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ABSTRACT

IMPACT OF IRON AND REDOX CHEMISTRY ON THE ENVIRONMENTAL FATE OF

METALLOIDS AND RADIONUCLIDES

Millions of cubic meters of uranium (U) mine tailings worldwide and millions of gallons
of contaminated groundwater are the result of U mining and milling activity. Arsenic can occur
at up to 10 weight percent in U ore, so both U and As can be released during U mining. Although
these elements commonly occur together, little research into their redox behavior when present
in the same environmental system has been performed. The goal of this research is to gain an
improved understanding of how redox chemistry affects U and As speciation and complexation
when the two elements are present together as co-contaminants.

The North Cave Hills in Harding County, South Dakota is an abandoned U mine where
overburden has been left open to weathering and transport since mining began in 1955. The
exposed overburden has resulted in above-background level concentrations of U and As in
sediments and groundwater in the surrounding wetlands. We conducted a field-scale study to
investigate U and As redox chemistry at the North Cave Hills by taking sediment samples from
the tailings pile and the down gradient watershed in order to assess U and As fate and transport.
As sediments pass through anoxic zones at the field site, U is immobilized as reduction takes
place but As can simultaneously be released into surface waters as reductive dissolution of Fe
minerals also occurs.

A laboratory-based study was conducted in order to examine the redox chemistry of U
and As in North Cave Hills sediments under controlled conditions. Upon microbial reduction of

sulfate and formation of mackinawite in batch systems, U(VI) and As(V) were reduced to nano-



UO, and a reduced As-sulfide mineral phase respectively during biostimulation by three different
electron donors. When these systems were exposed to air for 24 hours, mackinawite protected U
and As from oxidation and little change in their solid-phase speciation was observed. While
mackinawite was shown to play a role in reduction, we could not determine if direct microbial
reduction of U and As was also taking place in the systems.

In order to further explore the reduction of U(VI) and As(V) by mackinawite, an
experiment was set up to determine if As(V) prevented U(VI) reduction, especially following the
formation of uranyl arsenate precipitates. As(V) only had an impact on the extent of U reduction
at concentrations higher than would occur in most environmental systems. When As(V)
concentrations were high, U(VI) was shown to be resistant to reduction because of the
precipitation of a uranyl arsenate mineral phase.

The findings in this dissertation contribute important information that will improve our
current understanding of U and As redox behavior that will lead to improved remediation

strategies to effectively prevent the mobilization of both elements in environmental systems.



ACKNOWLEDGEMENTS

Firstly, I would like to thank my adviser Dr. Thomas Borch who has provided invaluable
guidance through the Ph.D. process. Without his advice, support, and friendship, my journey to
this publication would not have been possible. I have grown in ways | could not have anticipated
thanks to his mentoring and the many opportunities he has provided. | would especially like to
thank Dr. Borch for his uninhibited passion for and love of science that has been a constant
source of motivation and inspiration.

| would like to also thank Dr. James J. Stone who has been a close collaborator
throughout my doctoral work and who helped with my understanding of the North Cave Hills
field site and with field sampling. Special thanks goes to Dr. Juan S. Lezama-Pacheco for his
mentoring in data fitting. His lessons and continual willingness to help during X-ray experiments
have vastly improved my ability to collect and analyze X-ray absorbance spectroscopy (XAS)
data. Additional collaborators | would like to thank include Dr. Yuanzhi Tang, Dr. John R.
Bargar and Dr. Matthew Ginder-Vogel for their help with XAS data analysis.

| have met many fellow researchers and students throughout this processes that I consider
both friends and colleagues. | would primarily like to thank Dr. Joshua J. Stratton for the daily
help and advice. | would like to thank the other members of my graduate school support team—
Dr. Leon van Eck, Dr. Jeffrey C. Shearer, and Nicole C. Escudé. | would also like to
acknowledge Lance N. Larson, Dr. Rong Wei, and Dr. Michael S. Massey for their assistance
with sample collection and for engaging conversation. All of the members of the Borch research
group have offered me their help throughout my Ph.D. years. Several group members contributed
directly to my work by offering advice and helping with laboratory work including Dr. Masayuki

Shimizu, Andria J. Marsh, and Dr. Amrita Bhattacharyya. | would also like to thank Damaris L.



