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HOMO- AND HETEROGENEOUS REACTIONS OF Cr(VI) WITH SIMULATED HIGH
LEVEL WASTE FLUIDS, SPECIMEN MINERALS AND HANFORD SEDIMENTS.

Cr(VI) reduction reactions.

The objective of this study was to examine the homogeneous and heterogeneous reduction of
Cr(VI) by dissolved Fe(Il) and Fe(Il)-containing minerals under conditions thought to be
indicative of HLW fluids (high pH, high ionic strength and high temperature). Many
investigators have reported the homogeneous reduction of Cr(VI) by dissolved Fe(Il), but less
information is available for pH values > 8. The first part of this effort evaluated the ability of
dissolved Fe(II) to reduce dissolved Cr(VI) in hyperalkaline solutions.

A. Homogeous reduction experiments.

Homogeneous reduction of Cr(VI) by dissolved Fe(Il) was examined at 50°C and 25°C in the
presence and absence of C032' and O,. The latter conditions were established by the use of
deoxygenated solutions in an Ar(g)-filled glove box. All experiments were conducted in the
presence of 1 mol L NaOH. The initial concentration of dissolved Fe(II) ranged from 0 to 3
mmol L (as FeCl,), dissolved Cr(VI) (as Na,CrO4) was 1 mmol L™'. Some experiments were
conducted in the presence of 1 mol L NaNO; and 1 or 10 mmol L! Na,COs, to examine the
respective effects of NOs™ and CO5* on Cr(VI) reduction. In all cases, addition of Na,CrOy4 to

FeCl,  solutions induced virtually

instantaneous formation of dark, reddish § 0 .
brown precipitates and removal of Cr from g 05/
solution (Fig. 1). No precipitates were % ol
observed for the first 2 days of reaction in g é
Fe(II) solutions in the absence of dissolved 503 .
Cr(VI), or for the entire reaction period (1 S
S 027 ® removed
week) in Cr(VI) solutions lacking dissolved 5 i ®  reduced
Fe(IT). Colorimetric analyses indicated all 50-10 : " " ,

dissolved Cr was Cr(VI). Patterson and
Fendorf [1] found that at pH 8.5 to 10.5, Cr

was not longer from solution once a red- Figure 1.Removal of Cr from solution upon
brown precipitate (as of Fe(Ill)hydroxide) reaction with dissolved Fe(Il), in 1
had formed. Eary and Rai [2] suggested that mol L' NaOH.

at pH > 10, chromate is less efficiently
reduced by ferrous ions as evidenced by
nonstoichiometric reduction.

Initial [Fe(I1)] mmol Lt

Buerge and Hug [3] described the formation of x-ray amorphous precipitates with a composition
of Fep75Cro25(OH)s(s). In the present study, SEM images of the precipitates showed small
particles < 1 [Im in cross-section. Energy dispersive x-ray analyses of the solids indicated
average Fe:Cr ratios of 3.17 and 2.84 for initial Fe:Cr solution ratios of 1:1 and 3:1, respectively.
Powder x-ray diffraction (XRD) measurements identified the precipitates as FeO(OH) and
(FeCr),0; (data not shown). Cr-XANES spectra of these precipitates showed no evidence of a



Cr(VI) pre-edge feature at 5993 ev, indicating that all of the associated Cr was present as Cr(III)
(Fig. 2).

The extent of Cr(VI) reduction increased with increasing concentration of dissolved Fe(II) (Fig.
1), but even when the Fe(I) was 3 times > the concentration of dissolved Cr(VI), only partial
reduction was observed. The presence of NO;™ and COs* had no effect on Cr(VI) reduction or
precipitate formation, nor were reactions at 25°C discernibly different than at 50°C (data not
shown). Clearly, rapid reduction Cr(VI) by dissolved Fe(II) is possible in hyperalkaline
solutions. Thus, reduction of Cr(VI) to Cr(IIl) by Fe(II) could have occurred in beneath the HLW
tanks if sufficient Fe(II) was present in solution.

/ —— CrFe=11
/ Cr:Fe=1:2
L — —— Cr:Fe=1:3
— Cr(VI) model
5980 6000 6020 6040
Energy(ev)

Figure 2. Cr-XANES spectra of Cr(VI) model and the Cr-Fe
precipitates from the homogenous reduction experiment.

B. Cr(VI) reduction in heterogeneous systems.

The reduction of Cr(VI) by Fe(Il)-containing minerals is well documented (Citations). While
these systems are intrinsically heterogeneous, Cr(VI) reduction can still occur by either a
heterogeneous or a homogeneous pathway. In the former, Cr(VI) reduction occurs after the
chromate anion reacts with an Fe(Il) containing particle surface. The Fe(II) may either be
structural or adsorbed to surface functional groups. Homogeneous reduction of Cr(VI) by Fe(II)
can occur in heterogeneous systems subsequent to the release of Fe(Il) to solution from particle
surfaces or crystal lattices. Whereas, these reactions have been observed in acidic to
circumneutral pH, information in hyperalkaline solutions is lacking. We have explored this area
by conducting batch studies of Cr(VI) reduction by Fe(II)-containing solids at pH values > 13.

