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ABSTRACT 1 

Although bioreduction of uranyl ions (U(VI)) and biomineralization of U(VI)-phosphate 2 

minerals are both able to immobilize uranium in contaminated sediments, the competition 3 

between these processes and the role of anaerobic respiration in the biomineralization of 4 

U(VI)-phosphate minerals has yet to be investigated.  In this study, contaminated 5 

sediments incubated anaerobically in static microcosms at pH 5.5 and 7.0 were amended 6 

with the organophosphate glycerol-2-phosphate (G2P) as sole phosphorus and external 7 

carbon source and iron oxides, sulfate, or nitrate as terminal electron acceptors to 8 

determine the most favorable geochemical conditions to these two processes.  While 9 

sulfate reduction was not observed even in the presence of G2P at both pHs, iron 10 

reduction was more significant at circumneutral pH irrespective of the addition of G2P. 11 

In turn, nitrate reduction was stimulated by G2P at both pH 5.5 and 7.0, suggesting 12 

nitrate-reducing bacteria provided the main source of inorganic phosphate in these 13 

sediments.  U(VI) was rapidly removed from solution in all treatments but was not 14 

reduced as determined by X-ray absorption near edge structure (XANES) spectroscopy.  15 

Simultaneously, wet chemical extractions and extended X-ray absorption fine structure 16 

(EXAFS) spectroscopy of these sediments indicated the presence of U-P species in 17 

reactors amended with G2P at both pHs.  The rapid removal of dissolved U(VI), the 18 

simultaneous production of inorganic phosphate,
 
and the existence of U-P species in the 19 

solid phase indicate that uranium was precipitated as U(VI)-phosphate minerals in 20 

sediments amended with G2P.  Thus, under reducing conditions and in the presence of 21 

G2P, bioreduction of U(VI) was outcompeted by the biomineralization of U(VI)-22 

phosphate minerals and U(VI) sorption at both pHs. 23 
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1. INTRODUCTION 1 

The United States Department of Energy (DOE) currently manages 120 nuclear 2 

legacy waste sites spread over 36 states contaminated with heavy metals and 3 

radionuclides, such as uranium (U) (DOE, 1997; NABIR, 2003).  As the sheer volume of 4 

contaminated geomedia at these sites makes traditional remediation techniques (i.e. 5 

pump-and-treat, excavation) cost-prohibitive (Dawson and Gilman, 2001; Jardine, 2006; 6 

Mackay and Cherry, 1989), remedial efforts have focused on the development of 7 

alternative in situ technologies designed to immobilize contaminants in the subsurface.   8 

As with other contaminants, the design of uranium in situ remediation techniques 9 

aims to capitalize on the geochemical properties of uranium in natural waters to 10 

immobilize it in the subsurface.  Uranium mobility in groundwater is largely driven by 11 

ligand complexation (i.e. carbonate), adsorption to metal oxides, and precipitation 12 

reactions (i.e. formation of phosphate minerals, reduced metal oxides).  In oxic 13 

groundwater where U(VI) is the dominant oxidation state, uranium usually occurs as the 14 

highly mobile uranyl ion UO2
2+

 (Langmuir, 1997).  The dominant aqueous forms of 15 

uranyl in the environment include the free uranyl ion at low pH and positively charged 16 

hydroxyl complexes at circumneutral pH (5 ≤ pH ≤ 6.5) (Langmuir, 1997).  At pH 5.0, 17 

aqueous U(VI) adsorbs strongly to manganese oxides given their low pHzpc (Han et al., 18 

2007) and even to ferric  oxides despite the net positive charge of both uranyl hydroxide 19 

complexes and metal oxides (Han et al., 2007; Hsi and Langmuir, 1985; Waite et al., 20 

1994).  Ferric oxides represent one of the most important U(VI) sorbents in soils of the 21 

Oak Ridge Field Research Center (ORFRC), a well-studied nuclear legacy waste site in 22 

Oak Ridge, TN, and at pH 5.5 and 7.0 approximately 80% and 98% of U(VI) adsorbs to 23 
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these soils (Barnett et al., 2002).  In addition, the presence of inorganic phosphate may 1 

enhance  U(VI) sorption to ferric oxides at low pH through the formation of ternary 2 

surface complexes (Cheng et al., 2004; Payne et al., 1996). In higher pH environments 3 

(pH ≥ 7.0) and in the presence of elevated concentrations of carbonates, uranyl carbonate 4 

complexes represent the dominant form of U(VI) in solution (Langmuir, 1997).  These 5 

complexes only minimally adsorb to iron oxides (Katsoyiannis, 2007), and the presence 6 

of elevated carbonate promotes both U(IV) and U(VI) mineral dissolution (De Pablo et 7 

al., 1999; Liu et al., 2004; Sowder et al., 2001; Ulrich et al., 2009).  In addition, elevated 8 

calcium concentrations present in high pH environments may promote the formation of 9 

ternary calcium-uranyl-carbonate complexes, which further inhibit U(VI) sorption (Fox et 10 

al., 2006; Meleshyn et al., 2009; Stewart et al., 2010) and U(VI) reduction by lowering 11 

the reduction potential of uranium to less energetically favorable values (Brooks et al., 12 

2003; Luo et al., 2007).  Therefore, uranium mobility in circumneutral pH environments 13 

may be largely driven by carbonate dissolution and complexation reactions. 14 

In reducing environments, uranium is either chemically or biologically reduced to 15 

insoluble U(IV) minerals, including uraninite (Finch and Murakami, 1999; Langmuir, 16 

1997) or non-uraninite minerals (Bernier-Latmani et al., 2010; Fletcher et al., 2010; 17 

Sharp et al., 2011).  At pH > 6, the surface-catalyzed chemical U(VI) reduction by Fe(II) 18 

adsorbed onto crystalline iron oxides (Behrends and Van Cappellen, 2005; Jeon et al., 19 

2005; Liger et al., 1999; Regenspurg et al., 2009) and other minerals (Chakraborty et al., 20 

2010; Regenspurg et al., 2009) may also occur.  Dissolved sulfide (Ho and Miller, 1986; 21 

Kosztolanyi et al., 1996; Mohagheghi et al., 1985) and sulfide minerals (Beyenal et al., 22 

2004; Marsili et al., 2007; Wersin et al., 1994) have also been shown to reduce U(VI) 23 
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chemically.  In addition, several strains of metal-reducing and sulfate-reducing bacteria 1 

are capable of reducing U(VI) (reviewed in Kostka and Green, 2011), including members 2 

of the genus Shewanella (Blakeney et al., 2000; Lovley et al., 1991), Desulfovibrio sp. 3 

(Lovley and Phillips, 1992), Geobacter sp. (Jeon et al., 2004; Lovley et al., 1991), and 4 

Anaeromyxobacter dehalogens (Sanford et al., 2007).  Biologically-mediated reduction of 5 

U(VI), or bioreduction,  is currently the primary in situ remediation technique studied for 6 

the immobilization of uranium in subsurface environments (Fredrickson et al., 2000; 7 

Ganesh et al., 1999; Lovley and Phillips, 1992; Lovley et al., 1991; North et al., 2004; 8 

Sanford et al., 2007; Wade and DiChristina, 2000), and in situ bioreduction of U(VI) has 9 

been demonstrated at the ORFRC (Wu et al., 2006b) and other contaminated sites (Senko 10 

et al., 2002).  Unfortunately, bioreduction is inhibited at pH < 7 and in elevated nitrate 11 

concentrations (Finneran et al., 2002b; Wu et al., 2006a; Wu et al., 2006b).  In addition, 12 

the uraninite mineral product may not remain stable in fluctuating chemical conditions as 13 

uraninite is readily oxidized to the mobile U(VI) upon reintroduction of oxygen in 14 

groundwater recharge areas (Langmuir, 1997; Murphy and Shock, 1999) and by NO2
- 

15 

(Beller, 2005; Moon et al., 2007; Wu et al., 2010), Fe(OH)3 (Senko et al., 2002; Senko et 16 

al., 2005b; Wan et al., 2005), and MnO2 (Fredrickson et al., 2002) under reducing 17 

conditions. Thus, the long term instability of uraninite coupled with the inhibitory effects 18 

of co-contaminants on U(VI) reduction favors investigation of alternative remediation 19 

techniques applicable in both reducing and oxidizing conditions.  20 

Biomineralization of insoluble U(VI)-phosphate minerals through the activities of 21 

microbial phosphatases represents a possible complementary bioremediation technique to 22 

bioreduction.  U(VI) forms sparingly soluble and stable (Jerden and Sinha, 2003) 23 
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phosphate minerals over a broad range of environmental conditions (pH 4 - 8) (Ohnuki et 1 

al., 2004; Wellman et al., 2007; Zheng et al., 2006), and uranium phosphate minerals 2 

have been identified in sediments from the ORFRC (Kelly et al., 2005; Roh et al., 2000; 3 

Stubbs et al., 2006) and the Hanford 300 Area facility, WA (Arai et al., 2007; Catalano et 4 

al., 2006), among others.  As inorganic phosphate readily adsorbs to soils (pH ≤ ~7.0) or 5 

precipitates as minerals (pH ≥ ~ 4.0) ultimately decreasing the hydraulic conductivity of 6 

soils (Wellman et al., 2006), direct addition of inorganic phosphate to subsurface 7 

environments is not a viable field-scale remediation strategy.  Thus, research has focused 8 

primarily on stimulating microbially-mediated phosphate production coupled to a 9 

chemical precipitation of sparingly soluble U(VI)-phosphate minerals (Beazley et al., 10 

2007, 2009; Macaskie et al., 1995; Martinez et al., 2007; Montgomery et al., 1995; 11 

Shelobolina et al., 2009).  To fulfill their phosphate requirements, most microorganisms 12 

produce phosphatase enzymes, a class of non-specific enzymes that catalyze the 13 

hydrolysis of organic phosphoester bonds in a broad range of chemical conditions 14 

