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Abstract

The solubility of uranyl minerals controls the transport and distribution of uranium in many oxidizing environments. Uranyl minerals
form as secondary phases within uranium deposits, and they also represent important sinks for uranium and other radionuclides in
nuclear waste repository settings and at sites of uranium groundwater contamination. Standard state Gibbs free energies of formation
can be used to describe the solubility of uranyl minerals; therefore, models of the distribution and mobility of uranium in the environ-
ment require accurate determination of the Gibbs free energies of formation for a wide range of relevant uranyl minerals. Despite dec-
ades of study, the thermodynamic properties for many environmentally-important uranyl minerals are still not well constrained. In this
review, we describe the necessary elements for rigorous solubility experiments that can be used to define Gibbs free energies of formation;
we summarize published solubility data, point out difficulties in conducting uranyl mineral solubility experiments, and identify areas of
future research necessary to construct an internally-consistent thermodynamic database for uranyl minerals.
� 2007 Elsevier Ltd. All rights reserved.
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1. Introduction

Uranyl minerals form as secondary phases within U
deposits, and also represent important sinks for U and
other radionuclides in nuclear waste repository settings
and at sites of U groundwater contamination [1]. The
mobility and ultimate distribution of U in these environ-
ments is heavily impacted by the solubility of the important
uranyl minerals present. Therefore, in order to understand
the fate and transport of U in natural and contaminated
settings, the solubilities and relative stabilities of uranyl
minerals must be determined. Unfortunately, despite dec-
ades of study, the thermodynamic properties for many
environmentally-important uranyl minerals are still not
well constrained.

Exposure of UO2 to oxygenated aqueous solutions
favors the formation of uranyl oxide hydrates and uranyl
silicates as secondary alteration products, with the exact
paragenetic sequence dependent on the chemical composi-
tion of the system in question. Experiments on the alter-
ation of spent nuclear fuel under simulated geologic
repository conditions have identified uranyl oxide hydrates
and uranyl silicates as important phases in the paragenetic
sequence associated with the alteration. For example,
Finch et al. [2] conducted unsaturated tests of alteration
of spent nuclear fuel material in a laboratory setting, and
examined the alteration products that formed over the
course of 6 years. The groundwater that was used was from
well J-13 at the Yucca Mountain site, and was reacted with
crushed Tonopah Springs tuff at T = 363 K for 80 days
prior to use (designated EJ-13 water). Significant alteration
of the spent nuclear fuel occurred, and uranyl oxide
hydrates and uranyl silicates were the main alteration prod-
ucts. Similarly, Wronkiewicz et al. [3,4] examined the alter-
ation of un-irradiated UO2, dripping EJ-13 water at
T = 363 K onto the material for more than 10 years. Con-
sistent with the observations of Finch et al. [2], uranyl
oxide hydrates formed initially, and continued their alter-
ation to uranyl silicates with continued exposure. Natural
UO2 deposits that have been oxidized, which can be good
analogues to help understand the behavior of spent nuclear
fuel in a geological repository, show a paragenetic sequence
of alteration similar to that found in laboratory studies of
spent nuclear fuel and UO2 [5,6]. In addition to affecting U
mobility in geologic repositories, uranyl minerals influence
the mobility of U in a range of contaminated and natural
settings [7–10].

Despite the potential importance of uranyl minerals
affecting U mobility under oxidizing conditions, reliable
solubility measurements of these phases, or thermody-
namic properties upon which solubilities could be calcu-
lated, are lacking for many of these minerals. The results
from a large number of solubility studies cannot be used
to yield rigorously constrained thermodynamic data due
to inappropriate experimental design or incomplete analy-
ses (see discussion below). Recent reviews of the thermody-
namic properties of U species [11,12] focus primarily on
aqueous species, and contain few mineral solubility mea-
surements. Mineral solubility measurements not only
quantify the concentration of U and other mineral-forming
cations that are in equilibrium with a particular mineral
phase under specific aqueous conditions, but the results
also can be used to calculate solubility product (Ksp) values
and in turn the Gibbs free energy of formation for the min-
eral phase of interest. The Gibbs free energy of formation
of a mineral enables the calculation of the solubility and
relative stability of a mineral phase under conditions not
directly studied in the laboratory, and represents a crucial
parameter for predictions of repository performance and
U mobility. In this paper, we review published solubility
data for environmentally relevant uranyl phases; we com-
pile the results, and we assess the quality of the measured
parameters in order to identify the gaps in the current
knowledge that need to be addressed in order to yield a
useful internally-consistent thermodynamic database for
the important uranyl phases. Ksp values for each mineral
phase from each study considered here are compiled in
table 1, which also explicitly shows the dissolution reaction
and generalized mineral formula for each phase studied.

2. Mineral solubility measurements

Reliable measurements of the Gibbs free energy of for-
mation of a mineral phase can be derived from solubility
studies only when the following conditions are met: (1)
the mineral of interest is demonstrated to be stable under
the experimental conditions, (2) a true and demonstrable
equilibrium state is attained during the experiments, and
(3) the pH and aqueous metal concentrations present under
the equilibrium conditions are measured. Thorough solid
phase characterization is necessary for satisfying the first
condition by identifying the mineral phase both before
and after the solubility experiment using X-ray diffraction
(XRD), spectroscopy approaches, and chemical analysis
of the phase(s) present. Secondary phases or alteration
products can easily precipitate during batch solubility
experiments, and rigorous analyses are required to demon-
strate the stability of the phase in question. The formation
of secondary phases indicates that equilibrium with the ori-
ginal phase of interest was not attained, and therefore the
thermodynamic properties for the original phase can not
be determined from the experimental results unless both
the primary and secondary phases are both in equilibrium
with the aqueous phase. If equilibrium with both phases
can be demonstrated, then it is still possible to obtain a rig-
orous value for Ksp by measuring the concentrations of all
ions in solution and accounting for speciation of the ions.
However, if the primary phase is altering to the secondary
phase during the experiment, then it is not in equilibrium
with the aqueous system and not possible to obtain a valid
Ksp for the primary phase. XRD is essential in solubility
experiments to identify the crystalline phase(s) present
and to yield qualitative information on the degree of crys-
tallinity of the phase(s); however, XRD does not detect



TABLE 1
Dissolution reactions

Mineral phase lgKsp (I = 0, unless noted) Reference

Uranyl carbonates

Rutherfordine UO2CO3 ¼ UO2þ
2 þ CO2�

3 �13.89 (± 0.11)a [21]
UO2CO3 ¼ UO2þ

2 þ CO2�
3 �14.91 (± 0.10)b [22]

UO2CO3 ¼ UO2þ
2 þ CO2�

3 �13.29 (± 0.01)c [23]
Schröckingerite NaCa3UO2ðCO3Þ3SO4FðH2OÞ10 ¼ Naþ þ 3Ca2þ þUO2þ

2

þ3CO2�
3 þ SO2�

4 þ F� þ 10H2O
�85.5 (± 1.5)d [19]

Swartzite CaMgUO2ðCO3Þ3ðH2OÞ12 ¼ Ca2þ þMg2þ þUO2þ
2 þ 3CO2�

3 þ 12H2O �37.9 (± 1.4)d [16]
Andersonite Na2CaUO2ðCO3Þ3ðH2OÞ6 ¼ 2Naþ þ Ca2þ þUO2þ

2 þ 3CO2�
3 þ 6H2O �37.5 (± 4.2)d [16]

Bayelite Mg2UO2ðCO3Þ3ðH2OÞ18 ¼ 2Mg2þ þUO2þ
2 þ 3CO2�

3 þ 18H2O �36.6 (± 1.4)d [16]
Grimselite NaK3UO2ðCO3Þ3ðH2OÞ ¼ Naþ þ 3Kþ þUO2þ

2 þ 3CO2�
3 þH2O �37.1 (± 0.3)d [19]

Liebigite Ca2UO2ðCO3Þ3ðH2OÞ10 ¼ 2Ca2þ þUO2þ
2 þ 3CO2�

3 þ 10H2O �36.9 (± 2.1)d [16]
Uranyl oxide hydrates

Metaschoepite 2Hþ þUO3ðH2OÞ2 ¼ UO2þ
2 þ 3H2O 5.52 (�0.04/+0.02) [32]

2Hþ þUO3ðH2OÞ2ðamorphousÞ ¼ UO2þ
2 þ 3H2O 6.59 (± 0.14)e [31]

2Hþ þUO3ðH2OÞ2ðcrystallineÞ ¼ UO2þ
2 þ 3H2O 6.23 (± 0.14)e [31]

2Hþ þUO3ðH2OÞ2ðamorphousÞ ¼ UO2þ
2 þ 3H2O 6.3 (± 0.1) [33]

2Hþ þUO3ðH2OÞ2ðcrystallineÞ ¼ UO2þ
2 þ 3H2O 5.9 (± 0.1) [33]

2Hþ þUO3ðH2OÞ2 ¼ UO2þ
2 þ 3H2O 5.14 (± 0.05)f [22]

2Hþ þUO3ðH2OÞ2 ¼ UO2þ
2 þ 3H2O 4.68 (± 0.14)g [22]

2Hþ þUO3ðH2OÞ2 ¼ UO2þ
2 þ 3H2O 5.72 (± 0.19) h [21]

2Hþ þUO3ðH2OÞ2 ¼ UO2þ
2 þ 3H2O 5.79 (± 0.19)i [23]

Becquerelite 14Hþ þ CaðUO2Þ6O4ðOHÞ6ðH2OÞ8 ¼ Ca2þ þ 6UO2þ
2 þ 18H2O 41.2 (± 0.52) [35]

14Hþ þ CaðUO2Þ6O4ðOHÞ6ðH2OÞ8 ¼ Ca2þ þ 6UO2þ
2 þ 18H2O 43.2j [39]

14Hþ þ CaðUO2Þ6O4ðOHÞ6ðH2OÞ8 ¼ Ca2þ þ 6UO2þ
2 þ 18H2O 29 (± 1) [36]

14Hþ þ CaðUO2Þ6O4ðOHÞ6ðH2OÞ8 ¼ Ca2þ þ 6UO2þ
2 þ 18H2O 41.89 (± 0.52)k [38]

14Hþ þ CaðUO2Þ6O4ðOHÞ6ðH2OÞ8 ¼ Ca2þ þ 6UO2þ
2 þ 18H2O 43.70 (± 0.47) [38]

Compreignacite 14Hþ þK2ðUO2Þ6O4ðOHÞ6ðH2OÞ7 ¼ 2Kþ þ 6UO2þ
2 þ 17H2O 36.82 (± 0.32)l [38]

14Hþ þK2ðUO2Þ6O4ðOHÞ6ðH2OÞ7 ¼ 2Kþ þ 6UO2þ
2 þ 17H2O 39.16 (± 0.31) [38]

Clarkeite-like 3Hþ þNaðUO2ÞOðOHÞ ¼ Naþ þUO2þ
2 þ 2H2O 8.81 [32]

3Hþ þNaðUO2ÞOðOHÞ ¼ Naþ þUO2þ
2 þ 2H2O 9.02 [44]

3Hþ þ CsðUO2ÞOðOHÞ ¼ Csþ þUO2þ
2 þ 2H2O 8.61 [32]

Cs(UO2)O(OH) 3Hþ þ CsðUO2ÞOðOHÞ ¼ Csþ þUO2þ
2 þ 2H2O 9.27 [32]

Uranyl silicates

Soddyite 4Hþ þ ðUO2Þ2SiO4ðH2OÞ2 ¼ 2UO2þ
2 þ SiO2 þ 4H2O 6.43 (+0.20/ � 0.37) [13]

4Hþ þ ðUO2Þ2SiO4ðH2OÞ2 ¼ 2UO2þ
2 þ SiO2 þ 4H2O 5.74 (± 0.21) [45]

