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Abstract

To evaluate the release of uranium from natural ore deposits, spent nuclear fuel repositories, and REDOX permeable
reactive barriers (PRB), knowledge of the fundamental reaction kinetics associated with the dissolution of uranium diox-
ide is necessary. Dissolution of crystalline uranium (IV) dioxide under environmental conditions has been studied for
four decades but a cardinal gap in the published literature is the effect of pH and solution saturation state on UO2(cr)
dissolution. To resolve inconsistencies, UO2 dissolution experiments have been conducted under oxic conditions using
the single-pass flow-through system. Experiments were conducted as a function of total dissolved carbonate
ð½CO�3

3 �T Þ from 0.001 to 0.1 M; pH from 7.5 to 11.1; ratio of flow-through rate (q) to specific surface area (S), constant
ionic strength (I) = 0.1 M, and temperatures (T) from 23 to 60 �C utilizing both powder and monolithic specimens. The
results show that UO2 dissolution varies as a function of the ratio q/S and temperature. At values of log10q/S > �7.0,
UO2 dissolution becomes invariant with respect to q/S, which can be interpreted as evidence for dissolution at the for-
ward rate of reaction. The data collected in these experiments show the rate of UO2 dissolution increased by an order of
magnitude with a 30 �C increase in temperature. The results also show the overall dissolution rate increases with an
increase in pH and decreases as the dissolved uranium concentration approaches saturation with respect to secondary
reaction products. Thus, as the value of the reaction quotient, Q, approaches equilibrium, K, (with respect to a potential
secondary phase) the dissolution rate decreases. This decrease in dissolution rate (r) was also observed when comparing
measured UO2 dissolution rates from static tests where r = 1.7 ± 0.14 · 10�8 mol m�2 s�1 to the rate for flow-through
reactors where r = 3.1 ± 1.2 · 10�7 mol m�2 s�1. Thus, using traditional static test methods can result in an underesti-
mation of the true forward rate of UO2(cr) dissolution. These results illustrate the importance of pH, solution saturation
state, and the concentration of dissolved carbonate on the release of uranium from UO2 in the natural environment.
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1. Introduction

REDOX permeable reactive subsurface barriers (e.g.,
chemically manipulated soils, microbial manipulated
soils, and zero-valent iron) have been demonstrated to
be effective in reducing and immobilizing redox-sensitive
contaminants (i.e., chromiumand uranium) in laboratory
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experiments [1–3] and field experiments [4–6]. Also, ura-
nium reduction in laboratory experiments utilizing both
biotic [2,7,8] and abiotic [1,9] permeable reactive barrier
(PRB) techniques results in formation of a discrete UO2

phase. Therefore, to predict the release of soluble ura-
nium and the dissolution of uranium (IV) dioxide from
natural ore deposits, spent nuclear fuel repositories, and
REDOX permeable reactive barriers, knowledge of the
fundamental reaction kinetics must be obtained.

More than four decades of past studies focusing on
spent nuclear fuel disposal have quantified the kinetics
of UO2(cr) dissolution [10–23], but the findings, although
important, reveal significant gaps in the quantitative
understanding of UO2(cr) reactivity. For a comprehen-
sive discussion of previous results, the reader should con-
sult the review papers by Grambow [24] and Shoesmith
[25]. These reviews have identified two factors that have
contributed to the uncertainty in dissolution rates, (1)
solution saturation state and (2) pH. Therefore, the focus
of this study was to determine the effect of pH and solu-
tion saturation state in the presence of carbonate on the
oxidative dissolution of a crystalline form of uranium
(IV) oxide [UO2(cr)] as a model solid.

Our first concern was that several previous experimen-
tal investigations of UO2 reactivity were conducted using
a static reactor (e.g., batch reactor) rather than more
applicable flow-through reactors [10–16,19]. Dissolution
rates cannot be evaluated accurately under conditions
of both near-saturation and dilute dissolved uranium
concentrations using the traditional static reactor.

Second, numerous studies have been conducted to
evaluate the effect of pH (3.0–11.0) on the dissolution
of UO2 under oxidizing and reducing conditions [11,13–
15,17,22,26]. All investigators have observed a linear rela-
tionship of pH on the dissolution rate from the acidic to
near neutral range (i.e., from pH = 3.0 to 6.8) and a
dissolution rate that becomes insensitive to pH from
the near neutral to alkaline range (i.e., from pH = 6.8
to 11.0). The scatter shown in the data obtained by
Torrero et al. [22] under oxidizing conditions and at pH
values greater than 6.8 was attributed to the formation
of a partially oxidized surface layer. Other investigators
[22,27] have also observed the formation of a partially
oxidized surface film within this pH range (e.g., from 7
to 11), when evaluating the dissolution of UO2 under oxi-
dized conditions with a total dissolved carbonate concen-
tration ð½CO2�

3 �T Þ less than 10�3 M. The formation of this
surface film has led to the conclusion that UO2 dissolu-
tion is insensitive to pH within this range.