(Rossolini et al., 1998).  Uranium removal coupled to phosphatase activity has been 15 

demonstrated in both aerobic and anaerobic conditions and at both acidic and 16 

circumneutral pH by the facultative anaerobe Rahnella sp. Y9602 (Beazley et al., 2007, 17 

2009; Martinez et al., 2007) and in low-pH aerobic conditions by Citrobacter sp. 18 

(Macaskie et al., 1995; Montgomery et al., 1995).  In addition, uranium removal in 19 

aerobically-maintained contaminated sediments has been achieved through stimulation of 20 

the phosphatase activities of indigenous bacteria (Beazley et al., 2011; Shelobolina et al., 21 

2009).  As phosphatases may also be activated in anaerobic conditions (Rossolini et al., 22 

1998), U(VI)-phosphate biomineralization may compete with bioreduction in the 23 
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presence of G2P.  Interestingly, the competitive interaction between these two processes 1 

has yet to be investigated.  2 

In this study, a combination of X-ray absorption spectroscopy, solid-phase 3 

extractions, and bulk chemical analyses was used to determine whether nitrate-, iron-, or 4 

sulfate-reducing conditions are most conducive to uranium removal through the activity 5 

of endogenous microbial phosphatases in contaminated sediments from the ORFRC.  In 6 

addition, the competition between uranium reduction and the biomineralization of U(VI)-7 

phosphate minerals under varying electron accepting conditions in both low and 8 

circumneutral pH environments was examined.  9 

2. EXPERIMENTAL 10 

2.1 Materials and Site Description  11 

Contaminated sediments were collected during installation of a monitoring well in 12 

Area 3 of the ORFRC (well number: FWB120-08-40, core depth: 21-23’; courtesy of D. 13 

Watson, ORNL).  Soil mineralogy of neighboring wells indicates a bulk soil particle size 14 

distribution (~1.5 m depth) as 31% sand, 50% silt, and 19% clay (Barnett et al., 2000).  In 15 

addition, bulk soil Mn and Fe content in Oak Ridge have been quantified as 0.36 g/kg and 16 

25.8 g/kg, respectively (Barnett et al., 2000), and uranium-bearing Fe and Mn minerals in 17 

Area 3 Oak ridge soils have been identified as polycrystalline ferrihydrite and goethite 18 

and poorly crystalline mixed Mn-Fe oxides (Stubbs et al., 2006).  As Area 3 sediments 19 

are located closest to the former waste disposal ponds, they are generally characterized by 20 

low pH and high nitrate levels (Brooks, 2001).  Chemical information for well FWB120 21 

remains unavailable; however, the nearest neighboring well (~1 m) displays an average 22 

pH of 3.4, nitrate concentration of 30.4 mM, and sulfate concentration of 19.7 mM.  23 
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Sediment cores were stored in the dark at 4°C and remained sealed until incubation.   1 

2.2 Experimental Design  2 

To simulate a variety of environmental conditions, static microcosms containing 3 

125 g of contaminated ORFRC sediments homogenized under controlled atmosphere (1% 4 

H2, 5% CO2, 94% N2) were incubated in duplicate in 1-L borosilicate glass reactors 5 

containing sterile artificial groundwater for a period of 70 days.  In each treatment, 500 6 

mL of artificial groundwater containing 17.1 mM NaCl, 2.0 mM MgCl2•6H2O, 680 µM 7 

CaCl2•2H2O, and 6.7 mM KCl was first degassed using UHP N2, sealed, and autoclaved.  8 

After cooling, filter-sterilized aliquots of selenite-tungstate solution (0.1%), trace 9 

elements solution (0.1%, Table S1, (Bak, 1992)), NaHCO3 (5 mM), and either  2-(N-10 

Morpholino)ethanesulfonic acid (MES, 50 mM, pH 5.5) or 4-(2-hydroxyethyl)-1-11 

piperazineethanesulfonic acid (HEPES, 50 mM, pH 7.0) were added to autoclaved 12 

groundwater in the presence or absence of filter-sterilized solutions of glycerol-2-13 

phosphate (G2P) (Sigma Aldrich) and uranyl acetate (Spectrum) (Table 1).  Reactors 14 

were buffered at pH 5.5 or 7.0 to establish conditions favorable to both U(VI)-phosphate 15 

biomineralization (pH 5.5) and bioreduction (pH 7.0).  Excluding G2P, no external 16 

electron donor was added to the system.  Reactors were sealed from the controlled 17 

atmosphere within an hour after addition of the reactants, such that the incubations were 18 

not significantly affected by H2 and CO2 gases. Sealed duplicate reactors were 19 

homogenized to ensure uniform groundwater composition prior to static incubation at 20 

room temperature in the dark.   21 

At each time point, the following sampling protocol was followed to ensure that 22 

all samples were maintained anaerobic at all times.  Microcosm sediment and 23 
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groundwater were homogenized, and a subsample of the microcosm mixture was 1 

extracted under anaerobic atmosphere (1% H2, 5% CO2, and 94% N2) through a septum 2 

using a polypropylene syringe with Teflon plunger (HSW) and a 18 gauge stainless steel 3 

needle (B & H).  An aliquot of the homogenized mixture was added to a 0.5 M HCl 4 

solution to extract total Fe(II).  The remaining mixture was centrifuged at 3300 rpm for 5 5 

minutes.  The supernatant was filtered through a 0.2 µm pore size polyethersulfane 6 

membrane filter (Puradisc, Whatman) and reserved for pH measurement (data not shown) 7 

and analysis of phosphate and nitrite.  Other filtered aliquots were diluted in 2% trace 8 

metal grade nitric acid for uranium analysis or preserved in 0.1 M HCl and stored at 4°C 9 

until dissolved Fe(II) quantification.  The remaining filtered supernatant was frozen until 10 

analysis of sulfate, nitrate, and G2P.  Finally, following completion of the incubations, 11 

sediments were collected for solid-phase chemical extraction, X-ray absorption near-edge 12 

spectroscopy (XANES), and extended X-ray absorption fine structure (EXAFS) analysis. 13 

Sediments were preserved at -80°C and under UHP N2 atmosphere in Mason jars until 14 

analysis.    15 

2.3 Analytical Methods 16 

2.3.1 Aqueous Phase Speciation 17 

Dissolved uranium was measured in duplicate using an Agilent 7500a Series 18 

inductively coupled plasma mass spectrometer (ICP-MS).  Standards were prepared using 19 

uranyl acetate (Spectrum) acidified in 2% trace metal grade nitric acid (Fisher). Holmium 20 

and bismuth were used as internal references in both standards and samples (SPEX 21 

certiPrep), and 2% trace metal grade nitric acid blanks and calibration check standards 22 

were used as quality controls.  Phosphate, nitrite, and total/dissolved Fe(II) were 23 
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quantified colorimetrically with a Milton Roy Spectronic 501 spectrophotometer. 1 

Phosphate was measured using the molybdenum blue method (Murphy and Riley, 1962),  2 

nitrite was measured using a sulphanilamide/NED reagent mixture immediately after 3 

sampling (Grasshoff, 1983), and Fe(II) was measured using the ferrozine method 4 

(Stookey, 1970).  Adsorbed Fe(II) was quantified by difference of total Fe(II), measured 5 

in unfiltered acidified samples,  and dissolved Fe(II) determined in filtered samples.  6 

Sulfate, nitrate, and G2P were measured by ion chromatography using a Dionex GP-50 7 

HPLC pump and conductivity detector (Dionex, CD-20) coupled to an Analytical 8 

Instrument Systems, Inc. integrator (LCC 100).  An anion exchange analytical column 9 

(Dionex AS14, 4 x 250mm) and guard column (Dionex AG14, 4 x 50mm) were used in 10 

line with an AMMS-300 (4-mm, Dionex) suppressor.  Operating conditions included a 11 

10% acetonitrile, 1 mM NaHCO3, and 3 mM Na2CO3 buffer eluent with a 1 mL min
-1

 12 

flow rate and a 25 mN H2SO4 regenerant.  All standard deviations reported for dissolved 13 

species represent the range of average concentrations found in duplicate reactors. 14 

2.3.2 Rate Constant Calculations and Thermodynamic Modeling 15 

Rate constants, kobs, for NO3
-
 consumption, G2P consumption, and U removal 16 

were calculated assuming pseudo-first-order reactions using the linear regression of the 17 

natural log of concentrations as a function of time (see details in supplementary 18 

information).  The error reported for rate constants was propagated to include variations 19 

between duplicate incubations and standard error of the unweighted slope of linear 20 

regressions.  Due to the apparent two-phased uranium removal, two separate uranium rate 21 

constants were calculated for pH 5.5 reactors; U0 represents the rate constant calculated 22 

for days 0 – 4 and U7 represents the rate constant calculated for days 7 – 31.  23 
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Thermodynamic equilibrium calculations were performed in MINEQL+ (Schecher and 1 

McAvoy, 2001) for each reactor treatment.  The theoretical composition of artificial 2 

groundwater, modified to reflect the different treatments (Table 1), was included as the 3 

background solution in the thermodynamic calculations.  For these calculations, total 4 

ΣPO4
3-

 concentrations in all G2P-containing reactors were estimated assuming complete 5 

hydrolysis of the organophosphate compound, and total Fe(II) detected at 7 days was 6 

used to estimate the maximum Fe(II) production.  Adsorption onto amorphous iron 7 

oxides was included using a double-layer sorption model with both low affinity and 8 

strong affinity sites and solid concentrations that reflected the composition of ORFRC 9 

soils (Barnett et al., 2002).  Ionic strength was calculated, and the system was assumed to 10 

be closed to the atmosphere with a pH of 5.5 or 7.0 and total dissolved inorganic carbon 11 

concentrations fixed at 5 mM.      12 

2.3.3 Solid phase uranium characterization 13 

 Solid phase uranium and phosphate eventually associated with the solid phase 14 

were quantified in duplicates in sediments collected following 70 days of incubation 15 

using a modified sequential extraction technique of Tessier et al. (1979).  The following 16 

procedure was performed sequentially:  (1) 4 mL of 1.0 M MgCl2 (pH 7.0) was added to 17 