Roosendaal for her four years of assistance in the Borch research group and for always cheering
me up.

I would like to acknowledge my committee members Dr. Eugene F. Kelly, Dr. Nancy E.
Levinger, Dr. Charles S. Henry, and Dr. Branka M. Ladanyi for their feedback. | would like to
recognize the financial assistance that made this work possible. My work was primarily
supported by the US Environmental Protection Agency — Region 8 and the US Department of
Agriculture/Forest Service — Northern Region. My work was also funded, in part, by a National
Science Foundation CAREER Award to Dr. Thomas Borch (EAR0847683). In addition to the
time spent carrying out research at the North Cave Hills, South Dakota and in the laboratory at
Colorado State University, research was carried out at two synchrotron facilities, the Stanford
Synchrotron Radiation Lightsource, a Directorate of SLAC National Accelerator Laboratory and
an Office of Science User Facility operated for the U.S. Department of Energy Office of Science
by Stanford University and at GeoSoilEnviroCARS at the Advanced Photon Source of the
Argonne National Laboratory, which is supported by the National Science Federation, US DOE,
and the state of Illinois. | would like to thank the beamline scientists at these facilities for their
help including Joseph Rogers, Dr. Matthew Newville and Dr. Antonio Lanzirotti.

To my parents, Adonis H. Troyer and Carol L. Troyer, | would like thank you for always
pushing me to the best of my abilities and for your love and encouragement. Last, but not least, I
would like to thank my partner Eric R. Scott. Thank you for encouraging me to think

scientifically, keeping me fed, making me laugh, and for supporting me unconditionally.



TABLE OF CONTENTS

AB ST RACT .ttt ettt b e bt s b e s bt e bt e R b e e Rt e R e R b e Rt e be e e e Rt e teene e re e beeneenreas ii

ACKNOWLEDGEMENTS ... .ooiiiit ittt sttt sttt te s e sbeeeesneenns iv

CHAPTER ONE

INTRODUGCTION ...ttt sttt sttt s e b e et e e st e s beebeeseeabeesbeeneenbeenbeenee e 1
UTANTUM USES ..ttt sttt sttt sttt e bt s b ekt e s e b e b e e st e e bt et e e nteeneenbe e b e eneents 1
Uranium chemistry in the enVIFONMENT ..........ccouiiiiiiiee s 2
Arsenic chemistry in the eNVIFONMENT ..o 5
NOIN CAVE HIMIS ...t es 6
RESEAICN ODJECTIVES. ... coiiiie ettt es 7

CHAPTER TWO

EFFECT OF BIOGEOCHEMICAL REDOX PROCESSES ON THE FATE AND TRANSPORT
OF AS AND U AT AN ABANDONED URANIUM MINE SITE: AN X-RAY ABSORPTION

SPECTROSCOPY STUDY ...ttt sttt sttt sttt be e be e sbeebesseesbeeaesneenrs 9
T 100 [UTox { o] o 1S RO OPPPPRROP 9
Materials and MELNOUS ........ccueiiiiiei e 15

Study site and sample COHECTION..........ccviiiiiiii 15
Laboratory Methods ...........coiieiiiie e 17
X-ray absorption SpectroSCOPY (XAS)....ccui it e 18
RESUIES aN0 AISCUSSTON ...ttt ettt b et 20
Geochemical characterization of field Site..........ccooveiiiiiiiii 20
Geochemical controls 0n U tranSPort ..........ccceoeiieieenienie e 26
Geochemical controls 0n AS tranNSPOIt..........ceveiiriieieee e 32
Environmental IMPHCALIONS ...........oiiiiiiiiiiiie e 37