The X-ray photoelectron spectroscopy (XPS) results
presented by Casas et al. [18] and Torrero et al. [22] sug-
gested the surface film had a U/O ratio similar to UO2.25

(e.g., U4O9). Previous experiments [12,27–30], in the
absence of bicarbonate, illustrated that this surface film
formed numerous intermediate uranium phases over
time resulting in a final composition of UO3 Æ xH2O(cr).
The apparent mechanism for the formation of this
oxidized surface film is slow detachment of the oxidized
metal species from the surface of the UO2 crystal lattice.
In the presence of a total dissolved carbonate concentra-
tion of 10�3 M or greater, strong aqueous uranyl car-
bonate complexes prevent the formation of this surface
layer, allowing an investigator to evaluate the reactivity
of the pure UO2 surface within the near neutral to alka-
line pH range. The inhibitive effect of high carbonate
concentrations on formation of the oxidized surface film
was proven by the XPS results of Pablo et al. [23].

Pablo et al. [23] investigated the effects of ½CO2�
3 �T on

the reactivity of UO2(cr) at a pH of 8.0 as a function of
temperature (from 10 to 60 �C) and ½CO2�

3 �T (from 10�4

to 10�1.5 M). In this investigation, Pablo et al. [23] con-
firmed by XPS that a surface film was not detected. They
attribute the lack of the surface film to the complexation
of surface oxidized uranium with dissolved carbonate
and subsequent transport of the UVI �HCO�

3 complex
into solution. They propose several step-wise mecha-
nisms for this process that begin with UO2 surface
oxidation, then uranium surface coordination and com-
plexation with the bicarbonate ion, and finally detach-
ment of the uranyl–carbonate complex into solution.
Although the results obtained by Pablo et al. [23] provide
critical information on the mechanisms of UO2 dissolu-
tion, other factors that affect uranium dissolution, such
as the effect of the solution saturation state and pH, were
not addressed and thus merit investigation.

The purpose of this study was to determine the disso-
lution kinetics of UO2(cr) in the presence of atmospheric
oxygen as a function of temperature, solution saturation
state, and pH. Accordingly, the principal objective was
to determine the dissolution rates over a large flow-
rate-to-surface-area interval to examine the effects of
solution saturation state. Examining the dissolution pro-
cess of UO2(cr) as a function of these variables provides
information on the rates near and far from saturation
with respect to potential secondary phases. These and
other factors will affect the release of uranium from nat-
ural and repository environments; as well as subsurface
REDOX permeable reactive barriers, once oxidizing
conditions prevail.
2. Experimental details

2.1. Sample preparation

Commercially available crystalline uranium(IV)
dioxide (UO2) was obtained from Alfa Aeasar� as a
powdered specimen containing an average particle diam-
eter of 213 lm. The UO2 sample was calcined at approx-
imately 900 �C using a LindbergTM furnace in a reducing
atmosphere of 92% argon and 8% hydrogen to remove
any surface oxidation. Once calcined, the UO2 sample
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was stored under an inert nitrogen (N2) atmosphere in-
side a Lab-Conco� atmospheric chamber. Both powder
and monolith specimens were used to evaluate UO2

dissolution.
The calcined UO2 was ground inside the controlled

N2 chamber using an agate mortar/pestle and dry-sieved
into the desired size fractions using ASTM procedure
ASTM C136 [31]. The desired size fractions for the
powder specimens had average diameters of 36.5 lm,
89.5 lm, 141 lm, and 213.5 lm. Particles with an aver-
age diameter less than 74 lm were used to fabricate
UO2 monoliths.

The UO2 monoliths, with an average weight of 2 g,
were made using a CarverTM press by applying a pres-
sure of 3500 lb in a cell with an average diameter of
1.02 cm. Each calcined monolith had the following
dimensions, measured using a Vernier caliper: an aver-
age diameter of 1.02 cm and thickness of 0.23 cm. The
densities of these monoliths were measured using a
Micromeritics AccuPyc� 1330 gas pycnometer. Results
indicated these UO2 monoliths had an average density
of 10.36 g/cm3, which is 94.5% of the theoretical density
(e.g., 10.96 g/cm3). After fabrication the monoliths were
calcined and stored under the same inert atmosphere as
the powder specimens.

2.2. Characterization

The UO2 powder diffraction pattern for the calcined
powders was collected using a Scintag� automated pow-
der diffractometer (Model 3520) with CuKa radiation
X-ray tube (k = 1.54 Å). The sample was analyzed using
a 2h range from 2� to 65�, a step size of 0.01�, and a 9 s
count time at each step. Before mounting, a representa-
tive sample of the bulk material was ground using an
agate mortar and pestle in the atmospheric chamber
and sealed in a specialized XRD holder to minimize oxi-
dation [32]. In addition to XRD, a nitric acid (HNO3)
chemical digestion method was used to determine the
bulk elemental composition of the calcined crystalline
uranium (IV) dioxide sample. A 0.20 g grab sample
was dissolved in 20 mL of 8 M HNO3, analyzed for trace
metals utilizing inductively couple plasma optical emis-
sion spectroscopy (ICP-OES) and uranium utilizing
kinetic phosphorescence analysis (KPA model-11).

