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ABSTRACT: Elevated concentrations of U in contaminated
environments necessitate understanding controls on its solubility
in groundwaters. Here, calculations were performed to compare
U(VI) concentrations expected in typical oxidizing groundwaters
in equilibrium with different U(VI) minerals. Among common
U(VI) minerals, only tyuyamunite (Ca(UO2)2V2O8·8H2O),
uranophane (Ca(UO2)2(SiO3OH)2·5H2O), and a putative well-
crystallized becquerelite (Ca(UO2)6O4(OH)6·8H2O) were pre-
dicted to control U concentrations around its maximum
contaminant level (MCL = 0.13 μM), albeit over narrow ranges
of pH. Given the limited information available on uranyl
vanadates, room temperature Ca−U−V precipitation experiments
were conducted in order to compare aqueous U concentrations
with tyuyamunite equilibrium predictions. Measured U concentrations were in approximate agreement with predictions based on
Langmuir’s estimated ΔGf°, although the precipitated solids were amorphous and had wide ranges of Ca/U/V molar ratios.
Nevertheless, high initial U concentrations were decreased to below the MCL over the pH range 5.5−6.5 in the presence of
newly formed CaUV solids, indicating that such solids can be important in controlling U in some environments.

■ INTRODUCTION
Concentrations of uranium (U) in most groundwaters are
commonly very low, rarely exceeding 80 nM.1 However,
groundwaters and surface waters associated with U mining and
milling activities,2−4 sites contaminated during the course of
nuclear fuel and weapons production,2,5−7 and environments
surrounding U ore deposits8−10 often have U concentrations
considerably higher than the U.S. Environmental Protection
Agency’s maximum contaminant level (MCL) of 0.13 μM.
When the total U concentration in sediments exposed to
oxidizing waters in these environments is only slightly elevated,
sorption may still be effective in moderating dissolved U(VI)
concentrations, especially at neutral and near-neutral pH.11

Under low pH, humic acids adsorbed on mineral surfaces have
been found to strongly enhance UO2

2+ adsorption and removal
from pore waters.12 Nevertheless, finite sorption capacities will
generally leave aqueous U concentrations above the MCL at
higher total U concentrations. Aqueous uranyl−silica com-
plexes can elevate dissolved U concentrations in the slightly
acidic pH range.13 At neutral to alkaline pH and higher CO2

partial pressure, several aqueous uranyl carbonate complexes
compete with U sorption and elevate dissolved U concen-
trations.1,14 The Ca2UO2(CO3)3 aqueous complex15,16 strongly
competes with U(VI) sorption, especially when calcite is
present.17

Under some reducing conditions, the U MCL can easily be
met at higher total sediment U concentrations because of the
lower solubility of amorphous U(IV) and crystalline uraninite

(UO2).
1 Thus, the need for remediating contaminated

groundwaters has motivated a large number of studies on
reduction, usually involving microbially driven U(VI) bio-
reduction stimulated through injection of organic carbon as the
electron source.3,18,19 However, stimulation of U bioreduction
occurs at the cost of increased (bi)carbonate concentrations
resulting from organic carbon oxidation, which promotes U
dissolution through formation of aqueous uranyl carbonate
complexes.20−22 Furthermore, bioreduction-based U stabiliza-
tion appears to require indefinite maintenance of the
contaminated zone with a supply of reducing agent.23

In view of the prevailing oxidizing conditions in the vadose
zone and shallow aquifers, understanding the solubility of
U(VI) solids is important for predicting U behavior in
environments containing high total U concentrations. In-
formation on solubilities of U(VI) solids formed at low
temperatures of soils and shallow groundwaters (rather than
well-crystallized, lower solubility minerals formed at elevated
temperatures and pressures) is particularly relevant for
estimating long-term aqueous U concentrations in contami-
nated oxidizing, near-surface environments. Although most
uranyl minerals are much more soluble than uraninite, U(VI)
minerals are very diverse.24 Therefore, examination of the
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solubility behavior of U(VI) solids under typical groundwater
conditions is warranted in order to understand sediments
containing elevated U, whether naturally or through contam-
ination.
Like U, vanadium is redox sensitive, and commonly more

soluble under oxidizing conditions.25 Vanadium occurs in
oxidation states III, IV, and V in near-surface environments.
Monomeric vanadate, V(V), and oxoanions H2VO4

