
A Kinetic Model of UO2 Dissolution in Acid, H202 Solutions 
That Includes Uranium Peroxide Hydrate Precipitation 

L. E. EARY and L. M. CATHLES 

Laboratory experiments have been carried out to determine the dissolution kinetics of UO2 in the 
UOa-HzO2-SO4-H20 system under conditions similar to those which occur during acid in situ leaching 
of sandstone uranium deposits. UO2 dissolution proceeds by an electrochemical reaction at the UO2 
surface. Sulfate ions adsorb onto the UO2 surface and reduce the rate of UO2 dissolution by blocking 
sites of potential oxidation. UO~ § precipitates as insoluble uranium peroxide hydrate (UO4 " XH,,O), 
and under even moderate pH conditions can greatly reduce the UO2 dissolution rate. The overall UO: 
dissolution (including UO4 �9 XH20 precipitation) can be usefully described by a simple kinetic model 
that considers dissolution and precipitation to be independent processes. The model has the advantage 
that the dissolution rate at a given temperature is a function only of solution composition and UO_, 
surface area. The chemical model can thus be easily combined with fluid flow models to obtain a full 
chemical-physical model of the leaching of uranium ore in a column experiment or in situ. 

I. INTRODUCTION 

SANDSTONE uranium deposits constitute the largest 
source of low-cost uranium reserves in the United States. 
The richest and most accessible deposits have been, or 
are, being mined by conventional open pit or underground 
methods. However, direct recovery of uranium from low 
grade sandstone deposits by in situ leaching is a viable 
alternative to conventional methods of uranium mining that 
is presently being used to recover uranium from roll front 
deposits in Wyoming and south Texas. 

Knowledge of the chemistry and kinetics of UO2 dissolu- 
tion is necessary if in situ leaching processes are to be 
understood and optimized, and could provide a basis for 
design and optimization of acid vat leaching of uraninite 
concentrate. This paper reports the results of initial rate 
experiments designed to determine the dissolution rate 
of UO2 in acid solutions containing H,_O2 and conditions 
similar to those expected in an acid in situ leach operation 
(Table I). An expression is derived that gives the rate of UO2 
leaching as a function of H202 and total sulfate concentra- 
tions and pH. The mechanism of UO2 dissolution is described. 
UO2 dissolution by H202 is a particularly interesting process 
because, even at low pH conditions, a uranium peroxide 
hydrate (UO4" XH20) forms on the uraninite grains, and 
this precipitation affects the dissolution kinetics. The mathe- 
matical model derived from the experiments takes into ac- 
count the effects of uranium peroxidehydrate precipitation 
on UO2 dissolution kinetics, and is consistent with the ex- 
periments and theories of heterogeneous reaction kinetics. 

The mechanisms of reactions in heterogeneous systems, 
including the UO2 dissolution reaction considered in this 
paper, often involve a similar series of steps: 

"(1) adsorption of fluid species onto surface, 
(2) reaction of adsorbed species among themselves or with 
the surface atoms, and 
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(3) desorption of product species." (Lasaga-') 

Interactions at the oxide-water interface have been described 
in general by Parks 3 and Davis. 4 First a hydroxylatcd surface 
can be expected to form on any metal oxide in an aqueous 
environment and can be represented as shown in reaction [1] 
for the UO2 surface. The symbols 0,-05 represent the fraction 
of the oxide surface present as the indicated surface species. 
S indicates the surface. 

S--UO2 + H20 = S - - - O U / O H  [1] 

01 02 \ O H  

The hydroxylated surface may develop a charge due to 
amphoteric protonation or dissociation of the adsorbed 
hydroxyl groups. Protonation, reaction [2], is much more 
likely at the low pH values used in the dissolution experi- 
ments (Table I). The zero point of charge for UO2 has 
been shown to occur at pH values of 4.5 to 6.0 (Maroto 5 
and Parks6). 

S _ _ O U / O H  + H ~ = S___OU/OH 

\ O H  \ O H ;  
O2 O3 

[2] 

Furthermore, anions, A -, present in solution adsorb onto the 
oxide surface. Anions may adsorb either to charged sites as 
indicated by reaction [3], or possibly, to 0, sites. 

S - - -<)U/OH + A-  = S - - O U / O H  [3] 

\OH~ \OH2A 
03 04 

Adsorption of anions which do not contribute to the oxida- 
tion of UO2, or do not desorb easily, will slow the oxidation 
reaction by competing with reactants for active oxida- 
tion sites. 

In this paper it is proposed that UO2 dissolution proceeds 
by the following series of steps. First, H202 molecules are 
adsorbed onto the UO2 surface forming a surface peroxide 
complex. H202 may adsorb directly at 0, sites as shown by 
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Table I. Comparison of the Chemical Conditions of Our 
Experiments to Those of an Acid in situ Leach Operation 

(from Tweetonl). The Compositional Ranges Reported 
by Tweeton, j et al (1978) Reflect a 140-Day Period 

of Solution Injection and Recovery. 