CHAPTER THREE

IMPACT OF BIOSTIMULATION ON AS AND U REDOX CHEMISTRY IN MINE

TAILINGS SEDIMENTS ...ttt sttt ettt nbesbeaneebeaneene e 39
a0 To ¥ od T ] o TSRO 39
Materials and MELNOUS ........cceiiiiieii e 41

Field sample COHECTION .......ocveeieiiee e 41
BatCh EXPEITMENTS....c..iiiiiie ettt ae s 42
AQUEOUS PhASE ANAIYSIS .....ccveiiiiiiieiiiie ettt 44
X-ray absorption SPECIIOSCOPY ....ocvveiueeuirieriiieiesiie et eee et 44
RESUIES ...ttt ettt ah e b et e e be e arr e e raeareeraea 46
AQUEOUS CONCENIIALIONS ... .eeuvevieiieeieeiie sttt sttt sttt st see e sbe e e 46
S0lid Phase SPECIALION..........uiiiiiiiie e 52
[ 1 oL U 5] o] o PP 58
Mechanism Of U redUCTION. ........c.ooiiiiiiiiieie e 58
Effect of AS 0N U DENAVION ........ooiii e 65
Mechanism Of AS FEAUCTION ..........coiiiiiiie e 66
Differences in €leCtron dONOIS.........ooiiiii i 67

Vi



SENSITIVITY T0 OXYGEN. .. ittt sb e b e e 68
Environmental IMPIICAtIONS. .........coiiiiiii e 69

CHAPTER FOUR
SIMULTANEOUS REDUCTION OF ARSENIC(V) AND URANIUM(VI) BY

MACKINAWITE (FeS): ROLE OF URANYL ARSEANTE FORMATION ......cccccooiiiriinnnnnne 70
INEFOTUCTION .ottt ettt sttt e st et neenes 70
Experimental MEtNOUS ........ooviiiiiee e 73

MaCKINAWITE SYNENESIS .......eiiiieiiiiieiiee et 73
BatCh eXPEITMENTS....c..iiiiieie et ae s 73
X-ray absorption sSpectroSCOPY (KAS)....ccui i e 74
Thermodynamic MOdeling..........coooiiiiiiiiii e 76
RESUIIS e b e et b e e 76
Mackinawite characterization and aqueous Chemistry ..........cccocveveiinieniesienniens 76
U and As removal by FeS from SOIULION .........cccoiiiiiiiiiiieec e 79
Extent of reduction of FeS-associated U(VI) and AS(V).....ccocoeieriiieenieniieninnnns 79
Thermodynamic MOAElING ........coveiiiiie e 88
Characterization of SOlid-phase U.........ccocoiiiiiiiiiiee e 90
[ 111U 5] o] o ST RPRUPPR 91
Environmental IMPHCALIONS ........cooiiiiiiieeie e 97

CHAPTER FIVE

SUMM A R Y e 98
REFERENGCES ... .o 103
APPENDIX A

IMPACT OF ORGANIC CARBON AND IRON BIOAVAILABILITY ON THE MAGNETIC
SUSCEPTIBILITY OF SOILS ...t 117
APPENDIX B

SCHWERTMANNITE AND Fe OXIDES FORMED BY BIOLOGICAL LOW-pH Fe(ll)
OXIDATION VERSUS ABIOTIC NEUTRALIZATION: IMPACT ON TRACE METAL
SEQUESTRATION ..ottt bbb 132