The morphology and size of calcined UO2 powder
and monolith specimens were determined with a JEOL
JSM-840 scanning electron microscope (SEM). The sys-
tem is equipped with an Oxford Links ISIS 300 energy
dispersive X-ray analysis (EDS) system that was used
for qualitative elemental analysis. Operating conditions
consisted of 20 keV for SEM imaging, 100 live seconds
with 20–30% dead time for the EDS analyses. The
EDS analyses of particles are limited to elements with
atomic weights heavier than boron. Photomicrographs
of high-resolution secondary electron images were
obtained as digital images and stored in electronic for-
mat. The SEM/EDS mounts consisted of double-sided
carbon tape attached to standard aluminum mounting
stubs. After initial optical inspection, the sample mount
was coated with carbon using a vacuum sputter coater
to improve the conductivity of the samples and quality
of the SEM images and EDS signals.

2.3. X-ray absorption spectroscopy

Uranium LIII-edge X-ray absorption fine structure
(XAFS) measurements were performed on the calcined
UO2 sample to verify its identity and evaluate the oxida-
tion state of the initial material. XAFS is an element-
specific, short-range structural probe that provides
information on the local structure and composition of
the element of interest [33]. The X-ray absorption
near-edge structure (XANES) region of the spectrum
provides information about the oxidation state and local
coordination environment of the element, whereas the
extended X-ray absorption fine structure (EXAFS)
region provides information on the type, distance to,
and number of neighboring atoms.

The uranium LIII-edge XAFS measurements of the
UO2 sample were conducted at room temperature on
the Molecular Environmental Sciences beam line 11-2
[34] at the Stanford Synchrotron Radiation Laboratory
(SSRL) using cryogenically cooled Si(220), / = 90�
double-crystal monochromator. Fluorescence yield data
were collected using an argon-filled Stern-Heald type
detector [35]. A collimating mirror placed in front of
the monochromator was used for harmonic rejection,
with a cutoff of 22 keV. A yttrium metal foil was
mounted between two ionization chambers downstream
of the sample for energy calibration; the first inflection
point in the yttrium K-edge was set to 17038 eV. The
uranium LIII-edge XAFS measurements of the UO2

and schoepite standards were measured in transmission
mode at SSRL on beam line 4-3 using a Si(220),
/ = 0� double-crystal monochromator.

XAFS data were processed using the computer code
SixPACK [36] interface to IFEFFIT [37]. XANES data
were background-subtracted and normalized to an edge-
step of one. After background-subtraction, the EXAFS
data were extracted and K3-weighted. Phase shift and
backscattering amplitude functions for quantitative
EXAFS fitting were generated from the crystal structure
of UO2 [38] using the computer code FEFF 7 [39].

2.4. SPFT experiments

Dissolution experiments were conducted using the
single pass flow-through (SPFT) apparatus. A general
description of the SPFT system is provided in this sec-
tion. For a more detailed discussion of the SPFT system
and the advantages for using the SPFT system instead of
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other techniques, see [40–43] as well as the references
contained therein.

All SPFT experiments were conducted in triplicate
and started by injecting sodium bicarbonate (NaHCO3)
solutions (from 10�3 to 10�1 M) into the system at flow-
through rates ranging from 6 to 120 mLd�1 (from �0.1
to 2 reactor volumes per day) using a KloehnTM syringe
pump. Each reactor was wrapped in polyurethane insu-
lation and immersed in a 5.7-L low-temperature custom-
designed oven (LTCDO). The LTCDO was lined with
4-mm soda lime glass beads to aid in heat transfer. A
C3390-Omega temperature controller was used to
control the LTCDO temperature by interrupting the
electrical current in an on/off fashion. The solution tem-
peratures inside the reactors were measured using in situ
thermocouples. Flow rates were determined gravimetri-
cally at each sampling time. Flow-rate variations were
typically less than 5%. Once steady-state test conditions
(i.e., buffers, flow rates, temperatures, etc.) were estab-
lished, the pre-weighed UO2(cr) samples [e.g., powder
(�0.5 g) or monoliths (�2 g)] were removed from the
atmospheric chamber in sealed vials and placed into
each preheated test reactor. Experiments were run until
steady-state effluent solution conditions prevailed, which
required approximately 7–42 days, depending on the
flow rate or the time necessary to exchange seven or
more reactor volumes.

2.5. Static experiments

Static replenishment experiments (i.e., batch test)
were conducted in triplicate and began by placing
60 mL of 0.1 M NaHCO3 solution into a SavillexTM

Teflon� reactor and heating the reactor to 60 �C. Once
the test conditions were established, 0.5 g of the calcined
UO2(cr) powder was added. Solution samples from each
experiment were collected in 5-mL increments using a
calibrated 5-mL pipette. Each reactor was sampled by
removing a 5-mL aliquot, placing the aliquot into a
tared scintillation vial, and replenishing the reactor with
Table 1
Composition of solutions used in SPFT experiments

Soln. # Composition

1 0.1 M NaHCO3 + 0.0046 M HNO3

2 0.1 M NaHCO3 + 0.00071 M HNO3

3 0.1 M NaHCO3 + 0.024 M NaOH
4 0.1 M NaHCO3 + 0.099 M NaOH
5 0.05 M NaHCO3 + 0.05 M NaCl + 0.00035 M HNO3

6 0.001 M NaHCO3 + 0.099 M NaCl + 0.0000057 M HN

Solution pH values above 23 �C were calculated with EQ3NR Code
Soln.# – refers to solution number.

