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Executive Summary 
 

This four-year project’s overarching aim was to identify the role of biogenic and 

synthetic iron-sulfide minerals in the long-term sequestration of reduced U(IV) formed 

under sulfate-reducing conditions when subjected to re-oxidizing conditions. As stated in 

this final report, significant progress was achieved through the collaborative research 

effort conducted at Arizona State University (ASU) and the University of Michigan 

(UM). 

Research at ASU, focused on the biogenesis aspects, examined the biogeochemical 

bases for iron-sulfide production by Desulfovibrio vulgaris, a Gram-negative bacterium 

that is one of the most-studied strains of sulfate-reducing bacteria.  A series of 

experimental studies were performed to investigate comprehensively important metabolic 

and environmental factors that affect the rates of sulfate reduction and iron-sulfide 

precipitation, the mineralogical characteristics of the iron sulfides, and how uranium is 

reduced or co-reduced by D. vulagaris.  As discussed in Section 2 of this report, the FeS 

production studies revealed that controlling the pH -- by varying the initial pH, the iron-

to-sulfate ratio, or the electron donor --, affected the growth of D. vulgaris and strongly 

influenced the formation and growth of FeS solids.  In particular, lower pH (from initial 

conditions or a decrease caused by less sulfate reduction, FeS precipitation, or using 

pyruvate as the electron donor) produced larger-sized mackinawite (Fe1+xS).   Greater 

accumulation of free sulfide, from more sulfate reduction by D. vulgaris, also led to 

larger-sized mackinawite and stimulated mackinawite transformation to greigite (Fe3S4) 

when the free sulfide concentration was 29.3 mM.  On the other hand, using solid Fe(III) 

(hydr)oxides as the iron source led to less productivity of FeS due to their slow and 

incomplete dissolution and scavenging of sulfide.  Furthermore, sufficient free Fe2+, 

particularly during Fe(III) (hydr)oxide reductions, led to the additional formation of 
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vivianite [Fe3(PO4)2·8(H2O)].  The U(VI) reduction studies revealed that D. vulgaris 

reduced U(VI) fastest when accumulating sulfide from concomitant sulfate reduction, 

since direct enzymatic and sulfide-based reductions of U(VI) occurred in parallel.  The 

UO2 produced in presence of ferrous iron was poorly crystalline. 

At UM, laboratory-scale reactor studies were performed to assess the potential for the 

predominant abiotic reductants formed under sulfate reducing conditions (SRCs) to: (1) 

reduce U(VI) in contaminated groundwater sediments), and (2) inhibit the re-oxidation of 

U(IV) species, and in particular, uraninite (UO2(s)).  Under SRCs, mackinawite and 

aqueous sulfide are the key reductants expected to form.  The former, when sediments 

contain significant amounts of Fe, and the later as a result of sulfate reduction.  To assess 

their potential for abiotic reduction of U(VI) species, a series of experiments were 

performed in which either FeS or S(-II) was added to solutions of U(VI), with the rates of 

conversion to U(IV) solids monitored as a function of pH, and carbonate and calcium 

concentration (Section 3). In the presence of FeS and absence of oxygen or carbonate, 

U(IV) was completely reduced uraninite.  S(-II) was also found to be an effective 

reductant of aqueous phase U(VI) species and produced uraninite, with the kinetics and 

extent of reduction depending on geochemical conditions.  U(VI) reduction to uraninite 

was faster under higher S(-II) concentrations but was slowed by an increase in the 

dissolved Ca or carbonate concentration.  Rapid reduction of U(VI) occurred at 

circumneutral pH but virtually no reduction occurred at pH 10.7.  In general, dissolved 

Ca and carbonate slowed abiotic U(VI) reduction by forming stable Ca-U(VI)-carbonate 

soluble complexes that are resistant to reaction with aqueous sulfide. 

To investigate the stability of U(IV) against re-oxidation in the presence of iron 

sulfides by oxidants in simulated groundwater environments, and to develop a 

mechanistic understanding the controlling redox processes, continuously-mixed batch 

reactor (CMBR) and flow-through reactor (CMFR) studies were performed at UM 
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(Section 4). In these studies a series of experiments were conducted under various oxic 

groundwater conditions to examine the effectiveness of FeS as an oxygen scavenger to 

retard UO2 dissolution.   The results indicate that FeS is an effective oxygen scavenger, 

and can lower the rate of oxidative dissolution of UO2 by over an order of magnitude 

compared to the absence of FeS, depending on pH, FeS content, and DO concentrations.  

Compared to oxygen as an oxidant, the results also indicate that Fe(III) products of FeS 

oxidation (e.g., lepidocrocite or goethite), have a negligible impact on oxidative 

dissolution of uraninite when oxygen is present  (e.g., when DO concentrations are >0.5 

mg/L). 

Column reactor studies were performed at UM to assess the impact of mackinawite on 

uraninite oxidation under hydrodynamic flow conditions more representative of packed 

porous media at contaminated groundwater sites (Section 5).  In these studies, Rifle 

sediments were packed in the two columns which were subjected to different 

bioreduction steps and then run in parallel. The first column was bioreduced under SRCs 

(i.e., with sulfate in the influent) to generate mackinawite, mixed with uraninite, gamma-

sterilized to inhibit subsequent microbiological activity, and then subjected to 

groundwater influent containing first nitrite and then oxygen. The second column was 

bioreduced (but in absence of sulfate in the influent) so that no iron sulfides would form, 

and then subjected to identical steps and influent as the first column. When nitrite was 

introduced in the influent of both columns, no significant release of U(VI) relative to the 

anoxic flow prior to nitrite addition occurred.  However, when oxygen was introduced, 

the column which had undergone sulfate reduction (and had produced mackinawite as 

later verified by XAS) significantly lowered the peak U(VI) effluent concentrations, and 

in general, slowed U(VI) release considerably compared to the column with no FeS. 

Overall, these studies demonstrated that the presence of mackinawite can be a significant 



5 
 

scavenger of oxygen and inhibit the oxidation of uraninite by oxygen, whereas nitrite had 

little impact on uraninite oxidation either in the presence or absence of FeS. 

The results of these studies have resulted in 10 peer-reviewed journal manuscripts 

(either currently published, in review, or submitted) and 18 presentations at National, 

International, or Internal venues (see Section 6). 
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1. Overall Project Description 

As a result of nuclear fuel production, weapons manufacturing, and research activities, 

uranium (U) is one of the most prevalent radionuclide contaminants in soils and 

groundwater across the world. Aqueous U(VI) concentrations in groundwater can be 

effectively lowered by reducing dissolved U(VI) species to insoluble U(IV) solids such as 

uraninite (UO2(s)).  During active bioremediation, sulfate reducing bacteria (SRB) can 

reduce aqueous-phase U(VI) to insoluble UO2 through enzymatic electron transfer 

processes or indirectly through chemical reduction by the biogenic sulfide species.  

Naturally occurring iron sulfide minerals (FeS) can also supply electrons for abiotic 

uranium reduction in biostimulated aquifers. The close association of UO2 with FeS 

found in the field suggests that FeS may serve as an effective redox buffer for long-term 

U stabilization in subsurface environments. Upon oxidant intrusion, FeS may inhibit 

reoxidation of reduced U solid phases formed during a reductive bioremediation phase.  

Understanding the role of FeS in protecting UO2 against reoxidation is important for 

assessing the long-term stability of bioreduced U-contaminated aquifers. 

This collaborative research was aimed at identifying the role of biogenic and synthetic 

iron-sulfide minerals in the long-term sequestration of uranium (U) in the presence of 

sulfate-reducing bacteria (SRB). Specifically, Arizona State University (ASU) research 

focused on the formation of iron-sulfide and uraninite solids by SRB and how growth 

conditions affected the rate and characteristics of the solids.  The University of Michigan 

(UM) research evaluated the ability of the biogenic and synthetic iron-sulfide solids to 

inhibit the oxidation and solubilization of UO2. 

This final report summarizes the experimental results of the microbial, chemical, and 

spectroscopic research that the collaborative team carried out with iron sulfides and 

reduced U(IV) over the past four years.  The report includes 5 Sections that cover the 

major scientific findings.   Most of the results are reported in journal publications and 
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conference presentation, which are summarized in the publication list at the end of the 

report in Section 6. The over-arching goals of this research were to gain fundamental, 

mechanistic understanding from a series of experimental studies and to assess the 

potential for iron sulfides created under sulfate reducing conditions to inhibit U(IV) 

remobilization and the stability of U in the subsurface against re-oxidation by oxidants 

such as oxygen and nitrite. 
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2. Biogenic iron-sulfide and uraninite solids by Desulfovibrio vulgaris 

Research at ASU focused on the biogenesis aspect and examined the biogeochemical 

bases for iron-sulfide production by Desulfovibrio vulgaris, a Gram-negative bacterium 

that is one of the most-studied strains of SRB.  D. vulgaris gains energy from either 

organic or inorganic electron donors while respiring sulfate, as well as various metals 

(e.g., U, Fe, and Cr).  Its biogenic products, like hydrogen sulfide and iron sulfide, have 

the potential to chemically reduce U(VI), as well as to inhibit uraninite re-oxidation by 

oxygen, nitrate, and Fe(III) (Abdelouas et al., 1999a).  Thus, D. vulgaris was an ideal 

model bacterium for gaining deep insights into what controls the quantity and quality of 

biogenic iron sulfides. 

The ASU team performed a series of experimental studies that looked 

comprehensively at important metabolic and environmental factors that affect the rates of 

sulfate reduction and iron-sulfide precipitation, the mineralogical characteristics of the 

iron sulfides, and how uranium is reduced or co-reduced by D. vulagaris.  In the 

following sections, we present the ASU results in three sections that correspond to 

journal manuscripts that we have submitted for publication or will submit soon.  They 

address (1) the role of growth conditions (e.g., electron donor, pH, iron concentration) on 

iron-sulfide formation and characteristics, (2) the role of the iron source on iron-sulfide 

formation and characteristics, and (3) the co-reduction of uranium and sulfate.  In each 

section, we highlight the most important results by presenting a condensed version of the 

journal manuscript. 

