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Abstract

The mobility of uranium under oxidizing conditions can only be modeled if the thermodynamic stabilities of the secondary uranyl
minerals are known. Toward this end, we synthesized metaschoepite (UO3(H,0),), becquerelite (Ca(UO,)s04(OH)s(H,0)g), compreig-
nacite (K5(UO,)s04(OH)s(H,0)7), sodium compreignacite (Na,(UO,)sO4(OH)s(H,0),), and clarkeite (Na(UO,)O(OH)) and performed
solubility measurements from both undersaturation and supersaturation under controlled-pH conditions. The solubility measurements
rigorously constrain the values of the solubility products for these synthetic phases, and consequently the standard-state Gibbs free ener-
gies of formation of the phases. The calculated lg solubility product values (IgKy,), with associated 1¢ uncertainties, for metaschoepite,
becquerelite, compreignacite, sodium compreignacite, and clarkeite are (5.6 —0.2/4-0.1), (40.5 —1.4/+0.2), (35.8 —0.5/+0.3), (39.4 —1.1/
+0.7), and (9.4 —0.9/40.6), respectively. The standard-state Gibbs free energies of formation, with their 2¢ uncertainties, for these same
phases are (—1632.2 4+ 7.4) kJ - mol~!, (—10305.6 & 26.5) kJ - mol ™!, (—=10107.3 + 21.8) kJ - mol~!, (—10045.6 +24.5)kJ - mol~!, and
(—1635.1 +23.4) kJ - mol ™", respectively. Combining our data with previously measured standard-state enthalpies of formation for
metaschoepite, becquerelite, sodium compreignacite, and clarkeite yields calculated standard-state entropies of formation, with associ-
ated 20 uncertainties, of (—532.5+8.1)J - mol™' - K™', (—3634.5£29.7) J - mol~' - K™', ( —2987.6 = 28.5) J - mol~' - K™, and (—300.5
+23.9)J - mol~! - K}, respectively. The measurements and associated calculated thermodynamic properties from this study not only
describe the stability and solubility at 7= 298 K, but also can be used in predictions of uranium mobility through extrapolation of these
properties to temperatures and pressures of geologic and environmental interest.
© 2008 Elsevier Ltd. All rights reserved.
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1. Introduction

The mobility of uranium in oxidizing environments can
be significantly impacted by the stability and solubility of
uranyl (U®") minerals. Uranyl mineral assemblages tend
to be highly complex, and multiple phases can be present
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in intimate intergrowths. These minerals form where urani-
nite is oxidized, and the identity, abundance, and order of
appearance of the important secondary phases depend
upon the local geochemistry. Uranyl oxide hydrates can
be the first alteration phases to form [1].

The uranyl oxide hydrates are a complex group of min-
erals consisting of more than 20 species [1]. The structural
unit in each of these minerals consists of infinite two-
dimensional sheets of edge and vertex sharing uranyl poly-
hedra [2]. The interlayer regions of these structures contain
H,O groups, and in most cases mono or divalent cations
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that provide for electro-neutrality and linkages between the
sheets. The topological aspects of the sheets of polyhedra
are diverse, but multiple phases are also known that con-
tain topologically identical sheets. The details of the inter-
layer constituents and their bonding to the sheets of uranyl
polyhedra impact the stabilities of these minerals [3,4].

Where uraninite is altered under moist, oxidizing condi-
tions, uranyl oxide hydrates are typically the first phases to
form [1,5,6]. These minerals often form where anthropo-
genic nuclear materials interact with the environment. Con-
siderable research has focused on the formation of uranyl
phases where spent nuclear fuel is altered in a moist, oxidiz-
ing environment, similar to conditions expected in the pro-
posed repository at Yucca Mountain, Nevada. Finch et al
[7] examined the alteration phases that formed on commer-
cial spent nuclear fuel over several years of alteration in a
hydrologically unsaturated environment at 7 =363 K
and found that uranyl oxide hydrates formed first and were
abundant. Wronkiewicz et al. [8,9] conducted similar
unsaturated tests at 7= 363 K using non-irradiated UO,
for 10 years, and found a similar dominance of uranyl
oxide hydrate phases. Studies of natural analogues for a
geological repository in the unsaturated region have also
demonstrated the importance of uranyl oxide hydrate min-
erals [10,11].

