
energy charged particles (e.g. helium ions, protons, electrons and positrons) and 
electromagnetic radiation of short wavelength (e.g. X-rays, bremsstrahlung and γ-
radiation, λ ≤ 250 Å, Ephoton ≥ 50 eV [5]). A natural source for ionizing radiation is 
radioactive decay which emits α-, β- and/or γ-radiation. The α-particle is the nuclei of 
a helium atom He2+, β-particles are electrons or positrons and γ-radiation is electro-
magnetic radiation, i.e. photons.  
 
When ionizing radiation is absorbed, it transfers some of its energy to the electrons of 
the absorbing material [6]. Ionization of the atoms/molecules constituting the material 
occurs if sufficient energy is deposited. In most cases, the electrons ejected upon the 
first ionization, caused by a high energy particle or photon, have sufficient energy to 
cause secondary ionization of other atoms/molecules. In each consecutive interaction 
the kinetic energy of the new emitted electron (so called δ-ray) decreases. When the 
energy transfer is insufficient for ionization of the atom/molecule, the atom/molecule 
becomes excited instead. The excited atom/molecule fragmentates or returns to its 
ground state by emission of electromagnetic radiation.  
 
α-particles (as well as protons and other cations) are much heavier than electrons (or 
positrons). Therefore α-particles deflect very little when their coulomb fields interact 
with electrons of the absorbing material. β-particles (as well as accelerated electrons) 
will lose a large fraction of energy in each collision. The β-particle undergoes a wide-
angle deflection in the collisions and is scattered out of the incident beam path. The 
absence of charge and mass for γ-photons results in very little interaction with the 
absorbing material. Hence, when energy transfer occurs, γ-photons are completely 
absorbed in one or a few interactions, unlike heavy charged particles and electrons.  
 
The absorption of ionizing radiation leads to formation of spurs containing ionized or 
excited species. Depending on the type of radiation and energy, these spurs will be 
more sparsely or densely packed. Heavy charged particles with a given energy lose 
their energy in a short distance, giving rise to overlapping or closely located spurs. 
High-energy electrons of comparable energy interact with matter in the same way as 
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heavy particles. The electrons lose more energy in each interaction but travel a longer 
distance than heavy particles due to a longer distance between the interactions. The 
reason for this is that the velocity of the electron is much higher at comparable 
energies.  
 
The LET-value (Linear Energy Transfer) is defined as the energy absorbed in matter 
per unit path length traveled by a charged particle: 
LET = dEabs/dx 
The LET-value gives information about the average energy loss and also indirectly 
the density of spurs. The energy transferred to the absorbing material depends on the 
mass, charge and velocity of the particle as well as the electron density of the 
absorbing material. In table 1, LET-values for various radiation types in water are 
given. 
 
Table 1. Range in water, and average LET-values for different radiation types. [6] 
 

Radiation Energy 
(MeV) 

Maximum range 
(mm water) 

Average LET value in 
water (keV/µm) 

Fission Fragmenta 100 0.025 3300 
αa 1 0.0053 190 
 10 0.11 92 

Electrona 1 4.1 0.24 
 10 52 0.19 

γ (60Co) Eγ 1.20-1.30 x½ = 11.1 cm H2Ob - 
 

a mono-energetic accelerated particles 
b x½ denotes half-thickness value, i.e. half of the radiation is shielded. 
 
 
The radiation energy absorbed per unit mass is denoted absorbed dose, D: 
D = dEabs/dm 
The SI unit is Gray (Gy), 1 Gy = 1 J/kg 
The dose rate is absorbed dose per unit time. The SI unit is Gy/s. The absorbed dose 
is a measure of the energy transferred to the irradiated material that can cause 
chemical or physical change, as a direct consequence of the nature of the LET-values 
discussed above. The dose depends on the characteristics of the radiation field and on 
the composition of the material, i.e. its electron density.  
 
In radiation chemistry, the radiolytic yield is of vital importance. The radiation 
chemical yield is denoted the G-value, and defined as the number of molecules (x) 
changed (i.e. produced or consumed) per unit absorbed energy (mol/J).  
G(x) = x/Eabs 
The G-values of radicals and molecular products are strongly LET-dependent. The G-
values of molecular products increase with increasing LET at the expense of the 
radical yields. The G-values for radiolysis of water are given in table 2. 
 
Radiolysis of water produces reactive radicals and molecular species as OH•, H2O2 
(oxidants) and eaq

-, H•, H2 (reductants), figure 2. Secondary reactions will produce 
HO2

•, O2
- and O2. OH• is a strong one-electron oxidant while HO2

• is a moderately 
strong one-electron oxidant (E0=1.9 V and E0=0.79 V vs. NHE, respectively [7]). 
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Table 2. Product yields (µmol/J) in irradiated water [6].  
 

 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*

H2 + OH· + ·OH

·OH + H3O
+

H2O

eaq
-, H·, ·OH, H2, H2O2, H3O+

H2O+     +        e-

IonizationExcitation

Formation of molecular 
products in the spurs 
and diffusion of radicals 
out of the spurs

10-16 s

10-14 s

10-13 s

10-7 s

eaq
-

Time ScaleEvent

 
 
Figure 2. Reaction scheme of events and time scale for water radiolysis 
 
 
Solutes present in the solution can alter the final production of radicals. By adding 
solutes, production of desired radicals can be favored, i.e. an almost purely oxidizing 
or reducing environment can be obtained. A well-known system used to increase the 
yield of OH• is to saturate the solution with N2O. The solvated electron will be 
scavenged by N2O, producing OH• together with N2. Carbonate can also act as a 
scavenger for OH• producing CO3

•-. CO3
•- is, as OH•, a strong one-electron oxidant 

(E0=1.59 V vs. NHE [8]). Hence, in carbonate containing ground water the majority 
of OH• will be converted to CO3

•-. 
 
The spent nuclear fuel generates a complex radiation pattern (α, β and γ) with broad 
energy spectra. In contact with water the production of radicals and molecular 
products changes from predominantly molecular species close to the matrix to 
predominantly radicals further away from the fuel. The total production of radiolysis 
products will decrease with increasing distance from the fuel surface. This will give 
rise to concentration gradients of the radiolysis products. As can be seen in table 1, 
the range in water for each type of radiation (α, β and γ) differs considerably. In 
figure 3, the ranges are schematically shown. It should be pointed out that the ranges 
are not made to scales.  
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Figure 3. Schematics of the range for α-, β-, and γ-radiation and the total dose distribution from a 
spent nuclear pellet.  
 