− and
HVO4

2− prevail at typical groundwater concentrations (sub
micromolar), although polymeric vanadates form at high (ca.
millimolar) concentrations.25,26 The reported pKa values of
these oxoanions vary considerably, with 8.75 recommended in
the review by Larson.26 Under highly acidic conditions (pH <
3.4), VO2

+ forms rather than H3VO4.
26 Vanadate minerals that

do not contain U include hewettite, CaV6O16·9H2O, meta-
hewettite, CaV6O16·3H2O, and pascoite, Ca3(V10O28)·17H2O,
formed from oxidation of V-rich oxides and sulfides.27,28

Complexation and reduction of aqueous V(V), and vanadyl,
V(IV),29 species lead to its accumulation in organic rich
sediments.30 Important V(III) minerals include montroseite,
VO(OH),31 and the mica clay roscoelite, KAlV2Si3O10(OH)2,
in which V3+ substitutes for Al3+.32 These V minerals have been
mined at numerous locations within the Colorado Plateau,
Nevada, the Pasco region of Peru, Australia, Kazakhstan, and
Gabon.
In environments where both U and V previously slowly

accumulated through precipitation under reducing conditions
and then reverted to oxidizing conditions, uranyl vanadate
solids have commonly formed.9,33−35 Among U(VI) minerals,
some uranyl vanadates have very low solubilities; hence, they
may control both U and V concentrations in environments
where they occur.9 The major uranyl vanadate minerals
carnotite, K2(UO2)2V2O8·3H2O, metatyuyamunite, Ca-
(UO 2 ) 2 V 2O 8 · 3− 5H 2O , a n d t y u y amun i t e , C a -
(UO2)2V2O8·8H2O, have been reported in a variety of locations
including the Colorado Plateau of the United States,24,34,36

valleys and basins within Mexico,33 Australia,37 southern
Africa,38 the Pampean Ranges of Argentina,39 and desert soils
in Israel.40 Indeed, with better understanding of uranyl
vanadate solubilities, prospecting for U and V ores based on
groundwater chemical analyses could be refined.9,41 The very
low estimated solubilities of these uranyl vanadate minerals
suggest that they may even permit control of aqueous U
concentrations below its MCL under some oxidizing
conditions.
Although the occurrence and mineralogy of these U(VI)

solids are known, their thermodynamic properties have only
been estimated. Langmuir34 calculated a ΔGf° = −4590 kJ
mol−1 for carnotite based on solubility data reported by
Hostetler and Garrels42 and calculated very low U concen-
trations in equilibrium with this mineral. At 1 mM K+ and 1 μM
V(V), U concentrations were predicted to be controlled below
the MCL at circum-neutral pH. Our recent experiments on
potassium uranyl vanadate precipitation at pH 6.0 and 7.8
(room temperature) were in fairly good agreement with
calculations based on Langmuir’s ΔGf° value, despite the lack
of detectable carnotite formation.23 The amorphous solids
precipitated in the recent study had K/U/V = 1.24:1.00:1.09,
compared with 1:1:1 for carnotite.
To our knowledge, even less is known about the solubility of

tyuyamunite. Langmuir combined his estimated ΔGf° value for
carnotite with an approximate ΔGr° for the reaction between
carnotite and tyuyamunite in order to estimate the ΔGf° of

tyuyamunite. The tyuyamunite−carnotite ΔGr° was assumed to
equal the ΔGr° for the reaction between analogous Ca− and
K−uranyl phosphates, autunite, and K−autunite.34 We found
no other publications on thermodynamic data for tyuyamunite
or on experimental tests of aqueous U(VI) concentrations in
equilibrium with tyuyamunite. However, improvements in
understanding other factors relevant to tyuyamunite stability
have emerged. These include further refinements to the
aqueous speciation of U(VI),43 in particular with respect to
the CaUO2(CO3)3