Materials

The materials chosen for this research included a specimen North Carolina, biotite obtained from
the mineral collection of the OSU School of Natural Resources, a synthetic magnetite prepared
after Schwertmann and Cornell [4], whole, uncontaminated sediment from the Hanford
formation, (obtained from the submarine pit at Hanford, WA), and various mineral isolates
separated from the Hanford sediments. The total chemical composition of the specimen biotite is
given in Table 1.



The percent Fe as Fe(IIl) is not known and
is being measured. The macroscopic biotite
was ground in a corundum ball-mill, passed Maior  Weight Minor Weich
through a 50um sieve and then washed with ) 8 S

Table 1: characterization of biotite

. . . element % elements t %
ethanol and air dried prior to use. A s
magnetic fraction was separated from the
Hanford sediment to obtain a sample of Si0, 3790 CaO 0.2
natural magnetite. This was further purified ALLO; 10.9 Na,O 0.2
through the use of a Na-polytungstate Fe,0; 16.4 MnO 0.3
density separation. Experiments on biotite, MgO 16.8 Tio, 2]
synthetic magnetite and the magnetic K,O 72 Surface 7.4
fraction of the Hanford sediments were area
conducted at a solid to solution ratio of (m’ g-l)

1:100.

Reactions with whole Hanford sediment were studied at a solid to solution ratio of 1:10. All
samples were prepared in Argon-filled glove box, 25 °C treatment were kept in the glove box
and 50 °C treatment moved to 50 °C incubator for aging.

Scanning Electron Microscopy (SEM), X-Ray Diffraction (XRD) and X-Ray Absorption Near
Edge Structure (XANES) were used to study the solid phase of these systems. EXAFS analysis
yields information about the coordination number, bond distances, type of neighbors, and the
local disorder. XANES provides information about the oxidation states in situ. Inductively
coupled Plasma Spectroscopy (ICP), Graphite furnace AA was used to analyze total Cr, Si, Al,
Fe and K in the solution, and UV-visible Spectroscopy was used to analyze Cr(VI) and Fe(Il) in
the solution.

Results

Reaction of biotite with NaOH, in the absence of
dissolved Cr, resulted in rapid dissolution and release of
Fe, Si, Al and K to solution Fig. 3. Colorimetric
analyses indicated that all dissolved Fe was Fe(Il).
Dissolution rates increased with increased NaOH
concentration. Fe, K and Al all exhibited rapid release
with maximum concentration occurring < 100 hr. Si
release did not exhibit and initial maximum value. For
the greatest initial concentration of NaOH, Si continued
to be released to solution throughout the experiment.
SEM micrographs of the NaOH weathered biotite
showed rounded edges (from dissolution) and the
formation of needle-shaped reaction products Fig 4.,
but reaction products could not be detected with powder
XRD.

Figure 4. SEM micrograph of
biotite reacted for
1500 h
with 2 mol L' NaOH.
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Figure 3. Dissolution of biotite
in NaOH

Brown precipitates were observed at time intervals in excess of 200 h suggesting the
precipitation of Fe solids, when Cr(VI) was present in the samples. No precipitates were
observed in the absence of Cr(VI). Millimolar levels of chromate had no effect on the dissolution
of biotite in NaOH (data not shown). However, reaction of Cr(VI) with biotite in the presence of
1 mol L"'NaOH at 50°C did result in sorption of Cr (Fig. 5). Samples containing 10 and 100
[imol L™ did not reach apparent equilibrium until reaction times > 100 d and at an initial CrO4>
concentration of 1 mmol L continued Cr sorption was observed for times > 200 d. It is not
reasonable to assume that the Cr042' anion will adsorb to biotite surfaces in 1 mol L' NaOH.
Rather it is likely that the Fe(Il) released by base-induced dissolution of biotite caused the
reduction of Cr(VI) to Cr(IIl) and subsequent precipitation of a Cr(Ill) phase or a mixed Fe-Cr
(hydr)oxide. Indeed Cr K-edge XANES measurements showed that only Cr(Ill) was present
(data not shown). Increased NaOH concentration led to increased rates of dissolution of the
biotite (data not shown) and greater Cr sorption (Fig. 6). Using XPS to study biotites reaction
with acidic Cr(VI) solutions, Ilton and Veblen [5] found that Cr is strongly sorbed by the edges
of mica books relative to the basal plane, and that much of the Cr associated with the basal plane
was sorbed by steps and layer edges. However, this Cr could not be detected with SEM nor was
it able to elucidate Cr-rich precipitates.