2.1 Effect of growth conditions on formation and characteristics of biogenic iron-sulfide 
solids by Desulfovibrio vulgaris 

In the first study, the growth, metabolism, and FeS production of D. vulgaris were 

comprehensively evaluated in batch studies, and the biogenic FeS solids were 
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characterized by X-ray diffraction (XRD).  We varied the concentration and type of 

electron donor, the pH, and the concentration of iron. 

Lactate-to-sulfate mole ratio.  We tested three different lactate-to-sulfate mole ratios 

(0.5:1, 0.8:1, and 1.9:1) by changing lactate concentrations in the original ATCC 

medium.  By fermenting lactate, D. vulgaris produced H2 to provide electrons for sulfate 

reduction to sulfide, which led to the formation of crystalline mackinawite when Fe2+ was 

present.  As shown in the left side of Figure 2.1, the similar growth rates of D. vulgaris 

with different lactate concentrations suggest that the half-maximum rate concentration 

(Ks) of lactate was small for D. vulgaris, and, thus, high lactate-to-sulfate ratios did not 

affect the kinetics of bacterial growth.  However, higher lactate-to-sulfate ratios enhanced 

FeS crystallization (shown by XRD patterns in the right side of Figure 2.1) by producing 

more sulfide from sulfate reduction.  In particular, the highest lactate-sulfate mole ratio 

(1.9:1) led to the presence of greigite, which normally forms slowly via the reaction of 

mackinawite with aqueous H2S or polysulfides (Wilkin and Barnes, 1996; Wilkin and 

Barnes, 1997; Herbert et al., 1998). 
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Figure 2.1.  Lactate (left top) and sulfate (left bottom) during the growth of D. vulgaris 
with initial lactate-to-sulfate mole ratios of 0.5:1 (●), 0.8:1 (▲), and 1.9:1 (■); XRD 
patterns of solids separated from these D. vulgaris cultures (right). 

Iron-to-sulfate ratio.  We tested four different iron-to-sulfate mole ratios (0.11:1, 

0.25:1, 0.5:1, and 0.9:1) by increasing the soluble Fe2+ concentrations in the original 

ATCC medium.  Figure 2.2 summarizes the results.  Varying the iron-to-sulfate ratio 

showed that an initial soluble Fe2+ concentration as high as 30 mM did not inhibit 

bacterial growth.  However, higher initial soluble Fe2+ concentration led to lower initial 

and final pHs, which probably caused the slightly slower growth (left side of Figure 2.2).  

Moreover, the XRD patterns in the right side of Figure 2.2 show that mackinawite was 

present in all solid samples generated from the various iron-to-sulfate ratios.  Higher iron 

concentration enhanced the process of crystallite growth of mackinawite, probably by 

accelerating the rate of FeS formation.  In particular, the highest initial iron-to-sulfate 

mole ratio (0.9:1) consumed all free sulfide to form iron-sulfide, leaving a considerable 

residual of dissolved Fe(II) (14.0 mM).  Sufficient dissolved Fe(II) and absence of the 

inhibitive sulfide resulted in formation of vivianite [Fe3(PO4)2·8(H2O)]. 
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Figure 2.2.  Lactate (left top) and sulfate (left bottom) during the growth of D. vulgaris 
with initial iron-to-sulfate mole ratios of 0.11:1 (●), 0.25:1 (), 0.5:1 (▲), and 0.9:1 (); 
XRD patterns of solids separated from these D. vulgaris cultures (right). 

pH value.  We tested five different initial pH values:  5.6, 6.5, 6.9, 7.3, and 8.6.  As 

shown by the left side of Figure 2.3, a favorable environment for D. vulgaris was 

circumneutral pH (6.5 – 7.3).  Bacterial growth was considerably retarded at initial pH 

values of 5.6 and 8.9 over eight days, although D. vulgaris eventually adapted.  The 

quantity of solids produced for the initial pH of 5.6 was negligible, but the right side of 

Figure 2.3 shows that the other pH values gave distinctive XRD patterns, although all 

corresponded to mackinawite.  This suggests that the rate of mackinawite crystal growth 

was quite sensitive to pH, with lower pH leading to more crystalline mackinawite. 
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Figure 2.3.  Lactate (left top) and sulfate (left bottom) during the growth of D. vulgaris 
with initial pHs of 5.6 (●), 6.5 (▲), 6.9 (), 7.3 () and 8.6 (*) within 8 days; XRD 
patterns of solids separated from the D. vulgaris cultures with various initial pHs (right). 

Electron donors.  Besides lactate, we also tested two other electron donors (pyruvate 

and H2 gas) by replacing lactate in the original ATCC medium.  Results are summarized 

in Figure 2.4.  D. vulgaris grown with pyruvate or hydrogen gas had faster utilization 

rates than lactate (left side of Figure 2.4), because pyruvate is the first intermediate 

during lactate fermentation to acetate, while H2 is the product of lactate or pyruvate 

fermentation as well as the ultimate electron carrier responsible for sulfate reduction 

(Voordouw, 2002; Heidelberg et al., 2004).  Mackinawite produced from H2 gas was 

slightly less crystalline (right side of Figure 2.4), because H2 oxidation by D. vulgaris 

increased the pH; in contrast, considerably more crystalline mackinawite was produced 

from pyruvate because pyruvate fermentation by D. vulgaris decreased the pH.  This 

trend corresponds to our previous pH results and underscores that the FeS-crystallization 

process was affected more by the pH than by the electron donor type. 
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Figure 2.4.  Pyruvate (●) and sulfate () in the culture of D. vulgaris growing 
exclusively on pyruvate (left top); H2 () and sulfate () in the culture of D. vulgaris 
growing exclusively on hydrogen gas (left bottom); XRD patterns of solids separated 
from the D. vulgaris cultures with different electron donors (right). 

In summary for this section, we revealed that pH, soluble Fe2+ concentration, and free 

sulfide concentration were key factors affecting D. vulgaris growth and FeS production.  

Higher soluble Fe2+ and lower pH slightly retarded bacterial growth, but, along with 

higher free sulfide, considerably enhanced the formation of more-crystalline 

mackinawite.  Thus, a growth condition of low electron-donor-to-sulfate mole ratio (for 

less free sulfide), lower soluble Fe2+, slightly alkaline pH, and an electron donor 

producing less protons may be beneficial to form more-amorphous biogenic iron-sulfide, 

which we anticipate will have higher activity for uranium sequestration. 
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2.2  Effect of iron source on formation and characteristics of biogenic iron-sulfide solids 
by Desulfovibrio vulgaris 

The iron source is believed to have an impact on the formation rate and characteristics 

of biogenic iron-sulfide solids (Sani et al., 2004; Li et al., 2006).  In the second study, we 

applied a range of iron sources, including soluble Fe(II) and Fe(III) and three different 

Fe(III) (hydr)oxides.  We evaluated sulfate reduction kinetics, FeS production, and FeS 

characteristics with lactate or pyruvate as the electron donor.  

Soluble iron sources:  Fe2+ and Fe3+.  In the tests with FeCl2 as the soluble iron 

source, sulfate was the sole electron acceptor.  As shown in Figure 2.5, sulfate reduction 

was slightly faster when pyruvate was the electron donor, indicating that lactate 

fermentation to pyruvate is the limiting step during the entire process of lactate 

fermentation.  Soluble Fe2+ decreased alongside sulfate reduction, indicating the 

formation of FeS precipitates from biogenic sulfide.  In the tests with FeCl3, soluble Fe3+ 

was as an additional electron acceptor; soluble Fe3+ was a more favorable acceptor than 

sulfate due to its higher redox potential, and its reduction inhibited sulfate reduction.  

When lactate was the electron donor, sulfate reduction did not start until all Fe3+ was 

reduced to Fe2+.  When pyruvate was the electron donor, sulfate reduction was 

considerably retarded, but not completely inhibited when Fe3+ was being reduced to Fe2+. 

As shown in Figure 2.6, the different patterns of sulfate reduction had great impacts on 

FeS formation.  Retarding sulfate reduction and, thus, sulfide production allowed for 

temporary accumulation of soluble Fe2+ in the medium, and it also delayed FeS 

formation.  Significantly more crystalline mackinawite was produced with soluble Fe2+, 

probably due to the earlier formation of FeS and the longer period for subsequent 

crystallization.  In addition, the mackinawite was better crystallized with pyruvate than 

with lactate due to a lower pH during pyruvate fermentation.  This is in consistent with 

the observations in our previous experiments. 
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Figure 2.5.  Concentrations of soluble Fe(II) (▬), soluble Fe(III) (▬) and sulfate (○) 
during the growth of D. vulgaris with lactate as the electron donor plus soluble Fe2+ as 
the iron source (A), lactate as the electron donor plus soluble Fe3+ as the iron source (B), 
pyruvate as the electron donor plus soluble Fe2+ as the iron source (C), and pyruvate as 
the electron donor plus soluble Fe3+ as the iron source (D). 
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Figure 2.6.  XRD spectra of solids separated from media with lactate as the electron 
donor plus soluble Fe2+ as the iron source (A), lactate as the electron donor plus soluble 
Fe3+ as the iron source (B), pyruvate as the electron donor plus soluble Fe2+ as the iron 
source (C), and pyruvate as the electron donor plus soluble Fe3+ as the iron source (D). 

Solid iron sources: Fe(III) (hydr)oxides.  We synthesized three Fe(III) (hydr)oxides:  

goethite (α-FeOOH), hematite (α-Fe2O3), and 2-line ferrihydrite (Fe2O3·0.5H2O) for the 

batch experiments.  Bio-reduction of Fe(III)-(hydr)oxides can occur by two mechanisms 

(Pyzik and Sommer, 1981; Berner, 1984; Afonso and Stumm, 1992; Legall et al., 1994):  

directly by enzymatic catalysis and indirectly via chemical reaction with biogenic sulfide.  