~ 0.5 g sediment and agitated at 20°C for 1 hour to extract loosely adsorbed uranium; (2) 18 

4 mL of 1.0 M sodium acetate (adjusted to pH 5.0 with 1.0 M HCl) was added and 19 

agitated at 20°C for 5 hours to dissolve uranium-phosphate minerals (Beazley et al., 20 

2011); (3) 10 mL of 0.04 M NH2OH • HCl in 25% (v/v) acetic acid was added and 21 

agitated at 96°C for 6 hours to remove Fe- and Mn-associated uranium; (4) 1.5 mL of 22 

0.02 M HNO3 and 2.5 mL of 30% H2O2 (pH 2.0) were added and agitated at 96°C for 2 23 
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hours, a second 1.5 mL aliquot of 30% H2O2 (pH 2.0) was added and agitated at 96°C for 1 

3 hours, and a third 5 mL aliquot of  2.5 M NH4OAc in 20% (v/v) HNO3 was added and 2 

agitated at 20°C for 1 hour to extract uranium bound to organics; and (5) 5 mL of 15.8 M 3 

HNO3 was added and maintained at 85°C for 3 hours to extract the residual fractions 4 

(Gleyzes et al., 2002).  After each extraction step, samples were centrifuged (1380 xG for 5 

10 minutes), and supernatants were filtered (0.2 µm, PES Puradisc Whatman) and 6 

reserved for uranium analysis by ICP-MS and for phosphate quantification using the 7 

spectrophotometric technique of Murphy and Riley (1962). The pH of the samples for 8 

phosphate quantification in each extract was adjusted to ~ 4.0 with NaOH (10.0 M) or 9 

HCl (12.0 M) to allow for color development.  Standards were prepared in extraction 10 

media and treated as described above.   11 

 X-ray absorption spectroscopy (XAS) was performed at the Stanford Synchrotron 12 

Radiation Lightsource (SSRL).  Final samples (T = 70 days) from the U-amended 13 

controls, the G2P-amended reactors, nitrate-amended reactors, and the sulfate-amended 14 

reactors at both pH 5.5 and 7.0 were characterized by XAS, and an initial sample (T = 0 15 

days) from pH 5.5 G2P-amended reactors was also examined.  Sediment samples were 16 

loaded into windowed Lexan sample holders, sealed with Kapton tape in an anaerobic 17 

chamber (Coy Laboratory Instruments, Inc.), and maintained anoxic in a sealed jar for 18 

transport to SSRL and under N2 atmosphere at the beam line. Uranium LIII-edge XAS 19 

spectra were collected at SSRL beam line 10-2 using a focused X-ray beam with a 23 20 

keV harmonic rejection cutoff and a 13 element Ge detector. The incident energy was 21 

selected with a Si(220) monochromator crystal. Transmission and fluorescence data were 22 

collected simultaneously. Detection limits of around 5% weight are achieved in these 23 
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conditions at beam line 10-2. All EXAFS data were reduced using SIXPACK (Webb, 1 

2005). Phase and amplitude files for EXAFS fittings were created with FEFF7 2 

(Ankudinov et al., 1998; Zabinsky et al., 1995). Theoretical models were based on 3 

scattering paths expected for autunite-type group minerals (Catalano and Brown, 2004) 4 

and U(VI) adsorbed to iron oxihydroxides (Waite et al., 1994). The models were first 5 

tested on known chernikovite and U-Fe(ads) samples to ensure good agreement with 6 

previous fittings (Beazley et al., 2009, 2011). The U═Oax═U═Oax transoxido multiple 7 

scattering path (Allen et al., 1996; Bargar et al., 2000; Hudson et al., 1996) was included 8 

in all fits.  The axial oxygen coordination number (N) for all reactors was set at two 9 

(Beazley et al., 2007, 2009; Beazley et al., 2011; Webb et al., 2006).  To aid comparison 10 

between samples, the Debye-Waller factors (σ) were fixed for shells other than axial 11 

oxygen, a common practice for uranium EXAFS (Bargar et al., 2000; Beazley et al., 12 

2009; Beazley et al., 2011; Webb et al., 2006).  The addition of shells was considered to 13 

improve the quality of the EXAFS fit if a reduction in the reduced chi-square was 14 

observed (Webb et al., 2006; Webb et al., 2005).  15 

3. RESULTS 16 

3.1 Aqueous species  17 

The pH remained constant for the duration of the experiments in both pH 5.5 and 18 

7.0 reactors (data not shown).  In all treatments without addition of external terminal 19 

electron acceptors (TEAs), background nitrate and sulfate concentrations exchanged from 20 

the original sediment after 3 hours of equilibration averaged 450 µM and 800 µM, 21 

irrespective of the pH of the incubations (Figure 1A-D).  Although sulfate and nitrate 22 

were present in the U-amended controls, both nitrate and sulfate reduction were 23 
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negligible without G2P addition (Figure 1A-D), even in pH 7.0 incubations in the 1 

presence of 7 mM NO3
-
 (Figure 1D).  After a phase lag of 15 days, the presence of G2P 2 

stimulated nitrate reduction at both pH 5.5 and 7.0 (Figure 1E-H) but not sulfate 3 

reduction, even in treatments containing elevated sulfate concentrations (Figure 1A-B), 4 

and complete depletion of nitrate was observed in G2P-containing reactors without NO3
-
 5 

addition after 39 days of incubation (Figure 1C-D).  Pseudo-first-order rate constants for 6 

nitrate reduction in G2P-containing reactors unamended with nitrate were calculated to 7 

be 0.04 ± 0.01 d
-1

 and 0.07 ± 0.03 d
-1

 at pH 5.5 and 7.0 (Table 2).  Although nitrate was 8 

removed in the sulfate-amended reactors, only ephemeral accumulation of nitrite was 9 

observed, while traces of nitrite were observed in the G2P-amended reactors with no 10 

external TEA (Figure 1C-D).  In the nitrate-amended reactors at pH 5.5, nitrate 11 

concentrations were reduced from 7 to 2 mM over 70 days (Figure 1C) with a pseudo-12 

first-order rate constant of 0.02 ± 0.00 d
-1

 (Table 2), and the accumulation of 4 mM nitrite 13 

was observed after a small phase lag (Figure 1C).  14 

Aqueous Fe(II) remained constant at ~ 10 µM in both pH 5.5 and pH 7.0 reactors 15 

throughout the 21 day sampling period (Figure 1E-F).  In all pH 5.5 reactors, adsorbed 16 

Fe(II) remained constant at 15 µM until day 7 when a steep increase to 100 µM was 17 

observed (Figure 1E). A much more pronounced increase in adsorbed Fe(II) was detected 18 

in all pH 7.0 reactors, irrespective of the TEA present, with concentrations as high as 1.1 19 

mM (Figure 1F). A pseudo-first-order rate constant for Fe(III) reduction of 0.61 ± 0.05 d
-

20 

1
 was calculated from total Fe(II) produced at pH 5.5, while an average pseudo-first-order 21 

rate constant of 1.34 ± 0.04 d
-1

 was estimated for all treatments at pH 7.0 (Table 2).  The 22 

increase in adsorbed Fe(II) was followed by a steady decrease to ~ 65 µM after 21 days 23 
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of incubation in all reactors at both pH (Figure 1E-F).  The same trends were observed in 1 

all reactors, regardless of the presence or absence of G2P.  2 

Although G2P-containing reactors were amended with 5 mM G2P, initial aqueous 3 

G2P concentrations averaged only 1 mM at pH 5.5 and 2.3 mM at pH 7.0 (Figure 1G-H), 4 

indicating adsorption of G2P onto ORFRC sediments is more significant at low pH.  5 

Complete removal of dissolved G2P was observed after 39 days of incubation (Figure 6 

1G-H), and the pseudo-first-order rate constant for G2P consumption at pH 5.5 and 7.0 7 

averaged 0.05 ± 0.02 d
-1

 and 0.10 ± 0.02 d
-1

, respectively (Table 2).  Dissolved phosphate 8 

was not detected in the U-amended controls or the pH 7.0 nitrate-amended reactors 9 

without G2P (Figure 1H).  However, in all G2P-containing reactors at pH 5.5, up to 120 10 

µM inorganic phosphate accumulated after 30 days of incubation followed by a slow 11 

linear decrease to 50 µM by day 70 (Figure 1G).  Alternatively, in all pH 7.0 G2P-12 

containing reactors, inorganic phosphate accumulated up to 350 µM after 39 days of 13 

incubation and remained around the same concentration for the remainder of the 14 

experiments (Figure 1H).  This observed accumulation of phosphate is ~ 90% lower than 15 

expected if mass balance with G2P consumption was conserved, indicating that at both 16 

pH a significant fraction of phosphate was removed by adsorption onto the solid phase, 17 

uptake by microbial populations, and/or precipitation of phosphate minerals.   18 

All reactors amended with 300 µM U but not G2P at both pH initially contained 19 

only 2 µM uranium in solution, and uranium concentrations remained at 2 µM for the 20 

duration of the incubations (Figure 2A).  As U(VI) was instantaneously removed by 21 

precipitation or adsorption onto the solid phase and no temporal change in uranium 22 

concentration was observed in these treatments, the pseudo-first-order rate constants for 23 
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this removal process were reported as zero (Table 2). In the presence of G2P, however, 1 

pH 5.5 reactors amended with 300 µM uranium displayed approximately 55 µM uranium 2 

in solution at time zero, while the same reactors at pH 7.0 displayed only15 µM (Figure 3 

2A).  Rapid uranium removal to < 0.2 µM was observed in G2P-containing reactors at pH 4 