 
Physical/crystallographic properties of UO2 
 
 

 
 
Figure 4. Unit cell of fluorite structure of UO2.  Uranium,  Oxygen,  cubic-coordinated empty 
sites (interstitial holes). [9] 
 
 
The UO2 phase (as well as ThO2 and PuO2) has cubic fluorite structure, where eight 
oxygen atoms surround every metal ion, see figure 4. In the lattice, a large number of 
interstitial sites are positioned. These sites can accommodate additional oxygen atoms 
without distorting the structure considerably. α-U3O7 (UO2.33) is the highest oxidation 
state of the fluorite structure range. Further oxidation to α-U3O8 (UO2.67), involves 
recrystallization to a more open orthorhombic structure and dissolution of UO2

2+ 
(uranyl ion). [3, 4]  
 
Absorption of radiation with energy equal to or higher than the band gap will raise the 
electron from the valence band to the conduction band within a semiconducting solid 
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material. A strongly reducing electron (e-) and a strongly oxidizing hole (h+) are 
formed. Charge carriers reaching the surface can undergo redox reaction with 
adsorbed species at the solid-liquid interface. Whether or not h+ and e- lead to 
oxidation and reduction once they reach the surface, depends on the redox potential of 
h+ and e- (a property of the semiconductor material) and on the species sorbed on the 
surface. If h+ and e- are not transferred to the surface or trapped by impurities in the 
lattice, they recombine and can not participate in chemical reactions. [10] 
 
In stoichiometrically pure UO2 the energy required for moving electrons from the 
occupied U 5f level (valence band) to the conduction band is ~ 1.1 eV. At room 
temperature the probability for this is extremely low. Ceramic fuel contains an excess 
of oxygen, due to oxidation of UO2 by O2, often present as interstitial O2- ions. 
Positive holes are created in the occupied U 5f band by oxidation of U(IV) to U(V) 
and/or U(VI) by O2 introduced into the matrix. However, the overall charge balance is 
maintained. These holes can migrate with an activation energy ~ 0.2 eV. The 
activation energy for electrical conductivity (≤ 0.3 eV) is the sum of two terms; one 
for hole ionization and the other for hole mobility. This activation energy is 
composition dependent. [3] 
 
Pure UO2 has p-type semiconductivity. Spent nuclear fuel, contains a large variety of 
radioactive elements that can change the original semiconductor p-type to n-type, the 
decay energy released can possibly raise electrons from the valance band to the 
conduction band and thereby influence the oxidation ability of spent fuel. The 
elements present can also act as traps for electrons and holes. However, the effect of 
impurities in UO2 (spent fuel) on dissolution is difficult to predict. If absorption of 
radiation energy within the spent fuel increases the number of electrons in the 
conduction band, these electrons may more easily be transferred to an oxidant and 
increase the rate of dissolution of spent fuel. 
 
 
Oxidation and dissolution of UO2 
 
The chemistry in the repository will be particularly complex and difficult to get a 
general view of. UO2 is almost insoluble in reducing ground waters [11] and the 
major part of the radionuclides should then be retained within the fuel. In Sweden, the 
ground water is oxygen free and reducing below a depth of 100-200 m, having a 
redox potential ranging between -200 and –300 mV vs. NHE. The water has a pH 
ranging from neutral to mildly alkaline [12]. The rate of dissolution is, however, 
strongly influenced by the chemical conditions. In an oxidizing environment, the 
solubility of UO2 (by oxidation of U(IV) to U(VI)) increases by several orders of 
magnitude. Radiolysis of water alters the otherwise reducing conditions in the 
repository by production of oxidants. The ground water composition, with 
complexing anions (as carbonate and phosphate) can accelerate the dissolution but 
also inhibit the process due to formation of secondary phases with low solubility. In 
this aspect the pH is also of great importance. Physical features, as grain 
size/structure, cracks in the UO2 matrix and surface in contact with water as well as 
temperature will affect the reaction rates as well as solubility.  
 
An overview of the oxidative dissolution is shown in figure 5. Radiation from spent 
fuel in contact with ground water will radiolyse water, forming radicals and molecular 
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species. The product distribution is not homogenous and concentration gradients will 
arise. The radiolysis products can react with the spent fuel and oxidize UO2 to soluble 
UO2

2+. Since carbonate is present in the ground water, the dissolution of UO2
2+ will 

be enhanced and also fission products and actinides can be released.  
 

γ

β

α

Radiation

Spent nuclear
fuel

UO2

Fission
products Oxidation

Radiolysis

H2O → H2O
+ + e-

H2O → H2O
*

      OH•
      e-

aq

→    H•
      H2O2

      H2

Dissolution
UO2

2+
(aq)

Fission products

 
 
Figure 5. Schematics of emitted radiation from spent nuclear fuel, water radiolysis and oxidative 
dissolution of spent nuclear fuel. 
 
 
Inhibition of spent nuclear fuel dissolution by H2 
 
When the shielding copper canister fails, anoxic ground water will come in contact 
with the innermost cast iron. Anaerobic corrosion of the canister will start, producing 
H2 according to reaction 1 [12]: 
 
Fe + 2H2O  Fe(OH)2 + H2    (1) 
 
The Schikorr reaction (2) occurs at temperatures above 50-60°C, where ferrous 
hydroxide transforms into magnetite:  
 
3Fe(OH)2  Fe3O4 + 2H2O + H2  (2) 
 
giving the overall reaction 3:  
 
3Fe + 4H2O  Fe3O4 + 4H2   (3) 
 
The production of H2 due to corrosion of the cast iron together with the radiolytically 
produced reductants eaq

-, H• and H2 will provide an overall reducing environment. The 
possible inhibiting effect of H2 on dissolution of spent nuclear fuel is unknown. One 
obvious effect of increased levels of H2 is the reaction with OH•, which inevitably 
will suppress the production of radiolytical oxidants (reaction 4): 
 
OH• + H2  H2O + H•    (4) 
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k298 K = 4×107 M-1 s-1 (pH=5) [13] 
 
Thermodynamically, H2 can reduce UO2

2+ to UO2. The question is if this reaction 
proceeds at a significant rate in the absence of a catalyst.  
 
The reduction of UO2

2+ was first studied in the 1950’s as a stage in the production of 
nuclear fuel. In Yugoslavia the precipitation technique was used in a plant. Carbonate 
solutions were used for leaching of U(VI) from ores. These solutions were treated 
with H2 (pH2=6-20 bar) at 100-200°C in the presence of a catalyst. Cobalt, platinum 
and nickel were used as catalysts. Later it was suggested that UO2 was itself an 
excellent catalyst. [14]  
 
Consequently, there are at least two ways by which H2 can inhibit dissolution of spent 
fuel: (1) inhibition of oxidants by their reaction with H2 in a protecting step and (2) 
reduction of already dissolved UO2

2+ to UO2 in a repairing step.  
 