2− and Ca2UO2(CO3)3
0 solution com-

plexes,15,16 and of V(V) speciation 26 made in recent years.
The objectives of this study are as follows: (i) model

dissolved U concentrations in a generic groundwater in
equilibrium with various U(VI) minerals in order to evaluate
their potential for controlling U at its MCL; (ii) experimentally
determine U(VI) concentrations in simple solutions containing
Ca2+, U(VI), and V(V); (iii) compare these experimental
results with equilibrium predictions based on current
thermodynamic data; and (iv) determine when tyuyamunite
or other calcium uranyl vanadates could control U concen-
trations below its MCL.

■ MATERIALS AND METHODS
Equilibrium Calculations. Groundwater U speciation and

concentrations were calculated for equilibrium with various
U(VI) minerals using the Nuclear Energy Agency’s updated U
thermodynamic database,43 along with additional ΔGf° values
listed in Table 1, using PHREEQC2.12.44 The pH was varied
from 4 to 8 in order to span most of the common groundwater
range. A pCO2 = 2.5 was used to represent departure from
atmospheric equilibrium and to allow formation of uranyl
carbonate aqueous complexes above levels reached at pCO2 =
3.5. The total aqueous Ca2+ concentration was fixed at 1 mM to
i n c l u d e f o r m a t i o n o f C a 2 UO 2 ( CO 3 ) 3

0 a n d
CaUO2(CO3)3

2−,15,16 and the H4SiO4 concentration was
about 1.8 mM (equilibrium with amorphous SiO2) to include
formation of UO2SiO(OH)3

+.43 Other ions at fixed concen-
trations were Na+ (7.9 mM), K+ (0.1 mM), and NO3

− (50
μM). For simplicity, Mg2+ was excluded from the calculations,
although formation of MgUO2(CO3)3

2− needs to be considered
in less common waters where concentrations of this cation
greatly exceed those of Ca2+.16,45 Total dissolved phosphate was
set to 1 μM, except for equilibria with autunite, in which case its
concentration was determined by dissolution of the mineral.
The pH-dependence total inorganic C was calculated for pCO2
= 2.5, and the Cl− concentration was varied for charge balance.
Major minerals representative of different U(VI) groups were
used individually as equilibrium phases. The selected pure
minerals were schoepite, [UO3·2H2O], becquerelite, [Ca-
(UO2)6O4(OH)6·8H2O], rutherfordine, [UO2CO3], urano-
phane, [Ca(UO2)2(SiO3OH)2·5H2O], autunite, [Ca-
(UO2)2(PO4)2·10−12H2O], and tyuyamunite, [Ca-
(UO2)2V2O8·8H2O]; chosen as representative uranyl
oxyhydroxides, carbonates, silicates, phosphates, and vanadates,
respectively.24,43

Precipitation Experiments. Laboratory batch solution
experiments were conducted in order to determine U(VI)
concentrations in the presence of Ca2+ and V(V) under
oxidizing conditions. Uranyl nitrate hexahydrate (Spectrum
Chemicals & Laboratory Products, ACS reagent), sodium
metavanadate (Aldrich, 99.9% anhydrous), and calcium nitrate
(Baker & Adamson, reagent) were used as starting reagents.
Initially, acidic (pH ≈ 3) and alkaline (pH ≈ 9) stock solutions
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of these salts were prepared with nitric acid (EMD chemicals,
OmniTrace) and sodium bicarbonate (J.T.Baker, ACS reagent),
respectively. Duplicate 40 mL batch solutions were prepared to
contain components of the target calcium uranyl vanadate
precipitate at initial concentrations of 20 μM U(VI), 20 μM
V(V), and 60 μM Ca2+, in 50 mL screw-cap Teflon vials. A
higher relative amount of Ca2+ (in comparison to U and V) was
used because of its typically higher concentration in ground-
waters. The pH was adjusted to values ranging from 3.0 to 9.0,

in 0.5 pH unit increments with either nitric acid or sodium
hydroxide (J.T. Baker, ACS reagent). The middle pH condition
of 6.0 was prepared from adjustments of both initially acidic
and alkaline stock solutions, while all other samples were
prepared only from the stock solution with pH closest to its
target value. Other ions in solution were Na+ (5−8 mM), NO3