* n.d. Corresponds to the experiments that were not conducted.
a 5-mL aliquot of new 0.1 M NaHCO3 solution. These
experiments were allowed to continue until a steady-
state condition was achieved, occurring between the
eleventh and twenty-fifth day of testing.
2.6. Solution composition and geochemical modeling

Dissolved uranium concentrations were determined
using a kinetic phosphorescence analyzer (KPA) [44]
and/or inductively coupled plasma mass spectrometry
(ICP-MS). Concentrations of ½CO2�

3 �T in the effluent
solutions were measured by ion chromatography (IC)
and titrimetric techniques.

Although the effluent solution pH was monitored,
the in situ pH was calculated for each test temperature
using EQ3NR [45]; the results are given in Table 1. It
is important to take into account the change in pH that
occurs at different temperatures when computing disso-
lution rates from SPFT data because the in situ pH
can vary by as much as 0.2 pH units over the tempera-
ture range from 23 to 90 �C.
2.7. Measurement of the dissolution rates

Based on thermodynamic modeling of the experimen-
tal conditions using EQ3NR [45], the uranyl tri-carbon-
ate species, UO2ðCO3Þ4�3 , was predicted to be the
predominant uranium species in the test effluent solu-
tions, as illustrated in Eq. (1).

UO2ðcrÞ þ ð1=2ÞO2 þ 3HCO�
3

! UO2ðCO3Þ4�3 þH2OþHþ ð1Þ

The dissolution rates (r), which are based on steady-
state uranium concentrations in the effluent, were
normalized against the average background uranium
concentration using Eq. (2), where r is the dissolution
rate of element i (mol m�2 s�1), Ci is the effluent concen-
tration of element i (mol L�1), �Ci;b is the average
pH @

23 �C 30 �C 60 �C 90 �C

7.5 7.4 n.d.* n.d.
8.0 7.9 7.8 7.8
9.7 9.3 n.d. n.d.

11.2 11.1 n.d. n.d.
8.0 7.9 n.d. n.d.

O3 8.0 7.9 n.d. n.d.

V7.2b database.
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background concentration of element i (mol L�1), q is
the flow rate (L s�1), and S is the surface area of the
sample (m2).

Dissolution rate ri ¼
ðCi � �Ci;bÞq

S
: ð2Þ

The experimental uncertainty was determined using
Eq. (3), which considers the propagation of random er-
rors [46]. McGrail et al. [43] illustrated that the experi-
mental uncertainty associated with the dissolution rate
can be determined by accounting for the uncertainties
associated with each parameter in Eq. (2). For uncorre-
lated random errors, the standard deviation of a func-
tion f(x1,x2, . . . ,xn) is given by

rf ¼

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiXn

i¼1

of
oxi

� �2

r2
i

vuut ; ð3Þ

where rf = standard deviation of the function f,
xi = parameter i, and ri = standard deviation of param-
eter i. By substituting Eq. (2) into Eq. (3), and expressing
Eq. (3) in terms of relative errors, Eq. (4), results.

r̂ri ¼

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
ðr̂CiCiÞ2 þ ðr̂�Ci;b

�Ci;bÞ2

ðCi � �Ci;bÞ2
þ r̂2

q þ r̂2
S

vuut ; ð4Þ

where r̂ri ¼ rri=ri. Relative errors of 10%, 10%, 5%, and
15% for Ci; �Ci;b, q, and S, respectively, are typical for
these measurements. Conservative appraisal of errors
was assigned to the parameters in Eq. (3) in addition
to imputing detection threshold values for background
concentrations, resulting in a 2r uncertainty of approx-
imately ±35% in the dissolution rate.
Fig. 1. XANES (left) and first derivative XANES (right) spectra of
standard.
3. Results and discussion

3.1. XRD, chemical digestion, and BET results

X-ray diffraction results confirmed the calcined UO2

samples used in this study were consistent with pub-
lished spectra of UO2 (Powder Diffraction File [PDF]
# 41-1422). A comparison between these two patterns
showed the correct 100%, 50%, 50%, 45%, and 8% rela-
tive intensity peaks at 28.2�, 32.7�, 46.7�, 55.8�, and
58.4� 2h, respectively. The chemical digestion and BET
results suggest the UO2 sample was 99.9% pure and
had Kr-adsorption surface area of 1.2 m2 g�1.