 
Rate constants for oxidation of UO2 by H2O2 and other oxidants have been 
determined and a mechanism proposed. The relative efficiency (per electron) of one- 
and two-electron oxidants in causing dissolution of UO2 has been investigated. The 
effect of carbonate on the dissolution rate has also been studied. In autoclave 
experiments, the rate constant for UO2

2+ reduction by H2 (p ~ 40 bar) has been 
determined as well as the activation energy for the reaction. The dissolution of UO2 
under influence of radiolysis has been modeled using MAKSIMA-CHEMIST, a 
program for mass action kinetics simulation [15]. The experimentally derived rate 
constants in this study have been used in the program, the effects of H2 and carbonate 
on the dissolution have been given special focus. The outcome of the modeling has 
been compared to experimental data derived elsewhere [16, 17].  
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Experimental 
 
The UO2 powder was supplied from Westinghouse Atom AB. Chemicals and gases 
used were of purest grade available from Lancaster, Perstorp AB, Merck, Alfa, BDH 
and AGA. Millipore Milli-Q filtered water was used throughout. 
 
Kinetic studies. 
The UO2 powder used in this work has a specific area of 5.85 m2/g given by BET 
measurements (Micromeritics Flow Sorb II 2300; He/N2, 70/30). The powder was 
washed 1 time with 10 mM NaHCO3 and 3 times with water in order to remove U(VI) 
from the surface. The suspensions (18-20 ml) were purged with Ar throughout the 
experiments and stirred by a magnetic stirrer. The sample volume taken for analysis 
was approximately 2 ml. Prior to analysis, the solution was filtered (pore size 
0.20 µm) to stop the reaction and to clear the solution. The experimental conditions 
for the different oxidants are shown in table 3. 
 
Table 3 
Experimental conditions 
 

Oxidant Initial Conc.  
(mM) 

Amount of UO2 
(mg) 

Volume 
(ml) 

Wavelength  
(nm) 

IrCl6
2- 0.1 10-80 20 488 

MnO4
- 0.1 40-80 20 525 

H2O2 3-9 20-200 18 360a 

Fe(EDTA)- 0.1 20-80 20 257 
 
a I3

- has been used as indicator of the H2O2 concentration according to the reactions: 
H2O2 + 2H+ + 2I-    2H2O + I2 
I2 + I-    I3

- 
 
 
The oxidant concentrations were measured by UV/visible spectroscopy (Jasco V-530 
UV/VIS-Spectrophotometer). Both Fe(EDTA)2- and Fe(EDTA)- absorbs at 257 nm. 
The difference in molar extinction coefficients, εFe(EDTA)- = 9572 M-1 cm-1 and 
εFe(EDTA)2- = 13007 M-1 cm-1, for the two complexes was used to quantify the 
consumption of Fe(EDTA)-. The H2O2 concentration of was measured by UV/visible 
spectroscopy. The H2O2 solutions were protected from light during the experiments. 
We used I3

- as “indicator” for analysis of H2O2 concentration at 360 nm where I3
- 

absorbs (reaction 5 and 6).  
 
H2O2 + 2H+ + 2I-    2H2O + I2  (5) 
 
I2 + I-    I3

-     (6) 
 
The sample was mixed with 100 µl of solution A2 and 100 µl of solution B3 and water 
to a total volume of 2 ml. Using this method, µM concentrations of H2O2 are 
detectable. Detailed information about the I3

- method can be found in reference [18-
20]. 
 

                                                           
2 Solution A: 1 M KI 
3 Solution B: 1 M HAc/NaAc, a few drops of 3 % (NH4)2Mo2O7 (ADM), total solution volume100 ml 
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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 concen-
tration as in the subsequent experiments (1, 10 and 100 mM, respectively). The uranyl 
concentration in these samples was measured using a Scintrex UA-3 Uranium 
Analyser [21].  
 
Mechanistic studies  
Two methods have been used to investigate if any free OH• are formed in the reaction 
between UO2 and H2O2: (1) Chemiluminescence (CL) and (2) spectrophotometrical 
detection of indigo carmine.  
 
The chemiluminescence method for detection of OH• has been described in detail 
elsewhere [22]. In summary a trace amount of phthalhydrazide is added to the 
reaction solution. Phthalhydrazide is non-chemiluminescent but upon reaction with 
OH• forms a readily detected chemiluminescent product. It should be noted that other 
strong one-electron oxidants do not produce a chemiluminescent product upon 
reaction with phthalhydrazide. When using this method samples from a suspension of 
UO2 (60 mg), H2O2 (4.5 mM) and phthalhydrazide (0.5 mM) purged with Ar were 
taken at time intervals. The samples were filtered (pore size 0.20 µm) and mixed with 
reagents given in [22] and finally analyzed by a BioOrbit 1250 luminometer. A 
reference solution without UO2 was analyzed in the same way as described above. 
 
In the second method a suspension of UO2 (40 mg), H2O2 (~2 mM) and indigo 
carmine (5×10-5 M) purged with Ar was used. Whereas indigo carmine has a strong 
absorption band at 610 nm 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 in the CL-method. A reference solution was also used in this reaction 
system. 
 
One- and two-electron oxidants – a mechanistic study 
All experiments were performed using aqueous suspensions of UO2 powder (0.2 g 
powder in 20 ml). The suspensions were stirred with a magnetic stirrer. In 
experiments using H2O2 and IrCl6

2-, controlled amounts of the oxidants were added to 
Ar-purged aqueous suspensions and the suspensions were left until all oxidant was 
consumed (reaction time based on kinetic data obtained for the carbonate free systems 
described above). The carbonate concentration in these experiments was 10 mM in 
order to facilitate dissolution of the oxidation product. In the experiments using CO3

•- 
and OH• as oxidants, the suspensions were continuously irradiated in a 60Co γ-source 
with dose rate 0.062 Gy/s. The suspensions were purged with N2O to convert the 
solvated electron, eaq

-, to OH• and thereby increase the yield (G-value) to 
5.6×10-7 mol/J. CO3

•- was generated in solutions containing 0.05 M HCO3
- (OH• + 

HCO3
-  H2O + CO3

•-). When studying the reactivity of OH•, carbonate free 
suspensions were used. The total amount of oxidant produced in these experiments 
was controlled by the irradiation time. Prior to the H2O2-, IrCl6

2-- and CO3
•--

experiments, the powder was washed 5 times with 10 mM NaHCO3 in order to 
remove U(VI) from the surface. Prior to the OH•-experiments, the powder was 
washed 4 times with 10 mM NaHCO3 and 3 times with water. Before analysis, the 
solution was filtered (pore size 0.20 µm) to remove solid UO2 particles from the 
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solution. The UO2
2+ concentration was measured using a Scintrex UA-3 Uranium 

Analyser. For each experiment a reference experiment with identical conditions (and 
time) but without added oxidant or exposure to radiation was performed. The 
dissolution rates in the background experiments were found to be significant. The data 
from of these experiments were used for background correction.  
 