−

(4−5 mM), and HCO3
− (0−0.9 mM). The pH-adjusted

(HNO3 and NaOH) vials were placed on a shaker for
continuous agitation, with periodic venting to equilibrate with
atmospheric CO2, and sampled at selected times for analysis of
the aqueous phase chemical composition. Atmospheric CO2
equilibrium was achieved, except in the pH 8.5 and 9 solutions.
The presence of nitrate and regular opening of the vials for pH
adjustment ensured that all solutions remained oxidizing. Prior
to chemical analyses, solutions were centrifuged (3 h, 21 °C, 14
000g) to remove potentially suspended particles. Concen-
trations of U, V, and Ca were measured on days 1, 2, 6, 10, 14,
22, and 52 by inductively coupled plasma mass spectrometry
(ICP-MS, ELAN DRC II, Perkin−Elmer).

Analyses of Precipitated Solid Phase. Larger, 250 mL
batch solutions were prepared in order to precipitate sufficient
quantities of solids for analyses. For this purpose, the Ca/U/V
molar ratios in initial solutions were set to 1:2:2 of
tyuyamunite. Initial solutions were prepared to contain 300
μM uranyl nitrate (hexahydrate), 300 μM sodium metavana-
date, and 150 μM calcium chloride (dihydrate), and they were
adjusted to pHs 4.5, 5.5, 6.0 6.5, and 7.5. Solutions were
continuously agitated for at least 10 days, with periodic
uncapping to equilibrate with atmospheric CO2, followed by
filtration through 80 nm polycarbonate filters in order to
recover subsamples of the precipitated solids. The collected
solids were split for two analyses: ICP-MS for determining
ratios of Ca/U/V, and powder X-ray diffraction (XRD) or
synchrotron μ-XRD (Advanced Light Source, beamline 12.3.2).
The μ-XRD samples were sealed with Kapton tape, attached on
a sample holder, and vertically mounted on the stage for
transmission mode measurements. The μ-XRD measurements
were obtained with monochromatic 10 keV X-rays and a MAR
133 CCD detector. Acquired spectra were analyzed with XMAS
software (https://sites.google.com/a/lbl.gov/bl12-3-2/user-
resources). An additional pH 6.0 precipitation test was
conducted at 90 °C in order to enhance crystal formation for
XRD analysis. This solution/suspension was kept in an oven,
sealed in a Teflon bottle except for brief daily venting and
stirring.

■ RESULTS AND DISCUSSION
Equilibrium Calculations. The calculations indicate that

dissolution of most U(VI) minerals will lead to U
concentrations that greatly exceed the MCL when equilibrated
with groundwater (Figure 1). Rutherfordine is predicted to
have U concentrations in excess of 1 mM over the full pH range
and is therefore not shown in the figure. Calculated U
concentrations in equilibrium with synthetic becquerelite,
schoepite, and autunite are greater than 1 μM. Of the minerals
considered in Figure 1, well-crystallized becquerelite, urano-
phane, and tyuyamunite appear capable of controlling U
concentrations below the MCL in oxidizing environments, over
a narrow circum-neutral pH range. With respect to becquerelite
however, the higher solubility synthetic form is likely to be the
potential U controlling mineral over relatively short time frames
associated with contamination histories. Moreover, the
magnitude of the reported solubility lowering for the well-