Vil



Table 2.1

Table 2.2

Table 2.3

Table 2.4

Table 2.5

Table 3.1

Table 3.2

Table 3.3

Table 4.1

Table 4.2

Table 4.3

Table 4.5

Table 4.6

LIST OF TABLES

North Cave Hills sampling [0CatIONS ..........ccooiiiiiiii e 17
Total elemental analysis of North Cave Hills SOIlS............cccooviiiiiiiiii 23
Summary of Fe EXAFS LCF on North Cave Hills SOilS..........cccccooiiiiiiiiiicnns 27
Summary of U XANES LCF on North Cave Hills SOIlS ..........cccccooviiiiiiiiiieinns 31
Summary of As XANES LCF on North Cave Hills 0ils..........c.cccoeiiviiiiiiiinns 38
Composition of synthetic surface water used in batch experiments...................... 45
Summary of U XANES LCF on batch SOilS ........c.ccceeiiiiiiiiiee e 59
Summary of As XANES LCF on batch SOilS ........ccccoovviiiiiiiie e 71
Summary of Fe EXAFS on reacted mackinawite ...........ccooeveveneniiiic e 80
Summary of in agueous changes in Fe(ll) and sulfate concentrations .................. 80
Summary of U XANES LCF for mackinawite experiments .........cccccceeereerennnnnn 85
Summary of As XANES LCF for mackinawite eXperiments..........ccccoeevveriennnene 90
Summary of U EXAFS fitting resultS.........coooiiiiiiieee e 92

viii



Figure 2.1
Figure 2.2
Figure 2.3
Figure 2.4
Figure 2.5
Figure 2.6
Figure 2.7

Figure 2.8

Figure 2.9

Figure 2.10
Figure 2.11
Figure 2.12

Figure 2.13

Figure 2.14

Figure 3.1

Figure 3.2

Figure 3.3

LIST OF FIGURES

Map of North Cave Hills sampling 10Cations ...........ccccceiirenieninie e 13
Average climate data at the North Cave Hills ... 19

Total concentrations of solid phase Fe, As, and U in North Cave Hills soils........ 24

Fe sequential extractions on North Cave Hills SOilS...........ccccooviviiiiiiiicciic, 25
Fe EXAFS spectra and fits of North Cave Hills SOIlS..........c.ccccccovviiieiiiiiici, 26
Summary of Fe EXAFS LCF on North Cave Hills SOilS..........ccccoooiiiiiiiiiiecnn 27
Clay XRD pattern of a North Cave Hills SOl ... 29

Comparison in solid phase U and As using total digestion and laser ablation of
NOIth Cave HillS SOMIS.........oiiiiiieie e 29
Summary of U XANES LCF on North Cave Hills soils and redox measurements31
U XANES spectra and fits of North Cave Hills SOIlS..........ccooeiiiiiiiiiiiiiiee 32
U and As sequential extractions on North Cave Hills SOilS..........c..cccoeviiiiennnane 33
As sequential extractions on North Cave Hills soils by the Huang, et al method .36
Summary of As XANES LCF on North Cave Hills soils and redox

MEASUNEIMIEINTS . ...ttt ettt e et e s bb e s b e st e e e snbe e e sabe e e nnneas 38
As XANES spectra and fits of North Cave Hills SOIlS...........ccccooovriiiiiiiiiiiens 39
Aqueous concentrations of Fe(ll), sulfate, acetate, and As in batch systems
CONTAINING AS(V) ettt ettt bbb e b e nreenbeenee e 49
Aqueous concentrations of Fe(ll), sulfate, and acetate in batch systems without
AS(V) AN UV et et 49
Aqueous concentrations of Fe(ll), sulfate, acetate, and U in batch systems

CONLAINING U(V) et et 50



Figure 3.4

Figure 3.5

Figure 3.6

Figure 3.7
Figure 3.8
Figure 3.9
Figure 3.10
Figure 3.11
Figure 4.1
Figure 4.2
Figure 4.3
Figure 4.4
Figure 4.5
Figure 4.6
Figure 4.7

Figure 4.8

Aqueous concentrations of Fe(ll), sulfate, acetate, As, and U in batch systems
containing AS(V) and U(V1) ..o 51
Agqueous concentrations of As and U from day 44-47 in batch systems............... 54

Total Fe concentrations and sequential Fe extractions on acetate-containing batch