Several experimental studies have shown that oxidation-reduction reactions between aqueous
species and structural Fe(IT) on or beneath the surface of both silicates and oxides can result in
the heterogeneous reduction of Cr(VI). Peterson and coworkers [6] provide evidence for Cr(VI)
reduction at magnetite surfaces. Gan et al [7] showed that Cr(VI) directly reacted with an Fe(II)-
containing smectite, forming precipitates on the smectite surface. Ilton and Veblen [§]
demonstrated that Cr(VI) could be sorbed and reduced to Cr(IIl) at the biotite edge-fluid
interface by structural Fe(II).
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Figure 5. Sorption of Cr by biotite in the

presence of 1 mol L' NaOH. Figure 6. Effect of NaOH concen-

tration on Cr sorption by
biotite.

Taylor et al [9] showed that the capacity of artificially reduced clays to reduce Cr(VI) is
correlated with the ferrous iron content. The Cr(VI) removal-capacity varied with the clay
mineral type in the order smectites > vermiculites ~ illites > kaolinite. Within the same type of
clay minerals, reduction of Cr(VI) was correlated to the However, these findings were under acid
conditions, nevertheless, Cr(VI) reduction was related to the amount of Fe(Il) released during
dissolution of the clays. The extent to which Cr(VI) by Fe(II) in the present study is due to in situ
heterogeneous vs. dissolution followed by homogeneous reduction is not known. However, the
increase in Cr(VI) reduction with increased NaOH suggests that dissolution is required before
significant Cr(VI) reduction occurs.

The HLW fluids at the Hanford site are high in NOs’, that one might anticipate would inhibit
Cr(VI) reduction by Fe(Il) by oxidizing the Fe. Interestingly, we observed an increase in the
sorption of dissolved Cr(VI) by biotite when 1 mol L™ NaNO; was present (Fig. 7). Cr K-edge
XANES measurements again indicated that all of the Cr associated with the solid phase reaction
products was Cr(III) and colorimetric analyses showed the dissolved Cr to consist exclusively of
Cr(VI). NaNOs; also enhanced the release of K from the biotite (Fig. 8). It seems likely that the
greater Na' concentrations in the NaNO; enhanced the weathering of the mica particles through
cation exchange displacement of K
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Figure 7. Effect of NaNO; on Cr(VI)
sorption by biotite in the
presence of 1 mol L™ NaOH.
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Figure 8. Effect of NaNO; on K release
from biotite in the presence of
1 mol L' NaOH.
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Figure 9. Effect of temperature and [NaOH]
on Cr sorption by the magnetic
fraction of the Hanford

exposing more Fe(Il) to Cr(VI). Fe(Il) may
also have been displaced from cation
exchange sites by the greater levels of Na
ions. The net result was more Cr(VI)
removal and reduction.

The greater reducing power of solid phase
Fe(Il) relative to aqueous Fe(Il) is well
known. White and Yee [10] demonstrated
that ferrous iron in biotite, augite and
hornblende was a stronger reducing agent
over a broad range of conditions than
Fe(Il)aq-

We explored the ability of a synthetic
magnetite to reduce Cr(VI) in the presence
of 1 mol L' NaOH. We detected minimal
removal of Cr from solution over the course
of 2 weeks and thus little evidence of Cr(VI)
reduction. These results are not surprising in
that little interaction is anticipated between
the negatively charge magnetite (PZNC ~ 8)
and the CrO,” ion under the conditions of
these experiments. Indeed, Zachara and
others [11] have shown that chromate is not
adsorbed onto iron oxides at pH values >
11.5. Figure 9 compares the removal of
Cr(VI) by the specimen biotite described
above and by the magnetic fraction of the
Hanford sediment. In contrast to the results
observed for the synthetic magnetite, this
fraction appeared to be roughly equivalent to
the synthetic magnetite in its ability to
remove Cr from solution. Careful
examination of this sediment fraction by
light microscopy and powder XRD indicated
the presence of biotite, and other primary
minerals. Based on our studies of synthetic
magnetite, we attribute the removal of Cr by
the magnetic fraction of the Hanford
sediment to dissolution of residual biotites
(and other Fe(Il)-containing phyllo-silicates)
and subsequent reduction of Cr(VI) by
Fe(IT). As indicated above, we attempted to
further purify the magnetically separated



sediment material by a series of Na-polytungstanate density separations. Unfortunately we could
not completely remove the biotite with this treatment. However, reaction of this magnetic, higher
density fraction with Cr(VI) and 1 mol L' NaOH, yielded a reddish brown precipitate that
remained suspended in solution after several days of reaction (Fig. 10). The presence of
dominantly Cr(IIl) in this precipitate was confirmed with Cr XANES spectra (Fig 11).

5980 6000 6020 6040

Figure 10. Reddish-brown precipitate from Energy (ev)
magnetic and density separated Figure 11. Cr XANES spectra of a)
sediment fraction from the NayCrOy, b) the dark magnetic fraction from
Hanford sediment. Precipitates figure 10 and c) the suspended precipitate
formed after reaction with 1 mol from figure 10.
L' NaOH and 1 mmol L
NaZCrO4.