5.5, and U remained immobilized for the duration of the experiment regardless of the 5 

type and presence of terminal electron acceptor (TEA) (Figure 2A).  Interestingly, 6 

uranium removal at pH 5.5 was divided into two distinct phases, an initial phase between 7 

0 and 4 days during which U(VI) removal occurred with an average pseudo-first-order 8 

rate constant of 0.41 ± 0.12 d
-1

 for all treatments, and a second phase between 7 and 30 9 

days during which removal occurred with an average pseudo-first-order rate constant 10 

0.10 ± 0.02 d
-1

 for all treatments (Table 2, Figure 2B).  In contrast, the initial 15 µM 11 

uranium present in pH 7.0 reactors was steadily titrated out of solution over the 70 day 12 

sampling period to < 0.2 µM (Figure 2A) with a pseudo-first-order rate constant of 0.06 ± 13 

0.01 d
-1

 (Table 2) regardless of the presence or absence of elevated sulfate 14 

concentrations.  15 

3.2 Solid-phase speciation of uranium and phosphate 16 

A total phosphate concentration of 4.4 ± 0.7 µmol P g
-1

 was extracted in the 17 

original sediment prior to phosphate amendment.  Not surprisingly, solid phase 18 

extractions of sediments revealed higher total extracted phosphate in all G2P-containing 19 

reactors than in reactors without G2P (Figure 3A-B).  As expected, phosphate was not 20 

detected in the exchangeable fraction (Figure 3A-B), as phosphate should not exchange 21 

with Mg
2+

.  Without G2P, extracted phosphate was primarily concentrated in the residual 22 

fraction (Figure 3A-3B).  In the presence of G2P, however, the distribution of extracted 23 
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phosphate shifted towards hydroxylamine- and peroxide-extracted fractions and was not 1 

significantly affected by the pH and the presence or type of amended TEA (Figure 3A-2 

B).  As the organophosphate compound was in great excess of uranium in these 3 

incubations, the acetate-extractable phosphate fraction, which is representative of 4 

uranium-phosphate minerals, was relatively small in all reactors compared to the other 5 

treatments (Figure 3A-B).     6 

The original unamended sediment contained a total concentration of 0.7 ± 0.0 7 

µmol U g
-1 

soil or about 25% of the total extracted uranium after amendments of 300 µM 8 

U(VI).  The acetate extractable uranium fraction constituted the largest fraction (~ 60%) 9 

of total extracted uranium in all reactor treatments, regardless of the pH (Figure 4A-B), 10 

followed by the hydroxylamine extractable fraction (~ 30%) as the second most 11 

abundant.  Except for the exchangeable fraction in the pH 5.5 U-amended controls, other 12 

fractions did not contribute significantly to total extracted uranium (Figure 4A-B).  Mass-13 

balance on uranium from sequential extractions was respected (within error) in each 14 

treatment except for pH 7.0 reactors amended with G2P but no TEA (80.1 ± 11.5 %) and 15 

pH 7.0 reactors amended with 5 mM NO3
- 
but no G2P (116.8 ± 9.9 %) (Figure 4A-B).  16 

Further bulk characterization of solid-associated uranium by XAS provided information 17 

on the oxidation state and speciation of uranium in each reactor.  The normalized and 18 

background-subtracted solid phase XANES spectra of samples from each treatment 19 

exhibited a uranium LIII-edge at ~ 17163 eV and a characteristic U(VI) shoulder between 20 

17188 and 17200 eV, regardless of pH, indicating U(VI) as the main oxidation state of 21 

uranium in these systems  (Figures 5A and 6A).  In all pH 5.5 reactors, the k
3
-weighted 22 

EXAFS fittings confirmed the presence of an axial oxygen shell at 1.80 Å (Figure 5B-C, 23 
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Table 3).  In addition, two distinct equatorial oxygen shells were evidenced which may be 1 

grouped into two subsets based on radial distance (R) from the central uranium atom.  2 

The first equatorial oxygen group clustered at approximately 2.30 Å with coordination 3 

numbers between 2.3 and 3.5.  The second equatorial oxygen group clustered at 4 

approximately 2.45 Å with coordination numbers between 1.9 and 3.4.  As expected at 5 

pH 5.5, carbon from carbonates was not found in the neighborhood of uranium in any 6 

reactor.  In contrast, Mn and/or Fe shells between 3 and 3.5 Å were necessary in all pH 7 

5.5 reactors to improve the fit.  Finally, phosphorus shells at ~ 3.65 Å improved the fit in 8 

the G2P-amended reactors without external TEA (day 70) and in the presence of excess 9 

sulfate (day 70) and nitrate (T = 70).     10 

As observed at pH 5.5, the k
3
-weighted EXAFS fittings of pH 7.0 sediments 11 

confirmed the presence of an axial oxygen shell at 1.83 Å (Figure 6B-C, Table 4).  12 

Similarly, two distinct equatorial oxygen shells were also observed in all pH 7.0 reactors.  13 

The first equatorial oxygen group clustered at approximately 2.25 Å with coordination 14 

numbers between 1.4 and 2.0, and the second equatorial oxygen group clustered at 15 

approximately 2.42 Å with coordination numbers between 1.6 and 3.7.  As expected at 16 

pH 7.0, carbon was needed to improve the fit in the nitrate-amended reactors and the 17 

sulfate-amended reactors.  Similarly, Mn and/or Fe shells between 3.2 and 3.5 Å were 18 

necessary in the pH 7.0 reactors to improve the fit.  Finally, phosphorus shells at ~ 3.65 Å 19 

improved the fit in the G2P-amended reactors only. 20 

4. DISCUSSION 21 

Both U(VI) bioreduction and the biomineralization of U(VI)-phosphate minerals 22 

are potentially viable approaches to immobilize uranium in contaminated subsurfaces.  23 
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Bioreduction in low pH soils is typically promoted by buffering the pH to circumneutral 1 

values and introducing an electron donor, and U(VI) reduction usually occurs after 2 

complete reduction of nitrate  (Madden et al., 2009; Nyman et al., 2006; Wu et al., 3 

2006b) and may be concurrent with sulfate or iron reduction (Akob et al., 2008; Cardenas 4 

et al., 2010; Madden et al., 2009; Nyman et al., 2006).  Biomineralization of U(VI)-5 

phosphate minerals preferentially occurs in low to circumneutral pH conditions in both 6 

anaerobic and aerobic environments, provided that organophosphates are available 7 

(Beazley et al., 2007, 2009; Beazley et al., 2011; Macaskie et al., 1995; Martinez et al., 8 

2007; Montgomery et al., 1995; Shelobolina et al., 2009).  Although these processes 9 

potentially overlap in reducing conditions, the competition dynamic between adsorption, 10 

U(VI)-phosphate biomineralization, and bioreduction has yet to be examined.  To 11 

determine which anaerobic respiration process is most conducive to uranium removal 12 

through U(VI)-phosphate biomineralization and whether bioreduction can compete with 13 

biomineralization in G2P-amended sediments, this study investigated the relationship 14 

between these competing processes at pH 5.5 and 7.0 in the presence of iron oxides and 15 

elevated concentrations of sulfate or nitrate as terminal electron acceptors and G2P as the 16 

organophosphate source for U(VI)-phosphate biomineralization. 17 

4.1 Terminal electron acceptor transformations 18 

Although a variety of sulfate-reducing bacteria have been detected in ORFRC 19 

wells (Cardenas et al., 2010; Gihring et al., 2011), no evidence of sulfate reduction was 20 

observed in any treatment regardless of the presence or absence of G2P and pH 21 

conditions (Figure 1A-B): sulfate concentrations remained steady in all reactors, even 22 

after complete removal of nitrate and in the presence of elevated sulfate concentrations; 23 
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the sediments remained brown, characteristic of the high iron content of ORFRC 1 

sediments, throughout the course of the experiment; and sulfide odors were not noticed.  2 

These findings are not consistent with past studies conducted with Oak Ridge sediments 3 

that observed substantial sulfate reduction after the system pH was raised to between 6.0 4 

and 7.5 (Akob et al., 2008; Gu et al., 2005; Kelly et al., 2009; Kim et al., 2010; Madden 5 

et al., 2009; Wu et al., 2006b; Zhang et al., 2010).  Electron donor limitations may have 6 

prevented sulfate reduction from occurring, as G2P represented the only carbon source 7 

added to these incubations.  Ambiguous information is available on the ability of sulfate 8 

reducers to metabolize or assimilate glycerol, the by-product of G2P hydrolysis.  Even 9 

though sulfate reduction coupled to glycerol oxidation was observed in acidic sediments 10 

conditioned by acid mine drainage (Becerra et al., 2009), sulfate reduction is known to be 11 

highly electron donor dependent (Madden et al., 2009; Petrie et al., 2003), suggesting that 12 

glycerol may have limited the activity of sulfate-reducing bacteria.   13 

Alternately, the background nitrate concentrations in the present study, reflective 14 

of the high nitrate levels at the ORFRC, may have prevented stimulation of sulfate-15 

reducing bacteria.  Nitrate-reducing bacteria are diverse and active in ORFRC soils 16 

(Spain and Krumholz, 2011), and a subset of the nitrate reducers that are metabolically 17 

active include members of the genera Burkholderia, Ralstonia, Castellaniella, 18 

Herbaspirillum, Dechloromonas, Zooglea, Rhodanobacter, Rhizobiaceae, 19 

Sphingomonas, Magnetospirillum, and Paenibacillus  (Akob et al., 2007; Green et al., 20 