H2 experiments 
The reaction solutions were prepared using uranyl nitrate, UO2(NO3)26H2O and 
carbonate, the gases used were H2, Ar and Ar containing 5% O2. The reaction vessel 
used was specially manufactured for these experiments (Métro Mesures). The vessel 
consists of a thermostated stainless steel autoclave with an internal vessel made of 
polyether ether ketone (PEEK). PEEK is used for all details and surfaces in direct 
contact with the reaction solution in order to minimize catalytic effects of the vessel 
itself. The volume of the PEEK vessel is 2 dm3. The vessel is also equipped with a 
stirrer and inlet and outlet tubes for pressurizing and sampling. Schematics of the 
reaction vessel are given in figure 6. 
 

 
Figure 6. Schematics of reaction vessel for H2 reduction of UO2

2+. 
 
 
All experiments were carried out at gas pressure ~40 bar and temperature interval 74-
100°C (~80°C is the predicted the maximum temperature in the repository when the 
spent fuel is deposited). The solution was heated to the desired temperature, and 
purged with Ar for a period of 24 h before the experiment started unless otherwise 
stated. The initial concentration of UO2(NO3)2 was 2-3 ppm. The uranyl concentration 
was measured using a Scintrex UA-3 Uranium Analyser. 
 
Methods used for implications on spent fuel dissolution 
Numerical simulations were performed using MAKSIMA-CHEMIST. The 
homogeneous reaction rate constants for radiolysis of water were taken from [23]. 
The rate constants used for the surface reactions are given in table 4. The following 
simple approach is developed to account for the heterogeneous processes on the UO2 
surface:  
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The system is divided into two reaction volumes, the first being limited by the α-
particle range and the second constituting the bulk. Only reactions occurring in the α-
region are accounted for in this work. The surface reactions, including dissolution, are 
accounted for. This is done by treating the surface as a homogenous concentration of 
reactive sites in the reaction volume.4 To compensate for the artificial homogeneous 
distribution of reactive sites in the reaction volume, the rate constants for all surface 
reactions are weighted on the basis of average lifetime in solution (t½=ln2/(Σkici))5. 
The lifetime is used to calculate the average distance that a certain reactant can move 
before reacting (x=(2Dt1/2)0.5).[24] The ratio between the calculated distance and the 
α-particle range (~34 µm) gives the weight factor by which the rate constant is 
multiplied. 
 
Table 4. Rate constants used in the numerical simulations (k*). Data collected from [25] unless 
otherwise stated. 
 
Reaction (pure water) Weight k (M-1 s-1) k* (M-1 s-1) 
OH•+UO2 
OH•+UO2

+ 
0.017 
0.017 

1.0×1010 

1.0×1010 
1.7×108 

1.7×108 
eaq

- + UO2
2+ 

eaq
- + UO2

+ 
0.012 
0.012 

1.0×1010[23] 
1.0×1010[23] 

1.2×108 
1.2×108 

H2O2 + UO2 1 1.33 1.33 
O2 + UO2 0.136 7.0×10-3 9.5×10-4 
H2 + UO2

2+ 1 1.4×10-5[26] 1.4×10-5 
HO2

• + UO2 0.136 32.9 4.5 
UO2

2+
(surf)  UO2

2+
(aq) 1 1.6×10-4 1.6×10-4 

    
Reaction (10 mM CO3

2-) Weight k (M-1 s-1) k* (M-1 s-1) 
OH•+UO2 
OH•+UO2

+ 
4×10-4 
4×10-4 

1.0×1010 

1.0×1010 
4×106 

4×106 
CO3

•- + UO2 
CO3

•- + UO2
+ 

8×10-3 

8×10-3 
1.0×1010 

1.0×1010 
8×107 

8×107 
eaq

- + UO2
2+ 

eaq
- + UO2

+ 
1.1×10-4 

1.1×10-4 
1.0×1010[23] 
1.0×1010[23] 

1.1×106 

1.1×106 
H2O2 + UO2 1 1.33 1.33 
O2 + UO2 1 7.0×10-3 7.0×10-3 
H2 + UO2

2+ 1 1.4×10-5[26] 1.4×10-5 
HO2

• + UO2 0.021 32.9 0.69 
UO2

2+
(surf) + CO3

2-  dissolution 1 0.33 0.33 
 

                                                           
4 By using BET data and the radius for molecular UO2 the number of sites is calculated. rUO2=2.99 Å.  
 
5 For a given reactant undergoing n possible homogeneous reactions the average half-life in solution is 
given by  

∑
=

= n

i
ii ck

t

1

½
2ln

 

where ki is the rate constant for the i:th reaction and ci the concentration of the i:th reactant.  
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The rationale for this is that only reactive species formed in the vicinity of the surface 
will be able to actually react with the surface. Hence, without the weight factor, the 
theoretical conversion of the surface to homogeneously distributed reactive sites 
would overestimate the influence of very reactive species. Diffusion of products from 
the α-region into the bulk was accounted for by a first order process with a rate 
constant of 1.08×10-5 s-1. 
 
The geometrical α-, β- and γ-dose distributions were estimated using the method 
described in [27]. The dose distributions in the α-region were found to be 0.008, 0.09 
and 1.7×10-7 Gy/s for α, β and γ, respectively. The G-values used in the simulations 
are given in table 5.  
 
Table 5. G-values for radiolysis of water (molecules/100 eV). 
 

 H2O H2 H• eaq
- H2O2 HO2

• OH• H+ 
G(α) [28] -2.71 1.3 0.21 0.06 0.985 0.22 0.24 0.06 
G(β,γ)[6] -4.15 0.45 0.60 2.70 0.704 0.026 2.70 2.70 
G(α+β)a -4.03 0.52 0.57 2.48 0.73 0.04 2.50 2.48 

 

a Weighted G-value (based on the relative α- and β-dose rates) used in the simulations. 
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Results and Discussion 
 
Oxidative dissolution of UO2 
 
A key-question is whether or not oxidation by primary radiolysis products and other 
oxidants formed in the repository can increase the dissolution rate of the UO2 matrix? 
OH•, HO2

• and CO3
•- are one-electron oxidants and H2O2 and O2 on the other hand 

can act both as one- and two-electron oxidants. The differences in reduction potential 
between the radical and molecular oxidants as well as differences in possible reaction 
mechanisms are of vital importance for the understanding of radiolytically induced 
UO2-dissolution. To quantitatively describe the effect of an oxidation process on the 
dissolution of UO2, the rate constant as well as the efficiency of the reaction must be 
taken into account.  
 