Reaction of the Hanford sediment with varying amounts of NaOH resulted in dissolution and
release of Si, Al and K. Interestingly, more Cr was sorbed in the presence of NO;3™ than in NO;3 -
free, NaOH solutions (Fig. 12 and Fig.13). This again may be due to Na-induced displacement
of Fe(Il) from particle surfaces.
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C.Incorporation of Cr(VI) into Al-precipitates

The HLW fluids from the redox process were typified by high concentrations of
dissolved Al (> 0.1 mol L'"). Upon reaction with a soil matrix, these Al-rich alkaline
solutions dropped in pH resulting in the precipitation of Al-(hydr)oxide phases. Al-
precipitation also resulted from OH™ induced weathering of alumino-silicates present in
the soil and sedimentary materials .

Incorporation of CrO4” into these precipitates is possible. Bartlett and Kimble [12]
showed that in the presence of Al in the solution, Cr(VI) was precipitated as the pH was
increased above 4-5, it became almost completely insoluble near pH 6 and increased in
solubility again above 8. Cr(VI) was probably coprecipitated with the Al. The enhanced
solubility of Cr at pH values > 8 in Bartlett and Kimble’s study was likely do to
dissolution of the Al-phases. However, the HLW fluids were saturated with respect to
Al-(hydr)oxides and thus coprecipitation is possible even at extremely high pH values.
We evaluated the potential incorporation of CrO,* into Al-precipitates by aging solutions
of 1 mol L' AI(NO3); and from 0.52 to 52 mmol of Na,CrO4 L™ with 4 mol L' NaOH.
Within 1 week extensive Al precipition occurred. Interestingly, the extent of Al
precipitation increased with increased initial concentrations of Cr. From 20.6 to 23.1% of
the total dissolved Cr was removed in these treatments. XANES spectra showed that the
Cr remained as Cr(VI) (data not shown) but only gibbsite was detected by powder XRD.
Similar results were observed in samples comprised of hyperalkaline Na-aluminate
solutions reacted with amorphous Si0O,, in the presence of Cr(VI). Indeed the dissolved
Cr(VI) concentrations in these systems reached a constant value after approximately 2
weeks and have remained constant for periods in excess of 1 year. Apparently Cr(VI)
incorporation into Al-precipitates may be a mechanism for Cr(VI)-retardation in near-
field to the HLW tanks.
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PRECIPITATION AND ADSORPTION OF URANIUM IN HIGHLY ALKALINE
SOLUTIONS: POSSIBLE CHEMICAL REACTIONS OCCURING IN THE
HANFORD VADOSE ZONE BENEATH THE TANK FARM.

Abstract-This study has investigated precipitation and adsorption of U(VI) in highly
alkaline solutions related to Hanford Tank fluid conditions using EXAFS spectroscopy.
Under high concentration of NaOH (1.0~4.0M, pH>13), uranyl ion (UO,™") yielded
yellow precipitate identified as Na,U,O5 (clarkeite). The very low U concentration in the
liquid phase indicates that > 99% of total UO,>" precipitated in the form of Na,U,0.
This precipitation process was not affected neither by high concentration of carbonate
ions (< 1.5M as Na,COs) nor by presence of CaCOs. In the presence of AL at 10°*M <
UO,*", Na,U,05 coprecipitated with aluminum hydroxide, AI(OH); (gibbsite, bayerite,
and amorphous). However, when the UO,”" concentration was approximately 10°M,
adsorption on the solid surface exceeded the precipitation. The fits to EXAFS spectra
indicate that UOz2+ with hydroxide ligands was adsorbed on the surface of AI(OH); in
bidentate form. Similar results were obtained in experiments using Hanford sediments.
1.0~2.0M Si0O, prevented Na,U,O7 formation and kept UOz2+ dissolved in a 1.0M NaOH
solution.

INTRODUCTION

Hanford played an important role in the nation's defense for more than 50 year as a Pu
production facility. At the Hanford site, waste fluids resulting from the extraction
processes were stored in 177 underground tanks during the period of 1944 to 1990, in
areas known as "Tank Farm". Many of the tanks are known to have leaked, allowing
from large amount of waste fluids to migrate into the underlying vadose zone.

Recently, the Tank Waste Remediation System (TWRS) project has sampled the tank
solids and fluids. The aqueous phase data is accessible through Tank Waste Information
Network System (TWINS2). The chemical composition of the tank fluids varies because
of the many different extraction processes practiced at the Hanford site during the time.
Many of these fluids were highly alkaline (pH >13), and contained large concentration of
Na and Al. Many types of anions such as nitrate, nitrite, chloride, sulfate, and phosphate
were observed in the most of the tanks. Reaction of the highly alkaline tank fluids
including a various of chemical species with the underlying soil and sedimentary matrix
should cause complex precipitation and dissolution resulting in dramatic changes in the
fate and transport of the contaminants associated with the tank fluids.