3.2. XANES results

The XANES spectrum of the UO2 sample (Fig. 1) is
consistent with published spectra of UO2 [47–49]. The
edge position, based on both the main peak position in
the XANES spectrum and the first peak position in the
first derivative XANES spectrum, are correct for UO2,
and about 4 eV lower than that of U(VI) mineral schoe-
pite, [(UO2)8O2(OH)12 Æ 12H2O]. In addition, the UO2

sample lacks the strong resonant feature of the U(VI)
compound located at roughly 17190 eV. This shoulder
is due to the presence of the uranyl moiety, UO2þ

2

[48,49]. There is no indication of the presence of any oxi-
dized uranium in the sample, although XANES is not
sensitive to small quantities of U(VI), (i.e., <10%) [50].

3.3. EXAFS results

The EXAFS spectrum of the UO2 sample is nearly
identical to that of a UO2 standard (Fig. 2). The Fourier
(a) UO2 standard, (b) UO2 sample, and (c) schoepite, a U(VI)



Fig. 2. EXAFS (left) and Fourier transform (right) spectra of (a) UO2 standard, and (b) UO2 sample. The dashed line is the best fit to
the EXAFS spectrum of the UO2 sample.

Table 2
EXAFS fitting results, including coordination number (N),
interatomic distance (R), and Debye-Waller-type factor (r2),
compared to the structural parameters of UO2 from the crystal
structure provided in Wasserstein [38]

Shell N R (Å) r2 (10�3Å2)

Best fit to data

U-O1 8a 2.35 ± 0.02 6 ± 1
U-U 12a 3.86 ± 0.02 5 ± 1
U-O2 24a 4.49 ± 0.04 9 ± 6

Crystal structure

U-O1 8 2.36
U-U 12 3.85
U-O2 24 4.51

a Value held constant during fitting.
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Fig. 3. U concentration, in mol L�1, as a function of time at
30 �C (circles) and 60 �C (triangles). Experiments conducted
using the calcined UO2(cr) powder specimens.
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transforms of the EXAFS spectra of both the sample
and the standard have two large peaks corresponding
to the first three atomic shells (U-O1, U-U, and U-O2)
surrounding the U atom in UO2. The inter-atomic dis-
tances obtained from fitting a structural model to the
EXAFS spectrum of the UO2 sample (Table 2) are con-
sistent with the structure of UO2. There is no evidence
for the presence of U(VI) in the sample as a large Fou-
rier transform peak at �1.4 Å is not observed.

3.4. SPFT results

The measured uranium concentrations in the effluent
attain steady-state rapidly and become invariant with re-
spect to time after approximately 6 days at a flow rate of
120 mLd�1 and 60 �C (Fig. 3). A transient effect, mani-
fest as an initial rapid release (i.e., pulse) of U, was not
observed in tests using calcined material (Fig. 3), in com-
parison to tests conducted with as received UO2 (Fig. 4).
This transient effect, followed by a slow decrease in U
concentration until steady-state was achieved, has been
observed by previous investigators [18,26] and is caused
by samples containing some amount of an oxidized UVI

oxide coating, which was confirmed by XRD. The XRD
pattern of the as-received grains revealed an uncharac-
teristic UO2 peak at 17� 2h, which appears to be a peak
associated with uranyl oxide, such as schoepite (UO3 Æ
xH2O). Most uranyl oxides possess a signature peak be-
tween 10� and 17� 2h [51]. Thus, the process of calcining
this material apparently removed any oxidation and
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suggests that pretreatment of the UO2 solid is necessary
to remove oxidized coatings. The presence of this oxi-
dized surface layer can also be attributed to the observed
difference in the measured steady-state U concentration
between the calcined (Fig. 3) and as received (Fig. 4)
UO2 particles in these experiments.

The uranium concentration in the effluents increased
by 0.4–0.7 log10 units with a 30 �C increase in tempera-
ture (Fig. 3). Also, the log10U concentration (mol L�1)
decreased with increasing flow rate. The decrease in ura-
nium concentration as a function of flow rate was a re-
sult of the solution residence time. The effluent uranium
concentration will increase with an increase in solid to
solution contact time until saturation is achieved, with
respect to a potential secondary uranium phase. There-
fore, before using the steady-state uranium concentra-
tions to compute the UO2 dissolution rate, it must be
demonstrated the formation of secondary phases did
not significantly alter the measured solution concentra-
tion of uranium.

3.5. Geochemical modeling of the solution composition

Geochemical modeling using EQ3NR [45] was used
to evaluate the aqueous speciation and saturation state
of the effluent solutions with respect to key uranyl min-
erals and aqueous species using an updated thermody-
namic database. The log10 equilibrium constants (K)
for all minerals and aqueous species are based on either
measured or estimated free energy values from various
literature sources [52–63].