Burns et al. [12] proposed that uranyl oxide hydrates
that form in a geological repository during the alteration
of spent nuclear fuel could incorporate various radionuc-
lides into their structures, thereby potentially reducing their
mobility. Owing to its long half-life and potential mobility
in groundwater, 2*’Np is particularly important for assess-
ing the long-term performance of a geological repository in
the unsaturated zone. Experiments by Burns et al [13],
Douglas et al. [14,15], and Klingensmith et al [16] have
all provided evidence for incorporation of Np>" into ura-
nyl phases, including uranyl oxide hydrates, indicating that
the solubilities of these minerals under repository condi-
tions could impact Np mobility.

Despite the potential importance of uranyl oxide
hydrate phases in controlling uranium mobility under oxi-
dizing conditions, reliable thermodynamic data are lacking
for most of these minerals [17]. In order to predict the sta-
bility and solubility of uranyl oxide hydrate phases as a
function of solution composition (pH, ionic strength,
etc.), the standard-state Gibbs free energy of formation
for each phase of interest must be known. Reliable mea-
surements of the Gibbs free energy of formation of a min-
eral 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 condi-
tions, (2) a true and demonstrable equilibrium state is
attained during the experiments, and (3) the pH and aque-
ous metal concentrations present under the equilibrium
conditions are measured. Thorough solid phase character-
ization both before and after the solubility experiment, per-
formance of reversibility experiments, and measurements
of all dissolved cations are all crucial in order to yield reli-

able thermodynamic parameters from the experimental
results.

Most previous measurements of metaschoepite, becquer-
elite, compreignacite, and clarkeite have lacked one or more
aspects for rigorous solubility determinations [17]. Previous
studies of uranyl oxide hydrates are summarized by Gor-
man-Lewis et al. [17], and in general there is considerable
uncertainty associated with the solubility product for many
of these phases, perhaps caused by effects of variations in
solid phase crystallinity. However, another source of uncer-
tainties may be that few uranyl oxide hydrate solubility
studies have been conducted from both supersaturated
and undersaturated conditions, and post-experimental resi-
due analyses have also varied greatly or have been absent.
In the present study, we report solubility results for meta-
schoepite (UO3(H,0),), becquerelite (Ca(UO,)sO4(OH)g-
(H»0)g), compreignacite (K»(UO,)s04(OH)s(H,0);), sodium
compreignacite (Nay(UO,)s04(OH)¢(H,0)7), and clarkeite
(Na(UO,)O(OH)). We use the experimental results to rigor-
ously constrain Kypvalues for each phase, enabling calcula-
tion of the standard state Gibbs free energy of formation for
each phase studied.

2. Experimental materials and methods
2.1. Syntheses

All synthetic methods were derived from procedures
described in [18]. ACS grade reagents and 18 MQ H,O
were used in all syntheses. Teflon liners in the Parr bombs
were run through numerous heated cycles with H,O prior
to use in order to minimize release of HF into the synthesis
solutions. UO; can absorb H,O from the air so to ensure a
consistent starting material amorphous UO; was prepared
by dissolving UOj3 in ~6 M HNOj; and heating the mixture
to dryness until all gases had evolved and the solid was a
uniform orange color. UO,(CH3;COO),(H,0), was pre-
pared by gently heating (just below boiling) ~0.5g of
freshly prepared UO; with ~600 cm® glacial acetic acid
until dryness. Metaschoepite was synthesized by adding
amorphous UO; with 5 cm® of H,O to a Teflon lined Parr
bomb and heating the mixture at 7= 348 K for 24 h. Bec-
querelite was synthesized by combining 0.313 g UO,(CHj;.
C00),(H,0),, 0.05 g CaCO3, and 4 cm® H,O in a Teflon
lined Parr bomb and heating the mixture at 7=433 K
for 50 h. Compreignacite was synthesized by adding
0.21 g UOz(CH3COO)2(H20)2, 0.03 g K2C03, and 5 Cn’l3
H,O0. The pH of the mixture was adjusted to ~5 and heated
at T=373K for 24 h in a Teflon lined Parr bomb. The
Na-compreignacite synthesis was identical to compreigna-
cite except 0.31 g of Na,CO; was substituted for the
K,COs;. Clarkeite was synthesized by adding 0.0843 g
UO,(CH;C00),(H,0),, 0.17 g Na,CO3, and 10 cm® H,0O
to a Teflon lined Parr bomb, and heating the mixture at
T =493 K for 14 d. After synthesis, all batches of minerals
were rinsed with boiling H,O and air dried prior to
characterization.
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2.2. Characterization