The primary purpose of this study is to simulate possible chemical reactions on uranium
at the Hanford Site. The specific objectives are to investigate; 1) precipitation processes
uranium and other elements in the highly alkaline solutions, 2) the interaction of U to the
solids formed from reaction of the alkaline aluminate solution with soils and sediments in
the Hanford site, and 3) effect of carbonate and silicate on the U mobility.
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EXPERIMENTAL

Sample Preparation

Experimental design was based on the chemical composition data for the SX tanks
which have high total uranium concentration. A primary stock solution of U(VI) was
prepared from uranyl nitrate hexahydrate, UO,;(NO3),"6H,0. 2.8 mM UO,(NOs3),
solution was added into 1.0~4.0M NaOH, and stored in the incubator at 50°C. The
temperature is the average value of the elevated temperatures observed beneath the tanks.
In order to study effects of other species on U activities, AI(NO3)3;, Na,COs, Al(OH)s,
CaCO:s, SiO,, and Hanford sediments were individually added into the NaOH solution
containing UO,>". All experiments were conducted in an Ar(g)-filled glove box except
samples with carbonate compounds.

Elemental Analysis

Measurement of he solution pH was conducted under Ar gas substituted globe box
with a Sentron Intelli Standard FET electrode and Denver Instrument Company Basic pH
meter. U, Al, Na, and Si concentrations were measured by ICP-MS (ELAN Sciex 6000,
Perkin-Elmer Co., Norwalk, CT) and ICP-OES (Optima 3000, Perkin-Elmer Co.,
Norwalk, CT) spectroscopy. XRD analysis was performed with a Philips X-ray
diffractometer using Cu K[ radiation at 35 kV and 20 mA. The XRD patterns were
obtained using a step scanning technique with a fixed time of 4 seconds per 0.05° 2[]
from 10 to 80° 2(1.

XAFS Data Collections and Analysis

Uranium Ly-edge X-ray adsorption spectra for all samples were collected at Stanford
Synchrotron Radiation Laboratory (SSRL) on beam lines 4-3 and 11-2 using a Si (220)
double crystal monochromator. Solid samples were held in 2mm thick Teflon plates and
covered by Kapton tape. Liquid samples were placed to 2mL polypropylene tubes and
held on the holder with Kapton tape. Fluorescence spectra were collected by 13-element
Ge (at BL 4-3) and 30-element Ge (at BL 11-2) array detectors interfaced to a
multichannel analyzer using Sr filter to eliminate scattered radiation. Transmission
spectra were collected for high concentration samples.

XAFS analysis was performed using the EXAFSPAK software (George and Pickering,
2000) and IFEFFIT (Newville, 2001). The averaged raw absorption spectra were
background subtracted, spline-fit, and Fourier-transformed. Backscattering phase and
amplitude functions for fitting of spectra were obtained from theoretical calculation
(FEFF8) based on crystal structures of clarkeite, Na,U,O7 and soddyite, (UO;),Si104.

RESULTS AND DISCUSSION

Uranium precipitation
Mixing 2.8mM UO,*" and 1.0~4.0M NaOH solution immediately yielded a yellow

precipitate identified as sodium diuranate, Na,U,O; (clarkeite) by X-ray powder
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diffraction (Fig.1). U concentration in the liquid phase was very low as 111M, indicating
that > 99.5 % of total U was precipitated in the form of Na,U,O;. The original
UO»(NOs); stock solution had a pH of 4. As the NaOH concentration increased, pH
increased and the U concentration decreased (Fig.2). Na concentration > 10°M and pH
values > 11 resulted in precipitation of clarkeite. Na,U,0O7 dissolution was observed only
when the solution pH was reduced to 3 to 4. Considering the tank fluid conditions present
in the TWINS database, U in the SX tanks is expected to be immobilized as Na,U,05.

Intensity

JUWW

20

60

10 20 70 80

Figure 1. X-ray powder diffraction
diagram for the precipitate obtained
from UO,*" and 4M NaOH solution (A),
compared with the diffraction pattern
calculated with crystal information of
clarkeite, Na,U,O; (B) (Finch and
Ewing, 1997)
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Figure 2.  Correlation of uranium

concentration  with  pH  changes
corresponding to NaOH concentration.
At pH more than 11 and high Na conc.
(> 10°M), U was precipitated as
clarkeite, Na,U,0O4.

Effect of CO3%* on uranium dissolution/precipitation

Generally, in the presence of COs* in
alkaline solutions, UO,?" forms stable
complexes like wuranyl carbonate,
hydroxyl, and  carbonato-hydroxo
complexes (Waite et al., 1994; Murphy
et al., 1999). Also, it is reported that
0.IM CO;” resulted in NaU,05
dissolution in highly basic solutions
(Yamamura et al., 1998). In the present
study, 0.28 mM UO,(NO3); solution was
added into different concentrations of
CO5” (0.05~1.50M as Na,COs) in IM
NaOH solution to study the effect of
Cng' on uranium dissolution. NaNOQO;