Applying geochemical modeling to the steady-state
uranium concentrations measured in each experiment
provided insight into the uranium solution speciation
within the SPFT reactor. For solution conditions rang-
ing from 0.1 to 0.05 M ½CO2�

3 �T , and at pH (23 �C) from
8.0 to 11.1, the modeling calculations predicted that
greater than 99.3% of the total dissolved uranium would
be composed of the uranyl tri-carbonate ½UO2ðCO3Þ4�3 �
aqueous species. A decrease in pH by 0.5 units (e.g.,
pH = 7.5) at a ½CO2�

3 �T ¼ 0.1 M, resulted in a uranium
species distribution of 98.6% UO2ðCO3Þ4�3 with the
remaining 1.4% as uranyl di-carbonate ½UO2ðCO3Þ2�2 �
aqueous species. Decreasing the total dissolved carbon-
ate concentration by two orders of magnitude
ð½CO2�

3 �T ¼ 0.001Þ caused major changes in uranium
solution speciation. Although UO2ðCO3Þ4�3 (66.7%) was
still the dominant uranium solution species at
½CO2�

3 �T ¼ 0.001 M and pH = 8.0, other aqueous-uranyl
carbonate species became significant ½e.g.;UO2ðCO3Þ2�2 ¼
28.1%�.

Aqueous speciation and saturation indices calculated
from the solution chemistry data suggest that effluent
solutions were under-saturated with respect to potential
secondary phases at steady-state conditions. The geo-
chemistry of uranium is complicated. There are consid-
erable differences or uncertainties in the stoichiometry
and thermodynamic values assigned to uranium second-
ary minerals, especially those exhibiting complex and
variable compositions [62]. Therefore, solubility calcula-
tions based on the current knowledge of these values
may have significant uncertainty and should be consid-
ered semi-quantitative.

3.6. Effect of solution saturation state and surface area

Experiments over a range of the ratio of flow-rate (q)-
to-surface area (S) were conducted in an attempt to
identify the forward (or maximum) dissolution rate.
The log10 dissolution rates (mol m�2 s�1) based on the
steady-state concentration of uranium were plotted for
the measurements conducted at 60 �C, pH = 8.0, and
½CO2�

3 �T ¼ 0.1 M (Fig. 5). By varying the ratio of
flow-through rate, q, to sample surface area, S, the
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dissolution rate reached a maximum at log10 (q/S) great-
er than �7.0 at 60 �C (Fig. 5), for the powdered speci-
mens. The log10 dissolution rates increased to a
maximum, log10 (q/S) of �7.0, and thereafter remained
constant within experimental error. This plateau is com-
monly referred to as the forward or maximum dissolu-
tion rate. The data shown at a log10 (q/S) of �5.2, see
Fig. 5, correspond to the experiments conducted using
UO2 monoliths and are addressed later in this section.

The dissolution rate decreased with decreasing q/S
because when flow-rates were low or total surface area
was high, the concentrations of elements dissolved into
solution were high. As the concentration of uranium in-
creased in solution, the solution approached saturation
with respect to potential secondary phases (Fig. 6).
Therefore, the dissolution rate slowed as the chemical
potential between UO2 and the solution decreased. This
effect can be expressed mathematically as the chemical
affinity of reaction, Eq. (5)

A ¼ RT ln
K
Q

� �
¼ �DGr; ð5Þ

where A is the chemical affinity, DGr is the free energy of
reaction (kJ mol�1), R is the gas constant (J mol�1 K�1),
T is the temperature (K), K is the equilibrium constant,
and Q is the ion activity product [64]. Chemical affinity
is a measure of the departure from equilibrium. As the
ion activity product, Q, approaches the value of the
equilibrium constant, K, the chemical affinity term goes
to zero. Consequently, to evaluate the effects of various
environmental factors (i.e., temperature, pH, and bicar-
bonate activity) on the dissolution of UO2, the solution
saturation state must be known.

Fig. 5 also illustrates that with powder specimens, the
method used to determine the surface area of a sample
can result in a one to two order of magnitude difference
in the calculated dissolution rate. In an attempt to deter-
mine which surface area measurement was more applica-
log10 q/S, (m
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Fig. 6. Chemical affinity of potential U secon
ble, dissolution experiments using sintered monoliths
were conducted and compared to the powder results.
The geometric surface area for the powder specimens
were computed using Eq. (6),

SGEO ¼ 3m
qr

� �
; ð6Þ

where SGEO is the specific surface area, q is the particle
density (�10.96 gcm�3), r is the average radius (cm),
and m is the sample mass (g). This formula assumes
the particles are spherical, size distributions of the grains
are normally distributed, and that surface pits, cracks,
and other forms of surface roughness do not signifi-
cantly increase the surface area. The particles used in
these experiments have a spherical morphology and
the size distribution appears to be normally distributed,
evident by the SEM images of the pre- and post-test
UO2 grains. These results suggest that two of the three
assumptions used to determine the geometric surface
area are satisfied.

Dissolution rates for powdered specimens, computed
using the geometric surface area, were slightly higher
than the dissolution rates for sintered monoliths and
may be the result of the increased reactivity that occurs
when conducting these experiments with powder speci-
mens. This correlation between powder and monolith re-
sults, when normalized using the geometric surface area,
suggests the geometric surface area provides a better
estimate of the reactive surface area for powder samples
than does the measured BET surface area. Therefore, all
rates computed in this study were normalized using the
geometric surface area. Observed differences in rates
computed using either the geometric or BET surface
area have been previously reported for UO2 [20,21] as
well as for silicate minerals, and may be the result of sur-
face roughness. Surface roughness is defined as the ratio
of the BET specific surface area to the geometric surface
area [65]. For the powdered specimens used in this
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study, the surface roughness factor was an order of
magnitude greater than the value reported by Gray
and Wilson [21].