X-ray powder diffraction patterns were collected for each
batch of synthesized powder by finely grinding ~5 mg of
powder and depositing the paste onto a zero-background
orientated quartz slide. Diffraction patterns were collected
using a Bruker D8 Discovery diffractometer equipped with
Cu Ka radiation and a solid-state detector. All powder dif-
fraction patterns exhibited sharp profiles and no extraneous
peaks, and they confirmed the presence of synthesized
mineral as the only crystalline phase (patterns shown in
Supplementary materials figure S1). FT-IR analyses were
performed using an IlluminatIR FT-IR microspectrometer
with a diamond total attenuated reflectance (ATR) objec-
tive in an open atmosphere, background spectra taken prior
to measurement, over a frequency range of (400 to 4000)
em ! using ~(5 to 10) mg of powder placed on a glass slide.
The IR spectra were in good agreement with previously
published spectra [19]. Thermogravimetric (TGA) analyses
were carried out by heating the powder to 7=973 K at
10 K min~" under flowing nitrogen at 14 cm® - min—'. Water
content was calculated from the weight loss (results shown in
Supplementary materials table S1). Chemical analyses were
performed by dissolving ~(5 to 10)mg of powder in
~50 cm® of 2 M HCI and analyzing for total aqueous ura-
nium and the cation of interest in each oxide hydrate phase,
using inductively coupled plasma-optical emission spectro-
metry (ICP-OES) with an analytical uncertainty of 3.5%
(results shown in Supplementary materials table S1).

2.3. Solubility experiments

All solubility measurements were conducted as batch
experiments using Teflon reaction vessels. An Orion combi-
nation pH electrode that was calibrated daily with 4 NIST
standards (pH 2, 4, 7, and 10) was used for pH measure-
ments. Although the ionic strength of the buffers was not
perfectly matched to the ionic strength of the experiments,
the additional error associated with pH measurements as a
result of the difference in ionic strength and liquid-junction
error is likely much smaller than experimental error which
dominates the stated uncertainties for the calculated ther-
modynamic parameters [20]. In order to decrease the time
necessary to reach equilibrium, we started the experiments
in solutions containing dissolved U and the appropriate
cation for each solid phase present. The initial experimental
solutions were prepared using aliquots of stock solutions,
prepared by adding the appropriate nitrate salt to 18 MQ
H,O0, and diluting to the desired concentrations. Approxi-
mately, 350 mg of the synthesized phase of interest was
added to either ~7 cm® (small volume experiments) or
~125 cm? (large volume experiments) of the prepared start-
ing solution. The pH of the batch experiments was adjusted
using minute quantities of concentrated HNO; and/or
NaOH or KOH. The pH was monitored daily and adjusted
as needed throughout each experiment. The pH descriptor
for each experiment is the average of the pH of the plateau

data points; however, the actual pH measurement for each
data point was used in calculations. Reaction vessels were
sealed and agitated slowly end over end. Aliquots of the
experimental solution were taken extracted at various
times, filtered through 0.1 um nylon filters, and diluted
and acidified for ICP-OES analysis to determine dissolved
concentrations of U, Ca, Na, and K concentrations with an
analytical uncertainty of 3.5%. In order to verify the com-
position of the mineral residue after 7 d of reaction and at
the end of each experiment, ~10 mg of residue was col-
lected for XRD and FT-IR analyses.

Initial experimental results indicated that in (1 to
16) mM NaNOs;, pH (3.5 to 5.5) solutions clarkeite trans-
forms entirely to metaschoepite. Previous dissolution stud-
ies of metaschoepite and soddyite run in electrolyte
concentrations of 10 mM NaNOj at pH 6 found the in-
growth of a clarkeite-like phase [21,22]. Therefore, in
order to ensure clarkeite stability, we ran the clarkeite
experiments in 0.1 M NaNOs, increasing the Na™ concen-
tration by an order of magnitude over previous experi-
ments that found conditions under which clarkeite is
stable. The post-experimental residue analysis revealed a
co-existence of clarkeite and metaschoepite in these sys-
tems. The co-existence of two phases (clarkeite and
metaschoepite) in the experimental systems is consistent
with the Gibbs phase rule for two-component systems
such as these. If both phases are stable under the experi-
mental conditions and we measure all dissolved element
concentrations, then the experimental measurements rigor-
ously constrain the value of the solubility products for
each phase present. Control experiments in a previous
study under similar conditions, performed without mineral
phases present, indicated that the loss of U to adsorption
or precipitation reactions under the experimental condi-
tions was negligible [23].