As shown in Figure 2.7, the importance of both mechanisms was revealed by the 

accumulation of soluble Fe2+ during and after the consumption of lactate.  Figure 2.7 also 

shows that the patterns of bacterial growth and substrate utilization with Fe(III) 

(hydr)oxides differed from the patterns with soluble iron.  In contrast to the priority of 
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soluble Fe(III) utilization over sulfate utilization, the accumulation of soluble Fe2+ 

(attributed to solid-Fe(III) reduction) was observed only after all sulfate was reduced.  

This delayed reduction of Fe(III) from all Fe(III) (hydr)oxides is expected, as the 

crystalline phases of  Fe(III) (hydr)oxides are less bioavailable than soluble Fe(III) due to 

the energetic need for extracellular electron transfer and dissolution of the Fe(III) solid 

(Lovley et al., 1993a; Weber et al., 2006).  In addition, ferrihydrite was reduced more 

rapidly and completely than goethite and hematite, indicated by the higher concentration 

of accumulated soluble Fe2+.  This corresponds with ferrihydrite’s larger surface area and 

higher redox potential.  From any Fe(III) (hydr)oxide, the soluble Fe2+ concentrations 

were higher with pyruvate than with lactate, reflecting that using pyruvate as the electron 

donor led to more enzymatic reduction of Fe(III) (hydr)oxides by D. vulgaris. 

The XRD patterns shown by Figure 2.8 reveal that mackinawite was present in the 

solid samples with ferrihydrite, although it was poorly crystallized.  On the other hand, it 

is difficult to infer from the XRD data whether or not mackinawite was present from the 

bottles with goethite and hematite.  Furthermore, a significant portion of hematite 

remained in the final solid samples.  When pyruvate was the electron donor, the greater 

accumulation of soluble Fe2+ from hematite and ferrihydrite allowed precipitation of 

vivianite, along with the loss of soluble Fe2+ and phosphate. 

The results of mass-balance modeling, shown in Figure 2.9, suggest that biogenic FeS 

solids produced from ferrihydrite were most abundant compared to goethite and 

ferrihydrite.  Although it could not be detected by XRD, elemental S was present in the 

solid products from goethite and hematite according to the mass-balance calculation, 

suggesting that the enzymatic reduction dominated over chemical reduction of Fe(III).
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Figure 2.7.  Concentrations of soluble Fe(II) (bars), sulfate (○), and phosphate (✚) during the growth of D. vulgaris with different 
electron donors and Fe(III) (hydr)oxides. 
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Figure 2.8.  XRD spectra of synthetic goethite (maroon color), hematite (gold color), 2-line 
ferrihydrite (orange color), and solids separated from media (black color) with goethite as the 
iron source plus lactate as the electron donor (A), goethite + pyruvate (B), hematite + lactate (C), 
hematite + pyruvate (A), ferrihydrite + lactate (E), and ferrihydrite + pyruvate (F). 
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Figure 2.9.  The mass of Fe(III) hydroxide solids initially added to the 200 ml serum bottles 
(dotted bars) and the mass-balance-calculated final solid products (whole-colored bars). 

In summary for this section, soluble Fe3+ reduction occurred preferentially over sulfate 

reduction due to its higher redox potential.  However, Fe(III)-(hydr)oxide reductions were less 

favorable than sulfate reduction; in spite of sufficient electron donor, reductions of solid FE(III) 

was not complete.  D. vulgaris produced mackinawite with either soluble Fe(II) or Fe(III) or with 

solid Fe(III) (hydr)oxide minerals.  The mackinawite deriving from soluble Fe3+ was less 

crystallized than the mackinawite deriving from soluble Fe2+, because retarded sulfate reduction 

delayed iron-sulfide formation.  The mackinawite produced from Fe(III) (hydr)oxide solids was 

even less crystalline.  Besides mackinawite, solids present at the end of the batch experiments 

included original Fe(III) (hydr)oxides, elemental sulfur, and vivianite [Fe3(PO4)2·8(H2O)].  In 

terms of biogenic iron-sulfide production overall, soluble iron sources were able to be 

completely utilized, and thus were better than solid iron sources.  In particular, soluble Fe2+ was 

better than soluble Fe3+ because it did not lower the pH, which accelerated mackinawite 

crystallization in our other experiments.  Solid ferrihydrite led to less crystalline mackinawite, 

but was not completely utilized and led to other solid products alongside iron-sulfide.  Thus, the 

solid iron hydroxides offer trade-offs when the practical goal is to produce more-amorphous 

biogenic iron-sulfide with higher activity for uranium sequestration. 
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2.3.  U(VI) reduction by D. vulgaris 

D. vulgaris is able to immobilize uranium by enzymatically reducing U(VI) to U(IV) (Lovley 

et al., 1993b; Barton et al., 1996), which precipitates as UO2.  We conducted batch experiments 

to evaluate enzymatic U(VI) reduction and UO2 formation.  Furthermore, the experiment 

investigated how the presence of SO4
2- and/or Fe2+ affected the rate of U(VI) reduction and 

crystallization of biogenic UO2. 

We set up five anaerobic bottles with 1 mM uranyl (UO2
2+) and with different experimental 

conditions involving the presence or absence of sulfate, soluble Fe2+, and inoculum, as 

summarized in Table 2.1. 

Table 2.1.  The presence/absence of SO4
2-, Fe2+, and inoculum in the media of the five serum 

bottles 
Bottle # SO4

2- Fe2+ Biomass suspensions 
1 − − + 
2 − + + 
3 + − + 
4 + + + 

5 (control) + + − 

The results are summarized in Figure 2.10.  U(VI) reduction occurred in the four inoculated 

bottles (left side of Figure 2.10).  U(VI) reduction was fastest in Bottle 3 (with only SO4
2-), in 

which 90% uranium reduction took about 20 hours.  Sulfate reduction occurred in the two 

sulfate-containing bottles (3 and 4):  90% sulfate reduction occurred within 10 hours in Bottle 3 

(with only SO4
2-), while SO4

2- reduction in Bottle 4 (with SO4
2- and Fe2+) was retarded during the 

first 48 hours, but reached 90% by 72 hours.  The loss of soluble Fe2+ corresponded to sulfate 

loss and the formation of a distinct black color in Bottle 4 (with SO4
2- and Fe2+), indicating the 

formation of FeS.  These results add weight to the observation by (Spear et al., 2000) that D. 

desulfuricans reduced uranium faster in the presence of sulfate, in contrast to U(VI) alone.  We 

further interpret that free sulfide accelerated U(VI) reduction rate in Bottle 3, since abiotic 

reduction of U(VI) coupled with oxidation of dissolved sulfide to elemental sulfur (S0) was 

shown in previous studies (Mohagheghi et al., 1985; Ho and Miller, 1986; Kosztolanyi et al., 

1996). 

The XRD patterns of solids separated from the four inoculated assay bottles are shown in the 

right side of Figure 2.10.  Biogenic UO2 was present in all four solid samples.  The UO2 in 
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Bottles 1 and 3 (no Fe2+) was less crystalline than in Bottles 2 and 4 (with Fe2+).  This suggests 

that the presence of soluble Fe2+, whether or not it was eventually precipitated, may have 

inhibited the crystallization process of biogenic UO2.  The inhibition probably was due to the 

selective interaction of soluble Fe2+ with a particular crystal face of growing crystal, which 

slowed the growth rate of the face relative to the other faces and alter the morphology of the 

crystal (Dang et al., 2007).  Previous research (Dang et al., 2007; De Leeuw, 2002; Katz et al., 

1993) reported that soluble Fe2+ inhibited the growth of crystals such as calcite and phosphoric 

acid hemihydrate, but its inhibitive effect on biogenic uraninite was never reported before. 

XRD shows no clear signs of crystalline mackinawite in any of the bottles, although the 

formation of some iron-sulfide precipitate in Bottle 4 (with SO4
2- and Fe2+) was indicated by 

concomitant losses of SO4
2- and soluble Fe2+, as well as the very black color in the solution.  

Thus, formation of biogenic UO2 might have inhibited the aging/crystallization of biogenic 

amorphous iron-sulfide.  In addition, elemental sulfur (S0) deriving from abiotic U(VI) reduction 

by sulfide was not shown in either XRD patterns, indicating that S0 was probably amorphous. 

 
Figure 2.10.  Concentrations of soluble U(VI) and sulfate from assay bottles 1 (no SO4

2- or Fe2+, 
●), 2 (Fe2+ alone, ●), 3 (SO4

2- alone, ▲), 4 (both SO4
2- and Fe2+, ▲), and 5 (control, -); and 

concentration of ferrous (bars) from Bottle 4 (left); XRD spectra of solids from Bottle 1 (no 
SO4

2- or Fe2+), Bottle 2 (Fe2+ alone), Bottle3 (SO4
2- alone), and Bottle 4 (SO4

2- and Fe2+) 
(bottom).  
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In summary for this section, our experiments with U(VI) demonstrated that D. vulgaris 

enzymatically reduced soluble U(VI) to crystalline UO2.  U(VI) reduction was fastest when 

proceeding in parallel with sulfate reduction and in the absence of soluble Fe2+
, as sulfide also 

was a potent U(VI) reductant acting in parallel with enzymatic reduction of U(VI).  In terms of 

solids characteristics, the presence of iron seemed to inhibit crystallization of biogenic UO2, 

while the formation of biogenic UO2 may in turn have inhibited the crystallization/aging of 

biogenic iron-sulfide.  In terms of U bioremediation, these results imply that biogenic UO2 may 

be less crystalline than the synthetic UO2 and thus more subject to being re-oxidized.  
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3. Abiotic reduction of U(VI) by FeS and sulfide 

In this study we examined U(VI) reactions with the either ferrous monosulfide mineral 

mackinawite or aqueous sulfide, both potentially important reductants of U(VI) in uranium 

contaminate groundwater.  U(VI) reactions with mackinawite or sulfide are potentially important 

in assessing U sequestration mechanisms by geochemical or biogeochemical processes under 

sulfate reducing conditions.   