4Hþ þ ðUO2Þ2SiO4ðH2OÞ2 ¼ 2UO2þ
2 þ SiO2 þ 4H2O 6.03 (± 0.45)m [50]

4Hþ þ ðUO2Þ2SiO4ðH2OÞ2 ¼ 2UO2þ
2 þ SiO2 þ 4H2O 6.15 (± 0.53) [50]

Sodium boltwoodite 3Hþ þNa½UO2ðSiO3OHÞ�ðH2OÞ1:5 ¼ UO2þ
2 þNaþ þH4SiO4 þ 1:5H2O 5.86 (± 0.24) [47]

3Hþ þNa½UO2ðSiO3OHÞ�ðH2OÞ1:5 ¼ UO2þ
2 þNaþ þH4SiO4 þ 1:5H2O 5.85 (± 0.26) [47]

3Hþ þNaH3OðUO2ÞSiO4H2O ¼ UO2þ
2 þNaþ þ SiO2 þ 4H2O 5.82 (± 0.16) [45]

Uranophane 6Hþ þ CaðH3OÞ2ðUO2Þ2ðSiO4Þ2ðH2OÞ3 ¼ Ca2þ þ 2UO2þ
2 þ 2SiO2 þ 9H2O 9.42 (± 0.48) [45]

6Hþ þ CaðH3OÞ2ðUO2Þ2ðSiO4Þ2ðH2OÞ3 ¼ Ca2þ þ 2UO2þ
2 þ 2SiO2 þ 9H2O 6.5n [48]

6Hþ þ CaðH3OÞ2ðUO2Þ2ðSiO4Þ2ðH2OÞ3 ¼ Ca2þ þ 2UO2þ
2 þ 2SiO2 þ 9H2O 7.8 (±0.8)o [48]

Sodium weeksite 6Hþ þNa2ðUO2Þ2ðSi2O5Þ3ðH2OÞ4 ¼ 2Naþ þ 2UO2þ
2 þ 6SiO2 þ 7H2O 1.50 (± 0.08) [45]

Uranyl phosphates

Chernikovite H3OðUO2ÞPO4ðH2OÞ3 ¼ H3Oþ þUO2þ
2 þ PO3�

4 þ 3H2O �22.73 (± 0.24)p [61]
Meta-ankoleite KUO2PO4ðH2OÞ4 ¼ Kþ þUO2þ

2 þ PO3�
4 þ 4H2O �24.30 (± 0.81)p [61]

Uranyl hydrogen phosphate UO2HPO4ðH2OÞ4 ¼ UO2þ
2 þHPO2�

4 þ 4H2O �12.17 (± 0.07) [56]
UO2HPO4ðH2OÞ4 ¼ UO2þ

2 þHPO2�
4 þ 4H2O �12.33 (± 0.06) [57]

Uranyl orthophosphate ðUO2Þ3ðPO4Þ2ðH2OÞ4 ¼ 3UO2þ
2 þ 2PO3�

4 þ 4H2O �49.7 (± 0.3) [56]
ðUO2Þ3ðPO4Þ2ðH2OÞ4 ¼ 3UO2þ

2 þ 2PO3�
4 þ 4H2O �53.33 (± 0.17) [31]

ðUO2Þ3ðPO4Þ2ðH2OÞ4 ¼ 3UO2þ
2 þ 2PO3�

4 þ 4H2O �49.00 (± 0.80) [57]
ðUO2Þ3ðPO4Þ2ðH2OÞ4 ¼ 3UO2þ

2 þ 2PO3�
4 þ 4H2O �49.08 (± 0.48) [59]

MUO2PO4(H2O)x NH4UO2PO4ðH2OÞ3 ¼ NHþ4 þUO2þ
2 þ PO3�

4 þ 3H2O �26.50 (± 0.09) [58]
NH4UO2PO4ðH2OÞx ¼ NHþ4 þUO2þ

2 þ PO3�
4 þ xH2O �26.23 (± 0.20) [56]

KUO2PO4ðH2OÞ3 ¼ Kþ þUO2þ
2 þ PO3�

4 þ 3H2O �26.28 (± 0.25) [60]
KUO2PO4ðH2OÞx ¼ Kþ þUO2þ

2 þ PO3�
4 þ xH2O �25.50 (± 0.10)q [56]

NaUO2PO4ðH2OÞx ¼ Naþ þUO2þ
2 þ PO3�

4 þ xH2O �24.21 (± 0.07)q [56]
RbUO2PO4ðH2OÞx ¼ Rbþ þUO2þ

2 þ PO3�
4 þ xH2O �25.72 (± 0.15)q [56]

CsUO2PO4ðH2OÞx ¼ Csþ þUO2þ
2 þ PO3�

4 þ xH2O �25.41 (± 0.20)q [56]
Uranyl peroxides

Metastudtite UO4ðH2OÞ2 ¼ UO2þ
2 þO2�

2 þ 2H2O �35.88 (± 0.01)r [66]
Studtite UO2O2ðH2OÞ4 þ 2Hþ ¼ UO2þ

2 þH2O2 þ 4H2O �2.88 to �2.86s [62]
(continued on next page)
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TABLE 1 (continued)

Mineral phase lgKsp (I = 0, unless noted) Reference

Uranyl sulfates

Zippeite Mg2ðUO2Þ6ðSO4Þ3ðOHÞ10ðH2OÞx ¼ 2Mg2þ þ 6UO2þ
2 þ 3SO2�

4 þ 10OH� þ xH2O �146.1 [69]
Co2ðUO2Þ6ðSO4Þ3ðOHÞ10ðH2OÞx ¼ 2Co2þ þ 6UO2þ

2 þ 3SO2�
4 þ 10OH� þ xH2O �145.9 [69]

Ni2ðUO2Þ6ðSO4Þ3ðOHÞ10ðH2OÞx ¼ 2Ni2þ þ 6UO2þ
2 þ 3SO2�

4 þ 10OH� þ xH2O �145.6 [69]
Zn2ðUO2Þ6ðSO4Þ3ðOHÞ10ðH2OÞx ¼ 2Zn2þ þ 6UO2þ

2 þ 3SO2�
4 þ 10OH� þ xH2O �153.0 [69]

Na4ðUO2Þ6ðSO4Þ3ðOHÞ10ðH2OÞ4 ¼ 4Naþ þ 6UO2þ
2 þ 3SO2�

4 þ 10OH� þ 4H2O �116.5t [70]
K4ðUO2Þ6ðSO4Þ3ðOHÞ10ðH2OÞ4 ¼ 4Kþ þ 6UO2þ

2 þ 3SO2�
4 þ 10OH� þ 4H2O �116.1t [70]

ðNH4Þ4ðUO2Þ6ðSO4Þ3ðOHÞ10ðH2OÞ4 ¼ 4NHþ4 þ 6UO2þ
2 þ 3SO2�

4 þ 10OH� þ 4H2O �126.2t [70]

a Ionic strength 0.1 M; not corrected to infinite dilution value. Data obtained under 100% CO2.
b Data obtained under 100% CO2.
c Ionic strength 0.1 M; not corrected to infinite dilution value.
d Ksp calculated from reported standard state Gibbs free energy of formation.
e Values recalculated from [33].
f Data obtained under 0.03% CO2.
g Data obtained under 0.3% CO2.
h Data obtained under 0.03 and 0.98% CO2; ionic strength 0.1 M; not corrected to infinite dilution value.
i Ionic strength 0.1 M; not corrected to infinite dilution value.
j Ionic strength not specified and no apparent extrapolation to I = 0.
k Calculated from the alteration of metaschoepite.
l Calculated from the alteration of metaschoepite.
m Value from experiments performed under an atmosphere of N2.
n Ksp calculated based on solution concentrations not activities. See text for details.
o Ksp calculated from solution concentrations not activities, ionic strength not reported.
p Ionic strength 0.2 M; not corrected to infinite dilution value.
q Ksp calculated based on solution concentrations not activities. See text for details.
r Ionic strength 0.7 M; not corrected to infinite dilution value.
s Ionic strength not specified; not corrected to infinite dilution value.
t Ksp calculated from reported standard state Gibbs free energy of formation.
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phases if they represent less than approximately 4% to 5%
of the total solids or if they are amorphous. Fourier trans-
form infrared spectroscopy (FTIR) is a complementary
technique to XRD in that it allows for the identification
of the presence of amorphous materials that may have pre-
cipitated during the course of the solubility experiment.

Attainment of mineral-water chemical equilibrium can
only be demonstrated via reversibility experiments; that
is, approaching the equilibrium state from supersaturated
as well as from undersaturated conditions with respect to
the dissolved elements of interest. Reaching a concentra-
tion plateau, or steady state, is not a sufficient condition
to demonstrate chemical equilibrium in an experimental
system. pH and aqueous metal concentration measure-
ments are crucial in order to calculate the ionic strength
of the experimental solution and, hence, the activity coef-
ficients (and activities) of aqueous species in the solution.
When calculating uranyl activity, it is necessary to con-
sider complexation of uranyl by hydroxide and carbon-
ate. In solutions under low pH conditions and low U
concentrations (below ca. pH 4 and 10 mM) it is reason-
able to assume that all of the measured U in solution is
present in the form of the uncomplexed uranyl cation.
However, experiments performed above pH 4 or with
high concentrations of U or complexing ligands may
have a significant concentration of complexed uranyl
ion. The complex speciation of uranyl at high pH pro-
duces a number of highly charged species in solution
and can lead to inaccurate activity calculations due to
magnified uncertainties in activity coefficients for these
aqueous species. Typically, geochemical codes calculate
aqueous speciation through an iterative approach that
starts from a first approximation input by the user.
Techniques such as limiting initial calculations to the
dominant species and subsequently adding minor species
into the calculation after the initial convergence can
improve the first approximation to promote successful
calculations. In general, all aqueous complexation for
each ion in solution must be accounted for; hence, stabil-
ity constants for aqueous complexes must be known for
the system of interest.

Measurements of the concentrations of ions in solution
can be used to calculate the Ksp of the solid phase of inter-
est, and thereby to calculate the Gibbs free energy of for-
mation of the phase. For example, the dissolution
reaction of soddyite ((UO2)SiO4(H2O)2) can be represented
as follows:

4Hþ + (UO2)2SiO4(H2O)2 = 2UO2
2þ + SiO2 + 4H2O

ð1Þ

For aqueous species, a = m � c, where a represents aqueous
activity of a species, m represents the molality of the spe-
cies, and c is the activity coefficient of the species. A num-
ber of equations have been proposed in order to calculate
activity coefficients (see below), and thus it is important
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to specify the equation type and the equation parameter
values that are used in these calculations. Also, any use
of an activity coefficient requires a strict definition of stan-
dard state for the species in question, and for this example
the standard states for solid phases and for H2O are defined
as the pure mineral and fluid, respectively, at the pressure
and temperature of interest. The standard state for aqueous
species is defined as a hypothetical one molal solution
whose behavior is that of infinite H2O dilution at the pres-
sure and temperature of interest. Molal activity coefficients
for neutral aqueous species are assumed to be unity. Like
Gorman-Lewis et al. [13], we calculate activity coefficients
using the extended Debye–Hückel Equation (2):

lg ci ¼
�Az2

i

ffiffi

I
p

1þ aB
ffiffi

I
p þ bI ; ð2Þ

where I and zi represent the ionic strength and ionic charge,
respectively; A and B are constants at a given temperature
and pressure, with values of 0.5105 and 0.3285, respec-
tively, under ambient conditions; and a and b are electro-
lyte-specific constants [14].