3. Results and discussion
3.1. Solubility experiments

Metaschoepite reaches steady-state, as defined by an
aqueous U concentration plateau, from undersaturated
conditions within 2d for experiments from pH (3.6 to
4.3) (figure 1). Two additional experiments starting from
supersaturated conditions at pH (3.6 and 3.8) attained
steady-state within 3 d. All post-experimental residue anal-
yses revealed that metaschoepite was the only phase pres-
ent. The observed concentrations of dissolved U under
steady-state conditions decreased with increasing pH over
the pH range studied.

Becquerelite experiments at pH (3.2 and 4.4) reached
steady-state conditions within 3 d (figure 2). Supersatu-
rated experiments, conducted at pH (5.0 and 5.2), required
(9 to 13) d to reach steady-state conditions. All experiments
exhibited non-stoichiometric dissolution with an excess of
Ca in solution. The XRD and FTIR of the experimental
residues suggested that becquerelite was the only phase
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FIGURE 1. Plot of experimental measurements of solubility U as 1g(U/
mol - kg~!) against time for metaschoepite with experiments at pH 3.6
(open squares and closed diamonds), pH 3.8 (stars), pH 4.1, (open circles),
pH 4.2 (closed circles), and pH 4.3 (open diamonds).

present; however, the XRD results did reveal a decrease in
the crystallinity of the phase. We attribute the decrease in
crystallinity of the mineral phase to preferential leaching
of Ca out of the phase and concurrent proton incorpora-
tion to maintain charge balance. A previous study on the
dissolution of becquerelite also noted a leaching of Ca
out of the mineral phases and reduction in the crystallinity
[4]. As is the case for metaschoepite, the solubility of bec-
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querelite decreases markedly with increasing pH over the
pH range of these experiments.

Figure 3 illustrates the compreignacite solubility data
for experiments from pH (4.3 to 4.6). Reaching steady-state
conditions from undersaturated conditions took (3 to 4) d,
while achieving a steady state from supersaturated condi-
tions took approximately (7 to 14) d. Similar to our results
for becquerelite, we observed non-stoichiometric dissolu-
tion, with an excess of K in solution. Post-experimental
analyses of mineral residues revealed compreignacite as
the only phase present; however, as was the case in the bec-
querelite experiments, there was a significant loss in the
crystallinity of the mineral phase during the experiments.
Burns [24] systematically described uranyl crystal chemistry
by the topological arrangement of anions within the sheets
of polyhedra that make up uranyl minerals. Based on this
classification, becquerelite, compreignacite, and sodium
compreignacite share the protasite sheet structure, and
have identical anion distributions, making preferential
cation leaching possible.

Sodium compreignacite solubility results from pH (4.0
to 5.3), shown in figure 4, illustrate that from 2d to
approximately 20 d are necessary for steady-state condi-
tions to be attained under the experimental conditions.
Similar to compreignacite and becquerelite, the observed
dissolution was non-stoichiometric, with an excess of Na
present in solution. Post-experimental residue analyses
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FIGURE 2. Plot of experimental measurements of the solubility U as Ig(U/mol - kg~') against time for becquerelite (U — filled squares and Ca — open

diamonds) for experiments at pH 4.4 (a), 3.2 (b), 5. 0 (c), 5.2 (d).
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FIGURE 3. Plot of experimental measurements of the solubility U as Ig(U/mol - kg~!) against time for compreignacite (U — filled squares and K — open

diamonds) for experiments at pH 4.3 (a), 4.4 (b), 4.4 (c), 4.5 (d), 4.6 (e).

revealed sodium compreignacite as the only phase present,
with some loss in crystallinity.

The preferential leaching of the interlayer cations (Ca®",
K™, and Na™) in becquerelite, compreignacite, and sodium
compreignacite may suggest a steady state in the solid
between the outer leached layer of the mineral and the bulk
material. Our solubility results depict steady states between
the aqueous solution and the outer leach layer of the min-
erals. A steady state between the aqueous solution and the
inner bulk material may be implied if a steady state
between the outer leach layer and the inner bulk material
is indeed achieved. Additional experiments such as high
temperature oxide melt calorimetry on well-characterized
leached layer phases could provide further insight into
the preferential leaching of these phases.