Kinetic studies 
 
In the kinetic studies underlying this thesis, available reaction sites on the UO2 surface 
is assumed to be in excess compared to the oxidant. Hence, the reactions can, at least 
initially, be treated as being pseudo first order. 
 
Oxidation of UO2 by H2O2. 
In figure 7 the concentration of H2O2 is given as a function of time. The reactivity of 
H2O2 follows first order kinetics when the amount of UO2 is varied between 50-
200 mg/18 ml in absence of carbonate. The second order rate constant can be obtained 
from the slope (8×10-7 m/min) in figure 8 where the pseudo first order rate constant, 
k1 (min-1) is plotted against the solid surface area/total solution volume ratio, 
S/V (m-1). The second order rate constants, k, for all oxidants studied in this work are 
presented in table 6. 
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Figure 7. Concentration of H2O2 as a function of reaction time (mUO2 ~ 100 mg). 
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Figure 8. Pseudo first order rate constants plotted against surface/volume ratio. 
 
 
Table 6 
One electron reduction potentials, E0, and measured and estimated (italics) second order rate constants, 
k, for the reaction between UO2 and various oxidants in the absence of carbonate. 
 

E0 (V) Rate Const. k (m/min) ln k Oxidant 
0.8665[29] 4.60×10-5 -9.99 IrCl6

2- 
0.576[29] 2.72×10-6 -12.81 MnO4

- 
0.46[7] 8.05×10-7 -14.03 H2O2 
0.13b 6.20×10-8 -16.60 Fe(EDTA)- 

    
1.9[7] 4.28×10-1 -0.85 OH• 

1.59[8] 2.64×10-2 -3.63 CO3
•- 

0.79[7] 1.99×10-5 -10.82 HO2
• 

-0.15[7] 4.26×10-9 -19.27 O2 
 

b Measured by cyclic voltammetry 
 
 
Interestingly, when a small amount of UO2 is used (20 mg), the reactivity of H2O2 
follows zeroth order kinetics with respect to H2O2. However, in the presence of 0.1 M 
NaHCO3, the kinetics is drastically changed as can be seen in figure 9. The reaction 
becomes significantly faster and the kinetics appears now as first order. The rationale 
for this is probably that, at low S/V ratio and in the absence of HCO3

-, dissolution of 
UO2

2+ is the rate limiting step rather than the reaction with H2O2. Carbonate increases 
the solubility of UO2

2+ [30], shifting the rate limiting step from dissolution to the 
redox reaction between H2O2 and UO2. Shoesmith [31] has observed 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 H2O2 decomposition. At higher S/V ratio the small 
fraction of UO2

2+
(surf) does not affect the kinetics significantly.  
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Figure 9. Concentration of H2O2 as a function of reaction time (●UO2 23 mg, 0.1 M HCO3

- and □ UO2 
18 mg, no carbonate). 
 
 
Parallel measurements of H2O2 consumption and [UO2

2+] as a function of carbonate 
concentration have been performed. The results are shown in figures 10 and 11. From 
these studies it is obvious that the rate of H2O2 consumption as well as the initial rate 
of UO2

2+ dissolution increase with increasing HCO3
- concentration. The final 

concentrations of UO2
2+ in solution are not in agreement with the initial concentration 

of H2O2, which is consistent with the results from de Pablo et al. [32]. This can 
probably be attributed to the formation of secondary phases [31]. Consequently, a 
direct comparison of the kinetics for H2O2 consumption and UO2 dissolution is not 
possible without knowledge about the kinetics for precipitation of secondary phases. 
Shoesmith has shown that for carbonate in the concentration range (10-3 to 10-1 M), 
HCO3

-/CO3
2- is kinetically involved via the formation of surface intermediates in the 

dissolution process [31].  
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Figure 10. Concentration of uranyl as a function of reaction time. (♦ UO2 51 mg, 100 mM HCO3

-; 
■ UO2 51 mg, 10 mM HCO3

-; ▲ UO2 52 mg, 1 mM HCO3
- and ○ UO2 100 mg, no carbonate) 
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To further elucidate the effect of carbonate we performed numerical modeling of the 
following reaction system, (reaction 7-9):6  
 
UO2 + H2O2  UO2

2+
(surf)   (7) 

 
UO2

2+
(surf) + HCO3

-  UO2
2+

(aq) + UO2 (8) 
 
UO2

2+
(aq)  UO2(X)(s)    (9)7 

 
The experimental results were quantitatively reproduced when using a k8/k7 ratio of 
0.25. Experimental and numerical results are given in figure 11. 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.  
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Figure 11. Concentration of H2O2 as a function of reaction time at two different carbonate 
concentrations. (■ UO2 51 mg, 100 mM HCO3

-; ● UO2 52 mg, 10 mM HCO3
-, ― UO2 50 mg, 100 mM 

HCO3
- (numerical modeling according to reaction (7-9)) and - - - UO2 50 mg, HCO3

- 10 mM 
(numerical modeling according to reaction (7-9)). 
 
 
In the case of H2O2 two possible redox reactions with UO2 should be considered, one-
electron oxidation (reaction 10) and two-electron oxidation (reaction 11): 
 
H2O2 + UO2  UO2

+ + OH- + OH•  (10) 
 
H2O2 + UO2  UO2

2+ + 2OH-  (11) 
 

                                                           
6 In the numerical modeling of this system, the rate constant for reaction 7 must be based on reaction 
sites rather than on the surface/volume ratio. As the number of sites per m2 is unknown for this system 
we have chosen an arbitrary number and, by trial and error, optimized the system to fit the 
experimental results. Consequently, the absolute values of k7 and k8 are arbitrary numbers. However, 
the ratio between k7 and k8 has significance. k9 has no effect on the modeling. 
7 UO2(X)(s) denotes a solid uranyl phase 
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The experiments aimed at measuring the formation of OH• in the reaction between 
UO2 and H2O2 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• suggest that the reaction is a two-
electron process. However, it cannot be ruled out that the reaction is a slow one-
electron transfer followed by a rapid consecutive one-electron transfer.  
 
It should be noted that, in aqueous solutions containing H2O2 and HCO3

-, peroxy-
monocarbonate (HCO4

-) is formed [33]. The reactivity of peroxymonocarbonate 
towards UO2 is not known but judging from the redox properties, it should be very 
similar to that of H2O2. 
 