2010; Green et al., 2012; Mohanty et al., 2008).  In addition, Rahnella sp. Y9602, a 21 

phosphatase-positive metal-resistant bacterium isolated from ORFRC soils (Martinez et 22 

al., 2006), is able to reduce nitrate anaerobically while promoting biomineralization of 23 
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U(VI)-phosphate minerals (Beazley et al., 2009).  The results of the present study 1 

confirm that G2P addition is sufficient to stimulate nitrate reduction by indigenous nitrate 2 

reducing bacteria of ORFRC sediments in varied pH conditions and variable nitrate 3 

concentrations (Figure 1C-D).  The higher pseudo first-order rate constant at pH 7.0 4 

compared to pH 5.5 (Table 2) indicates that nitrate reduction was more efficient at 5 

circumneutral pH, which is consistent with previous findings at the ORFRC (Edwards et 6 

al., 2007; Istok et al., 2004; Shelobolina et al., 2003).   Simultaneously, only ephemeral 7 

nitrite accumulation was observed in incubations amended with G2P only and both G2P 8 

and sulfate regardless of pH (Figure 1C-D), likely due to further reduction of nitrite to 9 

other denitrification products or ammonia during dissimilatory nitrate reduction to 10 

ammonia (DNRA) (Herbert, 1999). In turn, 4 mM NO2
-
 accumulated in pH 5.5 nitrate-11 

amended reactors (Figure 1C), and comparison of nitrate reduction rates (-180.9 ± 11.6 12 

µM d
-1

) and net nitrite production rates at pH 5.5 (157.3 ± 4.7 µM d
-1

) suggests 13 

denitrification or DNRA removed nitrite from this reactor at a rate of -23.6  ± 12.5 µM   14 

d
-1

.  15 

The accumulation of high NO2
-
 concentrations in the pH 5.5 nitrate-amended 16 

reactors may also have had a toxic effect on denitrifying bacteria that is reflected in a 17 

decrease in the pseudo-first-order rate constant for nitrate reduction in nitrate-amended 18 

reactors compared to G2P-amended and sulfate-amended reactors (Table 2).  The nitrite 19 

toxicity effect is well documented and is evidenced in a wide variety of microorganisms.  20 

Proposed mechanisms include an increase in the permeability of the cytoplasmic 21 

membrane (Sijbesma et al., 1996) and the disruption of proton translocation 22 

stoichiometry (Rake and Eagon, 1980).  In addition, elevated levels of nitrite have been 23 
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shown to interfere with denitrification pathways, a phenomenon that is known to be 1 

exaggerated in anaerobic conditions (Bollag and Henninger, 1978; Meijer et al., 1979).  2 

These findings suggest that the accumulation of NO2
-
 in the pH 5.5 nitrate-amended 3 

reactors may have resulted from the toxicity of NO2
-
 on nitrite-reducing bacteria, while 4 

the relatively minimal NO2
-
 concentrations detected in other incubations were likely not 5 

significant to affect nitrite-reducing bacteria. 6 

Iron reduction was not significantly inhibited by elevated nitrate concentrations 7 

(Figure 1C-F) in contrast to what is known about the inhibitory effect of nitrate on iron 8 

reduction (Dichristina, 1992; Finneran et al., 2002a; Finneran et al., 2002b; Senko et al., 9 

2002).  In addition, iron reduction was unaffected by the presence of G2P (Figure 1E-F).  10 

However, a significant inhibition on iron reduction was apparent at pH 5.5 (Figure 1E), 11 

consistent with previous findings demonstrating that microbial growth is impacted in low 12 

pH conditions (Edwards et al., 2007).  As Fe
2+

 production preceded nitrate removal and 13 

production of nitrite, chemical reduction of Fe
3+

 coupled to reoxidation of nitrite was 14 

likely not significant, and the observed production of Fe
2+

 was likely due to microbially-15 

mediated G2P-independent iron reduction in the presence of nitrate (Figure 1C-F).  These 16 

observations suggest that iron-reducing bacteria present at the ORFRC may be active in 17 

nutrient- and electron donor-limited environments when nitrate-reducing bacteria remain 18 

dormant.   19 

The rapid rise and decrease of adsorbed Fe
2+

 not balanced by accumulation of 20 

dissolved Fe
2+

 in all reactors regardless of pH (Figure 1E-F) suggests that Fe
2+

 was not 21 

desorbed via an ion exchange process and instead precipitated as a distinct mineral.  22 

XANES spectra confirmed the bulk oxidation state of uranium as U(VI) in all reactors 23 
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(Figures 5A and 6A), suggesting the chemical oxidation of sorbed Fe
2+

 by U(VI) (Liger 1 

et al., 1999) was likely not significant at pH 7.0 or inhibited at pH 5.5.  As 2 

thermodynamic calculations predicted little adsorption of Fe
2+

 at pH 5.5 (Table 5), the 3 

observed adsorption of Fe
2+

 in all reactor treatments may have been driven by formation 4 

of ternary =Fe—OPO3—Fe
+
 complexes with iron oxides.  These complexes are well 5 

known to occur under both pH conditions and are thought to be precursors to the surface 6 

precipitation of iron phosphate minerals even in undersaturated conditions (Ler and 7 

Stanforth, 2003; Li and Stanforth, 2000), but they were not included in the 8 

thermodynamic model.  Thus, despite the fact that equilibrium calculations predict 9 

undersaturation of vivianite [Fe3(PO4)2] at both pHs in the conditions of the incubations 10 

(Table 5), the decrease in total Fe
2+

 coinciding with the accumulation of inorganic 11 

phosphate in solution (Figure 1E-H)  could be explained by the formation of ternary iron 12 

phosphate complexes and subsequent surface-catalyzed precipitation of vivianite. This 13 

process should be investigated in future studies. 14 

4.2 Organophosphate Hydrolysis
 

15 

  Incubations in the presence of G2P clearly illustrate that organophosphate 16 

hydrolysis is significant in reducing conditions (Figure 1G-H) and stimulates anaerobic 17 

respiration (Figure 1C-D) compared to otherwise identical control incubations without 18 

G2P. The distribution of phosphate extracted simultaneously with uranium from the solid 19 

phase at the end of the incubations demonstrates that phosphate exists primarily in highly 20 

recalcitrant phases in the absence of organophosphate (Figure 3A-B), suggesting that 21 

anaerobic respiration is limited by the availability of phosphorus in these conditions.  In 22 

contrast, the distribution of solid-phase associated phosphate shifts towards more reactive 23 
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phases in the presence of G2P (Figure 3A-B).  These findings imply the supply of labile 1 

organic carbon (i.e. glycerol) or phosphate to support the metabolism and growth of the 2 

indigenous microbial community represents the driving force for G2P hydrolysis.  3 

Previous studies have demonstrated glycerol oxidation coupled to iron (Petrie et al., 4 

2003), sulfate (Qatibi et al., 1991), and uranium (Madden et al., 2007) reduction, while 5 

organophosphate hydrolysis by bacterially-derived phosphatase enzymes is thought to 6 

provide inorganic phosphorus either for nutrient assimilation or as a heavy-metal 7 

detoxification mechanism (Macaskie et al., 1992).  As uranium reduction was not favored 8 

in these incubations and as G2P consumption in reactors amended with G2P was so 9 

intense (1.2-2.4 mM, Figure 1G-H) compared to the availability of uranium (300 M) in 10 

these sediments, G2P was likely hydrolyzed by bacterially-derived phosphatases 11 

produced due to phosphorus or carbon limitations.  In addition, G2P hydrolysis may have 12 

been enhanced at pH 7.0 (Table 2) in response to the decrease in adsorption of G2P onto 13 

iron oxides due to the repulsion between partially deprotonated iron oxides and totally 14 

deprotonated G2P at that pH.  As nitrate reduction is clearly promoted by the presence of 15 

G2P in solution compared to the unamended control (Figure 1D), the decrease in G2P 16 

adsorption and associated increase in G2P hydrolysis at pH 7.0 may have also promoted 17 

the increase in the pseudo-first order rate constants for nitrate reduction observed at 18 

circumneutral pH in the incubations amended with G2P compared to at pH 5.5 (Table 2). 19 

Indeed, factoring out initial concentration of G2P from the pseudo-first order rate 20 

constants reveals similar rate constants for nitrate reduction at both pH 5.5 and 7.0 (not 21 

shown). Finally, the disparity between G2P consumption and phosphate production in 22 

solution in all G2P-containing reactors (Figure 1G-H) indicates the existence of a 23 
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significant phosphate removal mechanism other than U(VI)-phosphate biomineralization.  1 

Thermodynamic modeling suggests ~ 80% phosphate removal through adsorption in 2 

these incubations at both pH 5.5 and 7.0 (Table 5), and solid-phase extractions (Figure 3 

3A-B) confirm large quantities of phosphate associated with iron and manganese oxides 4 

in these sediments.  Thus, sorption was likely primarily responsible for phosphate 5 

removal with less significant contributions from precipitation of U(VI)-phosphate 6 

minerals and assimilation by the natural microbial community.   7 

4.3 Fate of Uranium 8 

Although each treatment received a 300 µM U(VI) amendment, approximately 9 

20% of uranium at pH 5.5 and less than 5% at pH 7.0 remained in solution initially in 10 

each reactor (Figure 2A).  As ~ 95% of uranium removal between pH 5.5 and 7.0 is 11 

achieved through sorption in ORFRC soils (Barnett et al., 2000) and inorganic phosphate 12 

was initially unavailable to support U(VI) removal through the biomineralization of 13 

U(VI)-phosphate minerals, the initial uranium removal observed in all reactors can be 14 

attributed to adsorption.  Important sorbents in ORFRC sediments include predominantly 15 

ferric and aluminum oxides (Brooks, 2001), which display a pHzpc around 7.0 (Hsi and 16 

Langmuir, 1985; Langmuir, 1997; Stumm and Morgan, 1996), and in less extent 17 

manganese oxides (Barnett et al., 2000), which display a pHzpc ranging between 1.3 and 18 

7.3 (Langmuir, 1997).  Aluminum oxides, however, are less likely to be involved in the 19 

removal of uranium at pH greater than 4.0 in the presence of iron oxides (Zheng et al., 20 