Acid in situ 
Leach Experiments in 

Conditions This Study 

temperature 11 to 16 ~ 25 to 50 ~ 
pressure up to 15 bars 1 bar 
H,O, injection 2 X 10 -6 to 1 x 10 6 to 

concentration 3 • 10-4M 1 x 10--'M 

pH 5.5 to 1.4 4.8 to 1.2 
SO4 2000 to 7700 ppm 0 to 6000 ppm 
UO~- 30 to 300 ppm 1 ppb to 60 ppm 

reaction [4] or at othcr sites 02, 03, or 04 after displacement 
of the other adsorbed species. 

K~q 
S - - U O 2  + H202 -:- S - - U O 2 - - H 2 0 2  [4] 

01 05 

By analogy with other adsorption reactions it is expected 
that reaction [4] will take place quickly and reversibly in 
equilibrium with the surrounding solution (Lasaga2). The 
concentration of surface peroxide complexes is given by: 

05 = 0,K~q[H20:] [5] 

Oxidation of UO2 occurs at surface peroxide complexes 
by an electrochemical mechanism. The mechanism involves 
the simultaneous anodic oxidation of UO2 and cathodic re- 
duction of H202 at surface complexes on the UO2-surface 
interface. Nicol and Needes 7"8 have established that the 
dissolution of UO2 in the presence of chemical oxidants 
involves an electrochemical mechanism. The reaction at the 
surface is: 

S - - U O 2 - - t t 2 0 2  

k' [UO.,---~UOi" + 2 e -  ] 
= ~ UO~" + 2OH 

(slow) [H202 t 2e- -+ 2OH-J (fast) - 

05 Reaction at surface. Dissociation from 
surface. 

[61 

The surface reaction involves the transfer of two electrons 
from UO2 to H.,O2 in the surface peroxide complex. This 
electron transfer step is the slow step of the overall reaction 
and has rate constant k ' .  The products of the oxidation- 
reduction step are expected to dissociate quickly from the 
surface as indicated by the second step of reaction [6]. 
Steady state is assumed for this desorption step. Since the 
surface reaction is expected to be the slowest step, then 
using Eq. [5] the rate of this slow step and of the overall 
reaction is given by Eq. [7]: 

rate = k'01Keq[U202] [7] 

We expect the oxidation of uraninite to be described by an 
equation of the form of Eq. [7], provided uranium does not 
precipitate from solution. The formation of a uranium per- 

oxide hydrate precipitant on UO2 grains was reported by 
Amell and Langmuir 9 in two dissolution experiments in- 
volving H202 solutions. 

II .  E X P E R I M E N T A L  

Uranium dioxide for dissolution experiments was ob- 
tained in 15 gram sintered pellets from the Westinghouse 
Corporation, Cheswick, Pennsylvania. Initial X-ray analy- 
sis indicated the material was stoichiometric UO2 with unit 
cell length, a = 5.470,~ (Gronvoldm). 

Before dissolution experiments began, the UO2 pellets 
were crashed to particle size of 0.25 to 1.19 mm in di- 
ameter. The UO2 grains were recrystallized in a Barnes ~ 
type rocking autoclave for two days at 300 ~ in 0.5 M 
NaHCO3 solution with a methane atmosphere, and then 
cooled over seven days to 100 ~ This process minimized 
factors that could affect solubility such as surface energy 
and surface preoxidation. Surface areas of the recrystallized 
grains were measured in two 25 gram batches by the 
Micromeritics Materials Analysis Laboratory, Norcross, 
Georgia, using krypton gas adsorption and BET calculation. 
The specific surface areas of  the two samples were: 
75 cm2/g -+0.45 pct and 58 cm2/g -+0.40 pct. 

The total surface area of UO2 grains used in dissolution 
experiments ranged from 25 to 50 cm 2. For experiments 
with low H202 concentrations (10  6 to 105 M) larger surface 
areas of 40 to 50 c m  2 were  used to increase the amount of 
uranium dissolved. 

Dissolved uranium concentrations were determined by 
the fluorimetric method. ~2 Hydrogen peroxide deter- 
minations were made by a colorimetric method. 13 Hydrogen 
ion activity was measured with a combination ptI-reference 
electrode and pH meter. 

Experiments were done in the system shown in Figure 1. 
Uraninite grains were sandwiched between two porous 
screens and placed on a platform in 1000 ml glass kettles. 
Gas tight adapters for the sampling tube, thcrmocouple 
(or pH electrode), N2 inlet-outlet, and a separatory funnel 
were fitted into the top cap of the reaction kettle. An atmo- 
sphere of N2 gas was used in the kettle to provide a non- 
oxidizing medium above the leaching solutions. The kettles 
were immersed up to the top cap in a temperature bath. 