was also added to keep total Na
concentration constant.  All samples
were stored at 50°C. There is very little
change in dissolved U concentration
across the composition space (Fig.3),
and clarkeite formation was observed in
the all samples. This suggests that CO5*
did not dramatically affect U solubility
or clarkeite formation wunder the
conditions of these measurements.
Indeed the solution composition was
invariant for the 6-month duration of this
experiment.
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Fig4 shows Na,U,O; solubility
calculated with the chemical speciation
program, Phreeqc using the LLNL
database. This calculation was without
CO,. Na,U,07 dissolution equilibrium is
controlled by the Na concentration and
pH. As pH decreases and Na
concentration decreases, U concentration
increases. However, the U concentration
is in the micromolar range, indicting that
the solubility of clarkeite is low under
these conditions. Figure.5 show the same
calculation with Pco, = 10733 (A) and Pco,
= 10*° (B). Under partial pressure 107
(atmospheric conditions) the U
concentration is about 10 times > without
CO,. When the partial pressure is 107,
the U concentration jumped up to 100
times > than in the absence of CO,.
Clearly the disposition of U near-field to a
tank leak will be a function of the
sediment pH, the total Na concentration
and the local Pco,.

Figure 3. U concentration was very
low and wunchanged in different
concentration of COs> (<1.5M) with
NaNO; and 1M NaOH. Total Na
concentration was constant as 4.0M.
Na,U,0-; formation was observed in
each solution.

100

[ Na ]
Figure 4. Na,U,0O7;  solubility

calculation with chemical speciation
program without CO, factor
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Figure 5. Na,U,O7 solubility calculation with chemical speciation program with
considering presence of CO,, Pco,=107" (A), Pco,=107" (B)

U coprecipitation with AI(OH); and U adsorption on Al(OH)3

When aluminosilicate minerals are exposed to very high pH solutions, Al is released
by dissolution. This dissolved aluminate ion, Al(OH)s, could reform other types of
solids; thus, we explored the effects of dissolved Al on U chemistry.

When 1.0 ~ 4.0M NaOH solution was added to a 1 M AI(NOs)3, in the absence of
CO,, a OH:Al ratio of 1:3.0 - 4.3 resulted in the formation of Al(OH); as both gibbsite
and bayerite (Fig.6). The presence of CO;” affected gibbsite/bayerite formation.
Bayerite formation was most pronounced when CO;> was 10°M in OH:Al=3.3 (Fig.7)
When the OH:Al ratio was higher than 4.5, Al was completely dissolved in the form of
AI(OH)4. Amorphous aluminum (hydr)oxide formed when the ratio was lower than 3.0.
NaOH. Gibbsite and bayerite formation
depends on OH:Al ratio. Arrows with
”B” indicate major peaks of bayerite.

o2
-

3.3
WU MMMMM 3.8
0 WMMMVJ\UW 4.3

10 20 30 40 50 60 70 80
20

Intensity

Figure 6. X-ray diffraction patterns of
Al(OH); produced form Al(NOs); and
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Figure 8. *’Al NMR and **Na NMR spectra for solids obtained from AI(NOs)s, NaOH,
and UO2(NOs); solution, compared with those for bayerite and clarkeite, respectively.

Multinuclear (*’Al and **Na) techniques such as magic-angle spinning (MAS) and
multiple quantum magic-angle spinning (MQ-MAS) were used to determine solid phases
produced form AI(NO;); and NaOH with and without UO,(NO;3);. The solid was
characterized by two Al environments in the *’Al spectrum and is identified as gibbsite
(Fig. 8a). In the presence of added dopants (e.g., 10° M UO,(NOs)3), or under lower
NaOH concentration, bayerite co-precipitated (Fig.8b). Commercial bayerite shows a
single resonance attributed to one crystallographic site. However, due to the narrow range
of chemical shift for octahedral aluminum and the presence of significant amount of
disorder, overlapping of resonances occur. Thus, identification of different phases or
mixtures there of based on observed chemical shift is difficult. Measurement of the spin-
lattice relaxation rate constant (T;) is an useful tool in such cases. The measured T; of
gibbsite and bayerite are widely different (240 ms and 360 ms, respectively), and the T,
for other samples (containing mixtures), fall in between. Isotropic spectra were also
obtained by multiple quantum MAS spectroscopy and NMR parameters were extracted.
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Na MAS measurements indicated, in addition to NaNQs, the formation of Na,U,0; in
certain samples where uranium nitrate concentration was high.