For the mackinawite study, the objective was to determine the mechanisms of U(VI) sorption 

reactions with mackinawite under variable pH, using batch uptake data, extractions by carbonate 

solution, equilibrium modeling, and X-ray absorption spectroscopy. Specifically, the study aimed 

to test the hypothesis that iron(II) sulfide mackinawite only partially reduces U(VI), with both 

reduction to U(IV) phases and U(VI) adsorption responsible for U removal from a simple 

electrolyte solution in a CO2 and O2 free system.   

In the aqueous sulfide study, U(VI) reactions with aqueous sulfide were studied under a range 

of geochemical conditions including pH, carbonate, and Ca concentrations.  X-ray absorption 

spectroscopy (XAS) was used for characterizing solid phases formed by the U(VI) reaction with 

aqueous sulfide under different geochemical conditions.  The research questions of this study 

were to assess: 1) the U(VI) reaction products produced; and 2) the most important geochemical 

solution variables controlling abiotic U(VI) reduction by aqueous sulfide. 

3.1 Study of U(VI) reduction by FeS   

Previous experimental studies reported partial reduction of U(VI) by a variety of iron(II) 

sulfide minerals, including amorphous iron sulfide, mackinawite, and pyrite.7-9 In this study we 

examined U(VI) reactions with the ferrous monosulfide mineral mackinawite. Understanding U 

reactions with mackinawite is important in assessing U sequestration mechanisms by 

geochemical or biogeochemical processes under sulfate reducing conditions.  The objective of 

this study was to investigate the mechanisms of U(VI) sorption reactions with mackinawite 

under variable pH using batch uptake data, extractions by carbonate solution, equilibrium 

modeling, and X-ray absorption spectroscopy (XAS). Specifically, the study aimed to test the 

hypothesis that iron(II) sulfide mackinawite only partially reduces U(VI), with both reduction to 

U(IV) phases and simple adsorption of U(VI) responsible for U removal from a simple 

electrolyte solution in a CO2 and O2 free system.   
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U(VI) uptake by mackinawite as a function of pH is shown in Figure 3.1, along with the U(VI) 

aqueous speciation as a function of pH. At the initial uranium concentration of 5×10-5 M, 

uranium removal was complete over the entire experimental pH range between 5 and 11. U-

reacted mackinawite samples were extracted using an anoxic 14.4 mM bicarbonate and 2.8 mM 

carbonate mixed solution (CARB) at pH 9.4. The extraction result showed that less than 10% of 

the U associated with mackinawite was extracted, regardless of the sorption pH (Figure 3.1).  

The result shows that CARB-extractable, reversibly and loosely bound U(VI) is a minor U 

species, whereas the non-extractable, irreversibly bound U phase is a major U species in the 

U(VI) reaction with mackinawite. The possible irreversibly bound U species may include a 

U(IV) solid phase, a mackinawite surface bound molecular U(IV) species, and U(VI) species 

incorporated into the structure of mackinawite or its oxidation products.   

Transmission electron microscopic results of U reacted with mackinawite at a higher initial U 

concentration of 1.4×10-4 M and lower mackinawite loading of 1 mM are given in Figure 3.2. 

This sample was prepared by reacting dissolved U(VI) with sulfide solution and then adding 

ferrous solution to precipitate mackinawite. For this higher U concentration and much lower 

Fe/U ratio condition, TEM was successfully used to study the microstructural characteristics of 

U association with mackinawite. Figure 3.2A is a conventional bright-field (BF) image showing 

U distribution on the mackinawite aggregates. The smaller, dark spots are U-rich parts and the 

bigger, lighter parts are mackinawite. The micrograph shows that U rich particles are rather 

evenly distributed over the mackinawite particles. Figure 3.2B is a high angle annular dark-field 

(HAADF) image taken from the same area as imaged in the Figure 3.2A (rotated by 90 degrees) 

showing U association with mackinawite.  In the HAADF image, the brighter areas are U rich 

and the darker areas are the lighter elemented mackinawite.  Once again, the micrograph 

confirms the even distribution of U-rich particles over mackinawite particles.  Figure 3.2C is a 

selected area electron diffraction (SAED) pattern of the U-rich particles.  The pattern is 

interpreted to be an isometric unit cell with a dimension of 5.46 Å, consistent with uraninite 

(UO2+x). High resolution lattice fringe imaging showed close microtextural relations between the 

resulting uraninite and elemental S suggesting elemental S as the oxidation product under the 

experimental condition (Figure 3.2D). 
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Figure 3.1.  The amounts of U(VI) removed by macknawite (filled diamond) as a function of 
solution pH in the reaction of 5×10-5 M U(VI) reacted with a 5g/L mackinawite suspension in 0.1 
M NaCl electrolyte solution under an O2 and CO2 free atmosphere and the corresponding 
amounts of U extracted by CARB solution at pH 9.4 (open diamond) from the U-reacted 
mackinawite under the various pH condition.  Lower panel is the initial U(VI) aqueous 
speciation under the experimental condition as a function of pH.  U(VI) removal from solution is 
almost complete over the whole pH range tested, independent of the U(VI) aqueous speciation. 

 



29 
 

 
Figure 3.2.  TEM results of U(VI) reacted with mackinawite at 140 uM U and 1 mM 
mackinawite and pH 7.3.  A) BF image of uraninite nanoparticles (smaller, dark particles) 
associated with mackinawite particles (larger, brighter particles) . B) HAADF image showing 
uraninite (bright spots) association with mackianwite (dark spots). C) SAED pattern confirming 
the U(VI) phase was nanocrystalline uraninite. D) HREM lattice image directly showing the 
nanocrystalline nature of uraninite closely associated with elemental S. 

 

This study suggests that U(VI) reduction by the iron sulfide mineral mackinawite may be an 

important process occurring under certain ambient field conditions, such as at the Old Rifle site. 

U(VI) interaction with mackinawite is a possible process leading to the U association with pyrite 

framboids observed at the Rifle site.  The resistance of uraninite against oxidation in the presence 

 

C 
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of sufficient mackinawite also supports the retention of U in the solid phase during oxidative 

transformation of mackinawite to pyrite. Therefore, the U association with mackinawite reported 

in this study suggests a plausible mechanism for initial U association with nanoscale 

mackinawite particles leading to an eventual U association with framboidal pyrite, as found at 

the Rifle site. 

3.2 Study of U(VI) reduction by Sulfide 

Upon reaction of U(VI) with aqueous sulfide, one set of literature has reported the formation 

of a partially reduced mixed-valent U solid phase (Moyes et al., 2000; Wersin et al., 1994; 

Livens et al., 2004).  However, in other studies, such as Hua and Deng (2008) and Hua et al. 

(2006), the formation of UO2(s) (i.e., uraninite) has been reported from the U(VI) reaction with 

ferrous sulfide or aqueous sulfide in Ca-free systems and with organic buffers to control pH.  To 

explore the basis for these different endpoints, the present work used more realistic conditions by 

including dissolved Ca and rather than organic buffers pH was controlled through changing the 

carbonate concentration.  For this study, the reduction of U(VI) by sulfide was investigated over 

a range of pH, U(VI), S(-II), carbonate (CARB), and Ca concentration.  Their effects are 

described in turn below.  

Solution pH. When the reaction pH was 10.8, dissolved U concentration did not decrease as a 

function of reaction time (not shown). However, when the pH was titrated down to 7, dissolved 

U concentration immediately decreased to below detection within less than an hour. This 

observation shows that U reduction by aqueous sulfide is favorable under circumneutral pH 

conditions, while it is not favorable under basic pH conditions. The typical pH range of the Rifle 

groundwater is between 6.62 and 7.42 with the mean value of 6.94, suggesting that abiotic U 

reduction by aqueous sulfide may be a feasible U reduction mechanism at the site if other 

conditions are favorable. The results in the Ca and CARB amended systems suggest that solution 

pH not only affects the rate of U(VI) reduction by aqueous S(-II), but also determines the 

identity of the solid phase reaction product. 

Dissolved S(-II).  Dissolved U concentration as a function of time is presented in Fig. 3.3 in 

the reaction of U(VI) with different aqueous sulfide concentrations. Other conditions were 0.19 

mM initial U(VI) and 1 mM carbonate without added Ca. The U removal rate increased with 
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increasing dissolved sulfide concentration. When the dissolved sulfide concentration was 10 

mM, the dissolved U concentration immediately decreased to below detection within half an  

 
Figure 3.3. Effects of geochemical variables on the U(VI) reduction by aqueous sulfide: (a) 
initial U(VI) = 5.5×10-5 M, pH 7, Ca = 5mM, HS- = 1mM, (b) initial U(VI) = 3.5×10-7 M, pH 7, 
Ca = 5 mM, HS-=1 mM, (c) initial U(VI) = 1.9×10-4 M, pH 7, total carbonate = 1 mM, no Ca 
added, and (d) initial U(VI) = 5×10-5 M, pH 7, total carbonate = 1mM, HS-  = 1 mM) 
 

hour. The dissolved U concentration had a dropped off less dramatically to reach below detection 

after ~2 h of reaction when reacted with 1 mM S(-II). 

U(VI) concentration.  When the initial U(VI) was 5.5×10-5M, U reduction was clearly 

observed in the reaction with 1mM dissolved sulfide under 1mM carbonate and 5mM Ca 

concentration condition (Fig. 3.3a).  When the initial U(VI) concentration was lowered to 

3.5×10-7 M, U reduction was much slower under the same experimental conditions with 1 mM 

carbonate concentrations (Fig. 3.3b). Under 5mM dissolved carbonate concentration, U removal 

rate was much slower for both initial U concentrations (Fig. 3.3a and 3.3b).   
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Calcium concentration.  Increased Ca concentration slowed the U(VI) removal rate (Fig. 