A magnetic stirrer driven by a water line from a sub- 
mersible water pump was mounted below the kettle to rotate 
a stir bar within the kettle. Stirring speed could be controlled 
by adjusting the flow rate in the water lines leading to the 
magnetic stirrers. Adjustment, however, was qualitative and 
could only be described as none, very slow, medium slow, 
medium, or fast. The stir bar induced circulation through a 
set of plexiglass fins attached tangentially about the UO2 
grain platform within the kettle. 

The pH of run solutions was adjusted by adding con- 
centrated HCI dropwise until the starting pH value was 
reached. At low uranyl concentration (l ppb to 60 ppm) 
and low chloride concentrations (less than 0.06 M in our 
experiments) chloride complcxing does not appreciably 
increase UO2 solubility (Smith and Martelp4). 

Dissolution rates were determined in the following man- 
ner: Five milliliters of leaching solution were drawn from 
the reaction kettle to rinse the sampling tubes and discarded. 
Solution samples, 10 ml each, were then drawn out and 
analyzed. Plots were made of total mg of UO2 dissolved vs 
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Fig. 1 - -  Exper imenta l  sys tem.  
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time (hours). If  a plot indicated a linear relationship, the 
dissolution rate was determined from the slope of the line. 
Slopes were determined by linear regressions of the plotted 
data. These slopes were then divided by the surface area, 
cm 2, of the UOz grains reacted in that particular experiment, 
by the concentration of H202 in solution, g / cm 3, and by the 
ratio of the molecular weight of UO2 to the molecular weight 
of H202 (a)  to obtain the mass transfer coefficient of the 
oxidation reaction, r. Note that the rate of dissolution of 
UO2 in g /cm 2 per second is just the product of r, the concen- 
tration of H202 in solution in g /cm 3, and the ratio of the 
molecular weight of UO2 to the molecular weight of H202. 
Plots of mg UO2 dissolved vs time that were nonlinear 
because of uranium peroxide hydrate precipitation were 
treated in a different manner and are discussed in detail in 
a later section. 

I I I .  RESULTS 

Before UO2 + H202 dissolution experiments began it was 
determined that H202 decomposition in the reaction system 
was not important until temperatures of greater than 55 ~ 
were reached. 

In the course of experimentation it was found that pH 
strongly affected UO2 dissolution rate when raised above a 
certain value that depended on the HzO2 concentration of the 
leaching solution. This was due to the precipitation of ura- 
nium peroxide hydrate on the surface of the UO2 grains. 
Below the critical pH value for any one H202 concentration, 
dissolution rate was independent of  pH. Experiments 

directed at determining the effect of stirring speed, tem- 
perature, H202 and sulfate concentration were conducted at 
pH and H202 concentrations in the region of pH independent 
dissolution. These experiments are discussed below in the 
section subtitled "pH Independent Dissolution." in a second 
section, "pH Dependent Dissolution," uranium peroxide hy- 
drate precipitation is discussed. 

A. pH Independent Dissolution 

The dependence of the mass transfer coefficient on stirring 
rate was first measured. The effects of stirring a 1.0 x 10 -2 
M H202, pH = 1.5 solution is shown in Figure 2. Figure 2 
shows measurements of the mass transfer coefficient are 
independent of stirring speed for stirring speeds greater than 
"medium." This independence suggests that at stirring rates 

greater than medium the dissolution reaction at the UO2 
surface is the rate controlling process, not solution mass 
transfer. This suggestion is independently confirmed by two 
further observations: (1) Assuming an aqueous diffusion 
constant of 2 • 10 s cm per second for H~O2, an unreason- 
ably large aqueous boundary layer of  1.0 cm thickness 
would be required to explain the 0.15 x 10 .4 cm per second 
mass transfer coefficient of Figure 2. (2) The morphology 
(etch patterns) of  leached UO2 grains indicates surface rate 
control, not aqueous diffusion control. (Etch patterns are 
discussed below.) Subsequent dissolution experiments were 
conducted with a "fast" stirring speed. 

Next, the dependence of the mass transfer coefficient on 
HzOz concentration was determined by measuring initial 
dissolution rates for nine H202 concentrations at 25 ~ 
H202 concentrations ranged from 10 -6 to 10 -2 M. All other 
variables were held constant. Four to eight runs, lasting 5 to 
23.5 hours each, were completed at each of the nine H202 
concentrations. For each HzO2 concentration the calculated 
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Fig. 2--  Mass transfer coefficient of H202, r, as a function of stirring speed 
in the reaction kettle at 25 ~ H202 concentration = 1 x 10 -2 M. 
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dissolution rates were arithmetically averaged to give a 
mean rate for each concentration and a standard deviation 
about the mean. The data are plotted in Figure 3. The figure 
shows a linear dependence between the dissolution rate of 
UO2 and H202 concentration (slope = 1.01 -+-0.10). Thus, 
the mass transfer coefficient is independent of H,_O2 concen- 
tration. The best fit value of the mass transfer coefficient is: 

r = (17.8 -+ 2.0)/[(3600)(MWHz%)(ot)] 

that is: 

r = 1.8 x 10-Scm/sec [8] 

where 3600 is the number of seconds in one hour. 
Figure 4 shows the mass transfer coefficient has an activa- 

tion energy of 27.4 ---2.3 kJ/mole (6.6 -+0.6 kcal/mole) 
and that the activation energy is independent of H202 con- 
centration for the temperature range, 25 to 50 ~ 