Table 1. Thermodynamic Constants for Major Species
(298.15 K) Used for Calculating U Concentrationsa

species
ΔGf°, kJ/

mol
± kJ/
mol source

UO2
2+ −952.6 ±1.7 G

UO2CO3
0 −1537.2 ±1.8 G

UO2(CO3)2
2− −2103.2 ±2.0 G

UO2(CO3)3
4− −2660.9 ±2.1 G

(UO2)2CO3(OH)3
− −3139.5 ±4.5 G

CaUO2(CO3)3
2− −3231.8 ±7.1 DB

Ca2UO2(CO3)3
0 −3817.1 ±6.2 DB

UO2OH
+ −1159.7 ±2.2 G

UO2(OH)2 −1357.5 ±1.8 G
UO2(OH)3

− −1548.4 ±3.0 G
UO2(OH)4

2− −1716.2 ±4.3 G
(UO2)2OH

3+ −2126.8 ±6.7 G
(UO2)2(OH)2

2+ −2347.3 ±3.5 G
UO2Cl

+ −1084.7 ±1.8 G
UO2Cl2 −1208.7 ±2.9 G
UO2SiO(OH)3

+ −2249.8 ±2.2 G
UO2PO4

− −2053.6 ±2.5 G
UO2HPO4 −2089.9 ±2.8 G
UO2H2PO4

+ −2108.3 ±2.4 G
UO2(H2PO4)2 −3254.9 ±3.7 G
UO2(H2PO4)(H3PO4)

+ −3260.7 ±3.7 G
H2O −237.14 ±0.04 G
OH− −157.22 ±0.07 G
HCO3

− −586.85 ±0.25 G
CO3

2− −527.90 ±0.39 G
H4Si(OH)4 −1307.74 ±1.16 G
Cl− −131.22 ±0.12 G
NO3

− −110.79 ±0.42 G
H2PO4

− −1137.15 ±1.57 G
HPO4

2− −1095.98 ±1.57 G
H2VO4

− −1020.9 ±0.5 Lar
HVO4

2− −974.5 ±0.5 Lar
Ca2+ −552.81 ±1.05 G
K+ −282.51 ±0.11 G
Na+ −261.95 ±0.10 G
silica(amorphous), SiO2(am) −849.0 L
schoepite, UO3·2H2O −1632.5 ±10.3 GH
rutherfordine, UO3CO3 −1564.7 ±1.8 G
becquerelite-synthetic, Ca(UO2)
6O4(OH)6·8H2O

−10311.1 ±14.0 G

becquerelite-natural, Ca(UO2)
6O4(OH)6·8H2O

−10371.1 ±360 C, G

uranophane, Ca(UO2)2(SiO3OH)2·5H2O −6196.1 ±0.5 P
Ca−autunite, Ca(UO2)2(PO4)2·10H2O −4763.9 L
tyuyamunite, Ca(UO2)2V2O8•8H2O −4560.6 L
aSources: (G) Guillaumont et al.,43 (L) Langmuir,1 (Lar) Larson,26

(DB) from log K of Dong and Brooks,16 combined with ΔGf° values
from Guillaumont et al., (GH) Giammar and Hering,46 (C) Casas et
al.,47 (P) Prikryl48.
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crystallized becquerelite was considerably greater than expected
for crystal size effects and therefore not recommended by
Guillaumont et al.43 A number of recent investigations have
been conducted to improve understanding of the environ-
mental behavior of uranophane group minerals.5,48−51 As noted
earlier, limited information is available on tyuyamunite
solubility.
Several strong aqueous complexes of UO2

2+ are important at
different pHs in dissolving U(VI) minerals exposed to typical
groundwaters (Figure 2). At the lowest pH, uncomplexed
UO2

2+ is dominant. Under slightly acidic to neutral pH,
groundwaters typically contain dissolved silica at about
millimolar concentrations, and the dominant uranyl solution

species is expected to be the UO2SiO(OH)3
+ complex.13 At

neutral and higher pH, several U(VI)−carbonato complexes
become important.43 Given the common presence of Ca2+ at
about 1 mM concentrations, Ca2UO2(CO3)3 and
CaUO2(CO3)3

2− can be dominant U(VI) species at neutral
to alkaline pH.15,16 The very strong U(VI) aqueous complexes
with silica and carbonate are evident in the calculated U(VI)
speciation for equilibria with tyuyamunite shown in Figure 2.
Given the common presence of dissolved silica and Ca2+ at
concentrations of 1 mM and higher in groundwaters, even very
low solubility U(VI) minerals appear to have fairly limited
ability to control U below its MCL.