YY1 (=] 1 PO PP PUT PP TOPPPPPP 55
Fe EXAFS spectrum and fit for reacted batch soils............ccccoovviiiiiiciicciicc 57
Summary of U XANES LCF on selected batch soilS...........ccccoveiiiiiiiiciiiecinns 58
U XANES spectra and fits for reacted batch soilS...........cccooeriiiiiiiiiiiee 61
Summary of As XANES LCF on selected batch soils...........ccccoceeviiiiiiiciiecinns 63
As XANES spectra and fits for reacted batch soils ..........cccooveviiiiiiiiinee, 64
Fe EXAFS spectra and fits for mackinawite SyStems..........cccooevveviiieeneniesienninns 79
Percent uptake of U and As in mackinawite SyStems ..........cccceevveererinneennseeen. 82
Summary of U XANES LCF on mackinawite SyStems..........ccccceveervnieieeniennenn 83
U XANES spectra and fits for mackinawite SyStems ..........cccocevvrveiienieniiesennnens 84

Summary of U XANES LCF for reoxidized samples in mackinawite systems ....87

Summary of As XANES LCF on mackinawite SyStems .........c.cceeeervereerienriennenn 88
As XANES spectra and fits for mackinawite SyStems.........ccccccevvrieiieienienieennnns 89
U EXAFS spectra and fits for selected mackinawite samples..........c.ccoevvveieennne 93



CHAPTER 1

INTRODUCTION

Uranium Uses

Uranium is a radioactive, carcinogenic element and is the most abundant actinide. On
average, U is present in the Earth’s crust at a concentration of 2.7 mg/kg and in the oceans at a
concentration of 3.3 pg/L. (1, 2) The main use of U in the world is as a fuel source in nuclear
reactors.

There are many steps in the process of making and using fuel for nuclear reactors. While
radioactive waste is produced in each of these steps, the greatest volume of waste is present as U
mine and mill tailings. Uranium mining has generated 938 million cubic meters of tailings
worldwide and 10,000,000 gallons of contaminated freshwater. (3, 4) Uranium can be mined by
three different methods including open pit mining, underground mining, and in situ recovery or
in situ leaching. During the Cold War era, the United States focused on the production of nuclear
weapons and power plants and there was a boom in open-pit mining. Mining left surface-
exposed U ore and tailings and released U to the environment at greater rates than those typically
found in nature. (5) Most mining sites were not reclaimed, leaving many open to continued
erosion and leaching resulting in the release of heavy metals to the environment.

Uranium is most commonly found in the environment in the +4 and +6 oxidation states
referred to as uranous U(IV) and uranyl U(V1) oxidation states. Of the two oxidation states,
U(IV) is the primary state found in U ore. The most common U ore mineral is uraninite (UO,),
followed by pitchblende (amorphous UO,) and coffinite (USiO,4). While most of the U mining

during the Cold War was open-pit mining, the majority of U mining in the United States is now



done by in situ leaching. (6) With in situ leaching, solutions are pumped into the ground, often
containing carbonate and synthetic oxidants, in order to dissolve and oxidize U and then brought
to the surface for processing. (3) This method avoids the surface disturbance of open pit mining
and produces a smaller volume of tailings.

Due to its radioactivity and carcinogenicity, the U.S. EPA has defined a Maximum
Contaminant Level (MCL) of 30 ug U/L, or 0.126 uM. The transport of U largely depends on its
oxidation state and complexation with natural ligands. In order to stay below these levels and
prevent further U mobilization, continuing U research aims improve our understanding of U

redox and complexation chemistry.

Uranium chemistry in the environment

While the most common U oxidation states found in natural agueous environments are +4
and +6, U can exist in four different oxidation states—+3, +4, +5, and +6. In agqueous
environments, U(I11) is oxidized by water to U(IV) and, because of its transient nature, U(V)
easily disproportionates to become U(VI) or U(IV). The standard oxidation potential for the
following half reaction
U™ + H,0 2 U0, + 4H" + 2¢
iIs Ex® = 0.273 £0.005 V, indicating that U(VI) is the more stable of the two dominant
oxidation states. (7) Because the UO,%* complex is highly soluble, this species along with its
complexed forms is most commonly found in surface waters. In a system free of dissolved
carbonate, the dominant forms of U are UO,** at pH less than 5.5, UO,0H" at pH=5.5-7, and
UO,(OH).? at pH greater than 7. Most environmental systems contain dissolved carbonate so U
carbonate complexes will be predominant rather than U hydroxyl complexes in naturally