3.3c). When the dissolved Ca concentration was 0.3mM, dissolved U reached below detection 

within 2h from the start of the reaction, whereas it took 10h to reach below detection when Ca 

concentration was 5mM.  Other conditions were S 1mM, carbonate 1mM, and U of 5×10-5M. 

Carbonate concentration.  The carbonate effect observed in Fig. 3.3 in conjunction with U 

concentration was further studied in more detail (Fig. 3.4). Initial carbonate concentration was 

varied between 1 and 5 mM. Other conditions were 4×10-5 M U(VI), 5 mM Ca2+, 1mM HS-, and 

pH 7.  Rapid decrease in dissolve U concentration occurred under the 1 mM carbonate condition 

(Fig. 3.4). U removal rate was slowed as the dissolved carbonate concentration increased to 1.5, 

2.0, and 3.0 mM.  No reduction was observed when the carbonate concentration was raised to 5.0 

mM (Fig. 3.4). This is an important observation considering that 5.0 mM and higher carbonate 

concentrations are not uncommon within the Rifle aquifer. 

 

 
Figure 3.4. Changes in dissolved U(VI) concentration as a function of time in the reaction of 
U(VI) with HS- under different dissolved carbonate concentration conditions: U(VI) = 4x10-5M, 
Ca = 5mM, HS-= 1mM, and pH = 7). 
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The solid phase reaction products in the reaction of U(VI) with aqueous sulfide were 

characterized using XRD, TEM, and XAS.  The XRD, TEM, and XAS results of the dark 

precipitate observed at pH 7 in the Ca- and CARB-free system are given in Figure 3.5. Both 

XRD and selected area electron diffraction confirmed that the precipitate formed by the 

homogeneous reaction of aqueous U(VI) and aqueous sulfide was uraninite under circumneutral 

pH in this simple model system with only dissolved U(VI), sulfide, nitrate, sodium, H+, and OH- 

in anoxic water.  XAS gives an independent set of information as to the solid phase U speciation.  

XANES shows that the edge position of the U LIII-edge X-ray absorption spectrum shifted to 

17171 eV, ca. 2 eV lower than the starting U(VI) solution.  This indicates U reduction to U(IV). 

 

 
Figure 3.5. The U(VI) reaction product with aqueous sulfide formed at pH 7 in the Ca- and 
CARB-free model system. (a) The dark precipitate’s X-ray diffraction pattern, (b) high 
resolution lattice fringe image, (c) selected area electron diffraction pattern, and (d) X-ray 
absorption spectroscopy results.  The precipitate is uraninite.  
 

EXAFS analysis gives structural parameters of 6.5 nearest oxygen neighbors at the 

interatomic distance of 2.32 Å from the central U atom and of 2.5 second shell uranium 

neighbors at 3.84 Å (Table 1). These structural parameters are consistent with the reported 
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structure of uraninite, although the coordination number for the uranium shell is lower than that 

expected for a well crystalline uraninite.  Similar observation of low coordination number for the 

nearest U atoms is reported to be due to the nanocrystalline nature of the uraninite precipitate in 

a study of uraninite formation from U(VI) reaction with green rust or mackinawite. The 

characterization of the solid phase reaction product confirms that in the system without Ca or 

CARB, U(VI) is reduced to nanoscale uraninite under the circumneutral pH by reaction with 

aqueous sulfide, but U(VI) remains as dissolved U(VI) without formation of any solid phase 

under the basic pH condition.  The following 1:1 stoichiometric relation between U(VI) and S(-

II) was suggested for the U(VI) reduction by dissolved sulfide under similar experimental 

conditions:5 

 

UO2
2+ + HS- → UO2(s) + S0

(s) + H+                                                       Equation 3.1 

The 1st derivative XANES spectra of the solid phases precipitated in the Ca and CARB added 

systems under circumneutral pH conditions, namely 6.7, 7.1, and 7.3 are given in Figure 3.6a. 

The solid samples have the maximum 1st derivative points moved to a lower energy (17171 eV), 

compared with 17173 eV of the starting U(VI) solution. The energy position of the samples is 

similar to that of the synthetic uraninite. The circumneutral pH samples also have minimum 1st 

derivative positions similar to that of synthetic uraninite. The 2nd derivative XANES spectra 

show that the pH 6.7, 7.1, and 7.3 sample line up well with the uraninite model. This observation 

indicates that the dark precipitate formed from the homogeneous reaction of aqueous U(VI) and 

S(-II) in the presence of Ca and CARB under circumneutral pH conditions is a U(IV) solid.  The 

EXAFS parts of the XAS spectra were reduced and analyzed (Figure 3.6b and Table 1). All the 

solid samples precipitated under circumneutral pH conditions, ranging from 6.7 to 7.3, have 

structural parameters similar to those of synthetic uraninite model compound (Table 1). The first 

atomic shell has a single oxygen shell instead of the starting U(VI) solution’s distinct double 

shell composed of equatorial and axial oxygen atoms characteristic of uranyl ion.   
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Figure 3.6. (a) 1st derivative U LIII edge XANES spectra of U reaction products along with those 
of the U(VI) solution and synthetic uraninite model compounds; (b) EXAFS of U(VI) reacted 
with dissolved sulfide (CARB = 1mM, Ca = 5mM, S = 1mM, and U = 0.1mM). 
 

The interatomic distances of first shell oxygen atoms ranged from 2.32 to 2.33 Å. These 

values are in good agreement with the reported ranges for synthetic, biogenic, and hydrothermal 

uraninite specimens (Schofield et al., 2008; Sharp et al. 2009; Singer et al. 2009; Wyckoff, 

1978).   The distinct second shell feature at 3.85 Å originating from the strong backscattering by 

U neighbors excludes possibilities of molecular U(IV) monomers recently reported for U(VI) 

reduction by microorganisms with P-containing ligand presence. These EXAFS structural 

parameters suggest precipitation of uraninite in the homogeneous reaction of U(VI) with aqueous 

sulfide under circumneutral pH in the presence of Ca and CARB. 
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Table 1.   Structural parameters extracted from the EXAFS analysis (N: coordination number of 
backscatterer atoms around the absorber U atom, R: interatomic distance in Å unit of the 
absorber-backscatterer pair, σ2 : Debye-Waller factor of the absorber-backscatterer pair’. 
 

Shell  pH 7.3 pH 7.1 pH 6.7 Uaq 
1000 
ppm 

Uraninite 
Feff 8.10 

calculated 

Uraninite 
Synthetic 

 O 
 

 N 5.8 6.5 6.1  8 6.5 

R 2.32 2.33 2.32  2.3678 2.25 

ơ2 0.0105 0.0109 0.0098  0 0.0164 

UIV N 5.3 5.4 5.3  12 2.5 

R 3.81 3.81 3.81  3.8666 3.84 

ơ2 0.0079 0.0069 0.0062  0 0.0071 

Oax N    2.4   

R    1.77   

ơ2    0.0030   

Oeq 
 
 

N    4.8   

R    2.42   

ơ2    0.0061   

 

This study demonstrates that U(VI) can be reduced to U(IV) by reaction with aqueous sulfide 

under certain combinations of experimental conditions relevant to the Rifle aquifer.  In general, 

higher sulfide, higher U(VI), lower pH, lower dissolved carbonate, and lower Ca concentrations 

provided favorable conditions for abiotic U reduction by aqueous sulfide under the experimental 

conditions studied. At circumneutral pH relevant to the Rifle aquifer, the products of electron 

transfer reaction between aqueous sulfide (major species HS-) and U(VI) were elemental sulfur 

and nano-scale uraninite as evidenced by X-ray diffraction, X-ray absorption spectroscopy, and 

transmission electron microscopy.  This is consistent with the results by Hua et al. (2006), 

although they used different experimental conditions, including the use of pH buffer, higher 

carbonate concentration, and the absence of Ca. 
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4. Investigating the mechanisms of iron sulfide in inhibiting UO2 reoxidation 

Long-term stability of reduced U(IV) solids may be achieved when dissolution and/or 

reoxidation of UO2 are sufficiently slow during occasional or low levels of oxidant intrusion.  In 

U-contaminated aquifers, iron sulfides, when naturally occurring, may provide an additional 

reservoir of reducing capacity for U immobilization (Bargar et al., 2013).  However, relatively 

few studies have investigated the reactions of UO2 with FeS or the protective nature of FeS in 

inhibiting UO2 oxidation.  

The UM team carried out batch and flow-through reactor studies to understand the 

mechanisms and kinetics of the oxidative dissolution of reduced U(IV) solids in the presence of 

iron sulfide under simulated groundwater conditions.  Batch studies examined the mechanism of 

the oxidation reaction of UO2(s) by dissolved oxygen in the presence and absence of synthetic 

FeS(s).  Continuously mixed flow-through reactors (CMFRs) were utilized for examining the 

inhibition kinetics of UO2 oxidation by FeS under oxic groundwater conditions under various 

geochemical conditions.  

In the following sections, we present our results in three sections that correspond to journal 

manuscripts that have been published or submitted for publication.  They address (1) the role of 

FeS as an effective oxygen scavenger to inhibit the dissolution of UO2; (2) the impact of 

geochemical conditions, i.e., pH, FeS content, and DO concentrations, on the inhibited oxidative 

dissolution rate of UO2 in the presence of FeS; and (3) the potential of FeS oxidation products as 

oxidants for UO2 mobilization after FeS consumption by oxygen.  In each section, we highlight 

the most important results by presenting a condensed version of the journal manuscript. 