All clarkeite solubility experiments, with the exception
of the pH (4.2 and 4.3) experiments, exhibited an initial
decrease in dissolved U concentration followed by a subse-
quent increase and attainment of a steady-state plateau
(figure 5). The initial decrease in U concentration is likely
due to the precipitation of metaschoepite, and this phase
was found to be present in all experimental residues along
with clarkeite. In preliminary experiments, conducted using
less than 0.1 M NaNO;, we found that clarkeite was not
stable and that the mineral was converted entirely to
metaschoepite. Giammar and Hering also found the coex-
istence of metaschoepite and a clarkeite-like phase in sys-
tems investigating the solubility of metaschoepite in the
presence of 0.01 M NaNO; [21]. In our clarkeite experi-
ments, steady-state conditions were attained in between
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FIGURE 4. Plot of experimental measurements of the solubility U as Ig(U/mol - kg~') against time for Na—compreignacite (U — filled squares and Na —
open diamonds) for experiments at pH 4.0 (a), 4.1 (b), 4.1 (¢), 4.3 (d & e), 5.3 (f).

3d and approximately 40 d, and in general, the steady-
state U concentration decreased with increasing pH,
although there is not a large difference between the U con-
centrations in the pH ~5.7 and the pH ~6.4 experiments.

3.2. Solubility product calculations

We based our solubility calculations on the dissolution
reactions listed in table 1. For each solubility measure-
ment on the equilibrium concentration plateau (data
points compiled in Supplementary materials tables S2
to S6), we calculated the ionic strength of the solution
from the concentration of U, Na, K, and the pH mea-
surement for each sample, and the known amount of
acid added for pH adjustments to take into account
the concentration of NO; in each system for ionic
strength calculations. We used the extended Debye—Hiic-
kel equation to calculate the activity coefficients, y;, for
each experimental condition:

fAziz \/i

————+0bl, 1
1 +aBVI M)

logy; =

where I and z; represent the ionic strength and ionic charge,
respectively; A and B are constants with values of 0.5105
and 0.3285 [25], respectively, and « and b are values for
RbNOj; from Helgeson et al. [25] of 5.22 and 0.062, respec-
tively. Parameters a and b take unique values for a partic-
ular electrolyte. Because in all of the experiments except for
the clarkeite experiments, we did not buffer ionic strength
with such an electrolyte, and because values of a and b
have not been determined for uranyl-dominated systems;
RbNOj; was chosen as the most reasonable approximation
for these experimental solutions, based on cation size, of
those for which extended Debye—Hiickel parameters are
calculated [25]. For internal consistency, we used the
RbNO; a and b values for the clarkeite experiments as well.
The standard-states employed in this study for solid phases
and for H,O are the pure mineral or fluid, respectively, at
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FIGURE 5. Plot of experimental measurements of the solubility U as Ig(U/mol - kg™!) against time for clarkeite (U) in 0.1 M NaNO, for experiments at

pH 4.2 (a), 4.7 (b, 4.7 (c), 4.8 (d ), 5.7 (), 6.4 (f), 4.3 ().

the temperature and pressure of the experiments. The stan-
dard-state for aqueous species is defined as a hypothetical
one molal solution whose behavior is that of infinite H,O
dilution. Molal activity coefficients of neutral aqueous spe-

cies are assumed to be unity. Using these standard-states,
and assuming that the solid phase is pure and that the
activity of water can be represented by the mole fraction
of water (Ny»0) under the experimental conditions, the sol-
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TABLE 1

Mineral phase Dissolution reactions

Mass action equations 1gK, £ 106 (I1=0)

Metaschoepite 2H" + U03(H,0), = UO* + 3H,0

Becquerelite Ca(U0»)04(0OH)((H,0)g + 14H" = Ca’" 4 6UO3" + 18H,0
Compreignacite K2(UO,)404(OH)4(H20), + 14H, = 2K* + 6UO§+ + 17H,0
Sodium compreignacite  Nay(UO,)404(OH)4(H20), + 14H" = 2Na' + 6UO3" + 17H,0
Clarkeite 3H" + Na(UO,)O(0OH) = Na* + UO3" + 2H,0

Ko =Nio “ayor ~aﬁ% 5.6 (—0.2/ +0.1)

Ko =Nifo - age - afop -agtt 405 (—1.4/ +0.2)
Ko =Nlo-ai “al g gt 35.8 (—0.5/ +0.3)
Kyp=Ni{o-a oeagt 394 (=1.1/+0.7)