occurring systems. At pH less than 6, UO,?* remains to be dominant in solution, but at higher pH



values, UO,CO3, UO,(CO3),%, and UO,(COs)s* are the dominant U(V1) species. When U
carbonate complexes are present, U(VI) solubility is increased from carbonate-free systems. At
pH values greater than 5, the boundary between the formation of solid UO; and aqueous forms of
U(VI) occurs at a lower Ey in a system including dissolved carbonate than a system without. The
presence of carbonate can also limit U(VI) adsorption to mineral surfaces at pH above 5. (1)

The presence of calcite (CaCO3) in natural environments can also affect U mobility.
When both calcium and carbonate are present in a system, the two dominant agueous species are
Ca,U0,(CO3)3° at pH less than 8.5 and UO3(COs)s* at pH greater than 8.5. (8) A calcite
saturated system exhibits low U(V1) adsorption onto natural sediments in comparison to a Ca**
free system at pH less than 8.5 due to the presence of the Ca,UO»(COs)s’ complex. (9) At pH
greater than 8.5, Ca,UO,(CO3)3° is no longer the dominant U species, so solubility of U does not
differ from a Ca** free system.

Iron is the fourth most abundant element in the earth’s crust and is responsible for
controlling the fate and transport of environmental contaminants including metalloids and
radionuclides. (10) Depending upon the pH of a system, a high percentage of dissolved U can be
immobilized through adsorption onto Fe oxy(hydr)oxides. At pH greater than 5, a significant
percentage of U was adsorbed to the surface of Fe oxy(hydr)oxides. (11) In a system free of
carbonate, the major surface site reactions taking place are
=FeOH + UO,** + H,0 - =FeO'—UO,0H" + 2H"
=FeOH + 3U0,*" + 5H,0 =2 =FeO—(UO,)3(OH)s" + 6H"
where UO,OH" and (UO,)3(OH)s" are the dominant aqueous forms of U(VI). (11) Inner-sphere,
bidentate surface complexes that are stable at pH >5 could also be formed by the following

reaction:



2(=FeOH) + 3U0,*" + 5H,0 = 2(=Fe0’)—(UOy)3(OH)s* + 7H (12)

In the presence of dissolved CO; under alkaline pH conditions, carbonate will form
ternary complexes with surface-associated U, such as (=Fe0,)U0,CO3%. The formation of these
complexes results in the desorption of U(VI) from the Fe oxide surface, increasing U mobility.
(12) The optimal pH range for U adsorption onto Fe oxy(hydr)oxides is from 5.5-7.5, where
adsorption is at a maximum but desorption due to carbonate will not occur. (13) Environmental
pH is most commonly in this optimal range.

Redox chemistry is an important consideration when determining the mobility of U.
Traditionally, remediation strategies for U immobilization aim to reduce U(VI) to mineralized
UO.. The reduction of U(VI) can be coupled to the oxidation of Fe(lI1) to Fe(l11).(13) This
reaction is enhanced when Fe(l1) is associated with a mineral surface to form the complex
=FeOFeOHP. U(VI) reduction by Fe(ll) is also enhanced if Fe(I1) is present within a mineral
crystal structure such as in the mineral magnetite (FesO,). (14) In addition to Fe, the oxidation of
aqueous or structural sulfide can be coupled with the reduction of U(VI) (15, 16). Direct
enzymatic reduction of U has also been shown to take place by both Fe and sulfate reducing
bacteria. (17-19)