Given these standard state definitions, and assuming
that the solid phase in question is pure and that the activity
of water is unity for this example, the Ksp for soddyite can
be expressed as

Ksp ¼
a2

UO2þ
2

� aSiO2ðaqÞ

a4
Hþ

: ð3Þ

The Ksp value can be used to calculate the change in the
standard state molal Gibbs free energy associated with
the dissolution reaction ðDG�rxnÞ:
DG�rxn ¼ �2:303RT � lg Ksp; ð4Þ
where R is the universal gas constant and T is absolute tem-
perature. The ultimate thermodynamic goal for solubility
experiments, however, is to determine the standard state
Gibbs free energy of formation of the mineral phase of
interest ðDG�f Þ, and this can be accomplished if the standard
state Gibbs free energies of formation for the other species
in the dissolution reaction are known. For the soddyite
case:

DG�fðsoddyiteÞ ¼ 2� DG�
fðUO2þ

2
Þ þ DG�fðSiO2ðaqÞÞþ

4� DG�fðH2OÞ � DG�rxn ð5Þ

Rigorous and internally-consistent constraints on the val-
ues of the standard state Gibbs free energies of formation
for uranyl mineral phases can be used for two important
applications: (1) the values can be used to determine the
relative stabilities of the large number of possible uranyl
mineral phases that may form as a function of aqueous
solution composition, pressure, and temperature and (2)
the thermodynamic properties can be used to calculate
the aqueous cation concentrations that are in equilibrium
with each potential phase of environmental or geologic
interest for any given condition of interest.
3. Previous studies

3.1. Uranyl carbonates

The uranyl tricarbonate species is extremely stable and
soluble in aqueous solutions; however, should these solu-
tions become concentrated, i.e. due to evaporation, a range
of uranyl carbonate minerals can form, the specific identity
of which is a function primarily of the concentration of
other ions in solution [15]. These mineral phases may not
be dominant in repository settings but are commonly
found in mining environments as the oxidized products
of U ore [16]. The extreme solubility of these minerals, as
compared to uranyl oxide hydrates and uranyl silicates,
can make them act as transitional phases in the alteration
that can occur as uraninite oxidizes and U becomes soluble
[16].

Alwan and Williams [16] reported standard state Gibbs
free energy of formation values for liebigite (Ca2UO2

(CO3)3(H2O)10), swartzite (CaMgUO2(CO3)3(H2O)12), bay-
leyite (Mg2UO2(CO3)3(H2O)18), and andersonite (Na2K3-
UO3(CO3)3(H2O)6) based on solubility experiments at five
different temperatures under a CO2-free atmosphere. After
one week, the experimental solutions were sampled and ana-
lyzed for U only. The authors assumed stoichiometric disso-
lution of the mineral phases and calculated the sodium,
calcium, and magnesium concentrations based on the mea-
sured U concentration of each sample. Using a modified
Davies equation with parameters from Truesdell and Jones
[17] and Kielland [18], the authors calculated uranyl activi-
ties from total dissolved U measurements while accounting
for aqueous uranyl complexation. It is unclear whether the
authors checked the final mineral residue to verify whether
the phases were stable under the experimental conditions
and that mineral dissolution was indeed stoichiometric.
The lgKsp values calculated from their reported Gibbs free
energy of formation for liebigite, swartzite, bayelite, and
andersonite are (�36.9 ± 2.1), (�37.9 ± 1.4), (�36.6 ±
1.4), and (�37.5 ± 4.2), respectively.

O’Brien and Williams [19] reported standard state
Gibbs free energies of formation for grimselite (NaK3UO2-
(CO3)3H2O) and schröckingerite (NaCa3UO2(CO3)3SO4F-
(H2O)10) based on solubility measurements. The synthesis
for schröckingerite involved using gypsum as a starting
material, and consequently ended up with gypsum as an
impurity in schröckingerite. Solubility experiments were
carried out from pH 7.7 to 8.5 and at T = 293.2 K and
T = 298.2 K; however, Ksp calculations were based on data
from T = 298.2 K only. U and SO2�

4 were the only species
measured in the schröckingerite experiments. Even though
there were no measurements of sodium and calcium con-
centrations in solution, schröckingerite dissolution was
assumed to be stoichiometric. By measuring the U concen-
tration in solution, the authors calculated the uranyl activ-
ity using a modified Davies equation with parameters from
Truesdell and Jones [17] and Kielland [18] and taking into
account various uranyl hydroxide and uranyl carbonate
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complexes. The authors stated that they used XRD analy-
sis of the final mineral residue in the schröckingerite sys-
tems to determine congruent dissolution; however, there
is no mention of the degree of crystallinity of the mineral
residue, i.e. if there was any decrease in crystallinity.
Grimselite solubility was calculated in a similar manner
to schröckingerite in that only dissolved U was analyzed
in each sample, and sodium and potassium concentrations
were calculated assuming stoichiometric dissolution. How-
ever, the authors do not mention any checks of the final
mineral residue in the grimselite experiments for possible
alteration. The lgKsp values for schröckingerite and grims-
elite calculated from the reported Gibbs free energy of for-
mation are (�85.5 ± 1.5) and (�37.1 ± 0.3), respectively.

The assumption of stoichiometric dissolution is a sub-
stantial weakness in these studies. XRD analysis cannot
conclusively determine stoichiometric dissolution. Leach-
ing of cations from the surface of the mineral in contact
with the aqueous phase is possible, and protons can replace
the leached ions to maintain charge balance [20]. The
resulting XRD pattern would only indicate some loss in
crystallinity, and only if this leached layer were quite exten-
sive. The only way to convincingly determine stoichiome-
tric dissolution is by measuring all the ions in solution.
Neither the O’Brien and Williams study nor the Alwan
and Williams study explicitly stated that the solid phases
used in each experiment had not altered, with the exception
of the verification of schröckingerite. Mineral residue veri-
fication is essential for demonstrating mineral phase stabil-
ity under the experimental conditions.

The measured solubilities for rutherfordine (UO2CO3)
vary considerably. Rutherfordine is a uranyl carbonate
composed of uranyl hexagonal bipyramid sheets held
together through van der waals forces, and is the least sol-
uble of the uranyl carbonates. Meinrath and Kimura [21]
precipitated rutherfordine from a 0.002 M uranyl solution
from pH 2.8 to 4.6 under 100% CO2 with the system left
to equilibrate for 3 weeks. Pre-experimental solid phase
characterization by DTA (differential thermal analysis),
TGA (thermogravimetric analysis), FTIR, solid phase
UV–Vis spectroscopy (ultraviolet and visible spectros-
copy), and XRD verified the mineral phase; however, there
is no explicit mention of post-experimental characteriza-
tion. Using pH titrations with the mineral suspended in a
0.1 M NaClO4 solution to buffer ionic strength, additions
of 0.1 M HClO4 and 0.05 M Na2CO3 were added to the
suspension to obtain solubility data from super saturated
and undersaturated conditions. The authors state that a
steady state was reached in 2–3 days; however, there was
no mention of how they determined the steady-state condi-
tions, i.e. pH stability or multiple U analyses at the same
titration point. The resulting lgKsp was (�13.89 ± 0.11)
which did take into account aqueous complexation of ura-
nyl. However, the authors did not make corrections for
ionic strength and consequently their value is only valid
at 0.1 M ionic strength. Meinrath et al. [22] used similar
techniques as the previous study but conducted the exper-
iments under a 8% CO2 atmosphere. In this study, the
authors explicitly stated that the solid phases were charac-
terized continuously throughout the titrations; however,
there was no mention of equilibration times or how steady
states were determined. To calculate activities, the authors
used single ion activity coefficients of 10�0.40, 10�0.46, and
10�0.09 for UO2þ

2 , CO2�
3 , and H+, respectively. There is

no comment on the origin of the activity coefficient values.
Taking into account aqueous uranyl complexation the
authors determined a lgKsp of (�14.91 ± 0.10).

Another study that reports rutherfordine solubility mea-
surements, performed by Kramer-Schnabel et al. [23], con-
ducted experiments from undersaturated conditions in an
open system with CO2 equilibrated with the atmosphere
and in a closed system at constant CO2 partial pressure.
Characterization of pre- and post-experimental mineral
phases by XRD confirmed the starting mineral as ruther-
fordine and that it was stable under the experimental con-
ditions. The difficulty in determining the total carbonate in
solution and the small losses of CO2 during the closed sys-
tem experiments caused the authors to only use the open
system data for their Ksp calculations which produced a
lgKsp of (�13.29 ± 0.01). While their lgKsp calculations
did account for aqueous complexation of uranyl, the calcu-
lations were done using aqueous concentrations and not
activities, making their value only valid at an ionic strength
of 0.1 M.

The discrepancy of the Ksp values produced by Meinrath
and Kimura [21] and Kramer-Schnabel [23] under an open
atmosphere highlights the difficulty in obtaining consistent
results. Meinrath et al. [22] did characterize their mineral
phase more thoroughly and obtained better-constrained
data by measuring the solubility from supersaturated con-
ditions as well as undersaturated conditions. Some of the
discrepancy may arise because measuring the solubility of
uranyl carbonates is particularly difficult due to their high
solubility and difficulties associated with attempting to
control atmospheric compositions. More rigorous mea-
surements of the solubilities of the various uranyl carbon-
ate solid phases are necessary. Under naturally occurring
conditions, these phases may be most important as inter-
mediary phases, and it is possible that they can affect U
mobility in groundwater settings.

3.2. Uranyl oxide hydrates

Uranyl oxide hydrates are usually the first alteration
products to appear where uraninite is oxidized in U depos-
its [1]. Experiments performed to gain a better understand-
ing of the paragenetic sequence of alteration products of
spent nuclear fuel under simulated Yucca Mountain condi-
tions identified uranyl oxide hydrates, such as becquerelite,
compreignacite, metaschoepite, and schoepite, as the first
alteration phases formed [3,4]. Schoepite and metaschoe-
pite may be important surfaces for the adsorption of actin-
ides such as Np, while becquerelite could possibly sequester
Sr through incorporation into its mineral structure [24].
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Burns et al. [25] predicted that incorporation of transuranic
elements into uranyl oxide hydrates could significantly
impact their future mobility under repository conditions.
Recent studies have indicated that Np5+ can be incorpo-
rated into some uranyl oxide hydrates [26–28].

Schoepite ((UO3(H2O)2.25) and ([(UO2)8O2(OH)12](H2O)12)
chemical and structural formulas, respectively) and
metaschoepite ((UO3(H2O)2) and ([(UO2)4O(OH)6]-
(H2O)5) chemical and structural formulas, respectively)
are uranyl oxide hydrates that possess electroneutral sheets
of uranyl pentagonal bipyramids, with no interlayer cat-
ions. The hydration states of the two phases differ by 0.25
waters [29]. Although the two phases have distinct crystal
structures [30], they are often erroneously treated as equiv-
alent phases in the literature. In our discussion of previous
studies, UO3 � 2H2O will be referred to as metaschoepite
and UO3 � 2.25H2O will be referred to as schoepite. In con-
trast to the situation for many uranyl minerals, the solubil-
ity of metaschoepite has been measured by a number of
researchers. The lgKsp from the literature range from
(4.68) to (6.23) [21,31]. The following studies provide either
direct or indirect constraints on the solubility of
metaschoepite.