5 ANa* " Yyort aH}*
Ksp = Nip,0 " Ona+ - Guor+ * Ayt 9.4 (—-0.9/ +0.6)

ubility product for each steady-state data point, listed in
Supplementary materials tables S2 to S6, was calculated
based on the mass action equations listed in table 1. The
assumption that the activity of water is equal to Ng,o
has been shown to be reasonable for solutions with a total
dissolved solids concentration less than or equal to that of
seawater [26]. When calculating the solubility product, the
aqueous complexation reactions listed in table 2 were taken
into consideration in order to calculate the activity of the
aqueous uranyl cation under each experimental condition
from our measurement of total aqueous uranium concen-
tration. The errors associated with the stability constants
in table 2 (errors not shown) were not propagated through
the K, calculations; however, the uncertainty in the exper-
imental measurements likely dominates the errors associ-
ated with the K, values. Uncertainty associated with the
aqueous stability constants in table 2 would likely have a
negligible effect on our calculated K, values. The calcu-
lated solubility products, averaged for all of the equilib-

TABLE 2
Aqueous complexation reactions
IgK (I=0) Reference

UOZ" + H,0 = UO,0H' + HY —5.25 [38]
UOZ* +2H,0 = UO,(OH); + 2H* —12.15 [38]
UO3" + 3H,0 = Uoz(OH)%* +3H' —-20.25 [38]
UOZt +4H,0 = UO,(OH);™ + 4H* —32.4 [38]
2U003" + H,0 = (UO,),0H*" + H* -2.70 [38]
2U02" + 2H,0 = (U0,),(OH);" + 2H* —5.62 [38]
3U03" + 5H,0 = (UO,),(OH)? + SH* -15.55 [38]
3U03" + TH,0 = (UO,),(OH), + 7H* —32.20 [38]
4U03" + 7TH,0 = (UO,),(OH); + 7TH* -21.90 [38]
UO3" + CO3~ = U0,CO; 9.94 [38]
UO3" +2C0% = UOz(CO3)§_ 16.61 [38]
UOZt +3C035™ = U0,(CO3)5~ 21.84 [38]
3UO0% 4+ 6C0F = (U0,),(CO3)8" 54.00 [38]
2U00%" + CO3™ +3H,0 = —0.86 [38]

(UO2)2CO3(OH); +3H"
3U03%" 4+ CO%™ +3H,0 = 0.65 [38]

(UO,),0(0H),(HCO3)* + 3H"
11UO03" + 6CO%™ + 12H,0 = 36.40 [38]

(U0,),,(CO3)s(OH)j; + 12H*
Na' 4 CO3™ = NaCO; —1.27 [39]
Na* +CO3™ +H* = NaHCO; -10.03 [39]
Na® + OH™ = NaOH —14.18 [39]
Na* +CO3™ + H* = NaHCO; —10.03 [39]
Ca’" 4+ CO%™ = CaCO; 3.224 [39]
Ca’" + CO37 + H' = CaHCOJ 11.435 [39]
Ca’* +OH = CaOH" —12.78 [39]
K"+ OH™ = KOH® —14.46 [39]

rium measurements, with their 1o uncertainties for each
phase are listed in table 1.

Previous measurements of metaschoepite solubility have
produced lg K, values from (4.68) to (6.23) [27,21,28-31].
The only previous study to meet all the criteria for rigorous
solubility studies as outlined above and with extrapolation
of the Ky, value to zero ionic strength produced the lowest
Ky, value (4.68) of the previous results [31]. Meinrath et al.
[31] performed these experiments under an atmosphere of
0.3% CO, which may have affected the solubility through
aqueous uranyl-carbonate complexation. Our K, for
metaschoepite is within the range of previously published
values; however, this study is the first to report results from
reversibility experiments, to characterize the final run prod-
ucts, and to extrapolate calculated K, values to zero ionic
strength.

There have also been numerous measurements of the
solubility of synthetic becquerelite, producing Ig K, values
from (41.89) to (43.70) [32-34]; however, none of these
studies constrained K, values by conducting experiments
that started from supersaturated conditions. Casas et al.
[35] measured the solubility of becquerelite using a natural
sample and calculated a lg K, value of (29). These authors
did collect data from both supersaturation and undersatu-
ration; however, their post-experimental analysis revealed
the formation of soddyite in the system, likely resulting
from silica impurities found in the natural sample. Their
much lower K, value than that found for synthetic bec-
querelite may result from the precipitation of soddyite in
the system as well as the higher crystallinity of a natural
sample relative to a synthetically produced phase. The cal-
culated 1g K, value for becquerelite from this study (40.5
(—1.4/+0.2)) is lower than that of previous measurements
for synthetic becquerelite, however because our experi-
ments were reversed and the run products well character-
ized, the K, value is more rigorously constrained than
those from previous studies.