4.1 Reoxidation Processes of UO2 in the Presence of FeS  

In the first study, the oxidative transformation of UO2 nanoparticles by oxygen was 

investigated in the presence of FeS under simulated groundwater conditions.  In this study, a 

batch reactor was equipped with a water jacket for temperature control and a multi-port lid for 

accommodating various probes, sampling, and gas mixtures with fixed partial pressures of PO2 = 

0.02 atm, and PCO2 = 0.05 atm.  Oxidation products and U speciation were monitored as a 

function of time in a strictly abiotic system.  The kinetic profiles of dissolved U in Figure 4.1 

show that FeS inhibited UO2 dissolution for about 51 hr by effectively scavenging oxygen and 

keeping DO levels low.  After FeS was depleted due to its oxidation, the DO level increased, and 
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UO2 oxidative dissolution occurred at an initial rate of rm = 1.2 ± 0.4 ×10-8 mol·g-1·s-1, higher 

than rm = 5.4 ± 0.3 ×10-9 mol·g-1·s-1 in the control experiment where FeS was absent. 

 
Figure 4.1.  Comparison of kinetic profiles of (a) total dissolved U and (b) DO in the presence 
(filled markers) and absence (empty markers) of FeS over the course of the oxidation 
experiment.  Error bars reflect one analytical standard deviation of analysis and are sometimes 
smaller than the symbol size. 

As a result of FeS rapidly consuming oxygen, solid-phase U remained as U(IV) until FeS was 

nearly completely oxidized, as shown by the Fourrier transforms in Figure 4.2.  Meanwhile, the 

oxidation of FeS resulted in the formation of predominantly Fe(III) oxyhydroxides and elemental 

sulfur.  Following the complete oxidation of FeS, oxidative dissolution of UO2 began.  The 

subsequent adsorption of multinuclear U(VI)-carbonato complexes by nanogoethite or 

lepidocrocite was a major retention mechanism for the dissolved U(VI) species formed during 

UO2 oxidation, and no evidence was seen for U(VI) incorporation into the Fe(III) mineral 

structure (Fig.1).  The presence of Fe(III) oxyhydroxide solids seemed to accelerate UO2 

oxidative dissolution compared to the control by facilitating the electron transfer from U(IV) to 

oxygen.  

These results confirm that the stability of reduced U(IV) solid phases was achieved in the 

presence of FeS nanoparticles as a result of the rapid and preferential scavenging of DO by FeS.  

Thus, FeS-associated U(IV), which has been observed following active bioreductive in situ 
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treatment of U(VI) contaminated groundwater, may be protected against oxidative dissolution for 

sustained periods under fluctuating redox conditions in subsurface. 

 
Figure 4.2.  Fourier transform magnitudes of U LIII-edge EXAFS in the samples over the course 
of oxidative dissolution experiment in the presence of FeS (black line: data, red dots: fits). 

While FeS scavenges DO and keeps DO levels low, it undergoes significant oxidation to 

produce Fe(III) oxyhydroxide solids and elemental sulfur, as evidenced by the X-ray diffraction 

patterns in Figure 4.3.  Ferrihydrite was the intermediate Fe(III) product, and it quickly 

transformed to more stable nanogoethite and lepidocrocite after 120 hr reaction with oxygen.  In 

comparison, S8
0

 was the primary S oxidation product throughout the experiment, with little 

thiosulfate (S2O3
2-) or sulfate (SO4

2-) detected from the aqueous solution.  These results confirm 

that elemental sulfur was the major intermediate products of structural S(-II) of FeS in an abiotic 

system. 
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Figure 4.3.  Diffraction patterns of oxidized samples in the batch system. Oxidation times are 
indicated inside the diffractograms. 
 

4.2 Dissolution Rate of UO2 during FeS-Inhibited Reoxidation by Oxygen 

Flow-through reactor experiments in this study examined the kinetics of U(IV) oxidative 

dissolution in the presence of nanoparticulate FeS with oxygen supplied as the oxidant at varied 

pH, DO concentrations, and FeS values.  The results are summarized in Figure 4.4.  In the 

presence of FeS, the oxidative dissolution of UO2 was inhibited and resulted in low U 

concentration (<1 µM) over the range of solution conditions.  For the three pH conditions 

studied, FeS reduced the rate of UO2 dissolution by more than an order of magnitude compared 

to the rates in its absence (Figure 4.4a).  FeS inhibited UO2 oxidative dissolution by consuming 

the DO entering into the CSTR.  With an influent DO concentration of 1.8 mg·L-1, FeS reduced 

the DO level in the CSTR to <0.5 mg·L-1 as measured in the effluent solution by a DO probe, 

which has a detection limit of ~0.2 mg·L-1.  Higher DO levels -- between 1.3–1.9 mg·L-1 -- were 
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observed in effluent for control experiments in absence of FeS, consistent with the influent DO 

levels.  With similar levels of DO, the UO2 dissolution rates were independent of pH in this 

study.  At pH 7.1 and FeS concentration of 18.7 mM, the inhibited UO2 dissolution rate 

increased with increasing DO concentration (Figure 4.4b), but remained significantly lower than 

the control with no FeS.  In comparison, at a fixed UO2 concentration of 0.48 mM, pH = 7, and 

DO = 1.8 mg·L-1, higher FeS concentration resulted in lower [U]ss and UO2 dissolution rate 

(Figure 4.4c).  

   

 
Figure 4.4.  Steady-state UO2 dissolution rates (mol·g-1·s-1) determined in the presence (○) and 
absence (◊) of FeS as a function of (a) pH; (b) DO concentration (mg·L-1) at18.7 mM FeS and 
pH 7.1; and (c) FeS concentration (g/L) at pH 7.1.  Error bars represent 95% confidence interval 
of 6 to 10 individual measurements of dissolution rates. 
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The consumption of DO by FeS was accompanied by a pH-dependent Fe(II) release into the 

effluent solution.  At pH 6.1, considerable FeS dissolution resulted in greater dissolved Fe(II) 

concentration compared to higher pH (Figure 3).  The pH-dependent release of dissolved Fe(II) 

in oxic groundwater resulted in a loss of reducing capacity of FeS, which consequently decreased 

the duration of the FeS inhibition of UO2 particle oxidation.  The aqueous Fe(II) species only 

slowly oxidized under pH < 6.5 (Morgan and Lahav, 2007) and contributed little to overall 

scavenging of oxygen in the reactor.  At basic pH, structural Fe(II) of FeS was oxidized directly 

to produce solid phase Fe(III) products.  The complete solid-phase conversion of Fe(II) to Fe(III) 

-- with little Fe(II) dissolution -- utilized nearly the entire reducing capacity of FeS and thus 

extended the inhibition period of UO2 dissolution.  

 
Figure 4.5.  The dissolved Fe2+ release profiles from FeS dissolution at different pH in artificial 
groundwater containing 1.8 mg/L DO. Replicates are represented in filled or empty markers.  

FeS dictates DO levels in the simulated groundwater solution, and its concentration therefore 

influences the UO2 oxidative dissolution mechanism and the corresponding rate-limiting process. 

At relatively high FeS concentrations (18.7 mM), no evidence for a U(VI) surface coating on 

reacted UO2 samples was found from XAS analyses, suggesting the step of UO2 surface 

oxidation determined the overall dissolution rate. The detachment of surface complexes (Ca-

UO2-CO3
2- complexes) occurred faster relative to surface oxidation, preventing U(VI) from 

accumulation. In contrast, a partially oxidized UO2 was revealed by XANES spectrum in the 
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control reactor when exposed to relatively high influent DO in the absence of FeS. The 

detachment of surface-bound U(VI) into solution may become rate limiting, although facilitated 

by carbonate and calcium ions. Similarly, Ulrich et al. (2009) determined the detachment of 

U(VI)-carbonato complexes as rate-limiting in the presence of carbonate, since oxidation of 

surface U(VI) is fast under mildly oxidizing conditions (DO = ~0.6 mg·L-1). By using a strong 

oxygen scavenger such as FeS, however, the rate-limiting step of UO2 dissolution can be shifted.  

  
Figure 4.6. Uranium LIII-edge XANES spectra of batch samples as a function of time in the 
presence of FeS. The dotted lines bracket in the peak position of U(IV) in uraninite. An energy 
shift to higher eV indicates oxidation of U to higher valence state.  

In summary for this section, the surface-oxidation step controlled the overall UO2 dissolution 

rate in the presence of synthetic nano-FeS when effective oxygen scavenging by FeS lowered the 

DO to rate-limiting levels. Because nanocrystalline FeS is readily formed under sulfate reducing 

conditions (Abdelouas et al., 1999b; Rickard and Morse, 2005), FeS may provide practical 

protection of UO2 in the field when oxic conditions are not prevalent. 
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4.3 Enhanced release of U(VI) from FeS post-oxidation products.  

As previously discussed, the preferential oxidation of FeS by oxidants may lead to the 

production of Fe(III) oxides and elemental sulfur.  The exhaustion of FeS after biostimulation 

can result in exposure of reduced U(IV) solids to the oxidants, which are capable of remobilizing 

uranium.  Sani et al. (2005) and Ginder-Vogel et al. (2006) showed that iron oxides can 

accelerate abiotic oxidative dissolution of reduced U solids, but the relationship between the type 

and amount of Fe(III) on the rate of U reoxidation has not been fully examined.  

Flow-through reactor was employed to investigate the dissolution pattern of UO2 after FeS 

was consumed by oxygen in the groundwater solution.  The results are presented in Figure 4.7.  

After a phase of inhibited dissolution of UO2 during oxygen scavenging by FeS, oxygen 

breakthrough occurred in the CSTR as a result of FeS depletion. The dissolved U concentration 

started to increase immediately in response to the higher DO levels found in the reactor.  Unlike 

control experiments, UO2 dissolution showed a sharp increase of released U concentration 

without reaching a steady state.  The dissolved U quickly diminished after the peak and dropped 

continuously to small values.  Figure 4.7 shows that higher FeS concentration resulted in longer 

inhibition duration but higher peak [U]diss after FeS was completely oxidized.  