Oxidation of UO2 by other oxidants. 
To gain more information about the mechanism for UO2 oxidation we performed 
experiments using other oxidants than H2O2. Two of the oxidants, IrCl6

2- and 
Fe(EDTA)-, are pure one-electron oxidants while the remaining oxidant, MnO4

-, can 
act both as one- and two-electron oxidant (as can H2O2). In table 6, the oxidants and 
their one-electron reduction potentials are listed along with the observed second order 
rate constants for oxidation of UO2. As can be seen, the strongest oxidant, IrCl6

2-, 
reacts most rapidly with UO2 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 ln k for each oxidation reaction with UO2 against the one-electron 
reduction potential, E0, of the oxidant (figure 12) we obtain a very good linear 
correlation indicating that linear free energy relationships are applicable also to this 
type of surface reaction (i.e., ln k ∝ ∆G0 ∝ ∆E0) [10]. 
 
The linear relationship also indicates that the rate limiting step is a one-electron 
transfer.  
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Figure 12. The logarithm of the second order rate constant, ln k, for oxidation of UO2 plotted against 
the one-electron reduction potential of the oxidant, E0. The dashed line represents diffusion limit. 
● experimental data and □ values estimated from the linear relationship between ln k and E0. (1. OH•, 
2. CO3

•-, 3. IrCl6
2-, 4. HO2

•, 5. MnO4
-, 6. H2O2, 7. Fe(EDTA)- and 8. O2) 
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Hence, a plausible mechanism for the reaction between UO2 and H2O2 is a slow one-
electron transfer step producing U(V) and OH• (reaction 12) followed by a very rapid 
reduction of OH• to OH-. This mechanism has previously been proposed by Nicol and 
Needes as quoted by Shoesmith et al. [3]. The U(V) can either be oxidized directly to 
U(VI) by OH• or undergo disproportionation with another U(V) in the matrix 
producing U(IV) and U(VI) (reaction 13 and reaction 14-18 in the next section). The 
primary step is analogous to the Fenton reaction. 
 
UO2 + H2O2    UO2

+
(surf) + OH• + OH-  (12) 

 
UO2

+
(surf) + UO2

+
(surf)    UO2

2+
(surf) + UO2  (13) 

 
If we allow ourselves to extrapolate the linear relationship established in figure 12 we 
can predict the rate constant for oxidation of UO2 by OH•. The predicted rate constant 
(see table 6) is almost six orders of magnitude higher than the rate constant observed 
for the reaction between H2O2 and UO2. The rate constant predicted for the reaction 
between CO3

•- and UO2 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 approximately 10-3 m/min (ln k = -6.5) [24]8. Hence, the rate of 
oxidation by OH• and CO3

•- should be strictly limited by diffusion, i.e. the rate 
constant should be identical for both oxidants (~10-3 m/min). Consequently, OH• 
formed at the UO2 surface upon one-electron reduction of H2O2 is expected to react 
instantly with the UO2 matrix.  
 
We have also predicted the reactivity of HO2

• and O2 towards UO2. Interestingly, the 
H2O2 reduction is ∼190 times faster than the predicted O2 reduction on UO2, which is 
in very good agreement with experimental observations by Shoesmith et al. [34].  
 
If we compare the estimated rate constant for diffusion limited reactions, e.g. OH• 
reduction with that for H2O2 reduction on UO2, OH• reacts 1.5×103 times faster than 
H2O2. According to Christensen and Bjergbakke [35] the k [OH•]/k [H2O2] ratio is 
4×106 which is ∼2500 times faster than our results indicate. The diffusion limit is 
considerably lower for heterogeneous systems than for homogeneous counterparts.  
 
Dissolution of UO2 by one- and two-electron oxidants 
 
Although the rate of oxidation appears to depend solely on the one-electron reduction 
potential of the oxidant, the rate of dissolution follows a more complex pattern. To 
quantitatively describe the effect of the oxidation process on the dissolution of UO2, 
the rate constant as well as the efficiency of the reaction must be taken into account. 
                                                           
8 The equation that have been used for calculating the diffusion controlled rate is:  

particleUOOH

particleUOOHB
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η

 

where  rUO2-particle = UO2 particle radius, 8 µm 
rH2O2 = 2.5 Å 
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The mechanism for oxidative dissolution is expected to differ between one- and two-
electron oxidants according to the following scheme in figure 13. 
 
 

 
Figure 13. Oxidative dissolution of UO2 by one- and two-
electron oxidants  

 
 
 
Proposed oxidation mechanisms for 
one-electron oxidants (14-16): 
 
U(IV)surf + 1-e- ox → U(V)surf + 1-e- red (14) 

U(V)surf + U(V)surf → U(IV)surf + U(VI)surf (15) 

U(V)surf + 1-e- ox → U(VI)surf + 1-e- red (16) 

 

Dissolution (17): 
U(VI)surf → U(VI)aq (17) 

 

Proposed oxidation mechanisms for 
two-electron oxidants (18): 
U(IV)surf + 2-e- ox → U(VI)surf + 2-e- red (18) 

 
 
 

 
 
Assuming U(VI) to be the only soluble species we can expect that one-electron 
oxidants are less efficient (per electron pair) than two-electron oxidants in dissolving 
the UO2-matrix. The main reason for this is that a solid-phase disproportionation 
process is required for the production of the soluble species (reaction 15). Another 
possibility of forming U(VI) would be if two one-electron oxidants react at the same 
site (reaction 14 and 16), however, the probability for this should be rather low 
considering the relatively low concentrations of radicals close to the UO2 surface.  
 
We have studied the yield of oxidative UO2 dissolution (per electron pair) for H2O2 
(two-electron oxidant), IrCl6

2-, CO3
•- and OH• (one-electron oxidants). The 

dissolution yields at different concentrations of H2O2 and IrCl6
2- are illustrated in 

figure 14.  
 
The dissolution yields are calculated per electron pair according to equation 19 and 20 
for one-and two-electron oxidants, respectively.  
 

]oxidant 1e[
]U[2

oxidant) (1e Yield
−

− = aq    (19) 
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]oxidant 2e[
]U[

oxidant) (2e Yield
−

− = aq    (20) 

 
Figure 14 reveal some interesting information. Clearly, the dissolution yield per 
electron pair for the one-electron oxidant IrCl62- is significantly lower than that for the 
two-electron oxidant H2O2 at oxidant concentrations below 0.2 mM. The difference in 
yield between the one- and two-electron oxidants supports the theory that U(VI) is the 
main soluble species. The decrease in yield at low one-electron oxidant concentration 
shows that disproportionation of surface bound U(V) is a slow process. This is not 
surprising given the low electrical conductivity of UO2 (O:U = 2.01, 2000 Ω cm) [36]. 
With increasing oxidant concentration, the probability of two one-electron oxidants 
reacting at the same site increases and the degree of disproportonation is also 
facilitated. This is a probable explanation for the increased dissolution yields at higher 
oxidant concentrations.  
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Figure 14. Oxidative UO2-dissolution yields as a function of oxidant concentration (  H2O2 and 

 IrCl6
2- in 10 mM HCO3

-). 
 