Other factors that complicate the estimate of specific
surface area are the changes each sample undergoes dur-
ing the dissolution experiment, where specific surface
area increases with increasing time. By using Eqs. (7)
and (8) from McGrail et al. [66]:

Si ¼
3

qr

� �
m1=3

0 m2=3
i ; ð7Þ

mi ¼ m0 �
1

fk

Xi�1

j¼1

qjCj;kDtj þ qiCi;k
Dti
2

" #
; i P 1; ð8Þ

where m0 is initial mass, mi is mass at time i, fk is mass
fraction of element k, Cj,k is the concentration of ele-
ment k at time j or i, q is the flow rate at time j or i,
and Dt is the change in time, the change in surface area
over time was computed. For additional details on Eqs.
(7) and (8), the reader should consult McGrail et al. [66].

Fig. 7 illustrates that as the temperature increased the
effect of surface area changes on the dissolution rate also
increased. These results indicate the evaluation of UO2

reactivity (i.e., UO2 dissolution rate) using powder spec-
imens as a function of temperature, requires that time-
dependent surface area changes be used during the
course of the experiment. For the 30 and 60 �C powder
experiments, a mass loss ranging from 7% to 35% was
calculated in several tests.

3.7. Effect of pH

To determine the effect of pH on the dissolution rate,
solution pH values were varied from 7.5 to 11.1 at 30 �C
and ½CO2�

3 �T at 0.1 M. The in situ solution pH was cor-
rected for the temperature effect using EQ3NR [45]
(Table 1).
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Fig. 7. Dissolution rate calculated using the corrected (trian-
gles) vs. uncorrected (circles) geometric surface area at 30 �C
and 60 �C.
Fig. 8 illustrates that as pH increased, the overall
UO2 dissolution rate also increased until near-saturated
conditions were approached (near pH 11.1) with respect
to a potential uranyl solid phase. Geochemical modeling
of the measured solution chemistry suggests that experi-
ments at pH 11.1 are approaching saturation with
respect to clarkeite [Na2U2O7 (cr)], with a corresponding
solution chemical affinity of A = �10.2 kJmol�1

(Fig. 9). Although the affinity term suggests these solu-
tions are under-saturated, in dynamic experiments such
as these, the amorphous analog usually forms earlier
than the crystalline phase. These thermodynamic calcu-
lations are based on the solubility product (Ksp) for the
crystalline parent, which is always lower than that of the
amorphous analog.

ri ¼ k0ðaiÞgi : ð9Þ

Using Eq. (9), where ri = dissolution rate
(mol m�2 s�1), k0 is the intrinsic rate constant (m s�1),
a is the activity of any specie i (mol L�1), and g is the
power law coefficient (i.e., reaction order) for any species
i, a non-linear regression was performed over the entire
data set, excluding the results at pH 11.1. The resulting
regression coefficients are k0 = 3.2 ± 0.9 · 10�10

(mol m�2 s�1) and gpH = 0.29 ± 0.01 with a correlation
coefficient (R2) of 0.99.

These results show that, in the presence of carbonate,
pH affects the dissolution of UO2 by enhancing the sol-
ubility of the oxidized surface film. At pH 8.0 and 30 �C
the observed rate was two to three orders of magnitude
greater than the rate reported by Torrero et al. [22]
(3.1 · 10�11 mol m�2 s�1), measured at 25 �C, pH 8.8,
and 21% O2 in a 0.01 M solution of sodium perchlorate
(NaClO4). Thermodynamic modeling of their steady-
state solution chemistry suggests that the concentration
of dissolved U was approaching saturation with respect
to a secondary uranyl oxide, possibly UO3 Æ xH2O, with
a corresponding A = �11.9 kJ mol�1.
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By combining the results shown in Fig. 8 with the re-
sults observed by Torrero et al. [22], we concluded that
from the acidic to alkaline pH range, the UO2 dissolu-
tion rate first decreased, reached a minimum around
pH 6, and then increased with increasing pH. This ob-
served increase within the neutral to alkaline pH range
was due to the complexation of the oxidized U species
with bicarbonate. Although additional information is
needed to determine the step-wise mechanism and the
rate-limiting step in the dissolution reaction, it is clear
from these results the proposed mechanism by Pablo
et al. [23] must include the effect of pH on the dissolution
rate.

3.8. Comparison of static replenishment tests

To provide additional information on the factors that
have contributed to the uncertainty in UO2 dissolution
rates collected by previous investigators, static replenish-
ment experiments were conducted and compared to the
results of flow-through experiments.