These experiments establish that UO2 dissolution rate can 
be described by a simple mass transfer coefficient. It should 
be noted, this is true only in cases where dissolution rates 
were found to be independent of pH. Increasing the pH of 
the leaching solution to conditions of uranium peroxide 
hydrate precipitation had the effect of decreasing the 
dissolution rate, as does the presence of sulfate in the leach- 
ing solution. 

In acid in situ leaching sulfate is the most important 
complexing ligand for aqueous uranyl ion (Langmuir ~s and 
Smith and Martell~4). Two complexes are important: 

VOW* -t- SO42- -- U02(S04)  ~ 

and 

u o ,  > + 2so - = 

The effect of total sulfate on UO2 dissolution rate was 
measured for two H202 concentrations, 1 x 10 .3 and 
5 x 10 4 M, at five ratios of sulfate to bisulfate. Five 
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Fig. 3 - -  Dissolution rate (mg UOz/cmZ/h) as a function of H2()2 concen- 
tration (M) at 25 ~ 
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stant (8.3144 J / d e g / m o l e  = 1.987 ca l / deg /mole ) .  

ratios were examined: 5, 2, 1, 0.5, and 0.25. The typical 
effect of total sulfate concentration on UO2 dissolution 
rate is shown in Figure 5 for three ratios: 5, 1, and 
0.25 (1 • 10 -3 M H202). It is apparent that the presence of 
sulfate in concentrations of 10 to 2000 ppm causes about a 
60 pct decrease in the mass transfer coefficient of H202, 
regardless of the sulfate to bisulfate ratio. Addition of more 
sulfate up to 6000 ppm did not result in significant further 
decrease in the dissolution rate. 

The mass transfer coefficient can be corrected for the 
presence of sulfate by modifying Eq. [8]: 

r~ = (1.10 x 10 -5 ) exp -:~s~176176 + 0.70 x 10 -5 [9] 

where ~SO4 is total sulfate and has units of ppm. 
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Fig. 5 - - M a s s  transfer coefficient of H2Oz, as a function of total sulfate 
concentration (ppm). 
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Reduction of r in the presence of sulfate, Eq. [9], can be 
simply related to the reaction mechanism discussed in the 
introduction. The proportion of sites available for oxidation, 
0~, is influenced by the fraction of sites blocked by anion 
adsorption (reaction [3]). The decrease in active sites occurs 
rapidly with initial increase of total sulfate in solution. At 
sulfate concentrations above 2000 ppm the anion sites 
on the UO2 surface are effectively saturated and the de- 
crease in dissolution rate levels out (Figure 5). Evidently, 
03 sites comprise about 60 pct of all potential 0~ sites. The 
dissolution model outlined in Eqs. [4] to [7] is supported by 
the presence of a well-developed pattern of etching on the 
surface of leached UO2 grains (Figure 6). It has been shown 
by Berner 16 that dissolution reactions which produce etch 
patterns are commonly surface controlled processes. Sur- 
face controlled dissolution occurs primarily at sites of excess 
surface energy (dislocations, defects, etc.) which are more 
susceptible to attack by solutions. Greater susceptibility of 
some areas on a grain in comparison to other areas results in 
etch patterns because dislocations and defects are often 
oriented with respect to the crystallographic axes of a min- 
eral (BemerJ6). 

Close examination of many grains from our experiments 
indicates that initial leaching results in a polygonal set of 
etch grooves. With more leaching polygonally shaped pits 
form; the material originally outlined by the grooves has 
been dissolved. Small square shaped pits are commonly 
observed dispersed about the surface as well. This consistent 
etch pattern provides clear evidence that dissolution of UO2 
in H202 solutions is a surface controlled process. 

The activation energy determined here, 27.2 k J/mole, for 
the dissolution reaction does not provide strong evidence of 
a surface controlled process. An activation energy of this 
magnitude would normally suggest a transport controlled 
process (Lasaga2). But the activation energy of a dissolution 
reaction reflects the cumulative size of the energy barrier of 
all the steps involved in the reaction. Dissolution, overall, 
involves adsorption of H.~O2 onto the surface, reaction at the 
surface, and desorption of products away from the surface. 
The activation energy of the combined steps can be de- 
scribed by: 

E = H~d~ + E' [10] 

where Hads is the heat of adsorption of H.,O2 onto the UOz 
surface, and E' is the activation energy of the surface reac- 
tion (Lasaga2). A large negative heat of adsorption will 
catalyze the reaction by reducing the overall activation en- 
ergy, E, of the reaction. Data on Had~ of H202 onto UO2 are 
not available, but such a catalyzation is reasonable. Thus, a 
low E value is reasonable for this surface controlled reaction 
and need not indicate a process controlled by the rate of 
aqueous transport. 