Precipitation Experiments. Time trends in total dissolved
U concentrations (∑U) in the pH-dependent precipitation
experiment are presented in Figure 3, showing average values of
duplicate samples (relative differences were <5%, except for a
few early time conditions). Initially, rapid changes in U
concentrations toward equilibrium levels were observed in the
precipitation experiments. Large decreases in total dissolved U
occurred within 4 h of pH adjustment for all but the most acidic
(pHs 3.0 and 3.5) solutions. These initial decreases were
followed by further declines in U concentration over the course
of about 10 days and relatively steady concentrations over the
remaining experimental time (Figure 3).
The total dissolved U(VI) and V(V) concentrations

remaining in the batch solutions at later times (days 10−52)
were fairly stable and are shown as functions of pH in Figure 4a
and b, respectively. Data for ∑U from these later times are
roughly similar to predictions for equilibrium with tyuyamunite,
based on their solution chemistries and parameters listed in
Table 1 (Figure 4a). The largest discrepancy between measured
and modeled ∑U concentrations were found at pHs 8.5 and
9.0, where ∑U was high but significantly lower than predicted.
Note that measured ∑U concentrations are below its MCL for
5.5 ≤ pH ≤ 6.5. Other model predictions for pH-dependent U
concentrations shown in Figure 4a are for cases where
solubilities are controlled by schoepite, synthetic becquerelite,
and well-crystallized natural becquerelite. These model U
concentrations will be briefly discussed in the context of
anomalous behavior of V(V) measured in this experiment.
In contrast to the behavior of U, the stable V concentrations

departed from levels predicted based on the estimated
formation constant for tyuyamunite (Figure 4b). From pH
6.5 up to nearly pH 8.0, measured V concentrations in solutions
remained about 1 order of magnitude greater than their
predicted levels. The logarithmic concentration scales in Figure
4a, b makes visual evaluation of relative removal amounts of U
versus V difficult. Ratios of V removed relative to U removed
from these solutions (both components initially at 20 μM) are
shown in Figure 4c. No precipitation occurred at pH 3.0, while
the limited precipitation at pH 3.5 had a V/U molar ratio of
about 2.3. From pH 4.0 up to 6.5, a nearly 1:1 molar removal
occurred, consistent with precipitation of a tyuyamunite-like
phase. At still higher pH, V/U removal ratios declined
progressively, settling to about 0.5:1 at pH 9.0. This indicates
that U was precipitated in other solid(s) with lower proportions
of vanadate, although the other common nonvanadate U(VI)
minerals are not predicted to control U at the low
concentrations shown in Figure 4a, as illustrated by curves
for schoepite and synthetic becquerelite. The well-crystallized
natural becquerelite reported by Casas et al.47 is predicted to
leave U concentrations at far lower levels without removing V.
Thus, precipitation of both tyuyamunite and well-crystallized

Figure 1. Calculated total dissolved U concentrations in oxidizing
groundwaters, for equilibrium with different U(VI) minerals; schoepite
[UO3·2H2O], synthetic (becq1) and well-crystallized (becq2)
becquerelite [Ca(UO2)6O4(OH)6·8H2O], uranophane [Ca-
(UO2)2(SiO3OH)2·5H2O], autunite [Ca(UO2)2(PO4)2·10−12H2O],
and tyuyamunite [Ca(UO2)2V2O8·8H2O]. The pCO2 = 2.5, Ca2+ = 1
mM, dissolved silica is in equilibrium with SiO2(am), and the ionic
strength = 10 mM.