2003). Indeed, bulk uranium EXAFS of both pH 5.5 and pH 7.0 reactors demonstrate 21 

uranium associated with Mn and/or Fe phases (Table 3-4).  At pH 5.5, U(VI) carries a 22 

positive (UO2 
2+

) or neutral (UO2CO3 (aq)) charge (Table 5), making it less likely to adsorb 23 
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to positively charged soils than negatively charged G2P or orthophosphates which 1 

strongly competes for soil sorption sites, especially given their high concentration.  In 2 

fact, thermodynamic modeling predicts ~ 70% adsorption of U(VI) at pH 5.5 in the 3 

absence of  phosphate (U-control) as compared to ~ 1%  adsorption in the presence of 5 4 

mM phosphate from organophosphate hydrolysis (G2P-treatments) (Table 5).  At pH 7.0, 5 

U(VI) is primarily present as neutral [Ca2UO2(CO3)3] and negatively charged species 6 

(CaUO2CO3
2-

) (Table 5), and G2P is totally deprotonated.  As evidenced by the initial 7 

two-fold increase in dissolved G2P at pH 7.0 compared to pH 5.5 (Figure 1D), G2P 8 

adsorbs less efficiently at pH 7.0 when surface sites shift towards more negative values.  9 

Thus, the decreased sorption of G2P allows for more complete sorption of U(VI) species 10 

and is reflected in the four-fold decrease in aqueous uranium at pH 7.0 versus pH 5.5 11 

initially (Figure 2A).  In a similar fashion, the initial adsorption of U(VI) at pH 7.0 is 12 

much higher in the absence (U-control) than in the presence of organophosphate. 13 

Examination of the removal of uranium as a function of time reveals interesting 14 

features.  At pH 5.5, two kinetically-controlled uranium removal phases are observed in 15 

all G2P-containing reactors (Figure 2) in agreement with previous studies that 16 

demonstrated rapid adsorption of U(VI) to ferrihydrite within the first few hours of 17 

equilibration at pH 5.0 is followed by a secondary removal phase that lasts several days 18 

(Waite et al., 1994).  The first removal phase that occurs between 0 and 4 days could be 19 

attributed to the diffusion-limited sorption of uranium in the crystal lattice of minerals or 20 

pores of the soil matrix (Davis and Kent, 1990; Waite et al., 1994), as during that time 21 

period hydrolysis of G2P was not significant as indicated by the relatively constant 22 

concentration of G2P in solution and the lack of production of inorganic phosphates 23 
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(Figure 1G). The second phase that occurs between 4 and 40 days is attributed to the 1 

precipitation of uranium phosphate controlled by the hydrolysis of G2P, as previously 2 

demonstrated in pure cultures incubations with an organism isolated from the same site 3 

(Beazley et al., 2007 and 2009) and supported by the decrease in G2P, the simultaneous 4 

production of dissolved phosphate after a small phase lag (Figure 1G), and the 5 

thermodynamic calculations that predict precipitation of almost all uranium as autunite 6 

mineral (Table 5).  In pH 7.0 reactors containing G2P, only one uranium removal phase 7 

was observed (Figure 2), suggesting that uranium carbonate complexes, the dominant 8 

form of dissolved uranium in the absence of inorganic phosphate at that pH (Table 5), do 9 

not promote the diffusion-limited removal process observed in the pH 5.5 incubations. 10 

The slightly lower pseudo-first-order rate constants calculated for the removal of uranium 11 

at pH 7.0 compared the second uranium removal phase at pH 5.5 (Table 2) may be 12 

attributed to the stabilization of uranium in solution by carbonates. Overall, these data 13 

suggest that similar U(VI) removal mechanisms were ongoing in the pH 7.0 incubations.  14 

Indeed, thermodynamic calculations predict the majority of uranium is precipitated under 15 

the form of autunite minerals (Table 5). 16 

Bioreduction is a commonly observed removal pathway for U(VI) in anaerobic 17 

conditions.  In this study, however, XANES data did not show evidence of U(VI) 18 

reduction regardless of pH, even after complete nitrate removal (Figures 5A and 6A).  19 

These findings suggest that U(VI) reduction was inhibited in these incubations.  Similar 20 

results were observed in both pure culture systems and sediment microcosms.  Both 21 

manganese (Liu et al., 2002) and ferrihydrite (Wielinga et al., 2000)  were shown to 22 

inhibit uranium reduction by acting as competitive terminal electron acceptors in pure 23 
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cultures, while calcium was shown to inhibit reduction of U(VI) in pure cultures through 1 

the formation of ternary Ca-UO2-CO3 complexes which are less energetically favorable 2 

terminal electron acceptors than free uranyl ions (Brooks et al., 2003).  In addition, 3 

uranium reduction in ORFRC sediments commonly occurs concurrently with sulfate 4 

reduction (Akob et al., 2008; Cardenas et al., 2010; Kostka and Green, 2011; Luo et al., 5 

2007; Madden et al., 2009; Nyman et al., 2006; Wu et al., 2006b).  Although the exact 6 

mechanism of this coupling is unknown, it has recently been suggested that the observed 7 

U(VI) reduction is driven by the formation of iron sulfides and subsequent sulfide-8 

catalyzed chemical reduction of U(VI) to U(IV) (Hyun et al., 2012).  As no sulfate 9 

reduction was observed in the present incubations and Ca-UO2-CO3 aqueous species are 10 

predicted to dominate the speciation of U(VI) in solution (Table 5), it is unlikely that 11 

uranium reduction occurred over the experimental time scale of 70 days.  Finally, the 12 

chemical oxidants NO2
-
, Fe(III), and/or possibly MnO2, which can re-oxidize uraninite in 13 

reducing conditions (Fredrickson et al., 2002; Moon et al., 2007; Senko et al., 2002; 14 

Senko et al., 2005a; Senko et al., 2005b; Wan et al., 2005), were present in great excess 15 

in these incubations suggesting any reduced uranium would have been destabilized.   16 

 The biomineralization of U(VI)-phosphate minerals represents an alternative 17 

U(VI) removal mechanism and has been demonstrated in both pure culture (Beazley et 18 

al., 2007; Macaskie et al., 1995; Martinez et al., 2007; Montgomery et al., 1995) and soil 19 

studies (Beazley et al., 2011; Shelobolina et al., 2009). The observed G2P consumption 20 

and subsequent production of inorganic phosphate support the hypothesis that U(VI)-21 

phosphate biomineralization is an important contributor to U(VI) removal in these 22 

experiments, and the lack of observed uranium reduction is indicative of the formation of 23 
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more stable U(VI)-phosphate minerals (Beazley et al., 2007; Beazley et al., 2011; 1 

Shelobolina et al., 2009).  In all incubations, solid-phase extractions revealed uranium 2 

primarily associated with phosphate minerals (acetate extractable fraction) and bound to 3 

iron/manganese oxides (hydroxylamine extracted) (Figure 4A-B).  While this was 4 

expected for G2P-containing reactors, uranium in the U-amended controls was also found 5 

in the acetate extractable fraction.  This discrepancy is likely due to precipitation of 6 

schoepite during the pH 7.0 MgCl2 extraction step designed to desorb loosely bound 7 

uranium (not shown) and does not reflect actual precipitation of U(VI)-phosphate 8 

minerals in reactors unamended with G2P. Thermodynamic calculations and EXAFS data 9 

support the formation of U-P minerals at both pH 5.5 and 7.0 (Table 3, 4, and 5).  10 

Equilibrium calculations predict 99% of uranium precipitates under the form of autunite 11 

minerals at both pHs (Table 5), even when uranium phosphate ternary complexes are 12 

included in the model. Following incubation for 70 days at pH 5.5 and 7.0, the fit for all 13 

G2P-containing reactors was improved by the inclusion of a U-P scattering path to the 14 

EXAFS fitting (Table 4, Figure 5B).  In contrast, the fit was not improved by the addition 15 

of a U-P EXAFS scattering path for the sample taken from G2P-amended reactors prior 16 

to incubation, supporting the hypothesis that the initial uranium removal by adsorption 17 

was followed by the biomineralization of U(VI)-phosphate minerals.            18 

These findings have important implications for the design and implementation of 19 

uranium remediation strategies in contaminated subsurface environments.  First, U(VI) 20 

biomineralization promoted by G2P hydrolysis appears to outcompete U(VI) 21 

bioreduction in nitrate- and iron-rich environments.  Almost complete uranium removal 22 

may be achieved in high nitrate conditions found at some radionuclide-contaminated sites 23 
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without the preconditioning steps (i.e. nitrate removal and pH adjustments) required to 1 

promote U(VI) bioreduction (Wu et al., 2006a).  Eliminating these conditioning steps 2 

may help minimize the cost of remediation.  In contrast, if sulfate-reducing 3 

microorganisms are not stimulated by organophosphate addition, nor involved in 4 

organophosphate hydrolysis as suggested by the findings of this study, sulfate-reducing 5 

conditions promoted by endogenous electron donors should lead to formation of uraninite 6 

and other U(IV) mineral products.  Finally, the low phosphate levels in most subsurface 7 

environments are likely to favor phosphatase activity by native subsurface microbial 8 

populations. The fact that such activity occurs under both aerobic (Beazley et al., 2011; 9 