B. pH Dependent Dissolution 

The effect of hydrogen ion activity on dissolution rate was 
examined at five H202 concentrations over the range 10 -4 tO 
10 -z M in sulfate free solutions. Above a critical pH value 
characteristic of the H202 concentration, initial dissolution 
rates show a marked decrease as the pH of the leaching 
solution is raised. Dissolution rates decreased with in- 
creasing pH past the critical value for all H202 concen- 
trations examined. Figure 7 shows the results obtained for 
5 • 10 -4 M H202. These results are typical. Figure 7 shows 
that an increase in pH produces a marked deviation from 
the linear kinetics at low pH (shown as the solid line in 
Figure 7). Experiments indicated dissolution rate continues 
to slow as leaching continues and that the decrease in leach 
rate is more pronounced and occurs at lower pH when the 
H202 concentration is greater. 

Visual and SEM examination of the grains leached in 
these experiments reveal the presence of a yellow raised 
layer of precipitate on the UO2 grain surface. X-ray analysis 
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Fig. 7--Effect of pH on UO2 dissolution. Solid line represents mean pH 
independent dissolution rate for 5 • 10 4 M H202 measured in solutions 
with pH less than 3.2. 
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of precipitate covered grains indicated the precipitate to be 
a mixture of uranium peroxide hydrates, UO4" X U 2 0 ,  
X -- 2 or 4 (Debetsl7). 

Figure 8 summarizes the pH-H202 conditions for precipi- 
tate formation. Whenever UO4" XH20 precipitate was 
formed in experiments, dissolution rates were found to be 
decreased from the values expected for pH independent 
dissolution (Eq. [8]) for sulfate free solutions. Figure 8 indi- 
cates the lowest pH at which the effects of precipitation were 
observed. A linear relationship was determined, empiri- 
cally, between pH and H202 concentration to describe the 
conditions of UO4 �9 X U 2 0  formation and is shown by the 
solid line in Figure 8. Precipitate forms above the line in 
Figure 8, and in this pH-H202 region UO2 dissolution rate is 
pH dependent. Below the line, no precipitate is formed, and 
the dissolution rate is pH independent and can be described 
by Eq. [8]. The effect of sulfate on dissolution rate for 
conditions of precipitate formation were not examined; a 
significant effect is not anticipated. 

Uranium peroxide hydrate precipitation from the leaching 
solutions could not be predicted by an equilibrium calcu- 
lation because thermodynamic data for the two and four 
hydrate are not available. The low effective solubility of 
UO4" XH20 is well known. H202 is used to precipitate 
uranium from solution in hydrometallurgical processes 
(Brown 18 and Merrit ~9) and in the laboratory (Watt 2~ and 
Amell and Langmuirg). Precipitation occurs according to the 
following reaction (Brown~8): 

WO 2+ ~- H202 + X H 2 0  = UO4 �9 X H 2 0  -q- 2H + [11] 

where "X" is equal to two or four. Reaction [ 11] is consis- 
tent with experimental observations in that either an increase 
in pH or H202 concentration favor precipitation (Figure 8). 

From experimental evidence it is clear that UO4 �9 XH20 
precipitation results in a net decrease in the rate of UO2 
dissolution due to the removal of uranium from solution. A 
model describing UO2 dissolution rate in H202 solutions 
must at least incorporate a term to describe this precipitation 
of UO~ + from solution that takes place within the stability 
region of UO4" XH20. The simplest model assumes the 
precipitate does not interfere with the leaching rate. This 
model (Eq. [12]) has two parts. The first term, Ra, repre- 
sents the rate of dissolution of UO2. The second term rep- 
resents the precipitation of UO 2+ from solution. 

R = R~ - (B/[H+] N) (C - Csat) [12] 

O 
If) 

"r" 
O.. 

" ~., 50 2. O0 2. 50 3, O0 3, 50 4. O0 
-LOG. (H202 CONC,) CM1 

Fig. 8--Experimentally determined pH-H202 conditions of precipitate 
formation. 
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R is the net rate (mg U O J c m  2 per hour) of leaching of U O 2 ;  

both dissolution and precipitation are taken into account. 
The dissolution term is simply related to the mass transfer 
coefficient: 

Rd = r[H202] (~) (3600) (MWn~o:) [13] 

where r is given by Eq. [8]. The number of seconds in one 
hour, 3600, a,  and MWH2o2 convert the dissolution rate 
units, g / cm 2 per second to the experimental units, mg 
U O 2 / c m  2 per hour. 