 
Another interesting observation is that the maximum dissolution yield for H2O2 under 
the conditions used in this work is approximately 80%. The limited yield could be due 
to catalytic decomposition of H2O2 to H2O and O2 on the UO2 surface. Further studies 
to resolve this issue is underway.  
 
As can be seen in table 7, the dissolution yields for the radiolytically produced one-
electron oxidants (CO3

•- and OH•) also increase with increasing amount of oxidant. 
The dissolution yields for OH• are very low which is to be expected given the high 
reactivity of this radical towards other solutes and the slow dissolution of U(VI) in 
carbonate free systems.  
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Table 7. Irradiation times, total oxidant concentrations produced, concentrations of dissolved U(VI) 
and dissolution yield per electron pair. 
 
Irradiation time (min) Oxidant/Tot. Conc. (mM) [U]aq (mM) Yield (%) 

10 CO3
•-/0.021 0.0031 30 

20 CO3
•-/0.042 0.0138 66 

30 CO3
•-/0.063 0.0249 79 

40 CO3
•-/0.084 0.0392 94 

60 CO3
•-/0.13 0.07 107 

120 CO3
•-/0.25 0.15 118 

180 CO3
•-/0.38 0.25 132 

240 CO3
•-/0.50 0.36 144 

5 OH•/0.011 - - 
10 OH•/0.021 3.6 x 10-4 1.65 
15 OH•/0.033 5.4 x 10-4 1.65 
20 OH•/0.042 1.03 x 10-3 2.35 

 
 
More surprising are the results for CO3

•- where the dissolution yield increases to 
levels above 100% (based on the CO3

•- production). However, this can probably be 
attributed to additional UO2 oxidation by radiolytically produced H2O2. Given the 
irradiation times and the kinetics for UO2 oxidation by H2O2, the impact of this 
reaction should be somewhat delayed compared to the CO3

•- reaction. This apparent 
increase is linearly dependent on the dose (irradiation time) and can be corrected for 
(see figure 15). 
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Figure 15. Dissolution yield as a function of CO3

•- concentration (  measured and  corrected) 
 
 
The dissolution yields for OH• are very low; this can possibly be explained by the low 
solubility of UO2

2+ in absence of carbonate. However, there is a tendency of increased 
yields with longer irradiation times. The experiment was designed to avoid saturation 
of oxidized U(VI) on the surface, this being plausible when carbonate is not present.  
 



 23

Reduction of UO2
2+ by H2 

 
The Swedish groundwater contains ~ 2 mM carbonate [37], therefore this carbonate 
concentration is used in our experiments on H2 reduction of UO2

2+. Under these 
conditions the predominating U(VI)-species is UO2(CO3)3

4- [30]. In figure 16, the 
uranyl concentration is plotted as a function of reaction time at four different 
temperatures. The initial UO2

2+ concentration is ~ 2.5 ppm. In contrast to the 
conclusions of previous studies, H2 appears to reduce the U(VI) concentration also in 
the absence of a catalyst. Furthermore, the process displays a strong temperature 
dependence. The reactivity of uranyl follows first order kinetics, which is most 
obvious at the highest temperature, figure 16.  
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Figure 16. The concentration of U(VI) as a function of time at pH2 ~40 bar.  T=74°C,  T=83°C, 

 T=89°C, ▲ T=100°C 
 
 
A black solid product was observed at the bottom of the vessel after reaction with H2. 
To identify this product we performed an experiment using a solution containing 
about 300 ppm uranyl and 20 mM NaHCO3. The black solid product formed was 
isolated, dried and analyzed by X-ray powder diffraction. The diffraction pattern is 
presented in figure 17. Clearly, the diffraction pattern of the product matches the lines 
for UO2. However, the UO2 produced in the reduction of uranyl by H2 appears to be 
amorphous to some extent.  
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Figure 17. X-ray powder diffraction pattern for the black product formed upon reduction of uranyl by 
H2 compared to the expected lines for UO2. 
 
 
The first order rate constant at each temperature is divided by the H2 concentration to 
obtain the second order rate constant, table 8. The logarithm of the second order rate 
constant is plotted against the inverted temperature according to the Arrhenius 
equation (21-22): 
 
k = Ae-Ea/RT   (21) 
 
ln k = -Ea/RT + lnA  (22) 
 
Table 8. Measured first order rate constants and calculated second order rate constants, k9, for the 
reaction between H2 and UO2

2+ at different temperatures.   
 

k[U(VI)] (h-1) k[U(VI)]/[H2] (M-1 h-1) ln k 1/T (K-1) 
5.01×10-4 1.52×10-2 -4.19 2.88×10-3 
3.40×10-3 1.03×10-2 -2.27 2.81×10-3 
4.55×10-3 1.38×10-1 -1.98 2.76×10-3 
1.17×10-2 3.55×10-1 -1.03 2.68×10-3 

 
 
The activation energy for this reaction is calculated from the slope of the Arrhenius 
plot (figure 18) to be 130±24 kJ mol-1, and the rate constant is k298K= 3.6×10-9 M-1 s-1. 
By using the Eyring equation10, the activation enthalpy, ∆H‡, and the activation 
entropy, ∆S‡, can be established. For the reaction studied, ∆H‡= 126 kJ mol-1 and 
∆S‡=16.5 J mol-1 K-1.  
                                                           
9 At pH2=39 bar, and T=373.15 K the mol fraction of dissolved H2 in water is determined to be 
0.000595 [38]. Since the temperature interval is relatively small (348-373°K), the mol fraction is set to 
be constant, which should not affect the calculations considerably [39]. The hydrogen pressure in the 
experiments is fluctuating between 39-42 bar. Assuming that the amount dissolved hydrogen is small 
compared to the mole fraction dissolved water: [H2]aq = 0.033 M 

10 The Eyring equation: RT
GBRT

H
R

SB e
h
Tk

ee
h
Tk

k
‡‡‡ ∆−∆−∆

×=××=  
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Figure 18. Arrhenius plot for the reaction between H2 and UO2

2+.  
 