Giammar et al. [32] measured the solubility of metasc-
hoepite as a part of a study aimed at determining the influ-
ence of dissolved sodium and cesium concentrations on
uranyl oxide hydrate solubility. The authors performed
batch experiments by adding metaschoepite to solutions
of NaNO3, CsNO3, or NaF, and by equilibrating metasc-
hoepite with water for 43 days before adding concentrated
aliquots of NaNO3, CsNO3, or NaF. Metaschoepite that
was equilibrated with water prior to the addition of concen-
trated Na or Cs solutions did not form new mineral phases
by incorporating of Na or Cs; however, new phases that
incorporated Na and Cs did form in experiments where
metaschoepite initially equilibrated with solutions already
containing Na or Cs. A clarkeite-like (Na(UO2)O(OH))
phase was formed in the sodium-bearing experiments, and
a cesium uranyl oxide hydrate (Cs(UO2)O(OH)), not previ-
ously described, formed in the cesium-bearing experiments.
Mineral residues from the experiments were characterized
by XRD, Raman spectroscopy, and scanning electron
microscopy. Using the Davies equation, the authors
calculated uranyl activities taking into account aqueous
complexation of uranyl ions. Solubility measurements of
metaschoepite from undersaturated conditions for experi-
ments in which no new mineral phases were formed yielded
a lgKsp of (5.52 �0.04/+0.02). Estimated lgKsp values for
the clarkeite-like and Cs uranyl oxide hydrate were possible
from experiments where mineral residues showed complete
alteration to the new phase. The clarkeite-like phase pro-
duced lgKsp values of (8.81) and (8.61) determined from
two experimental runs, and the Cs uranyl oxide hydrate
experiment yielded a lgKsp of (9.27).

Bruno and Sandino [33] measured the solubility of
metaschoepite and an amorphous uranyl oxide hydrate
(UO3(H2O)2). Syntheses involved precipitation from a
UO2(ClO4)2 solution with NaOH added dropwise under
a constant stream of N2. The characterization of the pre-
cipitate by XRD immediately following the synthesis indi-
cated that the material was likely an amorphous uranyl
oxide hydrate of similar composition to metaschoepite.
After the material was left for a few weeks under a stream
of N2 to crystallize at room temperature, a fine-grained yel-
low phase formed which was crystalline metaschoepite.
From undersaturated conditions, the authors performed
solubility measurements of both the amorphous and crys-
talline phases from pH 6.8 to 9.0. Using the specific ion
interaction (SIT) theory with the Brønsted–Guggenheim–
Scathard (BGS) [11] approach the authors calculated
uranyl ion activities taking into account aqueous complex-
ation of the uranyl ion. The data yielded lgKsp values of
(5.9 ± 0.1) and (6.3 ± 0.1) for the crystalline and amor-
phous phases, respectively. A recalculation of the Ksp

values in a subsequent study by Sandino and Bruno [31],
using the same approach as the previous study to calculate
uranyl activities, produced lgKsp values of (6.23 ± 0.14)
and (6.59 ± 0.14) for crystalline and amorphous phases,
respectively. While all Ksp values took into account aque-
ous uranyl complexation, the recalculated values used a
newly calculated stability constant for an aqueous uranyl
hydroxide species.

Kramer-Schnabel et al. [23] measured the solubility of
metaschoepite from supersaturation in 0.1 M NaClO4.
The authors gathered data from pH 4.36 to 5.71 by adjust-
ing the pH of uranyl nitrate solutions with sodium hydrox-
ide and allowing the subsequent precipitate to reach
equilibrium (3 to 14 days). Separating the resulting precip-
itates from solution, the authors dried and characterized
the precipitates by XRD to confirm the identity of the solid
phase as metaschoepite. Although metaschoepite was sta-
ble from pH 4.5 to 5.5, above pH 5.5, the resulting solid
phase was uranyl diuranate (formula not specified). While
the authors did account for aqueous complexation of the
uranyl ion by hydroxide and carbonate in their Ksp calcu-
lations, they did not calculate activities of the aqueous spe-
cies; therefore, the calculated lgKsp value of (5.79 ± 0.19) is
a conditional constant, only valid at an ionic strength of
0.1 M.

Meinrath and Kimura [21] precipitated solids from a
2 mM uranyl solution (the anion of the uranyl salt is not
mentioned) with the addition of 0.05 M Na2CO3 under
atmospheres of pure CO2, 0.98% CO2, and 0.03% CO2.
The precipitated systems were left to equilibrate for 3 weeks.
Identification of the precipitates by continuous character-
ization throughout the experiments with DTA, TGA,
FTIR, solid phase UV–Vis spectroscopy, and XRD
revealed rutherfordine in the pure CO2 system and metasc-
hoepite in the other atmospheric compositions. Rutherfor-
dine solubility data is discussed above. To gather
solubility data for metaschoepite, the authors performed
titrations of the equilibrated experimental systems from
pH 2.8 to 4.6 with the addition of 0.1 M NaOH to obtain
solubility data from supersaturated conditions. To obtain
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data from undersaturated conditions, the authors titrated
the systems down in pH with the addition of 0.1 M HClO4.
In calculating the Ksp, the authors accounted for aqueous
uranyl complexation; however, they did not account for
ionic strength effects. Consequently, their solubility mea-
surements yielded conditional lgKsp value of (5.72 ± 0.19)
at 0.1 M ionic strength, which is the average of results from
the 0.03% and 0.98% CO2 atmospheres. In a subsequent
study using the same techniques, Meinrath et al. [22] again
calculated the Ksp of metaschoepite using solubility
measurements for systems with 0.03% and 0.3% CO2 atmo-
spheres. They used single ion activity coefficients of 10�0.40,
10�0.46, and 10�0.09 for UO2þ

2 , CO2�
3 , and H+, respectively,

to calculate activities and again accounted for aqueous
uranyl complexation; however, there is no comment on
the origin of the activity coefficient values. Their reported
lgKsp values are (5.14 ± 0.05) and (4.68 ± 0.14) for 0.03%
and 0.3% CO2 atmospheres, respectively.

Arocas and Grambow [34] measured the separate
solubilities of metaschoepite and a sodium polyuranate
(Na0.33UO3.16(H2O)2), with each phase precipitated from
supersaturated solutions of UO2Cl2 in 0.5 M NaClO4,
3 M NaCl, or 5 M NaCl. Titration of the experimental sys-
tems from pH 4.7 to 8.9 induced precipitation. The authors
obtained one set of solubility data from undersaturation by
allowing the pH 4.7 systems to reach equilibrium from
supersaturation, and then they replaced most of the solu-
tion with fresh NaClO4 electrolyte to gather data from
undersaturated conditions. XRD analysis of the solid
phases from the 0.5 M NaClO4 system confirmed the solid
phase was metaschoepite, while the 3 and 5 M NaCl sys-
tems identified the solids as sodium polyuranate. Using
the Pitzer equations to calculate uranyl activities, and tak-
ing into account aqueous uranyl complexation, the authors
produced lgKsp values for metaschoepite and sodium poly-
uranate of (5.37 ± 0.25) and (7.13 ± 0.15), respectively.

Because of the prevalence of Ca-bearing pore and
groundwaters in possible nuclear waste repository settings
[35], a number of studies have measured the solubility of
synthetic becquerelite (Ca(UO2)6O4(OH)6(H2O)8), yielding
calculated lgKsp values ranging from 41.2 to 44.7. The var-
iability in the measurements may be due to differences in
the crystallinity of the mineral phase used in each experi-
ment. Solubility measurements using a natural becquerelite
sample produced a much lower lgKsp of (29) [36]. Presum-
ably the natural becquerelite crystal has a higher degree of
crystallinity than synthetic powders, and lower crystallinity
materials typically exhibit significantly higher solubilities
(e.g. [37]). These studies are described in more detail below.

Sandino et al. [38] measured the solubility of synthetic
becquerelite from undersaturated conditions with respect
to U. One set of experiments involved using synthetic
metaschoepite (the metaschoepite conversion experiment)
in 1 m CaCl2, and the other started with synthetic becquer-
elite in 1 m CaCl2. With thorough characterization of the
mineral phases by XRD, XPS, and scanning electron
microscopy and energy dispersive spectroscopy (SEM-
EDS), Sandino et al. [38] demonstrated that in their exper-
iments the metaschoepite converted to becquerelite which
subsequently equilibrated with the solution. The experi-
ment that started with becquerelite as the initial phase
did not undergo alteration as the mineral phase equili-
brated with the solution; however, there was some reduc-
tion in the crystallinity of the phase that they did not
observe with the metaschoepite conversion experiment.
Using the SIT-BGS approach to calculate uranyl activities
while accounting for aqueous uranyl complexation these
experiments yielded lgKsp values of (41.89 ± 0.52) and
(43.70 ± 0.47) for the metaschoepite conversion experiment
and the becquerelite experiment, respectively. The authors
suggest that the variation in the Ksp value from the exper-
iments is likely due to differing degrees of crystallinity of
the synthetic solids. This interpretation is reasonable
because the lower degree of crystallinity material (in the
becquerelite experiment) yielded a higher measured solubil-
ity. A ripening process, thereby producing a higher crystal-
linity becquerelite and consequently a lower solubility, may
have affected the metaschoepite conversion experiment.

Vochten et al. [39] also measured the solubility of bec-
querelite from undersaturation with respect to U. The
authors characterized the mineral phase prior to the solu-
bility experiments using a range of analytical approaches
including bulk phase analysis by atomic absorption spec-
troscopy (AAS), XRD, and TGA. It is unclear if the solid
phase was checked for alteration after the experiments. The
mineral phase was allowed to equilibrate in water for 1
week under a range of pH conditions from 4.5 to 6.3. Cal-
cium and pH were the only measurements made on the
equilibrated solution. The authors assumed stoichiometric
dissolution, although not verified by any technique, to
obtain uranyl concentrations and to calculate the lgKsp

value of (43.2 ± 0.3). The ionic strength of the experiment
was not specified nor was it apparent that any corrections
for ionic strength were made; however, the authors did take
into account aqueous uranyl complexation when calculat-
ing the lgKsp. This value must be considered as a condi-
tional constant at best.

Rai et al. [35] conducted their experiments on the solu-
bility of becquerelite exclusively from undersaturated con-
ditions under a N2 atmosphere. The experimental solutions
initially contained 0.02 to 0.5 M CaCl2. Post experimental
residues, characterized by XRD, verified the presence of
becquerelite in addition to other minor peaks that became
more pronounced at higher pH. Chemical analysis of post-
experimental residues below pH 8 produced molar ratios of
U:Ca similar to that of becquerelite (6:1); however, U:Ca
ratios in residues from experiments above pH 8 decreased
to approximately 2. This decrease in U:Ca coincides with
the likely formation of CaUO4 and Ca2UO5(H2O)1.3–1.7,
the most likely phases to form under alkaline conditions
in the presence of Ca and U [40]. The authors used Pitzer
equations to calculate uranyl activities while accounting
for aqueous uranyl complexation. Using the solubility data
obtained from the lowest ionic strength system (0.02 M)
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from pH 4.5 to 7, the authors calculated a lgKsp of
(41.2 ± 0.2).

Casas et al. [36] measured the solubility of a natural bec-
querelite sample. The becquerelite crystals were character-
ized by optical microscopy, electron microprobe analysis
(EMPA), SEM, EDS, and XRD. Becquerelite crystals were
washed with double distilled water (DDI), and placed in a
vessel with fresh DDI water in order to enable the system
to equilibrate initially from undersaturated conditions.
Once a steady state was reached, the pH of the system
was adjusted and left to reach a new steady state under
the new pH conditions. By adjusting the pH appropriately,
the authors obtained data from supersaturation and under-
saturation. Examining the post-experimental mineral resi-
due with XRD and SEM revealed no precipitation of
schoepite, but a minor component (less than 5%) of soddy-
ite was identified. The authors suggest the soddyite came
from the transformation of uranophane (Ca[(UO2)
(SiO3OH)]2(H2O)5), which was associated with some
becquerelite crystals. Using the SIT-BGS approach to
calculate uranyl activities and accounting for aqueous ura-
nyl complexation, the resulting lgKsp value from these
experiments was (29 ± 1). The authors suggest that the
drastically lower Ksp value that they obtain relative to other
solubility studies with synthetic becquerelite is due to the
higher degree of crystallinity of the natural sample.