Shelobolina et al., 2009) and anaerobic conditions (this study), coupled to the fact that 10 

uranium phosphate minerals are highly stable in a wide range of redox conditions 11 

compared to U(IV) minerals, indicate that biomineralization of U(VI)- phosphate 12 

minerals may be particularly useful at contaminated sites subject to fluctuating redox 13 

conditions.  14 

5. CONCLUSIONS 15 

The instability of uraninite, even under reducing conditions, generates the need 16 

for an alternative bioremediation strategy to decrease the solubility of uranium in 17 

contaminated environments.  Biomineralization of U(VI)-phosphate minerals, a possible 18 

complementary technique to bioreduction, has been shown to be applicable in both 19 

reducing and oxidizing environments, and the ability of ORFRC microbial isolates to 20 

metabolize G2P in aerobic conditions has been demonstrated.  In this study, the 21 

competition dynamic between U(VI) bioreduction, U(VI)-phosphate biomineralization, 22 

and adsorption in the presence of G2P and alternate terminal electron acceptors was 23 
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studied in anaerobically-maintained ORFRC contaminated sediments at two different 1 

pHs to determine which respiratory process is promoted by G2P in these sediments and 2 

its influence on the fate of uranium. 3 

 The addition of G2P to ORFRC Area 3 sediments was sufficient to stimulate 4 

reduction of nitrate at both pH 5.5 and 7.0 but not sulfate, even after complete removal of 5 

nitrate, suggesting the lack of a suitable electron donor for sulfate-reducing bacteria in 6 

these incubations.  Although more efficient at pH 7.0, anaerobic respiration of iron oxides 7 

occurred at both pHs, even in the presence of high nitrate concentrations, and appeared to 8 

be unaffected by the addition of G2P.  In turn, nitrate reduction depended on G2P 9 

hydrolysis and was enhanced at circumneutral pH, suggesting that G2P availability in the 10 

dissolved phase may control the intensity of anaerobic nitrate respiration in these 11 

sediments. High nitrate reduction rates simultaneously impacted nitrite-reducing 12 

microorganisms significantly, likely via accumulation of the toxic nitrite in solution.  13 

Hydrolysis of G2P was much more significant than the availability of uranium at both 14 

pHs, suggesting that the hydrolysis of organophosphate in these sediments was activated 15 

by phosphate or carbon limitations rather than a uranium detoxification mechanism.  16 

Finally, almost complete removal of uranium through a combination of adsorption and 17 

precipitation of uranium phosphate minerals was observed at both pHs.  Overall, the 18 

results of this study not only suggest that biomineralization of U(VI)-phosphate minerals 19 

may be complementary to bioreduction, but also that U(VI)-phosphate biomineralization 20 

may be preferable to bioreduction in certain environments due to its utility in a wide 21 

range of chemical and redox conditions. 22 

 23 
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TABLES  1 

Table 1.  pH, U(VI), G2P, and external terminal electron acceptor (TEA) conditions in each incubation 2 
conducted in duplicate in artificial groundwater. 3 

Treatment  pH [U(VI)] [G2P] [TEA] 

U - amended control 5.5/7.0 300 µM 0 mM 0 mM 

G2P - amended reactor 5.5/7.0 300 µM 5.0 mM 0 mM 

NO3
-
 - amended reactor 5.5 300 µM 5.0 mM 7.0 mM NO3

-
 

NO3
-
 - amended reactor 7.0 300 µM 0 mM 7.0 mM NO3

-
 

SO4
2-

 - amended reactor 5.5/7.0 300 µM 5.0 mM 9.4 mM SO4
2-

 

 4 

 5 

 6 
Table 2. Pseudo-first-order rate constants, kobs, for consumption of NO3

-
, Fe(III), glycerol-2-phosphate 7 

(G2P), and dissolved U.  For pH 7.0 reactors, only one uranium rate constant was calculated between days 8 
0 and 30.  Rate constants reported as N/A represent species that were not present in the given reactor 9 
treatment, and rate constants reported as 0 represent species that were not transformed between the initial 10 
and final sampling points. Values are reported in units of d

-1
.  Errors represent the standard error of the 11 

unweighted slope of linear regressions used to determine rate constants (details in supplementary material).  12 
Treatment  pH NO3

-
 Fe(III) G2P U 

U - amended control 

 

5.5 

 

 

7.0 

 

0 

 

 

0 

 

0.66 ± 0.01 

 

 

1.36 ± 0.03 

 

 

N/A 

 

 

N/A 

 

0 

 

 

0 

G2P - amended reactor 

5.5 

 

 

7.0 

0.04 ± 0.01 

 

 

0.07 ± 0.03 

 

0.62 ± 0.02 

 

 

1.28 ± 0.01 

0.05 ± 0.01 

 

 

0.10 ± 0.00 

 

0.39 ± 0.01
a 

0.10 ± 0.01
b 

 

0.06 ± 0.01 

 

SO4
2-

 - 
 
amended reactor 

 

5.5 

 

 

7.0 

 

0.04 ± 0.01 

 

 

0.06 ± 0.01 

 

0.64 ± 0.01 

 

 

1.38 ± 0.04 

 

0.05 ± 0.01 

 

 

0.09 ± 0.02 

 

0.39 ± 0.09
a
        

0.11 ± 0.02
b 

 

0.06 ± 0.01 

NO3
-
 -  amended reactor 

 

5.5 

 

 

7.0 

 

 

0.02 ± 0.00 

 

 

0 

 

 

0.54 ± 0.01 

 

 

1.36 ± 0.02 

 

0.05 ± 0.02 

 

 

N/A 

 

 

0.46 ± 0.08
a
        

0.10 ± 0.01
b 

 

0 

a
  Calculated rate constant between day 0 and day 4 representing the initial uranium removal phase 13 

b
  Calculated rate constant between day 7 and day 31 representing the secondary removal phase 14 

 15 
  16 
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Table 3.  Fitting Parameters for U LIII-edge EXAFS derived using SIXPACK (Webb, 2005) in pH 5.5 1 
reactors.  Treatments include a (300 µM U, day 70), b (300 µM U + 5 mM G2P, day 0), c (300 µM U + 5 2 
mM G2P,  day 70), d (300 µM U + 5 mM G2P + 7 mM NO3

-
 , day 70), and e (300 µM U + 5 mM G2P + 3 

9.4 mM SO4
3-

 , day 70).  N represents U-ligand coordination number, R(Å) represents U-ligand distance.    4 

Path Treatment N R(Å) σ
2
 Rfactor ΔE0 

U-Oax 

      
a 2.00 1.80 ± 0.01 0.002  ± 0.001 0.0556 11.4 ± 2.92 

b 2.00 1.79 ± 0.01 0.001 ± 0.000 0.0399 9.63 ± 2.01 

c 2.00 1.80 ± 0.01 0.002 ± 0.001 0.0367 9.99 ± 2.29 

d 2.00 1.79 ± 0.01 0.002 ± 0.001 0.0522 8.22 ± 2.87 

e 2.00 1.76 ± 0.01 0.002 ± 0.001 0.0345 2.82 ± 3.07 
      

U-Oeq 2.30 

      
a 2.34 ± 0.65 2.30 ± 0.03 0.003   

b 3.49 ± 0.55 2.35 ± 0.01 0.003   

c 3.01 ± 0.55 2.34 ± 0.02 0.003   

d 3.14 ± 0.63 2.30 ± 0.02 0.003   

e 2.94 ± 0.58 2.22 ± 0.02 0.003   
      

U-Oeq 2.45 

      
a 2.60 ± 0.75 2.46 ± 0.03 0.003   

b 2.14 ± 0.71 2.53 ± 0.02 0.003   

c 1.86 ± 0.70 2.52 ± 0.03 0.003   

d 2.33 ± 0.76 2.47 ± 0.03 0.003   

e 3.44 ± 0.62 2.39 ± 0.02 0.003   
      

      

U-Mn/Fe 

      a 0.20 ± 0.39 3.54 ± 0.01 0.003   

b 0.32 ± 0.29 3.29 ± 0.05 0.003   

c 0.36 ± 0.54 3.41 ± 0.06 0.003   

d 0.31 ± 1.99 3.52 ± 0.27 0.003   

e 0.40 ± 0.28 3.28 ± 0.04 0.003   

      

U-P 

      a      

b      

c 0.17 ± 1.11 3.62 ± 0.33 0.003   

d 0.57  ± 2.32 3.60 ± 0.40 0.003   

e 0.75  ± 0.71 3.72  ± 0.06 0.003   

             Errors are given for values which were allowed to float  

No error means value was fixed or calculated from other parameters 

 
       

 5 

 6 
 7 
 8 
 9 
 10 
 11 
 12 
 13 

14 
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Table 4.  Fitting Parameters for U LIII-edge EXAFS derived using SIXPACK (Webb, 2005) in pH 7.0 1 
reactors.  Treatments include a (300 µM U, day 70), b (300 µM U + 7 mM NO3

-
 , day 70), c  (300 µM U + 2 

5 mM G2P, day 70), and d (300 µM U + 5 mM G2P + 9.4 mM SO4
3-

 , day 70).  N represents U-ligand 3 
coordination number, R(Å) represents U-ligand distance.    4 

Path Treatment N R(Å) σ
2
 Rfactor ΔE0 

U-Oax 

      
a 2.00  1.87 ± 0.01   0.008 ± 0.002   0.0252 13.9 ±  3.1  

b 2.00 1.86 ± 0.04 0.006 ± 0.003  0.0436 10.4 ± 3.6 

c 2.00 1.85 ± 0.03 0.005 ± 0.003 0.0555 7.45 ± 3.9 

d 2.00 1.78 ± 0.01 0.007 ± 0.001 0.0128 2.34 ± 1.4 
      

U-Oeq 2.30 

      
a 1.37 ± 0.49 2.30 ± 0.03 0.003    

b 1.35 ± 1.6 2.28 ± 0.10 0.003   

c 2.05 ± 2.5 2.25 ± 0.06 0.003   

d 1.72 ± 0.31 2.20 ± 0.02 0.003   
      

U-Oeq 2.45 

      
a 1.64 ± 0.58 2.46 ± 0.02 0.003   

b 2.65 ± 2.19 2.44 ± 0.07 0.003   

c 3.73 ± 3.22 2.42 ± 0.04 0.003   

d 1.96  ± 0.37 2.35 ± 0.02 0.003   
      

             

U-C 

a      

b 1.19 ± 1.39 2.87 ± 0.06 0.003   

c      

d 1.67 ± 0.62 2.95 ± 0.03 0.003   

       