Sandino and Grambow [32], the only previous study of
compreignacite solubility, measured the solubility of com-
preignacite by allowing metaschoepite to convert to com-
preignacite, and also by measuring the solubility of
compreignacite directly. Their results produced Ig K, values
of (36.82 (+0.32)) and (39.16 (40.31)) for the conversion
and direct experiments, respectively. Neither experiment
was conducted from supersaturation. Our lgK,, value,
obtained from supersaturation and undersaturation experi-
ments, is in agreement with the conversion experiment value
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from Sandino and Grambow [32]. The substitution of
sodium for potassium in compreignacite appears to increase
its solubility product by approximately 3.5 orders of magni-
tude, causing the equilibrium concentration of aqueous
uranyl to increase by approximately 0.6 Igmol - kg™ ' for
the Na end-member relative to the K phase.

There have been no direct measurements of clarkeite sol-
ubility reported; however, Giammar and Hering [22,21]
reported the formation of a clarkeite-like phase in two
studies investigating the solubility of metaschoepite and
the kinetics of soddyite dissolution. While these studies
were not aimed at measuring the solubility of clarkeite,
the authors were able to calculate some boundary values
for its solubility product from their data. The lg K, values
from the soddyite dissolution kinetics experiments and
from the metaschoepite solubility experiments are (9.02)
and (8.81) (no errors reported), respectively. Our clarkeite
1g K, value (9.4 (—0.9/40.6)) is consistent with both values
reported by Giammar and Hering [22,21].

Figure 6 depicts calculated solubilities that demonstrate
the dependence of the solubility of clarkeite on aqueous
Na concentrations, and compares these solubilities to total
aqueous uranium concentrations in equilibrium with meta-
schoepite. These calculations are conducted using our
calculated K, values and stability constant values for the
important uranyl aqueous complexes, listed in table 2.
Metaschoepite solubility is independent of Na concentra-
tions from (5 to 100) mM, while the solubility of clarkeite
changes dramatically. For example at pH 6, clarkeite solu-
bility decreases approximately three orders of magnitude
when increasing the aqueous Na concentration from (5 to
100) mM. Clearly, the aqueous Na concentration exerts a
strong control on uranium mobility in clarkeite-buffered
systems.

As is suggested by the difference between our compreig-
nacite and Na—compreignacite K, values, the identity of
interlayer cations in uranyl phases can strongly influence
the solubility behavior of the phases. This difference in sol-

Ig U/ mol . Kg™!

4 5 6 7 8 9 10

FIGURE 6. Plot of calculated solubilities U as 1g(U/mol - kg~') against
pH for clarkeite in (5, 25, and 100) mM Na™, denoted by dashed, closed
circle, and triangle curves, respectively, and metaschoepite, denoted by the
solid curve.

Ig U/ mol . Kg™
&

4 5 6 7 8 9 10

FIGURE 7. Plot of calculated solubilities U as lg(U/mol - kg~') against
pH for compreignacite (solid curve) and Na-compreignacite (dashed
curve) in 5mM Na* and K™

ubility of these two phases is illustrated in figure 7, which
depicts calculated total aqueous uranium concentrations
in equilibrium with compreignacite and Na—compreigna-
cite over a range of pH values. These calculations were con-
ducted using our calculated K, values and stability
constant values for the important uranyl aqueous com-
plexes, listed in table 2. The substitution of Na for K in
the compreignacite structure causes a decrease in equilib-
rium uranium concentration of approximately an order
of magnitude over a wide range of pH conditions. In the
environment, it is likely that mixed Na—K phases dominate
relative to the pure end-member phases. It is possible that
even a minor substitution of Na into compreignacite could
have a large impact on the solubility of the mineral phase.
In order to accurately predict the solubility of mixed
phases, more data are needed that quantify the solubility
of well-characterized mixed phases, thereby enabling the
calculation of solid phase activity coefficients and the pre-
diction of solubilities of the whole solid-solution range
from compreignacite to Na-compreignacite. In general,
virtually nothing is known about solid phase activity coef-
ficients for any solid uranyl phases.

3.3. Standard state Gibbs free energy, enthalpy, and entropy
of formation

The standard-state Gibbs free energy of formation of
each phase studied here was calculated from the equations
shown in table 3. The literature values for AGE(U

03")
(—952.5511.747) kI mol ™', AG;y,+, = (—261.953 £0.096)
kJ-mol ™", AGf+)=(~282.510+0.116)kJ-mol ', AG; ¢z,
(—552.806 +1.050) kJ - mol™', and AGyy, ) = (—237.140+

0.041) kJ - mol™" were obtained from Cox et al. [36] and
the standard state Gibbs free energy of reaction, AG;,
was calculated from the corresponding K, value with the
following equation:

AG® = —2.3026RT -1gK,, (2)
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Mineral phase

Gibbs free energy of formation equations

(AG} £ 20)/
(kJ - mol ™)

(AH} £ 20)/
(kJ - mol~1)?