 
The activation energy for the same reaction using nickel as a catalyst is 41 kJ mol-1 
[40]. The uranyl and carbonate concentrations used in these experiments were 100 
and 1000 times higher than in this work, respectively. The UO2 precipitation was 
studied at pH2=27 atm and a temperature interval 121-177°C. The reaction time 
needed for complete reduction of UO2

2+ was less than one hour. However, there is a 
considerable difference between the two activation energies, which can be explained 
by the absence of a catalyst in our study. Forward and Halpern showed that without a 
catalyst, no reduction would occur. The time scale for their rate measurements was 
less than four hours, which obviously was too short a time to see any decrease in 
UO2

2+ concentration. Storage of spent fuel will last for a considerably longer time and 
it is therefore necessary to study this reaction for longer periods. It should be noted 
that Bunji and Zogović [41] concluded that freshly precipitated UO2 worked very well 
as a catalyst. However, dried precipitation product (UO2) did not show any catalytic 
effect. The catalytic reactions were found to be of first order with respect to catalyst 
surface area and H2 pressure and zero order with respect to UO2

2+ concentration. 
Forward and Halpern believed that the reason why the precipitation rate was 
independent of UO2

2+ concentration was that the catalytic surface became saturated 
with adsorbed UO2

2+ at the experimental conditions used.  
 
In our experiments it is obvious that the concentration of UO2

2+ decreased despite the 
absence of a catalyst, figure 16. To asses the possible catalytic capacity of the reaction 
vessel material, PEEK, we performed an experiment in the presence of PEEK powder. 
In this experiment the PEEK surface exposed to the solution was 20 times higher than 
in the previous experiments. The rate of UO2

2+ reduction was not significantly 
affected by the increased PEEK surface. Hence, we could conclude that PEEK has no 
catalytic activity on this process.  
 
The effect of O2 on UO2

2+ reduction has also been studied. The solution was purged 
with Ar containing 5% O2 for 24 hours before pressurizing with H2. The effect of 
adding O2 initially was very clear. No decrease in UO2

2+ concentration over a period 
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of almost 1000 hours was observed. From this we can conclude that O2 effectively 
inhibits the reduction process of UO2

2+ by H2. 
 
Implications on spent fuel dissolution 
 
Given the complex nature of the spent nuclear fuel dissolution process, encompassing 
radiolysis and surface reactions as well as dissolution and homogeneous reactions of a 
large number of species, it is essential to perform numerical simulations on the system 
to verify kinetic and mechanistic data. In numerous studies, spent fuel and radio-
nuclide doped UO2 have been used to address this issue [16, 17]. The main problem 
with these studies is that these systems are far too complex to draw conclusions 
concerning the reactivity of individual radiolysis products. This being a prerequisite 
for reliable theoretical modeling and long-term predictions of spent fuel dissolution.  
 
In this study, the dissolution of UO2 under the influence of radiolysis has been 
modeled using MAKSIMA-CHEMIST [15]. The effects of H2 and carbonate on the 
dissolution rate have been given particular attention. The rate constants for the 
reactions between the different radiolysis products (radicals and molecular products) 
and UO2 as well as the rates of dissolution used in this study are taken from the 
experiments described above. The rate constant for the reaction between H2 and 
UO2

2+ (producing UO2) is also taken from own experiments described above.  
 
The results of the modeling are compared to experimental data from spent fuel 
leaching experiments performed under various conditions [16, 17]. The dose rates and 
the geometrical dose distributions employed in the modeling are derived from the 
spent fuel leaching studies taking the inventory into account.  
 
The results from a simulation on spent fuel dissolution in aqueous solution containing 
10 mM HCO3

- are presented along with some experimental data in figure 19. 
Interestingly, the amount of dissolved U(VI) obtained from the simulation only differs 
with a factor of three from the experimental results. The amount of H2 released from 
the system as obtained from the simulation agrees with the experimental observations 
within a factor of two. The agreement between the simulations and the experiments is 
surprisingly good given the assumptions on which the model is based and the 
uncertainties of the experiments. Hence, reliable modeling of spent fuel dissolution 
appears to be within reach.  
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Figure 19. U(VI)-release as a function of time from simulation and experiments, 10 mM HCO3

- 
(  simulation,  experimental, ○ experimental, ∆ experimental) [16, 17] 
 
 
Simulations of spent fuel dissolution in pure water dramatically overestimate the 
release of U(VI) as compared to experimental results. The main reason for this is that 
solubility is not accounted for in the simulations. However, given the good agreement 
between simulated and experimental H2-release, it is possible to make some 
qualitative predictions concerning the reactivity of spent fuel in pure water. The 
simulated H2-release in a system where UO2 is excluded is a factor of 100 lower than 
for the above mentioned systems. The oxidants produced by radiolysis in the UO2 
containing system react with both the UO2 surface and H2, and thereby causing a 
higher H2-release compared to the system without UO2. The higher H2-realease could 
serve as an indication that UO2 is oxidized and dissolved to the same extent given by 
the simulation. Due to low solubility, U(VI) will precipitate and form secondary 
phases. Hence, the release of fission products and actinides will not be insignificant. 
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The effect of H2 on spent fuel dissolution has been extensively debated during the past 
years. In figure 20, the U(VI)-release is plotted as a function of time for a system with 
carbonate (10 mM HCO3

-) where the initial H2-pressure is 40 atm and a system with 
no initial H2 pressure. As can be seen, U(VI)-release is suppressed by a factor of 25 
when an initial H2-pressure of 40 atm is applied. One of the key-questions here is to 
what extent H2-reduction of U(VI) is responsible for the inhibiting effect. Simulations 
were performed with and without this reaction in the reaction scheme included. The 
difference between data from these two cases is very small and the contribution from 
the reduction reaction can be estimated to about 5% of the total effect of H2. 
Consequently, the main effect of H2 is the reaction with OH• that significantly lowers 
the total yield of radiolytic oxidants. 
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Figure 20. U(VI)-release as a function of time for a system with 10 mM HCO3

- and an initial H2-
pressure of 40 atm ( ) and a system with 10 mM HCO3

- and no initial H2-pressure ( ). 
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Conclusions 
 
A linear relationship between the logarithm of the second order rate constant, ln k, for 
oxidation of UO2 and the one electron reduction potential, E0, for the oxidant has been 
established, indicating that the rate limiting step in oxidation of UO2 is a one-electron 
transfer. The rate of UO2 oxidation by OH• and CO3•- is limited by diffusion.  
 
The dissolution yield for one-electron oxidants is strongly dependent on the amount of 
oxidant (especially at low amounts). This is not the case for two-electron oxidants. 
The difference between the two types of oxidants indicates that strong one-electron 
oxidants may be less harmful from a spent fuel dissolution point of view than a less 
potent two-electron oxidant at low concentrations.  
 
The reduction of UO2

2+ by H2 to form UO2 proceeds in the absence of a catalyst. The 
reaction is inhibited by the presence of O2.  
 
It is possible to simulate (using MAKSIMA-CHEMIST) the effects of radiolysis on 
UO2-dissolution employing the kinetic data obtained for the different radiolysis 
products of water. The inhibiting effect of H2 on UO2-dissolution is clearly 
demonstrated by the simulations. The main inhibiting effect of H2 is the protecting 
reaction with OH• rather than the repairing reduction of UO2

2+ back to UO2.  
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