Perhaps one of the most important uranyl oxide hydrate
minerals in terms of spent nuclear fuel alteration is the
sodium analogue of compreignacite (Na2(UO2)6O4(OH)6-
(H2O)8 [41]). Dissolved sodium in the groundwater at a geo-
logic repository site, and/or significant release of sodium
from waste-containing glass at the site, may influence the
mineral phases formed during the alteration of spent fuel
[4,42,43]. In addition to the sodium end-member phase, it
is also important to have solubility data for the potassium
end member as well as for mixed potassium–sodium phases
in order to understand solid-phase cation effects on the sol-
ubility. Mixed potassium–sodium data in conjunction with
end-member data enable the calculation of an activity coef-
ficient for the mineral phase, thereby permitting predictions
of the solubility of mixed phases with potassium:sodium
ratios not directly studied in the laboratory.

Unfortunately, solubility data for these sodium and
potassium uranyl oxide hydrate phases are sparse. Only
one study reports a measured solubility of compreignacite
(K2(UO2)6O4(OH)6(H2O)8), and no published solubility
measurements exist for its sodium analogue. Sandino
et al. [38] measured the solubility of a synthetic compreig-
nacite by means of two different types of experiments. One
experiment involved starting with synthetic metaschoepite
(the metaschoepite conversion experiment) in 1 m KCl,
and the other experiment involved starting with synthetic
compreignacite in 1 m KCl. Mineral phase characterization
by XRD, XPS, and scanning electron microscopy and
energy dispersive spectroscopy (SEM-EDS) indicated that
metaschoepite converted fully to compreignacite during
the experiment. The same analyses conducted on the solids
in the experiment that initially started with compreignacite
revealed no alteration of the mineral phase; however, there
was evidence of a reduction in the crystallinity. The solubil-
ity measurements were conducted from undersaturated
conditions with respect to U. Using the SIT-BGS approach
to calculate uranyl activities and accounting for aqueous
uranyl complexation, the authors calculated lgKsp values
of (36.82 ± 0.32) and (39.16 ± 0.31) for the metaschoepite
conversion experiment and the compreignacite experiment,
respectively. Similar to their becquerelite results, Sandino
et al. [38] attribute the difference in the Ksp values to the dif-
fering degrees of crystallinity of the solid phases. The
metaschoepite conversion experiment likely underwent a
ripening effect that increased the crystallinity of the phase
and thus produced a lower calculated Ksp.

Giammar and Hering [44] measured the kinetics of
soddyite dissolution in a NaNO3 electrolyte. During the
course of their experiments, they analyzed the solid phase
at every sampling point with XRD, SEM, and Raman
spectroscopy. The solid phase analyses revealed the forma-
tion of a clarkeite-like sodium uranyl oxide hydrate phase
that ultimately was the likely solubility-controlling phase.
In order to calculate a Ksp value for the clarkeite-like
phase, the authors needed to account for soddyite dissolu-
tion in their experiments. To do this, they used a recalcu-
lated value of the soddyite Ksp from Nguyen et al. [45]
described below. To calculate uranyl activities and account
for ionic strength effects in their experiments, the authors
used the Davies equations and took into account aqueous
uranyl complexation by hydroxide and carbonate. This
produced a lgKsp of (9.02) for the clarkeite-like phase from
data gathered from supersaturation. No errors are reported
for this value since the purpose of this study was not to
measure the solubility of the clarkeite-like sodium uranyl
oxide hydrate phase.

A wide range of experimental techniques have been used
to measure the solubility of uranyl oxide hydrates, including
conversion experiments, batch experiments, and precipita-
tion experiments. Our review indicates that these experi-
mental techniques can yield solid phase experimental
products with dramatically different crystallinities, and that
the crystallinity of the mineral phase can, in turn, dramati-
cally affect the measured solubility of the phase. Very few
studies have conducted solubility measurements from both
supersaturated and undersaturated conditions, and post-
experimental residue analyses have also varied greatly or
have been absent. Crystallinity (see discussion below) and
the lack of rigorous demonstrations of equilibrium (steady
state attained from supersaturated and undersaturated con-
ditions) are likely the main causes in the variability of the
calculated Ksp values. Table 1 illustrates the wide range of
Ksp values reported for the oxide hydrates. In addition to
the phases discussed here, the solubility of a number of
other environmentally relevant uranyl oxide hydrate phases
have yet to be measured, such as the sodium analogue of
compreignacite, mixed sodium–potassium compreignacite,
b-UO2(OH)2, CaUO4, and Ca(UO2)6O4(OH)6(H2O)8.



TABLE 2
Aqueous complexation reactions

lgK (I = 0) Reference

UO2þ
2 þH2O ¼ UO2OHþ þHþ �5.25 [12]

UO2þ
2 þ 2H2O ¼ UO2ðOHÞ�2 þ 2Hþ �12.15 [12]

UO2þ
2 þ 3H2O ¼ UO2ðOHÞ�3 þ 3Hþ �20.25 [12]

UO2þ
2 þ 4H2O ¼ UO2ðOHÞ2�4 þ 4Hþ �32.4 [12]

2UO2þ
2 þH2O ¼ ðUO2Þ2OH3þ þHþ �2.70 [12]

2UO2þ
2 þ 2H2O ¼ ðUO2Þ2ðOHÞ2þ2 þ 2Hþ �5.62 [12]

3UO2þ
2 þ 5H2O ¼ ðUO2Þ3ðOHÞþ5 þ 5Hþ �15.55 [12]

3UO2þ
2 þ 7H2O ¼ ðUO2Þ3ðOHÞ�7 þ 7Hþ �32.20 [12]

4UO2þ
2 þ 7H2O ¼ ðUO2Þ4ðOHÞþ7 þ 7Hþ �21.90 [12]

UO2þ
2 þ CO2�

3 ¼ UO2CO3 9.94 [12]
UO2þ

2 þ 2CO2�
3 ¼ UO2ðCO3Þ2�2 16.61 [12]

UO2þ
2 þ 3CO2�

3 ¼ UO2ðCO3Þ4�3 21.84 [12]
3UO2þ

2 þ 6CO2�
3 ¼ ðUO2Þ3ðCO3Þ6�6 54.00 [12]

2UO2þ
2 þ CO2�

3 þ 3H2O
¼ ðUO2Þ2CO3ðOHÞ�3 þ 3Hþ

�0.86 [12]

3UO2þ
2 þ CO2�

3 þ 3H2O
¼ ðUO2Þ3OðOHÞ2ðHCO3Þþ þ 3Hþ

0.65 [12]

11UO2þ
2 þ 6CO2�

3 þ 12H2O
¼ ðUO2Þ11ðCO3Þ6ðOHÞ2�12 þ 12Hþ

36.40 [12]

UO2þ
2 þH4SiO4 ¼ UO2H3SiOþ4 þHþ �1.84 [12]

SiðOHÞ4ðaqÞ ¼ 2Hþ þ SiO2ðOHÞ2�2 �23.14 [12]
SiðOHÞ4ðaqÞ ¼ Hþ þ SiO2ðOHÞ�3 �9.81 [12]
2SiðOHÞ4ðaqÞ ¼ Si2O3ðOHÞ2�4 þ 2Hþ þH2O �19.0 [11]
2SiðOHÞ4ðaqÞ ¼ Si2O2ðOHÞ�5 þHþ þH2O �8.1 [11]
3SiðOHÞ4ðaqÞ ¼ Si3O6ðOHÞ�3

3 þ 3Hþ þ 3H2O �28.6 [11]
3SiðOHÞ4ðaqÞ ¼ Si3O5ðOHÞ�3

5 þ 3Hþ þ 2H2O �27.5 [11]
4SiðOHÞ4ðaqÞ ¼ Si4O7ðOHÞ�3

5 þ 3Hþ þ 4H2O �25.5 [11]
4SiðOHÞ4ðaqÞ ¼ Si4O8ðOHÞ�4

4 þ 4Hþ þ 4H2O �36.3 [11]
Naþ þ CO2�

3 ¼ NaCO�3 �1.27 [86]
Naþ þ CO2�

3 þHþ ¼ NaHCO�3 �10.03 [86]
Ca2þ þUO2þ

2 þ 3CO2�
3 ¼ CaUO2ðCO3Þ2�3 27.18 [75]

2Ca2þ þUO2þ
2 þ 3CO2�

3 ¼ Ca2UO2ðCO3Þ�3 30.70 [75]
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3.3. Uranyl silicates

Studies of natural analogues and laboratory experi-
ments indicate that uranyl silicates are likely to be the
final uranyl mineral phases formed in the paragenetic
alteration of spent nuclear fuel under oxidizing conditions
when dissolved silica is present [4]. In general, the uranyl
silicates are less soluble than uranyl carbonates or uranyl
oxide hydrates under circumneutral pH conditions; there-
fore, they are likely to serve as controls on the aqueous
phase concentrations of U. In addition to the importance
of uranyl silicates in repository environments, sodium
boltwoodite has been identified in the vadose zone of
the contaminated sediment at Hanford [7]. Uranyl sili-
cates are of paramount importance in determining the
mobility of U in subsurface conditions where dissolved
silica is present.

In order to illustrate the difference in typical solubilities
of uranyl silicates, uranyl oxide hydrates, and uranyl phos-
phates, a calculation presented in figure 1 describes the sol-
ubility of uranyl orthophosphate, metaschoepite, and
sodium boltwoodite (Na[UO2(SiO3OH)](H2O)1.5) in the
presence of 10 mM Na+ and pCO2 = 32 Pa. For accurate
comparison of the solubilities, calculations take into
account the same aqueous complexation reactions for each
system (reactions listed in table 2). The solubility of each
uranyl phase considered increases dramatically at higher
pH due to the predominance of aqueous uranyl carbonate
complexes that become important under these conditions.
Below approximately pH 8, uranyl orthophosphate is
much less soluble than either of the other phases. For
example, at pH 6, the solubility difference is approximately
3.5 orders of magnitude. Above pH 8, although aqueous
uranyl carbonate complexation affects both solubilities,
uranyl orthophosphate becomes more soluble than sodium
boltwoodite. Sodium boltwoodite solubility at low pH con-
ditions is higher than that of metaschoepite due to the for-
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FIGURE 1. Plot of logarithm of total U in solution against pH for the
calculated solubility of sodium boltwoodite (thick solid curve), metasc-
hoepite (thin solid curve), and uranyl orthophosphate (dashed curve) in
the presence of 10 mM Na+ and pCO2 = 32 Pa. The predicted solubilities
take into account reactions listed in Table 2 and mineral lgKsp values from
[31,32,47].
mation of an aqueous uranyl silicate species, UO2H3SiOþ4 ,
that is prevalent below pH 6 and is negligible under higher
pH conditions (and is absent in the Si-free systems).
Clearly, pH, uranyl mineralogy, dissolved CO2 concentra-
tion, and aqueous uranyl complexation all exert controlling
influences on U mobility and transport through solubility
relationships. Uranyl silicates can represent the phases that
control subsurface U concentrations under circumneutral
to basic groundwater conditions.