Figure 2. Calculated dominant aqueous uranyl species concentrations
for equilibrium dissolution of tyuyamunite, at pCO2 = 2.5, with Ca2+ =
1 mM, dissolved silica in equilibrium with SiO2(am) (≈ 1.8 mM), and
ionic strength = 10 mM.
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becquerelite might yield U and V concentrations shown in
Figure 4a, b. However, such explanation appears implausible
because formation of well-crystallized becquerelite in short-
term room temperature experiments is unlikely and further-
more its stability constant is questionable.
Precipitated Solid Phase. The solid phase precipitated in

larger volume batches was separated for analyses by ICP-MS,
μXRD, and powder XRD. Elemental analyses (ICP-MS) of the
precipitate formed in larger batch tests (room temperature)
indicated that the solid phase Ca/U/V molar ratio ranged
widely, from about 1:1:1 to 1:5:5, compared to the Ca/U/V in
tyuyamunite of 1:2:2. The measured ratios of U/Ca, V/Ca, and
V/U in the solids precipitated under the different pH
conditions are shown in Figure 5 (data points), along with
the corresponding ratios for tyuyamunite (dashed lines). Note
that some of the U/Ca and V/Ca ratios were fairly close to the
1:2 of tyuyamunite when precipitated from acidic solutions (pH
≤ 6.0), but variations were still large (Figure 5a, b). Consistent
with the solution phase analyses described previously, the
measured V/U ratios in the precipitated solids (Figure 5c) were
all fairly close to 1:1 associated with the uranyl vanadate sheet
structure of tyuyamunite and carnotite.52 The lack of distinct
peaks in XRD patterns obtained from these solids precipitated
at room temperature is consistent with the broad range of
measured Ca/U/V molar ratios. Similar attempts to synthesize

carnotite from room temperature aqueous solutions have not
yielded a crystalline structure.23,53 The powder XRD pattern
obtained on the solid recovered from the 90 °C solution
(equivalent room temperature pH = 6.0) was less noisy than
the equivalent room temperature samples and did match two of
the highest intensity peaks for tyuyamunite and metatyuya-
munite (Supporting Information, Figures S1 and S2). Similar
rough correspondence with these uranyl vanadates was found
for a pH 5, room temperature sample (Supporting Information,
Figure S3). Thus, the solids precipitated at lower temperature
may eventually transform to tyuyamunite.

Implications. These experiments showed that U concen-
trations in the presence of sufficiently high levels of Ca2+ and
V(V) will be controlled at levels close to those predicted with
tyuyamunite being the solubility-determining mineral, despite
the fact that the solid phases formed in our study were
amorphous and lacked tyuyamunite’s molar ratios of Ca, U, and
V. The complex chemistries of both U and V apparently allow
metastable amorphous solids to form under low temperature
conditions of soils and groundwaters. Such solids may remain
amorphous or poorly crystalline while moderating aqueous
concentrations of both U and V. Equilibrium calculations
predict that tyuyamunite and uranophane can control U at its
MCL in some oxidizing environments, albeit over a narrow
range of pH (ca. 6−7). Above neutral pH, the highly stable

Figure 3. Time trends for total U(VI) concentrations in solutions equilibrating at different pH: (a) pH ≤6.0, and (b) pH ≥ 6.0. Initial
concentrations are 60 μM Ca2+, 20 μM ∑U(VI), and 20 μM ∑V(V), and pCO2 ≈ 3.5.

Figure 4. Comparisons between predicted equilibrium and measured longer term concentrations of (a) total aqueous U(VI), (b) total aqueous
V(V), and (c) ratios of precipitated V to precipitated U. Initial concentrations are 60 μM Ca2+, 20 μM ∑U(VI), and 20 μM ∑V(V), ionic strength
≈ 10 mM, and pCO2 ≈ 3.5. Calculated curves are for equilibrium with tyuyamunite (tyuy), schoepite (scho), laboratory-synthesized becquerelite
(becq1), and well-crystallized natural becquerelite (becq2).
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carbonato−U and Ca−U−-carbonato complexes will keep
aqueous U concentrations elevated even in the presence of
tyuyamunite-like phases. Below pH 6, complexes with dissolved
Si are predicted to elevate U concentrations. However, given
variations in dissolved silica, (bi)carbonate, and Ca2+

concentrations in groundwaters, equilibrium with these U(VI)
solids do not appear to suppress U concentrations at low
enough levels to reliably meet regulatory goals.
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