 
Figure 4.7. The total dissolved U release profiles in the presence of different FeS concentrations 
(○) 18.7 mM (□) 4.8 mM and  (◊) 1.2 mM under pH =7 and 1.8 mg/L DO artificial groundwater 
solution.  
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The fast release of U after FeS depletion may be due to (1) the formation of U(VI) surface 

coatings during oxygen scavenging, or (2) the production of the Fe(III) oxides that serve as 

additional oxidants for UO2 once the FeS is depleted. 

To investigate the first hypothesis, solid samples of U were collected during dissolution 

reaction in the presence of FeS.  The Fourier transforms of the sample (Figure 4.8) showed that 

UO2 was the primary U(IV) solid phase retained in the CSTR when FeS was present, without 

significant accumulation of U(VI) species within the solid phases (<10% of the total).  The 

fitting of data shows the presence of a U-O path at ~1.9 Å, characteristic of UO2 phase.  [This 

value is phase-shifted by ΔR; the corresponding phase-shift corrected U-O interatomic distance 

(R) is ~2.33 Å.]  The first shell has a coordination number (CN) of 5.9, which decreased from 8 

O of a crystalline UO2.  The second-shell CN is not only lower than a crystalline UO2 with 12 

U(IV) neighbors, but also decreased from earlier samples in the time series (~4.4 U).  The solid 

phase U is comparable with biogenic uraninite samples (Singer et al., 2009; Veeramani et al., 

2009) from previous studies.  Thus, a surface U(VI) coating on  the UO2 core probably is not 

present, but the result need to be further confirmed by XPS for possible U(V) species. 

 
Figure 4.8. The magnitude of the Fourier transform of the χ(k)*k3 data (2.0–11 Å-1) for U 
sample collected at 160 residence times in flow-through experiment in the presence of 18.7 mM 
FeS  at pH 7.1 (the line represents smoothed data: while the dots represent the numerical fits). 
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products (goethite, lepidocrocite, and elemental sulfur) then reacted with synthetic UO2 particles 

in the CSTR system.  The dissolution profiles of UO2 show almost identical [U]diss trends in the 

presence or absence of Fe(III) oxides (Figure 4.9), suggesting little impact of Fe(III) on the UO2 

oxidative dissolution rate when oxygen was the dominant oxidant.  The results are consistent 

with previous research (Ginder-Vogel et al., 2010) that indicated three orders of magnitude 

slower rate of UO2 dissolution by ferrihydrite than by oxygen. 

 
Figure 4.9. The total dissolved U release profiles in the presence and absence of Fe(III) oxides 
under pH =7 and 1.8 mg/L DO artificial groundwater solution.  

To study the impact of Fe(III) oxides with low DO, the UO2 was first reacted with an anoxic 

solution, which was constantly sparged with nitrogen gas, and then treated with 1.8 mg/L DO 

groundwater solution.  Figure 4.10 shows that the dissolved U concentration was about two-fold 

higher than in absence of Fe(III), suggesting that Fe(III) oxides enhanced the dissolution rate of 

UO2 with a low oxygen concentration.  After being exposed to oxic flow, the dissolved U 

concentration increased to the level similar to the control.  

In summary for this section, UO2 quickly dissolved after FeS was depleted due to oxidation 

by dissolved oxygen.  Iron(III) oxides produced from FeS oxidation probably were not 

responsible for promoting the quick release of U(VI) into effluent solution.  Although 

accumulation of U(VI) surface coatings on UO2 core was not identified using EXAFS analysis, a 

different phase from UO2 may form during inhibited dissolution which then controlled the 

solubility of U after oxygen breakthrough.  The phase is currently being identified by XPS. 
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Figure 4.10.  The total dissolved U release profiles in the presence and absence of Fe(III) oxides 
under initially anoxic conditions, then exposed to 1.8 mg/L DO artificial groundwater solution.  
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5. Column experiments on stability of UO2 and biogenic FeS 
The UM team also carried out a long-term sediment column experiment to investigate the 

stability of reduced U solids under oxidizing conditions in the presence or absence of biogenic 

iron sulfides.  Specifically, the column work assessed the capacity of mackinawite to protect 

uraninite against oxidation during abiotic oxidant intrusion in columns packed with a bio-

reduced Rifle area background sediment (RABS).  The Rifle, CO site is a former processing site 

for U ore, now being remediated so that it can be decommissioned.  The dynamics of in-situ U 

bio-remediation, in which dissolved and relatively mobile U(VI) species are reduced to insoluble 

U(IV) solid phases, has been extensively studied at the Rifle site (Campbell et al. 2011; 

Anderson et al. 2003; Yabusaki et al. 2007).  Although several studies have focused on the role 

of microbial activity in regulating redox conditions and U speciation during oxidant intrusion 

into bio-reduced sediments (H.S. Moon, Komlos, and Jaffé 2009; Hee Sun Moon, Komlos, and 

Jaffé 2007; Myneni 2009; John Komlos et al. 2008; J. Komlos et al. 2008; N’Guessan et al. 

2010; Sani et al. 2005), no study has addressed the abiotic redox controls in absence of 

significant microbial activity.  In order to develop robust models of U transport in sediments 

undergoing redox fluctuations, the role of abiotic processes needs to be delineated and was, 

therefore, a primary focus of this study. 

Reduced U phases, produced in bioreducing zones, may be exposed to periodic oxidant 

intrusion in the subsurface.  If bioreduced U is reoxidized and mobilized in these circumstances, 

it diminishes the effectiveness of this approach.  Oxygen is one potential oxidant capable of 

migrating into U bioremediation zones from oxic groundwater sources or rainwater infiltration.  

As shown in Section 3 above, dissolved oxygen can rapidly oxidize UO2 in well-mixed batch and 

flow-through reactor systems when no sediment is present (Bi et al. 2013; Bi and Hayes 2014).  

Abiotic U oxidation by nitrite, a denitrification intermediate, is another potentially important U 

oxidation remobilization pathway.  Given the co-occurrence of nitrate and U in groundwater 

(Riley and Zachara 1992), the potential for nitrite to oxidize reduced U also warrants attention.  

Nitrite has benn reported to oxidize and remobilized reduce U (IV) species in batch reactor 

laboratory experiments (Senko et al. 2002; Senko et al. 2005; Finneran, Housewright, and 

Lovley 2002).  Hence, in this column study, the potential of both nitrite and oxygen to serve as 

abiotic oxidants of reduced U have been studied. 
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For this study, we first bio-reduced RABS by amending the natural mixed microbial 

community present with acetate using two flow-through sediment columns in parallel:  One had 

sulfate reduction due to addition of sulfate to the influent, while the other lacked sulfate and thus 

was devoid of sulfate reduction.  In the column undergoing sulfate reduction, biogenic iron 

sulfide formed, while in the other column reduced iron phases formed, but no iron sulfide was 

present.  After 65 days, the sediments were removed from the columns, and synthetic uraninite 

was added.  The uraninite-bearing sediments were then gamma sterilized to significantly reduce 

microbial activity, placed back in columns, and then subjected to a short anaerobic stabilization 

period in which anoxic influent was maintained for 6 days.  Subsequently, both columns were 

exposed to nitrite to assess its potential for oxidation based on monitoring for the breakthrough 

of U(VI) in the column effluent.  Nitrite was then replaced with dissolved oxygen in both 

columns, and U(VI) was again monitored to determine the extent of uraninite oxidation by 

oxygen.  The role of iron sulfide in protecting uraninite against oxidation was directly evaluated 

by comparing the results from column with versus the one without iron sulfide. 

Overall, the primary objectives of this study were to assess (1) the capacity of biogenic iron 

sulfides to protect uraninite from abiotic oxidation by nitrite and dissolved oxygen, and  (2) the 

abiotic oxidation potential of nitrite and oxygen on uraninite in bio-reduced sediment packed in 

column reactors.  

5.1 Bioreduction 
For the bioreduction phase, two 4.8-cm diameter, 15-cm long glass columns were packed with 

RABS mixed with a seed sample of fresh microbially active sediment from the Rifle site.  

Artificial groundwater (AGW) was then pumped through the packed sediment columns at a 

constant flow rate of 0.5 ml/min.  The AGW contained 3 mM acetate to stimulate microbial 

growth, plus bicarbonate (8 mM), calcium (1 mM), magnesium (1 mM), sodium (8 mM), 

potassium (0.27 mM), and chloride (4.45 mM), but no uranium or iron.  One of the two columns, 

the BRS+ column (bioreduction, with sulfate), was supplemented with 7 mM sodium sulfate for 

the duration of reduction.  

To verify that bioreduction was taking place, Fe(II), sulfate, and sulfide concentrations were 

monitored in the effluent (Figure 5.1).  At day 5, Fe (II) breakthrough occurred in both columns, 

indicating the onset of iron reduction (Figure 5.1.A).  A subsequent sharp drop in effluent Fe(II) 
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in the sulfate-fed column (BRS+) at day 30 coincided with the onset of sulfate reduction, as 

indicated by the consumption of sulfate (Figure 5.1.B) and the release of sulfide (Figure 5.1.C).  