Fig. 10 illustrates that from the eleventh through the
twenty-fifth day the uranium concentrations become
invariant with respect to time, and confirms that these
experiments have attained steady state. Based on these
results, the values of normalized mass loss of uranium
were computed for the static tests conducted at 60 �C in
½CO2�

3 �T of 0.1 M at pH 8.0 and are plotted as a function
of time (Fig. 11). The slope of the line provides the aver-
age normalized release rate (g m�2 d�1) and was deter-
mined by conducting a linear regression on the results
obtained from the eleventh through twenty-fifth day.
The regressed average normalized release rate of
1.7 ± 0.14 · 10�8 mol m�2 s�1 was not within the experi-
mental error of the maximum release rate computed from
the SPFT data at 60 �C in ½CO2�

3 �T of 0.1 M at pH 8.0 and
q = 120 mL d�1 (i.e., 1 ± 1.2 · 10�7 mol m�2 s�1). For
this set of static experiments, a linear regression of the
uranium release data produced a large uncertainty in
the dissolution rate. These uncertainties were caused by
large progressive changes in chemical affinity during the
static test. As the concentration ofU in solution increased
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in the static tests, the dissolution rate decreased. The
chemical affinity computed with respect to the mineral
rutherfordine (UO2CO3), A = �7.1 kJ mol�1, using
EQ3NR [45], for the static experiments was approxi-
mately four times greater than the chemical affinity com-
puted for the SPFT test at the maximum dissolution rate
[log10(q/S) = �6.4], A = �26.7 kJ mol�1. This observa-
tion suggests static-test results were being affected by sol-
ubility constraints and highlights the importance of using
the more applicable flow-through system for conducting
dissolution experiments on UO2. Therefore, the SPFT
technique is preferred for kinetic rate law parameter mea-
surements because it typically maintains constant solu-
tion chemistry.

In addition to flow rate, pH, and the static test, addi-
tional experiments were conducted as a function of
bicarbonate to compare the results obtained in this
study to those from previous investigators.

3.9. Comparison to previous results

Fig. 12 shows the dissolution rate for the calcined
UO2 powdered specimens at 30 �C, q = 120 mL d�1,
pH 8.0, and a ½CO2�

3 �T of 0.001, 0.05, and 0.1 M. The
solution ionic strength (I) was maintained at 0.1 M by
adding 0.05 and 0.099 M of NaCl to the 0.05 and
0.001 M ½CO2�

3 �T solutions, respectively. Using Eq. (7),
a non-linear regression was performed on the entire data
set, and the resulting regression coefficients were
k0 = 9.1 ± 3.2 · 10�7 (mol m�2 s�1) and g½CO2�

3 �T ¼ 1.3

0.1 with a correlation coefficient (R2) of 0.97. The for-
ward rate constant and power law coefficients are differ-
ent than those measured by Pablo et al. [23] at 45 �C
(k0 = 8.7 ± 0.52 · 10�8 mol m�2 s�1, g½CO2�

3 �T ¼ 0.98

0.02Þ.
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Fig. 12. Dissolution rate as a function of ½CO2�
3 �T . Comparison

of the results from this study to previous studies.
The results obtained by previous investigators
[11,20,23], normalized using the geometric surface area,
are compared to our results in Fig. 12. The steady-state
dissolution rates from this study correlate well with the
rates of previous studies, with the exception of Grand-
staff�s [11] results, and suggest the mechanism of UO2

dissolution is the same. The reason for the discrepancy
in Grandstaff�s [11] results is because the natural sample
used contained a larger weight percent of U(VI), �60%
as UO3, to U(IV), �30% as UO2, in comparison to the
synthetic UO2 samples used in other studies.
4. Conclusion

The experimental data presented in this study have
added to our understanding of the reactions affecting
UO2 dissolution under dilute and near-saturated condi-
tions, although more information is needed to accurately
determine the rate-limiting step in the dissolution reac-
tion. These results highlight the importance of specific
surface area, solution saturation state, and pH in deter-
mining the dissolution rate of UO2. Finally, results from
static dissolution tests provided evidence that, in previ-
ous studies, the use of the static experimental method
may have resulted in observed UO2 dissolution rates
that are lower than the forward or maximum dissolution
rate. This reduction in the dissolution rate occurs be-
cause of changes in the chemical affinity, and therefore
provides further evidence of the importance of under-
standing the role of solution saturation state on the
dissolution of UO2.

The information gathered in this study has provided
some fundamental data necessary to determine the
applicability of Redox permeable reactive barriers for
the remediation of uranium contamination. These
results illustrate uranium release, from UO2 immobilized
in the near-field of a Redox permeable reactive barriers,
will be controlled by pH, solution saturation state, and
the concentration of dissolved carbonate. Based on nat-
ural uranium sandstone deposits, it is believed that a ra-
pid uranium release may result in the formation of
secondary uranium minerals depending on the ground-
water solution chemistry. These secondary minerals
may eventually control the dissolved uranium concen-
tration. However, to evaluate the effect of competing
factors on uranium release, information on the effect
of various complexing and/or inhibitor groundwater
solution species are needed.
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