Nguyen et al. [45] performed individual solubility exper-
iments from undersaturated conditions with soddyite,
uranophane (Ca(H3O)(UO2)2(SiO4)2(H2O)3 later refined
and reported as Ca[(UO2)(SiO3OH)]2(H2O)5 [46]), Na-bolt-
woodite (NaH3OUO2SiO4(H2O) later refined and reported
as Na[UO2(SiO3OH)](H2O)1.5 [42]), and Na-weeksite
(Na2(UO2)2(Si2O5)3(H2O)4) at T = 303.15 K. Pre-experi-
mental characterization of the mineral phases involved
XRD, FTIR, and chemical analysis (hereafter referred to
as bulk dissolution analysis) involving dissolution of the
phase in an acidic solution and subsequent analysis by
AAS. The pre-experimental characterization indicated that
Na-boltwoodite and Na-weeksite were pure phases; and
the elemental ratios of the solids indicated that amorphous
silica was likely present with the soddyite and uranophane.
Post-experimental analysis of the mineral residues by XRD
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indicated that soddyite and Na-weeksite were stable but a
few minor peaks were missing likely due to preferred orien-
tation of the solid phase. The XRD of the uranophane res-
idue indicated no alteration. The Na-boltwoodite residue
confirmed that Na-boltwoodite was still present; however,
new peaks were present in the sample that corresponded
to the major peaks found in soddyite. The solubility exper-
iments resulted in non-stoichiometric dissolution of each
mineral phase examined. Specifically, the silica concentra-
tions in all samples were close to the amorphous silica
solubility limit, and there was excess Na present in the
systems containing Na-boltwoodite and Na-weeksite.
Using the SIT-BGS approach to calculate uranyl activities
and accounting for aqueous uranyl complexation, Nguyen
et al. [45] calculated lgKsp values for soddyite, uranophane,
Na-boltwoodite, and Na-weeksite of (5.74 ± 0.21), (9.42 ±
0.48), (5.82 ± 0.16), and (1.50 ± 0.08), respectively. The
Na-boltwoodite value is a lower bound due to the forma-
tion of soddyite during the experiment. The lack of
reversibility of these experiments makes it impossible to
assess whether the quoted uncertainties associated with
the Ksp values are reasonable or not.

Ilton et al. [47] measured the dissolution of Na-boltwoo-
dite under a variety of conditions. They performed kinetics
experiments, 7-day experiments, and pre-treated experi-
ments. All measurements were made in a 50 mM NaNO3

buffer. The kinetics experiments were performed as a func-
tion of NaHCO3 concentration from 0.1 mM to 50 mM. At
50 mM NaHCO3, additional experiments were performed
varying the solid:solution ratio from 0.5 g/100 ml to
1.0 g/100 ml. The 7-day experiments were only sampled
after seven days of mineral–solution interaction, and had
NaHCO3 concentrations from 0 mM to 50 mM. The pre-
treated experiments were a subset of the kinetics experi-
ments, and involved preleaching of the mineral in a
50 mM bicarbonate solution for 24 h. Under certain initial
conditions, the authors observed congruent dissolution;
however, under all experimental conditions, dissolution
eventually became incongruent. The authors were not able
to identify the phase or cause of the incongruent dissolu-
tion because the XRD patterns of the post-experimental
residues did not exhibit any new peaks. Despite the exis-
tence of an unidentified and likely amorphous alteration
phase that grew during the experiments, Ilton et al. [47] cal-
culated the lgKsp value for Na-boltwoodite using final data
points from eight experiments that clearly manifested a
steady state, and using data points from two other experi-
ments that were near steady-state conditions. Accounting
for aqueous uranyl complexation and using the Pitzer ion
interaction model and the Davies equation to calculate
activity coefficients, the calculated lgKsp values were
(5.86 ± 0.24) and (5.85 ± 0.26), respectively.

Casas et al. [48] performed solubility experiments using
natural samples that primarily consisted of uranophane but
also contained a range of other mineral phases. No effort
was made to separate these mineral phases, and conse-
quently each experiment had different potential controls
on element concentrations in solution. Solubility experi-
ments performed under an N2 atmosphere under circum-
neutral pH conditions produced highly scattered data.
Post-experimental analysis of the solids consisted of SEM
and EDS, and revealed mineral phases in addition to
uranophane with habits similar to schoepite and rutherfor-
dine. The authors used two different methods to calculate a
Ksp for uranophane from the experimental data. The first
treatment assumed stoichiometric dissolution despite the
analytical data that clearly demonstrated a deviation from
this stoichiometry; the second data treatment solved for a
Ksp value for each experimental sample, instead of just
the final one or the steady-state samples, and accounted
for the presence of uranyl hydroxide aqueous species in
solution. In both data treatments, activity coefficients were
neglected. The two data treatments produced lgKsp values
of (6.5 no error reported) and (7.8 ± 0.8), respectively.
The second data treatment was more rigorous than the
first; however, the scatter in the data, the assumption that
uranophane was the solubility controlling phase, and
ignoring activity coefficients in the calculations make
the calculated Ksp values from both treatments highly
unreliable.

Perez et al. [49] measured the extent of dissolution of
uranophane in (1 to 20) mM bicarbonate solutions. The
solid material was characterized prior to the solubility
experiments with XRD, BET, and bulk dissolution analy-
sis. Post-experimental XRD analyses showed no signs of
alteration of the mineral phase. The authors assumed stoi-
chiometric dissolution of the mineral as verified by a lim-
ited number of analyses of Ca and Si; however, U
concentrations in solution decreased after ca. 300 h, and
the calculated Ksp value for each data point in the experi-
ments decreased with increasing bicarbonate concentra-
tions, both effects likely due to the precipitation of a
secondary uranyl phase. Despite this possibility and the
lack of evidence of a secondary phase in the mineral resi-
due, the authors included these lower Ksp values when
determining an overall averaged lgKsp for uranophane of
(11.7 ± 0.6) using the SIT-BGS approach to calculate
activities and accounting for aqueous uranyl complexation.
Their calculated Ksp value is not well constrained due to
lack of Ca and Si analyses for every data point, the un-val-
idated assumption of stoichiometric dissolution, and the
likely presence of a secondary phase during at least a por-
tion of the experiments.

Moll et al. [50] measured the solubility of soddyite from
undersaturated conditions in air and in a N2 atmosphere
from pH 3 to 9. Using XRD analysis, the authors did
not detect any secondary phase formation in the solid in
equilibrium with the final aqueous solution, yet during
the course of the experiment, after the initial increase of
U in solution from the dissolution of soddyite there was
a notable decrease in the U concentration in solution, likely
caused by the formation of a secondary sodium uranyl sil-
icate and/or a uranyl carbonate phase. The fact that there
was no evidence of a secondary phase in the final mineral



346 D. Gorman-Lewis et al. / J. Chem. Thermodynamics 40 (2008) 335–352
residue characterized by XRD highlights the relative insen-
sitivity of XRD analysis compared to analyses of the aque-
ous elemental concentrations as a function of time. Above
pH 4.6, aqueous uranyl hydroxide complexes and uranyl
carbonate complexes are a sufficient proportion of the total
dissolved U that they must be considered when determin-
ing Ksp values. Moll et al. [50] used data from the pH 3
experiments only and the SIT-BGS approach to calculate
uranyl activities to produce lgKsp values of (6.03 ± 0.45)
and (6.15 ± 0.53) from the data from the air and the N2

experiments, respectively. While these values are not con-
strained by data from supersaturation, they are within
error of the previous measurements by Nguyen et al. [45].

The most recent measurement of soddyite solubility, by
Gorman-Lewis et al. [13], used a synthetic solid phase, and
attained equilibrium from supersaturated and undersatu-
rated conditions between pH 3 and 4. Aqueous uranyl
and silica were added to the experimental solutions prior
to contact with the mineral phase in order to decrease the
time required to attain steady-state conditions. Amorphous
silica was also added in excess to buffer the aqueous silicon
concentration and to decrease the equilibration time. Pre-
and post-experimental characterizations using XRD,
FTIR, and chemical analysis revealed that the soddyite
and amorphous silica appeared to remain stable through-
out the course of the experiments. The authors used an
extended Debye–Huckel equation to calculate uranyl activ-
ities while taking into account aqueous complexation of
uranyl to produce a lgKsp value of (6.43 +0.2/�0.37).
While this value is higher than the previous measurements,
it does fall within the error of the values calculated by Moll
et al. [50], and it is the only value constrained by data from
supersaturation as well as undersaturation.

The uranyl silicates are important minerals in terms of
geologic repository performance, yet their solubilities in
general remain poorly constrained. Soddyite and Na-bolt-
woodite are the only uranyl silicates for which well-con-
strained solubility measurements exist. As is the case for
the uranyl oxide hydrates, data from well characterized
mixed cation phases of sodium/potassium weeksite and
boltwoodite would enable calculations of activity coeffi-
cients for these solid phases which would allow for determi-
nation of solubilities along the whole solid-solution series
of mineral families. In addition to the uranyl silicates iden-
tified in this review, other environmentally relevant silicates
for which no solubility data are available include kasolite
(Pb(UO2)(SiO4)H2O), slodowskite (Mg[(UO2)(SiO3OH)]2-
(H2O)6), and haiweeite (Ca(UO2)2(Si2O5)3(H2O)5).

3.4. Uranyl phosphates

Uranyl phosphates, due to their extremely low solubili-
ties under circumneutral pH conditions, are important
phases for controlling U mobility in the environment.
Murakami et al. [5] identified saleeite (Mg(UO2)2(PO4)2-
(H2O)10) and metatorbenite (Cu(UO2)2(PO4)2(H2O)8) as
the controlling phases for dissolved U in the vicinity of
the secondary ore deposit at the U ore deposit in Koo-
ngarra, Australia. Autunite largely controls the mobility
of U in soils contaminated by actinides, such as at the Fer-
nald site in Ohio [51], where U was processed during the
Cold War, and the U-contaminated K1300 locality of the
DOE-K 25 site at Oak Ridge, Tennessee [8]. Autunite-
group minerals are bioprecipitated by Citrobacter sp.,
which is proposed for remediation of groundwater contam-
inated by heavy metals [52,53]. They have been found in
experiments involving halophilic bacterium isolated from
the Waste Isolation Pilot Plant repository [9,10]. Autun-
ite-group minerals precipitate at reactive barriers that use
phosphate to limit the transport of U in groundwater
[54,55], and their stabilities under vadose and saturated-
zone conditions will determine the long-term effectiveness
of these remediation strategies.

Uranyl phosphates are sparingly soluble; therefore, sol-
ubility experiments are typically performed under acidic
conditions at high ionic strength to induce enough dissolu-
tion for detection of the dissolved species. A difficulty with
measurements performed at high ionic strength is the
extrapolation to infinite dilution in order to calculate the
Ksp value. For environmental applications uranyl phos-
phate solubility predictions under circumneutral conditions
are desirable; however, without Ksp values extrapolated to
infinite dilution, measurements that are conducted under
acidic conditions cannot be reliably applied to the circum-
neutral pH and low ionic strength conditions often found
in the environment. Another issue with uranyl phosphate
solubility measurements involves the aqueous uranyl-phos-
phate complexation, which must be taken into account
when calculating Ksp values from these experiments. An
advantage of the sparingly soluble phases is the ease of
gathering data from supersaturated conditions or precipi-
tation experiments due to the fast kinetics of the precipita-
tion reaction. Below we have summarized studies
measuring the solubility of potentially environmentally-
important uranyl phosphates.