To explore the interactions of U(VI) with Al-precipitaties, A wide range of UO,*"
solution (0.028~2.8 mM) was added to 1M NaOH solutions with 0.27M Al(NOs);. The
samples were kept at 50°C. The dissolved U concentration was low (11/M), indicating
that most of total U was in the solid phase, but no clarkeite could be detected by powder
XRD. Fig. 9 shows U EXAFS and the corresponding Fourier Transforms (FT) for
synthesized clarkeite (A) and solids obtained from UO,(NO;), and AI(NOs);, in 1M
NaOH (pH>13). The UO,*" concentration was 2.8mM (B), 0.28mM (C), and 0.028mM
(D). Similar patterns of EXAFS and peak positions in RDFs in B and C indicate bond
distances and coordination numbers consistent with clarkeite or a clarkeite-like phase.
The peaks around 3.9A are attributed to the U-U scattering path in Na;U,O7. As the
UO,™" concentration decreased, the relative height of the U-Oq peaks got larger. The
lowest UO,*" sample’s spectra (D) did not show the U-U path (3.9A), and a new peak
appeared near 3.3A. This peak is attributed to a U-Al scattering path. The fits to EXAFS
spectra (Fig.10 and Table 1) indicate that UO,*" with hydroxide ligands was adsorbed on
the surface of AI(OH); in a bidentate form by sharing two of five equatorial oxygens with
octahedral aluminum in AI(OH); (Fig.11). In conclusion, with higher UO0**
concentration (> 10*M), Na,U,O; coprecipitated with Al(OH);. When the UO,*
concentration was low as 10°M, however, adsorption on the solid surface exceeded the
precipitation.
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Figure 9. Uranium EXAFS spectra and the corresponding Fourier Transforms for

Al(OH); with 2.8mM UO,*" (B), 0.28mM UO,*" (C), and 0.028mM UO,*" (D),
compared with those for Na,U,07 (A).
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Figure 10. Uranium EXAFS and RDFs for 0.028mM UO,*" on AI(OH);. Solid lines are

experimental data and dashed lines represent the fits.

Table 1. EXAFS results for 0.028mM UO,>" with AI(OH); produce from 0.27M

AI(NO;); and 1.0M NaOH.

sample scattering path N R (A) O~ Eo
U-Oqx 2.14 1.79  0.0026 14.3
0.028mM UO»(NO3), U-Ocqi 1.99 235 0.0060 14.3
with Al(OH); U-Ocq2 2.82 249 0.0023 143
U-Al 1.11 332 0.0025 143

@
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Figure 11. Model structure for uranyl hydroxide complex adsorbed on AI(OH); surfaces,
showing two of five equatorial oxygen atoms shared with the aluminum octahedron.

U precipitation and adsorption on Hanford sediments

Results similar to those observed for model solutions were obtained in experiments
using Hanford sediments (Fig.12). Different concentrations of UO,*" (0.28mM~2.80mM)
were added to 1M NaOH containing 1% (by weight) uncontaminated Hanford sediments.
THE EXAFS patterns and peak positions in RDFs for solid obtained from 2.8mM UO,*",
IM NaOH, and Hanford sediments (B) are very similar to those for clarkeite, Na,U,0O;
(A) indicating clarkeite formation in these samples. When the UO,*" concentration was
low (0.28mM), the U-EXAFS and corresponding FTs were comparable to those for
sample D in Fig. 9, indicating sorption of a uranyl hydroxide complex.
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Figure 12. Uranium EXAFS spectra and the corresponding Fourier Transforms for
Hanford sediments samples with 2.8mM UO,*" (B) and 0.28mM UO,*" (C), compared
with those for Na,U,O7 (A).

Effect of SiO, on U dissolution and precipitation

The solid phases produced from UO,(NO;3),, AI(NOs);, NaOH, and SiO, were
analyzed by multinuclear NMR(*’Al, »Na, and *’Si) using MAS and MQ-MAS
techniques. In the solids precipitated from gels containing SiO,, in addition to the
presence of octahedral Al sites such as were observed in gibbsite and bayerite (Fig. 13a),
*"Al measurements indicated the presence of tetrahedral Al species including zeolitic
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aluminum (Fig. 13b, 13c, and 13d). These tetrahedral sites are different from those
present in gamma alumina. ’Si MAS NMR measurements (not shown) corroborated the
presence of Si-O-Al linkages. However, in the presence of added SiO,, clarkeite
formation was restricted.

27AIMAS 23Na MAS

Gamma \
‘J\K"m Clarkeite

() + 0.5M SiOp +
10"3 M NapCrO4 —

(d)

(a) + 0.5M SiOp J
103&5%52% L
Figure 13. *’Al NMR and **Na NMR e
spectra for solids obtained from R N |
AI(NO3)3, NaOH, UOZ(NO3)2 SOlutiOH 200 ll(r)gquency}ggm)zoo 200 1O(I):requt-:‘ont:y (p;r(rJ\())

containing Si0,, compared with those
for gamma alumina and clarkeite.