(AS? £20)/
(J-mol"1-K™

Metaschoepite
Becquerelite
Compreignacite

Sodium compreignacite

—AG;
) + AG?(C;G*) - AG?
) +2- AG?(KU —AG;

AGt =3+ AGi,0) + AGy e,
AG} = 18- AGi 4,0, + 6 - AGy,
AG; = 17- AGi,0) + 6 AGY 02

uos*

—1632.2 (£ 7.4)
—10305.6 (& 26.5
~10107.3 (& 21.8
—10045.6 (& 24.5

—1791.0 (+ 3.2)
—11389.2 (= 13.5)
No data available
—10936.4 (+ 14.5)

~532.5 (£ 8.1)
—3634.5 (£ 29.7)

—2987.6 (£ 28.5)

AG} =17 AGy,0, + 6 A,

2+
OZ

Clarkeite

) +2- AGF(Na*
AGE =2 AGi 0, + AG o) + AGin,) — AG?

| = AG;

)
)
)
)

—1635.1 (£ 234 —1724.7 (£ 5.1) ~300.5 (£ 23.9)

& All values from [18].

where R is the universal gas constant and 7'is absolute tem-
perature. The 2¢ errors associated with the AG; values are
calculated by propagating the largest error associated with
the respective 1g K, values. We conduct these calculations
for each solubility data point that was measured, and the
average standard-state Gibbs free energy of formation for
each mineral with its 2¢ error is reported in table 3. The
20 errors are calculated from propagating the errors asso-
ciated with the AG; values of the mineral phase constitu-
ents and AG;.

Chen et al. [37] predicted the standard-state Gibbs free
energy of formation of various uranyl minerals using an
empirical approach that derives the molar contributions
of the structural components to AG; and AH} from ther-
modynamic data of phases for which the crystal structures
are known. The only mineral in our study for which Chen
et al. made a prediction was becquerelite. Their value,
—10324.7 kJ - mol ™!, is consistent with the calculated value
based on our solubility measurements.

The standard-state entropy of formation of a solid
phase, AS{, can be calculated from the standard-state
Gibbs free energy and enthalpy of formation values:

AGS = AH? — TASS, (3)

where AGis the standard-state Gibbs free energy of forma-
tion of the phase of interest, as determined from the solu-
bility measurements, and AH; is the standard-state
enthalpy of formation. Recently, Kubatko et al. [18] mea-
sured the enthalpy of formation for metaschoepite, bec-
querelite, sodium compreignacite, and clarkeite. Using
equation (3), we calculated the standard-state entropy of
formation for these minerals and these values are compiled
in table 2.

4. Conclusions

The environmental fate of uranium under oxidizing con-
ditions is controlled to a large extent by the formation of a
variety of uranyl minerals, and the solubilities of these min-
erals strongly affects the release of uranium and other
radionuclides that they incorporate. Therefore, it is crucial
to augment the sparse thermodynamic dataset that exists
for uranyl minerals in order to model the behavior of ura-
nium in the environment. For example, standard-state
Gibbs free energies, enthalpies, and entropies of formation

for environmentally important uranyl minerals can be used
to estimate mineral stabilities and solubilities under the ele-
vated temperatures of a high-level nuclear waste repository
setting. In this study, we measured the solubility of metasc-
hoepite, becquerelite, compreignacite, Na—compreignacite,
and clarkeite, using an experimental approach that enables
a rigorous demonstration that equilibrium was attained
during the experiments. The solubility measurements were
used to calculate the standard-state Gibbs free energies of
formation of the mineral phases, and together with the pre-
viously published standard state enthalpies of formation
for metaschoepite, becquerelite, Na—compreignacite, and
clarkeite, we calculated the standard-state entropies of for-
mation of each of these solid phases. This study demon-
strates the power of combining solubility and calorimetry
measurements to produce reliable and internally-consistent
thermodynamic data for uranyl minerals. The results of
this and future similar studies of other environmentally rel-
evant uranyl phases will enable predictions of uranyl min-
eral stabilities and solubilities under realistic environmental
conditions.
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