In the precipi tat ion term, C is the concentrat ion 
(mg/liter) of UO~ + in solution, Csa, is the saturation concen- 
tration (mg/liter) of UO 2+ with respect to UO4 �9 X H 2 0  pre- 
cipitation, at known H202 concentration and pH. B is a 
constant, [H +] is the hydrogen ion concentration (mg/liter), 
[H202] is the H202 concentration in molarity, and N is a 
constant (dimensionless). Both N and B are determined 
from experimental data. 

The precipitation term postulates, as suggested by reac- 
tion [11 ], that the rate of UO 2+ precipitation as UO4 �9 X H 2 0  
is inversely proportional to H + concentration to the power 
N. Precipitation occurs only when the solution is saturated 
or supersaturated with respect to UO4 �9 XH20. When the 
solution is not saturated: 

R = Ra [14] 

It can be demonstrated that Eq. [12] works well when 
UO4" XH20 precipitation occurs by integrating [12] with 
respect to time, and comparing the calculated UO 2+ concen- 
tration as a function of time to those measured in dissolution 
experiments. First, write R as its equivalent in terms of 
concentration change with time: 

,~ = (de~at)(V~,) /S)  [15] 

V,~ is the volume (liter) of solution in the reaction vessel at 
time t (hours). V~,~ is best described as a stepwise function of 
time. Volume is constant between sampling times but must 
be corrected to a new volume each time a sample is with- 
drawn from,the kettle. S is the surface area (cm 2) of UO2 
leached in the experiment and is assumed to remain constant 
for the duration of an experiment. Second, for convenience, 
a new constant, a*, is defined as: 

a* = B/[H+] u = constant [16] 

Equation [16] assumes pH does not change appreciably dur- 
ing dissolution. Experimental measurements verify this 
assumption. Substituting [15] and [16] into [12] and sepa- 
rating the variables gives Eq. [17], which can be integrated 
from Csa, to C and from t~a,, the time of saturation, to t: 

f ( d C ) / ( R a  - a *  ( C  - C~a,)) = S (dt)/V(t) [17] 
sat sat 

Before integrating [17] an assumption will be made in re- 
gards to tsat based upon experimental observations. In ex- 
periments conducted in the region of UO4 �9 XH20 stability 
it was evident that precipitation occurred very near the start 
of leaching. There was no observable induction period for 
UO4 �9 XH20 precipitation. Time of saturation, tsar, is there- 
fore set  equal to zero and t is taken to be equal to the 
sampling times measured from the start of the experiment. 
For similar reasons C~at is considered small in comparison 
to C and is taken to be equal to zero. Integration of [17] 
now gives: 
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C = ( R a / a * ) ( 1 . O  - e x p ( a * S T , ) )  [18] 

In [18], T,, is the integrated time function for the volume of 
leaching solution. At a particular sampling time, t,,, "/~, can 
be expressed as:  

T, -: ~ .  dt/V{,, = ~ (ti - t, , ) / (Vo - (i - 1)Av) [19] 
0 i - I  

where n is equal to the total number of samples of sample 
size kv  withdrawn from the reaction vessel. V0 is the initial 
volume of solution in the reaction kettle. The sum substi- 
tutes for the initial integral because the volume is constant 
between sample withdrawals. We are interested only in the 
times at which samples are taken out and solution com- 
positions measured. 

Equation 118] predicts how the concentration, C, of UO~+ 
in solution should vary with time in solutions where 
UO4 " XH20 saturation is reached, in order to test predic- 
tions from Eq. [18], experimental data of concentrations of 
UO~ +. measured at progressive times, were fit to an equa- 
tion of the form of [181. This was done using a Newton- 
Raphson method to make the best least squares fit to the 
dissolution data. The Newton-Raphson method adjusts val- 
ues of a*, the only unknown factor in Eq. [18], in a manner 
to minimize deviation between the experimental data and a 
curve of the form of Eq. [ 181. Curves generated in this way 
match experimental data well overall, although the model 
curves do not closely match experimental points in all cases. 
Two comparisons of theoretical curves from Eq. [18] and 
measured experimental data are shown in Figures 9 and 10. 

Now the value of N ,  the dependence of the precipitation 
reaction on H'  concentration, can be determined by exam- 
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shown (solid lines) are generated from Eq. [18]. 

ining the dependence of a* on H '  concentration. Values 
of a* are generated by the Newton-Raphson method of 
curve fitting of the dissolution rate data to Eq. [18]. N is 
then determined by plotting In(a*) vs ln[H']  as shown in 
Figure 11. From Eq. [16] the relationship is given by: 

In(a*) = In(B) - N ln[H']  [20] 

A plot of In (a*) against [H ' ]  will have slope - N  and 
intercept of In (B). 