Vesely et al. [56] measured the solubility of uranyl
hydrogen phosphate also known as chernikovite (UO2H-
PO4(H2O)4), uranyl orthophosphate ((UO2)3(PO4)2(H2O)4),
and MUO2PO4(H2O)x, where M = Na+, K+, Rb+, Cs+,
NHþ4 . Syntheses involved combining uranyl nitrate, phos-
phoric acid, and the appropriate nitrate salt. Characteriza-
tion of the solids consisted of two approaches: (1) bulk
dissolution analysis and (2) water of crystallization analysis
determined by weight loss upon drying. There is no
mention of using XRD to verify the crystallinity and iden-
tity of the synthetic phases. Post-experimental solid analy-
sis is not mentioned. Solubility experiments involved
measuring aqueous cation concentrations in experiments
from undersaturated conditions in solutions from pH 0.7
to 2.1 with ionic strengths ranging from 0.22 M to
0.32 M. The authors considered the formation of aqueous
uranyl phosphates when calculating the lgKsp values listed
in table 1; however, they did not extrapolate their values to
infinite dilution.
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Another study measuring the solubility of uranyl hydro-
gen phosphate and uranyl orthophosphate by Markovic
et al. [57] conducted experiments in which equilibrium
was approached from supersaturated conditions by precip-
itating the solids from solutions containing uranyl nitrate
and phosphoric acid. Examination of the samples took
place after 30 days and produced data from pH 1.41 to
3.17. The ionic strengths in the experimental systems are
reported to have varied from 3 mM to 39 mM, although
considering the H+ activities alone at the experimental
pH values, the reported ionic strength values at low pH
must be higher than 39 mM. Characterization of the solid
phases involved XRD, IR, and optical microscopy. The
authors did account for uranyl complexation by phosphate
and calculated Ksp values, extrapolated to infinite dilution
using the Davies equation, of (�12.33 ± 0.06) and
(�49.00 ± 0.80) for uranyl hydrogen phosphate and uranyl
orthophosphate, respectively. In a later study, Markovic
et al. [58] measured the solubility of NH4UO2PO4(H2O)3

in a similar manner as the previously described study by
precipitating the solids from a uranyl nitrate, phosphoric
acid, and ammonium hydroxide. The authors examined
the samples after 30 days with XRD, IR, TGA, and chem-
ical analysis by gravimetric, spectrophotometric, and
chemical mircoanalysis techniques. Their precipitation
technique gathered data from pH 1.23 to 1.76. Accounting
for aqueous uranyl complexation and calculating aqueous
ion activity coefficients using the Davies equation, their cal-
culated lgKsp is (�26.50 ± 0.09).

Unlike previous measurements of uranyl orthophos-
phate ((UO2)3(PO4)(H2O)4), Sandino et al. [31] measured
its solubility over a wide pH range from 3 to 9. Character-
ization of the solid before and after the solubility experi-
ments with XRD, TGA, BET, SEM, and chemical
analysis involving acid digestion of the phase and subse-
quent analysis of the solution indicated that it was uranyl
orthophosphate and did not undergo alteration during
the course of the experiments. The authors added the solid
phase to a solution containing 0.5 M NaClO4 and a con-
stant phosphate concentration of 0.01 M PO3�

4 , used to sta-
bilize the phase. Titrating the suspension as a function of
the acidity, the acid/base used to vary the acidity was not
specified, the authors measured dissolved U and P concen-
trations, assuming that a steady state was attained at each
step when the potential of the glass electrode remained con-
stant within 0.1 mv for 24 h. In the circumneutral pH
range, the solubility of uranyl phosphates is extremely
low; consequently, the authors used a laser fluorescence
analyzer with a detection limit of 2.1 � 10�10 M for U anal-
yses. Accounting for aqueous uranyl complexation with
phosphate, hydroxide, and carbonate, and extrapolating
to infinite dilution using the SIT-BGS approach, the
authors calculated a lgKsp value of (�53.32 ± 0.17).

Rai et al. [59] also measured the solubility of uranyl
orthophosphate from undersaturation and, similar to that
of Sandino et al. [31], the study also encompassed a wide
pH range (2.5 to 10); however, the authors also used a wide
phosphate concentration range (0.0001 to 1) M. Pre-exper-
imental mineral phase characterization included XRD,
differential thermal analysis (DTA), TGA, and X-ray
absorption spectroscopy (XAS). Post-experimental charac-
terization by XRD and XAS was only performed on select
samples. The authors let samples equilibrate for (29 to 870)
days. Steady-state aqueous concentrations achieved after
29 days were similar to those measured at 870 days. The
authors accounted for aqueous uranyl speciation and used
the Pitzer model to calculate activity coefficients to produce
a lgKsp of (�49.08 ± 0.48).

Pavkovic et al. [60] measured the solubility of KUO2-

PO4(H2O)3 by precipitating the phase from supersaturated
solutions that were created by holding uranyl ion concen-
tration constant at 1 mM with uranyl nitrate and varying
the concentrations of H3PO4 and KOH. The pH of the sys-
tems varied from 1.5 to 2. After a 30 day aging period,
characterization of the solids involved XRD, SEM, TGA,
and bulk dissolution analysis. The initial and final solid
phase was determined to be KUO2PO4(H2O)3. Using spec-
trophotometric techniques to analyze for U and P, and
flame photometry techniques to analyze for K+, the
authors calculated a lgKsp, extrapolated to infinite dilution
using the Davies equation, of (�26.28 ± 0.25) taking into
account aqueous uranyl speciation.

Solubility measurements of chernikovite and meta-ank-
oleite (K(UO2)(PO4)(H2O)3), conducted by Van Haverbeke
et al. [61], yielded conditional Ksp values from solution con-
centrations (not activities) of (�22.72 ± 0.24) and (�24.30
± 0.81), respectively. Pre-experimental solid phase analysis
consisted of XRD, TGA, SEM, IR, and fluorescence spec-
troscopy. Solubility measurements, performed under a
nitrogen atmosphere from pH 1 to 2.2, produced data from
undersaturated conditions by adding mineral to a solution
of distilled water with the pH adjusted using HClO4. Sam-
pling occurred every 5 days and a steady state was attained
after 30 days. Post-experimental residue analysis with
XRD and an undescribed chemical analysis revealed the
presence of a precipitate in the meta-ankoleite experiment
identified as (UO2)3(PO4)2. The authors made no attempt
to correct the solution concentrations for ionic strength,
claiming that the ionic strength of the solutions was too
high (the ionic strengths of the solutions were not specified)
for making accurate activity coefficient calculations.

Uranyl phosphates are an extremely important group of
uranyl minerals when considering U sequestration. Condi-
tional Ksp values can only be used to yield rough approxi-
mations of the solubility behavior and relative stabilities of
these minerals under environmentally relevant conditions;
therefore, extrapolation of Ksp values to infinite dilution
is essential. In addition to the importance of extrapolation
to infinite dilution, constraining the Ksp by gathering data
from both supersaturated and undersaturated conditions
is also essential and also lacking from the reviewed studies.
Uranyl phosphates that may be important seques-
tration phases for contaminated sites that are lacking
solubility measurements are saleeite, metatorbenite,



348 D. Gorman-Lewis et al. / J. Chem. Thermodynamics 40 (2008) 335–352
bassetite (Fe2+(UO2)2(PO4)2(H2O)8–12), autunite (Ca(UO2)2-
(PO4)2 (H2O)8–10), and meta-autunite (Ca(UO2)2(PO4)2-
(H2O)6–8).

3.5. Uranyl peroxides

The uranyl peroxide minerals studtite ((UO2)O2(H2O)4)
and metastudtite (UO4(H2O)2) form in U deposits due to
the accumulation of peroxide created by alpha-radiolysis
of water [62]. There is also evidence that uranyl peroxides
may be important alteration products of nuclear wastes
under environmental conditions. McNamara et al. [63]
found that studtite formed on the surface of spent nuclear
fuel reacted at T = 298 K with de-ionized water for 1.5
years and suggested it grew by incorporating peroxide cre-
ated by alpha-radiolysis of water. Metastudtite formed on
the surface of UO2 under irradiation with a 4He2+ (alpha-
particle) beam, and incorporated peroxide formed by
alpha-radiolysis of water [64]. Studtite has also been found
on nuclear material (‘‘lava”) following the Chernobyl
Nuclear Plant accident [65].

Djogić et al. [66] measured the solubility of metastudtite
by precipitation from solutions of UO2(ClO4)2 and H2O2.
The authors created a precipitation boundary by varying
the concentrations of uranyl and H2O2 and monitoring
precipitation via a tyndallometer in combination with a
photometer. To hold the ionic strength constant the
authors buffered the system with 0.7 M LiClO4 and the
pH of all experimental solutions at the end of the experi-
ments was 4.6. Varying the solution compositions affected
the kinetics of precipitation; consequently, the authors
chose to use the solubility data for their Ksp value from
the systems with an excess of H2O2 which caused precipita-
tion to occur within 3 days. Characterization of the precip-
itate with XRD and TGA confirmed its identity as
metastudtite. The authors calculated the free uranyl and
O2�

2 from the precipitation boundary, taking into account
uranyl complexation by hydroxide and the dissociation of
H2O2. Ksp calculations did not take into account ionic
strength effects; therefore, the authors Ksp value of
(�35.88 ± 0.01) is only valid at 0.7 M ionic strength.

Kubatko et al. [62] measured the solubility of studtite by
titrating uranyl solutions (the anion of the salt was not
specified) with H2O2 until a precipitate formed. The data
encompassed the pH range of 2.91 to 3.37, and character-
ization of the precipitate involved XRD analysis. The
authors did not take into account uranyl complexation
by O2�

2 or OH�, although, complexation is unlikely under
the conditions of the experiments. The ionic strength of
the system is unspecified, and the authors do not account
for ionic strength effects in their solubility calculations.
Their reported lgKsp values range from (�2.88) to (�2.86).

The Ksp values from the uranyl peroxide studies
described require further refinement due to the lack of
accounting for ionic strength effects and the lack of revers-
ibility experiments. These studies provide an estimate of the
solubility of metastudtite and studtite under a relatively
restricted range of conditions; however, due to the environ-
mental relevance of these phases more rigorous solubility
studies are necessary in order to evaluate the importance
of uranyl peroxide phases on U mobility under more envi-
ronmentally relevant conditions.

3.6. Uranyl sulfates

Uranyl sulfates are relatively widespread, although not
abundant [67]. They usually occur close to actively oxidiz-
ing uraninite and sulfide minerals. They commonly occur in
sites mined for U, where they form due to the evaporation
of acid sulfate-rich mine drainage waters [41,68]. These
minerals usually occur as fine-grained intergrowths of mul-
tiple species, which makes their characterization and study
especially challenging.

Haacke and Williams [69] reported the solubility of
zippeites (M2(UO2)6(SO4)3(OH)10(H2O)n) with M = Mg,
Co, Ni, and Zn. Pre-experimental characterization of the
mineral phases involved XRD and TGA analyses. Reach-
ing a steady state from undersaturated conditions took 2
to 3 weeks with the steady state being defined by a con-
stant pH in the system. The authors analyzed for divalent
cations with AAS and assumed stoichiometric dissolution
to calculate the U and S concentrations in the system.
There was no mention of any post-experimental analysis
on the solid residues. When taking into account complex-
ation of uranyl the authors did not adjust the equilibrium
constants for the aqueous complexation reactions for
ionic strength effects; however, the Ksp values were calcu-
lated using activities with activity coefficients calculated
from a modified Davies equation with parameters from
Truesdell and Jones [17]. The lgKsp values for M = Mg,
Co, Ni, and Zn are (�146.1), (�145.9), (�145.6), and
(�153.0), respectively.

O’Brien and Williams [70] measured the solubility of
three zippeites (M4(UO2)6(SO4)3(OH)10(H2O)4) with
M = Na, K, and NH4. The authors reference previous
work [19,69] to describe their experimental procedures
and calculations; therefore, it is assumed that there was
no post-experimental characterization of the solid residue.
Dissolution of the mineral was assumed stoichiometric
based on the divalent cation analysis of the experimental
solution, and Ksp value calculations considered ionic
strength effects with a modified Davies equation with
parameters from Truesdell and Jones [17], but the equilib-
rium constants for the aqueous complexation reactions
were not adjusted for ionic strength effects. The lgKsp val-
ues calculated from their reported DG�f for M = Na, K, and
NH4 are (�116.5), (�116.1), and (�126.2), respectively.