Simultaneous sulfate and iron reduction caused precipitation of iron sulfide minerals, resulting in 

a black-colored, iron sulfide-bearing sediment in the sulfide rich BRS+ column, while the sulfide 

devoid BRS- column remained brown. The biogenic iron-sulfide precipitates in the BRS+ 

column were identified as mackinawite by comparative EXAFS analysis (data not shown). 
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Figure 5.1. Effluent concentration of ferrous iron indicates the onset of iron reduction at day 
5 and the loss of ferrous ion between day 25 and 30 indicates the onset of sulfate reduction 
(A), as does the consumption of sulfate during the same period (B).  The increase in the 
effluent concentration of sulfide starting at day 25 further indicates the onset of microbial 
sulfate reduction (C). 
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Once sulfate reduction was fully under way (by day 30) in the BRS+ column, ~3 mM sulfate was 

continuously consumed, along with ~3 mM acetate (data not shown).  This 1:1 stoichiometry 

agrees with the two half reactions for microbial sulfate reduction using acetate as an electron 

donor as follows: 

 
 
5.2 Oxidation 

To observe the abiotic response of uraninite to oxidants in the column studies, after 65 days 

of acetate-stimulated bio-reduction, the bio-reduced sediments were removed from the columns, 

thoroughly mixed with synthetic uraninite, and then sterilized with 5 Mrad gamma radiation at 

the University of Michigan Phoenix Memorial Lab Co-60 source over a 15 hour period.  Once 

irradiated, the sediments were re-packed back into the original glass columns, which had been 

sterilized by autoclaving.  Anoxic AGW flow was initiated immediately after packing and 

continued for 6 days.  The oxidation phase was then initiated by introducing 0.53 mM (24.4 

mg/L) nitrite in the AGW at day 6.  Nitrite-containing influent was discontinued at day 15.5, 

when 0.27 mM (8.5 mg/L) dissolved oxygen was introduced and maintained in the influent for 

the duration of the experiment (10 more days).  The AGW influent was carbonate buffered to 

circumneutral pH by continuous gas purging with 5% CO2/gas mixture in a 23-L glass carboy.  

During anoxic flow and nitrite addition, a 5% CO2/95% N2 gas mixture was used; for oxygenated 

flow, a 5% CO2/95% air mixture was used.  During the oxidation phase, effluent samples were 

monitored for dissolved Fe(II), sulfide, sulfate, thiosulfate, dissolved oxygen (DO), nitrite, and 

U(VI) to assess whether oxidation reactions were taking place between the oxidants, nitrite and 

DO, and the uraninite and Fe(II) solid phases present in the sediment.   Tetrachloroethylene 

extraction of the sediments for elemental sulfur (S0) was also performed.  Previous work by 

Burton et al. (2009) and Bi et al. (2012) showed that elemental sulfur is the primary sulfur 

abiotic oxidation product when mackinawite reacts with oxygen. 

During the 6-day anoxic stabilization period (prior to addition of nitrite), the average uranium 

concentrations in the effluents of the BRS+ and BRS- columns were low, 0.16 µM ± 0.12 µM 

and 0.29 µM ± 0.07 µM, respectively (Figure 5.2).  Thus, U oxidation and mobilization were 
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minimal before the oxidants were introduced.  Also during this anoxic period, the influent 

dissolved oxygen concentration was less than 0.04 µM (Figure 5.3), with detectable Fe(II) 

(Figure 5.4) and sulfide (Figure 5.5) measured in the effluent of the BRS+ column indicating 

anoxic conditions.  

 
  

The nitrite oxidation phase began on day 6.  As shown in Figure 5.2, nitrite did not 

significantly oxidize uraninite over the entire nitrite oxidation segment (days 6 through 15.5); no 

significant U breakthrough was observed.  During this phase, the U effluent concentration stayed 

low, between 0.14 and 0.56 µM, with an average of 0.37 µM ± 0.12 µM (one standard deviation) 

for the BRS- column, and between 0.01 and 0.24 µM, with an average of 0.09 µM ± 0.07 µM 

(one standard deviation) for U in the BRS+ column.  The relatively large standard deviations of 

the averages indicated that nitrite was not significantly inducing U release compared to the 

anoxic flow condition.  Also, the effluent U concentrations during nitrite flow were low in 

comparison to those observed during oxygenated flow, as discussed below.  
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Figure 5.2.  Effluent uranium concentrations (open symbols) during the oxidation phase, with 
cumulative Total U indicated by the lines.  Nitrite (0.53 mM) was introduced at day 6 and was 
replaced by dissolved oxygen (0.27 mM) on day 15.5.  The grey insert shows an expanded 
view of first 16 days of data. 
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Figure 5.3. Dissolved oxygen remained below 1 uM in the effluent of both columns until day 
16 when breakthrough was observed in the BRS- column.  
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Figure 5.4. Effluent [Fe(II)] and the cumulative total amount of Fe(II) leached over the 
course of the oxidation phase for both columns. 
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The nitrite concentration, compared to uranium in the effluent, was more significantly 

lowered, especially in the BRS+ column.  This decrease in nitrite concentration was most likely 

linked to the abiotic nitrite reduction by other reducing species in the sediment.  To accentuate 

nitrite reduction, the influent flow was interrupted for approximately 12 hours on days 11 and 12 

in the BRS+ and BRS- columns, respectively.  After this flow interruption, 0.3 mM nitrite was 

consumed (Figure 5.6), but the uranium effluent concentration remained consistently low (< 0.5 

µM, Figure 5.2), indicating that U(IV) was not significantly oxidized, and, therefore, not directly 

linked to nitrite reduction. Approximately 0.3 mM nitrite was consumed during the flow 

stoppage in both columns, compared to their effluent controls (Figure 5.6), with Fe(II) and 

sulfide the most likely reductants.  Since, in the BRS+ column, no effluent sulfate was measured 

and sulfur extractions of the sediment revealed significant elemental sulfur content after 

oxidation, the primary oxidation product of nitrite reduction by sulfide was likely S0 (elemental 

sulfur).  

 

0.0

0.1

0.2

0.3

0.00

0.02

0.04

0.06

0 5 10 15 20 25

To
ta

l S
ul

fid
e 

(m
m

ol
) 

Su
lfi

de
 (m

M
) 

Time (days) 

BRS+ BRS-
BRS+ Total Sulfide BRS- Total Sulfide

Figure 5.5. No sulfide was observed in the effluent of the BRS- column; up to 0.03 mM (~1 
mg/L) sulfide was measured in the effluent of the BRS+ column. Sulfide concentrations in 
general began decreasing after the introduction of nitrite around day 7. 
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The introduction of dissolved oxygen on day 16 immediately induced mobilization of U in 

both columns, with a faster release of U observed in the BRS- column (Figure 5.2).  The uranium 

concentration in the BRS+ column continued to increase until day 21, after which a plateau was 

reached.  In contrast, the uranium concentration in the BRS- column peaked after just 2 days of 

oxygenated flow and remained elevated with the average concentration during oxidative flow of 

43 µM, approximately 6 times greater than the average in the BRS+ column (7 µM) over the 

same time period.   

Figure 5.6. Influent (open symbols) and effluent (closed symbols) nitrite concentration for 
BRS+ and BRS- columns, showing the initiation of nitrite amended flow at day 6, 
consumption of nitrite during the nitrite flow segment, and the discontinuation of nitrite 
amendment at day 15.5. 
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Sediment U extractions demonstrate the presence of mackinawite inhibited uraninite 

oxidation (Figure 5.7).  For example, at the end of the oxidation phase, the BRS+ and BRS- 

columns retained approximately 61% and 21%, respectively, relative to original uranium content 

(~400 µg/g and ~440 µg/g, respectively).  This comparison illustrates the superior oxygen 

scavenging capacity of the bioreduced iron sulfide minerals formed in the SBR+ column 

compared to bioreduced Fe(II) solid phases in the SBR- column.  The lack of oxygen 

breakthrough in the BRS+ column in combination with immediate oxygen breakthrough in the 

BRS- column (Figure 5.3) demonstrated the significant capacity of mackinawite to maintain 

reducing conditions during oxygen intrusion and also that the reduced sediment lacking 

mackinawite had little capacity to take up dissolved oxygen.  Dissolved oxygen breakthrough did 

not occur at all in the BRS+ column over the course of this experiment, although a sulfide 

oxidation front was clearly visible in the BRS+ column, as evidenced by a color change from 
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Figure 5.7.  Hot nitric acid digestion of sediment samples taken at 1-cm increments along the 
lengths of both columns show that the BRS- column lost more (79%) of its original uranium 
than the BRS+ column which lost 39% of its original uranium added as uraninite.  
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black to tan taking place as the oxidation front moved from the influent end toward the effluent 

end of the column with time.  

The lack of sulfide oxidation to sulfate in the BRS+ column and immediate breakthrough of 

dissolved oxygen in the BRS- column indicate minimal microbial activity during the oxidation 

phase.  Further, sulfur extractions of the sediments showed elemental sulfur (S0) as the primary 

sulfide product from mackinawite oxidation, with higher concentrations near the influent end of 

the BRS+ column (data not shown).  Previously, Burton et al. (2009) found elemental sulfur was 

the primary product of abiotic sulfide oxidation of sediments, while microbial oxidation led to 

sulfate production, confirming that sulfur-oxidizing microbes were not likely active in our 

system.  Dissolved oxygen breakthrough also began almost immediately in the BRS- column, 

supporting that minimal microbial activity in the columns occurred during the abiotic oxidation 

phase (Figure 5.3).  In previous column studies (unpublished data), we found microbially active 

Rifle sediments consumed significant amounts of dissolved oxygen, delaying oxygen 

breakthrough for more than 10 days. Moon et al. (2007) observed a 20-day delay in dissolved 

oxygen breakthrough in a column study using a microbially active, bio-reduced sediment.  The 

immediate dissolved oxygen breakthrough observed in our study thus demonstrates that oxygen-

consuming microbes, if present, were not active. Taken together, these results indicate that 

gamma irradiation for sterilization of the sediments was effective, allowing abiotic conditions to 

prevail over the course of the oxidation phase. 

In summary, naturally occurring sulfate- and iron-reducing bacteria in the RABS produced 

sulfide and ferrous iron, leading to the formation of mackinawite and other reduced-iron phases.  

After gamma irradiation, the sediment containing mackinawite significantly slowed the abiotic 

uraninite oxidation and mobilization of U compared to the sediment devoid of mackinawite.  

Under these abiotic conditions, oxygen, but not nitrite, rapidly oxidized uraninite causing U 

mobilization.  Nitrite, however was not a significant abiotic oxidant for uraninite, although nitrite 

reduction by Fe(II) and sulfide was observed.  
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