U-Mn/Fe 

      a 0.27 ± 0.14 3.43 ± 0.03 0.003   

b 0.49 ± 0.42 3.47 ± 0.06 0.003   

c 0.30 ± 0.43  3.18 ± 0.07 0.003   

d 0.43 ± 0.16 3.24 ± 0.02 0.003   

      

U-P 

      a      

b      

c 1.02 ± 1.14 3.61 ± 0.06 0.003   

d 0.62 ± 0.35 3.69 ± 0.03 0.003   

      
       Errors are given for values which were allowed to float  

No error means value was fixed or calculated from other parameters 

 
       

 5 

 6 
 7 
 8 
 9 
 10 
 11 
 12 
 13 
 14 
 15 
 16 
 17 
 18 
 19 
 20 
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Table 5.  Predicted solution equilibrium and solid phase saturation indices using MINEQL+ (Schecher and 1 
McAvoy, 2001) in pH 5.5 and 7.0 incubations assuming 5 mM ΣPO4

3-
 was produced by G2P hydrolysis.  2 

Solution concentrations are reported in percent of total species.  Each treatment (Table 1) was modeled 3 
using the maximum measured total Fe

2+
 concentration and initial conditions as input for all other species.  4 

A double layer sorption model onto amorphous Fe-oxide (3.2 g/L, 600 m
2
/g surface area) was included in 5 

the calculations.  Unless otherwise noted, log K values are as reported in Schecher and McAvoy (2001).   6 
  Treatment 

Species Log K 
U - amended 

control 

G2P - amended 

reactor 

SO4
2- - amended 

reactor 

NO3
- - amended 

reactor 

pH 5.5 

UO2
2+      

UO2CO3 (aq) 9.94a 25.9% 0.1% 0.0% 0.1% 

Fe(wk)OH-UO2(OH)2 -6.28b 
 0.0% 0.0% 0.0% 

Fe(st)OH-UO2(OH)2 -2.57b 
 0.7% 0.3% 0.4% 

Others -- 6.8% -- -- -- 

PO4
3-      

Fe(wk)H2PO4 31.29 -- 44.7% 48.4% 48.4% 

Fe(wk)HPO4
- 25.39 -- 45.5% 41.6% 41.6% 

Others (Autunite) -- -- 9.9% 10.0% 10.0% 

Fe2+    9.8%  

Fe2+  91.3% 93.4% 57.5% 94.7% 

Fe(st)OH-Fe(OH)+ -0.95c 0.0% 3.60% 2.70% 2.80% 

Fe(wk)-Fe(OH)+ -2.98c 6.8% 1.50% 1.10% 1.10% 

Others -- 1.9% 1.5% 1.5% 1.4% 

Solid Phase      

Schoepite -5.2d 
-0.981 -3.48 -3.84 -3.70 

Na-Autunite 47.4 -28.4 0 (99.2% U) 0 (99.7% U) 0 (99.5% U) 

Ca-Autunite 44.7d 
-32.05 -3.51 -4.16 -3.88 

K-Autunite 22.73e 
-28.64 -0.19 -0.72 -0.44 

Vivianite 36.0f 
-40.62 -7.10 -6.99 -6.98 

Siderite 10.24g 
-3.24 -3.20 -3.25 -3.24 

pH 7.0 

UO2
2+      

UO2(CO3)2
-2 16.61a 11.3% 0.1% 0.1% 12.3% 

CaUO2(CO3)3
-2 27.18h 28.4% 0.5% 0.2% 27.8% 

Ca2UO2(CO3)3
0 30.7h 

6.4% 0.2% 0.1% 6.0% 

Fe(st)OH-UO2(OH)2 -2.57b 
47.3% 0.0% 0.0% 47.3% 

Others -- 6.6% -- -- 6.6% 

PO4
3-      

Fe(wk)H2PO4 31.29 -- 23.7% 22.8% -- 

Fe(wk)HPO4
- 25.39 -- 61.9% 62.6% -- 

Others -- -- 14.4% 14.6% -- 

Fe2+      

Fe2+  4.4% 38.2% 34.8% 4.5% 

Fe(wk)-Fe(OH)+ -2.98c 
71.3% 47.8% 40.5% 71.1% 

Fe(st)OH-Fe(OH)+ -0.95c 
22.3% 7.00% 8.60% 22.4% 

Fe(wk)-Fe(OH)2 -11.55c 
1.9% 1.30% 1.10% 1.9% 

Others -- 0.1% 5.7% 15.0% 0.1% 

Solid Phase      

Schoepite -5.2d 
-2.32 -4.30 -4.50 -2.32 

Na-Autunite 47.4 -32.21 0 (99.2% U) 0 (99.6% U) -32.00 

Ca-Autunite 44.7d 
-35.95 -3.65 -4.29 -35.98 

K-Autunite 22.73e 
-32.42 -0.19 -0.72 -32.45 

Vivianite 36.0f 
-39.70 -0.63 -0.97 -39.72 

Siderite 10.24g 
-2.35 -1.34 -1.44 -2.36 

a
 (Guillaumont et al., 2003), 

b 
(Waite et al., 1994),

c
 (Appelo et al., 2002), 

d
 (Langmuir, 1997),                                      7 

e
 (Van Haverbeke et al., 1996), 

f
 (Nriagu, 1972), 

 g
 (Singer and Stumm, 1970), 

h
 (Dong and Brooks, 2006) 8 
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FIGURE CAPTIONS 1 

 2 
 3 
Figure 1: Evolution of SO4

2-
 [(A) and (B)], NO3

-
 and NO2

-
 [(C) and (D)], Fe

2+
(aq) and 4 

adsorbed Fe
2+

 [(E) and (F)], and Glycerol-2-phosphate  (G2P) and ∑PO4
3-

 [(G) and (H)] 5 

as a function of time in pH 5.5 [(A), (C), (E), and (G)] and pH 7.0 [(B), (D), (F), and (H)] 6 

static microcosms amended with 300 µM UO2
2+

 only;  300 µM UO2
2+

 and 7 mM  NO3
-
  7 

(pH 7.0 only);  300 µM UO2
2+

 and 5 mM G2P; 300 µM UO2
2+

, 5 mM G2P, and 7 mM  8 

NO3
-
 (pH 5.5 only); or 300 µM UO2

2+
, 5 mM G2P, and 9.4 mM SO4

2-
.  Grey symbols 9 

represent chemical species on the left axes, while black symbols represent chemical 10 

species on the right axes. Error bars represent the range of average reported 11 

concentrations between duplicate reactors. 12 

 13 

Figure 2:  Evolution of A) Total dissolved uranium as a function of time in pH 5.5 (open 14 

symbols) and pH 7.0 (closed symbols) static microcosms amended with 300 µM UO2
2+

 15 

only;  300 µM UO2
2+

 and 7 mM  NO3
-
  (pH 7.0 only);  300 µM UO2

2+
 and 5 mM G2P; 16 

300 µM UO2
2+

, 5 mM G2P, and 7 mM  NO3
-
 (pH 5.5 only); or 300 µM UO2

2+
, 5 mM 17 

G2P, and 9.4 mM SO4
2-

.  Error bars represent the range of average reported values 18 

between duplicate reactors, and uranium standard deviations also include error associated 19 

with duplicate measurements.  B) Linearization of total dissolved uranium in all reactors 20 

assuming pseudo-first-order with respect to uranium concentration.  For pH 5.5 reactors, 21 

data points between 0 and 4 days have a distinct linear fit from data points between 7 and 22 

39 days. 23 

 24 

  25 
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Figure 3:  Solid phase-associated ∑PO4
3-

 extracted with uranium by the sequential 1 

extraction technique of Tessier (1979) from A) pH 5.5 and B) pH 7.0 sediments after 70 2 

days of incubation.  Bars represent the species extracted during each individual extraction 3 

step.  A total of 4.4 (± 0.7) µmol g
-1

 soil ΣPO4
3- 

was extracted from the untreated soils.  4 

All error bars represent the standard error of the mean calculated from duplicate reactors 5 

and duplicate extractions. 6 

 7 

Figure 4:  Solid phase-associated U extracted by the sequential extraction technique of 8 

Tessier (1979) from A) pH5.5 and B) pH 7.0 sediments after 70 days of incubation.  A 9 

total of 0.7 (± 0) µmol g
-1

 soil U was extracted from the untreated soils.  Bars represent 10 

percent uranium extracted in each individual extraction step with respect to the total 11 

extracted uranium in each treatment.  Symbols represent the percent uranium recovered 12 

in each reactor with respect to the total mass of extractable uranium.  All error bars 13 

represent the standard error of the mean calculated from duplicate reactors and duplicate 14 

extractions. 15 

 16 

Figure 5:  Uranium (A) XANES, (B) R-space, and (C) k-space diagrams of the LIII-edge 17 

EXAFS obtained from Area 3 sediments of the Oak Ridge Field Research Center 18 

incubated anaerobically in static microcosms for 70 days at pH 5.5. Treatments included 19 

a (300 µM U + 5 mM G2P, day 0), b (300 µM U + 5 mM G2P, day 70), c (300 µM U + 5 20 

mM G2P + 7 mM NO3
-
 , day 70), d (300 µM U + 5 mM G2P + 9.4 mM SO4

3-
, day 70), 21 

and e (300 µM U, day 70). 22 
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Figure 6:  Uranium (A) XANES, (B) R-space, and (C) k-space diagrams of the LIII-edge 1 

EXAFS obtained from Area 3 sediments of the Oak Ridge Field Research Center 2 

incubated anaerobically in static microcosms for 70 days at pH 7.0. Treatments included 3 

a (300 µM U, T = 70 d), b (300 µM U + 7 mM NO3
-
 , T = 70 d), c (300 µM U + 5 mM 4 

G2P, T = 70 d), and d (300 µM U + 5 mM G2P + 9.4 mM SO4
3-

, T = 70 d). 5 

  6 
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Figure 1. – Salome et al., 2012 
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Figure 3- Salome et al., 2012 
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Figure 5- Salome et al., 2012 
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