In Figure 11 each line represents a least squares fit 
of In (a*) against In [H ' ]  for one H202 concentration. 
The slopes are nearly equal for H20, concentrations of 
1 x 10-" M(N = 1.87), 5 • 10 4 M ( N  = 1.99), and 
1 x 10 -3 M(N = 2.08), lines (1), (2), and (3). The slopes 
are also similar for the low pH parts of the curves for 
5 • 10 -3M(N = 1.87) and 1 x 10 -2M(N = 2.05),lines 
(4) and (5). Overall, the 5 x 10 -3 and 1 x 10 -2 M H202 
data, dashed lines (6) and (7), appear to have much steeper 
slopes of N = 2.96 and N = 2.80, respectively. We con- 
clude that armoring by precipitate in these cases is sufficient 
to slow significantly the rate of UO2 leaching by blocking 
H202 from reaching the UO2 surface, thus stopping the dis- 
solution reaction from taking place. Armoring leads to an 
apparent high order dependence on pH. In these cases of 
complete armoring, the assumption that leaching and pre- 
cipitation are independent processes cannot be considered 
valid, and Eq. [12] cannot be used. This breakdown of 
the model is not significant from a practical point of view 
because the rate of UO2 dissolution is very small under 
conditions where armoring is complete. 
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The slopes determined from Eq. [20] clearly indicate N is 
close to 2. The initial precipitation of UO4 �9 XH20 is in- 
versely proportional to the square of H" concentration. This 
is consistent with the stoichiometry of reaction [11]. 

The rate constant B in Eq. [12] is determined from the 
intercept values, In (B), from the plots of In (a*) against 
In [H*] from Eq. [20]. In order to determine/3, the data 
were refit to lines with slopes taken exactly equal to - 2 . 0  
by a least squares procedure. These fitted lines yield values 
of B for the five H202 concentrations at which dissolution- 
precipitation rates were measured. The relationship is log- 
linear. B is given as a function of H202 concentration by: 

B = {(10.9 -+ 1.1) x 103}[H202] 23"~176 [21] 

A rate equation describing UO2 dissolution for solution 
conditions of UO4 �9 X H 2 0  precipitation, at 25 ~ can now 
be formulated using the empirically derived expressions for 
the constants, N and B. The rate equation, in the form of 
Eq. [12] is expressed as: 

R = Rd -- {(10.9 -- 1.1) X 103 } 

x [H202123~~ 2[UO]" ]/[H* ] 2 [22] 

where Rd is given by Eq. [13]. Equation [22] predicts how 
dissolution rate is affected by pH, H.~O2 concentration, and 
UO~ + concentration in solutions saturated with respect to 
UO4 " X H z O .  

Since it is of interest to know the accuracy of the predicted 
leach rate very well, a crosscheck of Eq. [22] was made by 
fitting third-order polynomials to the experimental data, 
mg UO2 dissolved per cm 2 at time t. This was done using a 
least squares method of curve fitting to a polynomial. The 
derivatives of the fit polynomials with respect to time give 
the dissolution rate at any particular time for a particular set 
of experimental data. This rate was checked against rates 
calculated by Eq. [22] for pH, H202, and UO~' concentra- 
tions at that time. The points in Figure 12 represent rates 
calculated by the polynomial time derivatives, and the solid 
lines are rates calculated from Eq. [22]. Figure 12 is a plot 
of dissolution rate for 5 x 10 -4 M 11202 as a function of 
UO~* concentration, C, for a range of pH values. Rates 
calculated from the polynomial derivatives are within the 
error limits calculated from Eq. [22]. Figure 12 also illus- 
trates the rapid decrease in dissolution rate which occurs as 
pH is raised in solutions precipitating UO4 �9 XH20. 

The simple model proposed in Eqs. [12] and [141 that 
assumes precipitation does not interfere with dissolution can 
be further tested. If valid, the dissolution rate should in- 
crease dramatically if leach conditions are changed from pH 
dependent conditions that cause UO4 �9 XH20 precipitation 
to conditions in which UO, �9 XH20 is not precipitated. Fig- 
ure 13 shows the dissolution rate indeed immediately 
increases if favorable leaching conditions are restored. Be- 
cause the post acidification curves do not show an offset 
from the preacidification curves so that they extrapolate 
through the origin, it is clear that acidification does not 
reclaim all the UO2 that has been leached. Some leached 
UO2 must remain on the uraninite grains, and this precipitate 
does slow the leach reaction somewhat. The model could no 
doubt be improved if precipitate armoring were taken into 
account. However, the simple model that assumes precipi- 
tate armoring does not slow the rate works remarkably well 
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Fig. 12--Dissolut ion rate (mg UO2/cm-'/h) as a function of C, (UO~* 
concentration) for 4 pH values. Points shown are rates calculated from 
polynomial time derivatives from dissolution experiments with pH = 3.23 
and 3.83. H202 = 5 • 10 4M.  
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and should usefully predict the rates of reaction for many 
practical applications. In our view the simplicity of the 
model and the fact that it requires only the present solution 
characteristics as input (i.e., it does not require the past 
history of leaching which would determine the extent of 
armoring) are advantages that outweigh the slight loss in 
accuracy that results from the neglect of armoring effects. 