Each study described above lacks rigorous constraints
on the reported DG�f values due to the non-validated
assumption of stoichiometric dissolution, lack of post-
experimental residue analysis, and absence of reversibility
experiments to demonstrate achievement of equilibrium.
The wide-spread nature of uranyl sulfates demonstrates
the need for rigorously constrained Ksp values. In addition
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to the phases described above, johannite (Cu[(UO2)2-
(SO4)2(OH)2](H2O)8) and uranopilite ([(UO2)6(SO4)O2-
(OH)6(H2O)6]) may be environmentally important.
4. Causes of variability among Ksp measurements

4.1. Surface free energies and particle size

For most of the uranyl minerals for which solubility
data exist, there is considerable variation in the measured
solubilities and calculated Ksp values from one study to
the next. Predicting the solubility of uranyl phases under
conditions not directly studied in the laboratory is one of
the applications that utilize the thermodynamic data from
these solubility studies. The example of becquerelite illus-
trates how the relatively high uncertainties associated with
measured Ksp values lead to a large uncertainty associated
with predicted mineral solubilities. Figure 2 depicts pre-
dictions of the solubility of becquerelite as a function of
pH based on the results from solubility measurements
using synthetic phases (lgKsp values of 41.2 and 43.7)
compared to the predictions based on the Ksp value calcu-
lated from the experiments that involved a natural bec-
querelite sample. The two values from the synthetic
becquerelite experiments yield an order of magnitude dif-
ference in calculated U molalities at a given pH, and the
Ksp from the natural sample experiments yields calculated
U concentrations that are two to three orders of magni-
tude below the others. Clearly, the Ksp of becquerelite
must be better constrained in order to reasonably estimate
the mobility and distribution of U in becquerelite-buffered
geologic systems. A similar degree of uncertainty in calcu-
lated U concentrations exists for a number of the other
uranyl phases described here, such as uranophane and
rutherfordine, and there are an even larger number of
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FIGURE 2. Plot of logarithm of total U in solution against pH calculated
from becquerelite solubility in the presence of 10 mM Ca2+ and
pCO2 = 32 Pa with lgKsp values of 29 (thin curve), 41.2 (dashed curve),
and 43.7 (thick curve). The predicted solubility takes into account
reactions listed in Table 2 with the exception of calcium uranyl carbonate
ternary complexes.
uranyl phases for which no thermodynamic data exist at
all. The error associated with rigorously constrained data,
such as Ilton et al. [47] and Gorman-Lewis et al. [13],
gives a better indication of what degree of uncertainty
can be achieved for solubility measurements.

The variation in calculated Ksp values for a particular ura-
nyl phase could stem from a number of sources other than
experimental error. One such source could be the influence
of particle size on solubility. The particle size of microcrys-
talline powders with a surface area greater than a few
m2 � g�1 (that is, individual particle sizes smaller than
approximately 1 lm) can substantially affect measured solu-
bilities [71,72]. Previous research on uranyl minerals has
qualitatively documented this effect [22,31,73,74]. The inter-
facial free energy of mineral phases is related to the particle
size as shown in equation (5) [72], where Ksp(s) is the Ksp of
the small particle size sample, Ksp(s = 1) is the Ksp of a highly
crystalline larger particle sample, �c is the interfacial free
energy of the mineral phase, and s is the molar surface area:

lg kspðsÞ ¼ lg Kspðs¼1Þ þ
2
3
�c

RT s : ð6Þ

Lowering of the interfacial free energy of a mineral phase,
through smaller particle size, increases the solubility of the
phase. Different synthetic methods for growing the same
mineral may produce solids with markedly different parti-
cle sizes and/or crystallinities, hence yielding significantly
different solubilities. In addition, it is often necessary to re-
peat the same synthesis procedure multiple times in order
to produce enough material for solubility experiments.
The particle size of each batch of synthetic material may
vary. Thus, solubility measurements of the same mineral
produced from different synthetic batches may also intro-
duce variability in solubility measurements. Measurements
and reporting of the surface area of the material used in
uranyl phase solubility experiments may be necessary to
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FIGURE 3. Plot of logarithm of total U in solution against pH from the
predicted solubility of becquerelite with 10 mM Ca2+ and pCO2 = 32 Pa in
the presence (solid curve) and absence (dashed curve) of calcium uranyl
carbonate ternary complexes. The predicted solubility takes into account
reactions listed in Table 2.
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account for this effect and in turn to produce more consis-
tent solubility measurements and Ksp values.

4.2. Aqueous complexation reactions

Calculated values of uranyl mineral Ksp values are
highly dependent on the thermodynamic stability constants
that are used in the calculations for aqueous uranyl com-
plexes. Below approximately pH 4 at low U concentrations
(below ca. 10 mM), aqueous U speciation is dominated by
the un-complexed uranyl species ðUOþ2

2 Þ. Therefore, for
solubility experiments conducted below pH 4 without high
concentration of U in solution, one can safely assume that
the measured concentration of U in solution is equivalent
to the concentration of the uranyl cation. However, above
approximately pH 4, aqueous uranyl hydroxide, uranyl
carbonato, and mixed uranyl hydroxide-carbonato com-
plexes become more important than the uncomplexed ura-
nyl cation, and must be accounted for in calculations of Ksp

values for experiments conducted under these pH condi-
tions. Different studies have used different choices of aque-
ous complexation reactions to account for U speciation,
and have used different values for the equilibrium constants
for those reactions, so comparison of Ksp values from these
studies is meaningless. Grenthe et al. [11] compiled a criti-
cally reviewed thermodynamic database of aqueous U
complexation reactions and their stability constants. A
number of stability constants for hydrolyzed uranyl species
were estimated due to the lack of reliable data. Often,
under the conditions used in solubility experiments, these
hydrolyzed species are negligible and the error associated
with using the estimated stability constants for these spe-
cies does not affect calculated Ksp values. Guillaumont
et al. [12] updated the Grenthe review and revised many
of the uranyl hydroxide and uranyl carbonate stability con-
stants by assessing new data on the thermodynamic stabil-
ities of these complexes. These revised stability constants
are, for the most part, within the error reported for the sta-
bility constants reported in Grenthe et al., and are unlikely
to significantly change calculated Ksp values. However, nei-
ther of these critical reviews included ternary complexes in
their recommended list of stability constants. These ternary
complexes involve the uranyl cation, the carbonate anion,
and an alkaline earth metal, such as the calcium–uranyl–
carbonate complex reported by Dong and Brooks [75],
Bernhard et al. [76], and Kelly et al. [77] which can domi-
nate the aqueous uranyl budget under relatively high pH
conditions. The accuracy of calculations of Ksp values from
experiments conducted under conditions favorable to the
formation of this type of ternary complex depends on
inclusion of these ternary complexation reactions in models
of the U speciation.

The presence of these aqueous ternary complexes can
dramatically affect extrapolations of uranyl mineral solu-
bilities from the low pH conditions, under which the solu-
bilities were measured, to circumneutral pH conditions in
equilibrium with atmospheric carbon dioxide. Figure 3
illustrates the solubility of becquerelite (using the Ksp from
Rai et al. [35]) in the presence and absence of aqueous cal-
cium–uranyl–carbonate ternary complexes identified by
Dong and Brooks [75]. The difference in the solubility
curves is dramatic. The CaUO2ðCO3Þ2�3 species dominates
solution from ca. pH 7 to 9; it is this species that causes
the dramatic increase in becquerelite solubility. For exam-
ple, at pH 8, the presence of CaUO2ðCO3Þ2�3 increases the
solubility of becquerelite approximately two orders of mag-
nitude, and the magnitude of the increase would be greater
for solutions in which the concentration of Ca is externally
buffered to higher levels.

5. Theoretical predictions

In the absence of an extensive thermodynamic database
for uranyl minerals, a number of investigators have devel-
oped methods to estimate Gibbs free energies of formation
for environmentally-relevant phases. One method, devel-
oped by Chen [78], considers the chemical components of
a mineral phase, and assumes that the total standard state
Gibbs free energy of formation of the phase is equivalent to
the sum of the energies of formation of the component
compounds that form the mineral. Hemingway [79] applied
the Chen method to predict the Gibbs free energies of for-
mation of a number of uranyl silicates. His predictions for
soddyite, uranophane, and Na-boltwoodite differ from
experimental values, determined for soddyite by Gorman-
Lewis et al. [13], and determined for uranophane and
sodium boltwoodite by Nguyen et al. [45], by (�33),
(�2), and (46) kJ/mol, respectively. The predictions for
soddyite and Na-boltwoodite are far outside the reported
uncertainties associated with the experimental values;
however, the uranophane prediction is within the error
reported for the experimental value.

Tardy and Garrels [80] developed a linear free energy
prediction approach that uses the linear relationship
between the standard state Gibbs free energy of formation
from the elements of a silicate and a parameter, DO2�,
defined as the difference between the Gibbs free energy of
formation of oxide components found in the mineral phase
and its aqueous constituents. Van Genderen and Van Der
Weijden [81] used the method developed by Tardy and
Garrels to predict the standard state Gibbs free energies
of formation of a number of uranyl phases. Their treatment
was only applicable to mineral groups with the same struc-
ture as the empirical relationship between DO2� and the
Gibbs free energy of formation of the constituent oxides,
as the approach is sensitive to differences in mineral
structure.

Finch [82] and Clark et al. [83] used a method based on
the Tardy and Garrels method where the Gibbs free energy
of formation of a uranyl phase is predicted by the sum of
the oxide constituents. The problems associated with this
technique involved the assumption that the Gibbs free
energies of formation for the metal oxides that make up
the mineral of interest, e.g. SiO2 and Na2O for Na-bolt-
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woodite, are equal to the Gibbs free energies of formation
for silicate structures in non-uranyl mineral phases. In
addition, uranyl in structures can be coordinated by four,
five, or six oxygen atoms in an approximately coplanar
arrangement [25,84]. This method cannot account for these
differences in uranyl coordination; consequently, there is
systematic disagreement between the predicted and mea-
sured Gibbs free energies of formation of uranyl phases
that involve coordinations not included in the calibration
of the relationship.

The most recent attempt to model standard state Gibbs
free energies of formation for uranyl minerals relies not on
constituent oxides, but rather on sums of the contributions
of constituent polyhedra or ‘‘cation oxides” [85]. Multiple
regressions of the thermodynamic data for which crystal
structures are known are used to determine the molar
structural components. This technique attempts to afford
more flexibility for predictions of phases that do not have
representative phases for which thermodynamic data are
available because the cation polyhedron is considered to
have well defined properties. This predictive approach
provides better agreement with experimental results than
previous predictions. For example, the predictions by Chen
et al. for soddyite and Na-boltwoodite ((�3653.0 ± 2.9)
and (�2844.8 ± 3.9) kJ/mol, respectively) are in close
agreement with values calculated from solubility measure-
ments of soddyite by Gorman-Lewis et al. ((�3652.2 ±
4.6) kJ/mol) and for sodium boltwoodite by Ilton et al.

((�2845.2 ± 1.5) kJ/mol).

6. Conclusions

The importance of a comprehensive database of ther-
modynamic properties of uranyl minerals is vital for
understanding the mobility of U in the environment. Pres-
ently, much of the available solubility measurements lack
rigorous demonstration of the attainment of equilibrium.
In addition, in many cases the experimental solid residue
was not characterized to determine if the uranyl phase of
interest was stable under the experimental conditions. The
large variation in calculated Ksp values for the same min-
eral illustrates the uncertainty associated with the pres-
ently available data for most phases that have been
studied. More rigorous measurements with proper post-
experimental residue characterization, demonstration of
steady state from undersaturation and supersaturation,
and proper calculation of activity coefficients are essential
for construction of an internally-consistent database.
Equally important to better constraining the Ksp values
for the minerals that have been studied is to expand these
studies to the even larger number of potentially relevant
uranyl phases that have not received attention to date.
Only with accurate and internally-consistent thermody-
namic data for all of the environmentally-relevant uranyl
phases can we model the paragenesis associated with
spent nuclear fuel alteration. A comprehensive database
is required to model not only the relative stabilities of var-
ious uranyl minerals as a function of geologic conditions,
but also to predict the concentration of U and other ele-
ments in equilibrium with these dominant uranyl phases
under a range of conditions not directly studied in the
laboratory.
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