To explore the effects of dissolved Si on clarkeite formation, 0.28mM U022+ solution was added
into 1M NaOH solution containing 0.05M~3.0M of SiO; as an amorphous, silica gel. Less than
2.5M Si0; was totally dissolved in the 1M NaOH solution. The pH decreased from 13.5 to 11.0
as the total amount of SiO; increased to 3.0M. In the sample with 3.0M SiO,, there was a white
solid residue consisting of undissolved SiO,. Fig. 14 shows changes in dissolved U concentration
with different concentrations of dissolved Si. When the Si concentration is lower than 0.5M,
dissolved U concentration was low. The UO,>" precipitated out of the solution in the form of
Na,U,07 (confirmed by XRD). Samples with 1.0~1.5M dissolved Si had particulate-free
solutions and the U concentration was high as 0.21~0.23 mM. At a dissolved Si concentration of
2.0M (total Si=3M), the dissolved U concentration decreased. This was probably due to U0,
adsorption on the undissolved SiO, gel or formation of U-silicate solids. However, the latter
could not be detected by powder XRD.
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Figure 14.Changes in dissolved U concentration with Si concentration changes under IM
NaOH. pH decreased from 13.5 (at [Si]=0M) to 11.0 (at [Si] = 2.0M).
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Figure 15. Uranium EXAFS spectra and corresponding Fourier Transforms for (A) 2.8mM

UO,(NO3); stock solution (pH=4.2), (B) 0.28mM UO,”", 1.0M SiO», and 1.0M NaOH, and (C)
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[UO,(OH)s]* prepared from0.28mM UO,(NOs), and 1.0M TMA-OH. Solid lines are
experimental data and dashed lines represent the fits.

Table 2. Summary of EXAFS results for (A) 2.8mM UO,(NO3); stock solution (pH=4.2), (B)
0.28mM UO,*", 1.0M SiO,, and 1.0M NaOH, and (C) [UO»(OH)s]*" prepared from
0.28mM UO,(NOs), and 1.0M TMA-OH.

Sample Scattering N R (A) 0" Ey
path
A. 2.8mM UOz(N03)2
stock solution U-O, 2.19 176 0.0020 -0.5
U-Oqq 5.17 2.41 0.0071  -0.5
B. 0.28mM UO,(NO3),,
1M SiO,, IM NaOH U-Oux 2.40 1.79 0.0054 7.7
U-Oq 5.17 2.23 0.0050 7.7
C. [UO,(OH)s]* from
0.28mM UO,(NO3), U-Oq 2.34 1.80 0.0037  10.4
and IM TMA-OH U-Oqq 5.35 2.24 0.0052  10.4

Figure. 15 shows U EXAFS and corresponding RDFs for the 1M dissolved Si solution along
with those for a UO,(NOs), stock solution (pH = 4) and uranyl hydroxide complexes,
[UO,(OH)s]> and [UO»(OH)e]* that were prepared by adding UO,*" into 1.0M tetramethyl
ammonium hydroxide (TMA-OH) after Wahlgren et al. (1999) and Clark et al. (1999). The
summarized EXAFS results are shown in Table.2. The EXAFS results for UO,(NOs3), stock
solution (A) showed the structure of [UO,(H,0)s]*". Uranyl ion is known to exit as
[UO(H,0)s]*" in acidic solutions (Wahlgren et al., 1999; Clark et al., 1999).

While the FT shows two peaks of U-O,x and U-O¢q in UO(NO3), stock solution, the peaks
seems to be overlapped each other in samples B and C. There is no ligand exchange or electron
delocalization in uranyl ion in acidic and neutral solution. In alkaline solutions, rapid oxo ligand
exchange in the uranyl ion results in stretching of the axial U=O bonds and shortening of the
equatorial U-O bond. As a result, the peaks of U-O, and U-Ocq in the sample B and C are
overlapped.
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There were no any other detectable scattering path besides U-O, and U-Ogq, suggesting no
interaction between dissolved uranyl ion and dissolve silica. Sample B and C show almost
identical EXAFS and FTs, and thus in coordination numbers (N) and bond distances (R)
implying the presence of [UO,(OH)s]* in the solution containing 0.28mM UO,*", 1.0M SiO,,
and 1.0M NaOH. The question then remains, why does dissolved Si enhance the solubility of
clarkeite? The magnitude of the change can not be accounted for changes in ionic strength since
even minor increases in dissolved Si significantly changed the total dissolved U. Pheeqc
calculations suggest that the dominant effect may be the formation of Na-metasilicate solution
complex.

It must be noted that these measurements were made in the absence of dissolved Al. In real
systems, it is unlikely that the dissolved Si concentration would approach 1.0~2.0M. Rather, one
expects the formation of alumino-silicate phases. Indeed, addition of 0.1M Al(NOs;); into the
totally dissolved solution containing 2.8mM U(VI) and 1M SiO, rapidly produced an amorphous
phase, probably an aluminum-silicate. Interestingly almost all U(VI) was removed from solution
by the addition of the Al

CONCLUSIONS

Under very high pH and high Na concentration Na,U,O7 formation proceeded. As long as the
Na concentration was kept high, Na,U,0O; formation was not affected by Cng' (as Na,COs).
However, U speciation calculations indicate that when the dissolved Na concentration is low,
Na,U;07 could be dissolved and the dissolution would be enhanced by CO,. It is interesting to
note that dissolved Na concentrations in excess of 10 mol L™ have been reported for the vadose-
zone pore-waters beneath SX-108 (citation). Thus clarkeite may be an important U(VI) phase
even in the presence of atmospheric CO,.
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