IV. SUMMARY 

The following conclusions can be made concerning the 
dissolution kinetics of UOz in acidic, HzO: solutions. 

1. Under conditions of UO4 �9 XH20 undersaturation, dis- 
solution is a first-order function of H202 concentration. 
Dissolution is controlled by chemical reaction rate at the 
UO2 surface, and the activation energy of the dissolution 
reaction is 27.2 kJ/mole. 

2. Observations of dissolution are consistent with the fol- 
lowing sequence of events: 
(a) H202 adsorbs onto the UO2 surface and forms surface 

peroxide complexes. 
(b) Simultaneous oxidation of UO2 and reduction of H202 

occurs involving the transfer of two electrons within 
the surface complex. This is the slow step. 

(c) Reaction products then quickly dissociate from the 
surface. 

. 

. 

. 

ruo~+ = r - (1.10 • 

Addition of sulfate ions to the leaching solution caused a 
rate decrease probably because the preferential ad- 
sorption of the negatively charged sulfate ions onto the 
positively charged UO2 surface block H202 from possible 
oxidation sites. 
Under conditions of  oversaturation with respect to 
UO4 �9 XH20, the dissolution rate is decreased mainly due 
to precipitation of dissolved uranium species from solu- 
tion. Precipitation is inversely proportional to the square 
of H + concentration and proportional to the degree of 
oversaturation. 
A rate law that assumes precipitation does not inter- 
fere with leaching works surprisingly well for condi- 
tions of UO4" XH20 formation. The assumption that 
UO4 �9 XH20 precipitation does not armor UO2 grains and 
inhibit leaching greatly simplifies the modeling of in situ 
uranium leaching. By assuming dissolution and precipi- 
tation are separate processes, the past history of leaching 
does not need to be known in order to model the uranium 
leaching process. All that needs to be known are the 
solution compositions and the surface area of UO2 with 
which they interact at any particular time. The following 
equations describe UO2 dissolution rate in terms of solu- 
tion composition (pH, H202, SO]-, and UO 2+ concen- 
tration). For conditions of UO4 �9 XH20 undersaturation, 
that is for, (from Figure 8) 

pH < (1.22 + 0.08) log[H202] - 0.8 -+ 0.25 [23] 

the rate of dissolution and H20: consumption are de- 
scribed by a constant mass transfer coefficient: 

r = 1.8 • 10-Scm/sec [24] 

Multiplication of r by the concentration of H202 in g /cm 3 
gives the rate of consumption of H202 per unit surface 
area of uraninite in terms of g /cm 2 per second. Multi- 
plication of the specific consumption rate of H202 by the 
stoichiometric ratio of UO2 dissolved for HzOz consumed 
(equal to the ratio of molecular weights), gives the spe- 
cific leach rate of UO2 in g /cm 2 per second. 

For a system containing sulfate the mass transfer coef- 
ficient is modified: 

rs = (1.10 • 10 -5 ) e x p  -~s~176176 + 0.70 • 10 -5 [25] 

Under conditions of UO4 �9 XH20 formation where: 

pH > (1.22 -+ 0.08)log[H202] - 0.8 -+ 0.25 [26] 

H202 consumption continues to be described by [24], but 
the addition of UO22 + to solution is described by a mass 
transfer coefficient with respect to UO~ +, 

10-2)[H2OzJ'-3• 2 

[27] 

In Eqs. [23] to [27]: 

r = mass transfer coefficient with respect to H202 
in cm per second, 

ruo~+ = mass transfer coefficient with respect to UO 2+ 
in solution in cm per second 

[H202] = concentration of H202 in molarity, 
[UO2 z+] = concentration of UO 2+ in mg/liter, 
[H +] = concentration of H + in mg/liter, and 
ESO4 = concentration of total sulfate in mg/liter. 
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~ 
cal 
cm 
exp 
hr 
J 
kcal 
kJ 
In 
log 
M 
mg 
ml 
mm 
MWH2o 2 
MWuo2 
ppb 
ppm 
F 

NOMENCLATURE 

angstrom (10-10 meters) 
degrees centigrade 
calorie 
centimeter 
exponential function 
hour 
joule 
kilocalorie 
kilo joule 
natural logarithm 
base ten logarithm 
molarity 
milligram 
milliliter 
millimeter 
molecular weight of H202, 34 g/mole 
molecular weight of UO2, 270 g/mole 
parts per billion 
parts per million 
mass transfer coefficient with respect to H202 
(cm per second) 

ruo~+ mass transfer coefficient with respect to UO 2+ 
(cm per second) 

sec second 
c~ stoichiometric coefficient of dissolution reaction 

= (MWuoJmWu2o2) 
(1.0 cal = 4.1840 J) 
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