While traditional studies have stimulated U(VI) reduction to UO; in order to immobilize
U, recent research has shown that UO; is not the only product of U reduction. Nano-uraninite
and molecular U(IV) have been identified in biostimulated systems using X-ray absorption
spectroscopy. (20-22) These species are thought to be unstable and reactive, but have also been
shown to be transported as colloids, meaning that U(IV) is not necessarily immobile as has long
been assumed. (23) Another strategy for U(VI) immobilization has been the addition of

phosphate to oxic contaminated systems. U(V1)-phosphate precipitates, including uranium



hydrogen phosphate [UO,HPO,4¢3H,0], chernikovite [UO,HPO4+4H,0], and autunite
[Ca(UO,)2(PO,4),211H,0], can form at high phosphate concentrations and U(V1) adsorption to Fe
oxy (hydr)oxides is enhanced at low phosphate concentrations. (24-26) While U(VI)-phosphate
minerals have low solubility and are not subject to remobilization by oxidation, their long-term

stability is still not well understood.

Arsenic chemistry in the environment

Arsenic is a naturally occurring element that is toxic to humans and also carcinogenic.
Arsenic poses a global human health concern as prolonged exposure can result in As toxicosis, a
summation of diseases causing skin lesions and a variety of cancers. (27) The high levels of As
in drinking water in Southeast Asia have resulted in the largest mass poisoning in history. (28)
Because of this epidemic, the World Health Organization has set the recommended As
concentration in drinking water at 10 pg/L. (29) The combination of U and As in soils is not
uncommon at mining sites. Arsenic is often found in U ore deposits at concentrations as high as
10 weight percent. (30)

The predominant oxidation states of As are +3 and +5. In solution, As tends to be present
as oxyanionic acids including AsOs> and AsO,*". Arsenic can also be found in the environment
as As(l11)-sulfide mineral phases including arsenopyrite (FeAsS), realgar (AssS,), orpiment
(As2S3), or scorodite (FeAsO4+2H,0). (31, 32) Unlike U, both oxidation states of As are soluble
and do not readily complex with other ions in solution. Similar to U, redox chemistry plays an
important role in the mobility of As. In contrast to U whole reduce form is commonly
mineralized, the reduced form of As, As(l11), is the more toxic and more mobile form in
comparison to oxidized form, As(V). As with U, As reduction can be coupled with the oxidation

of aqueous or structural sulfide.(33, 34) Microbes have been shown to directly reduce As(V)



either for respiration or as a detoxification mechanism. (29) Reduction of As(V) can also result
in the formation of As(I11)-sulfide mineral phases depending upon the concentration of sulfide
present in a system.(34-36)

As with U, Fe minerals can control the mobility of As by surface adsorption. (37, 38)
As(V) readily adsorbs to Fe minerals under most environmental conditions, while As(111)
adsorption behavior varies with pH. If Fe(l11) minerals undergo reductive dissolution, desorption
and subsequent release of As from these minerals occurs, but sequestration through sorption or

co-precipitation can also take place as new Fe mineral phases form. (38, 39)

North Cave Hills

The site under investigation for this dissertation is in the Cave Hills area of Harding
County, South Dakota. This area contains uraniferous lignite beds that underwent open pit U
mining from 1955 to 1967 with no erosion controls or reclamation according to the General
Mining Laws and Public Law 357. Uranium was discovered in the Cave Hills when the US
Atomic Energy Commission did airborne surveys for radiation anomalies in 1954. (40) Uranium
and other heavy metals were released to the surrounding watersheds through physical erosion
and geochemical processes during this time period. Since then, the abandoned mine wastes have
remained exposed to wind and water erosion. Heavy metals from the site migrated to down
gradient watersheds, contaminating surface water, soil, and groundwater. (41) The major
drainages of the site lead to both the North and South Fork of the Grand River that form the

Shadehill Reservoir, the major reservoir in northwestern South Dakota.



Research objectives

Uranium and As are two toxic, redox-active elements that can occur as co-contaminants.
(42, 43) Their differences in behavior under similar redox conditions makes their simultaneous
remediation challenging. Previous research has focused on the chemical behavior of U and As
separately in model systems containing synthesized Fe minerals rather than in the presence of a
complex mixture of Fe minerals such as that found in natural soil and sediment. (4, 37, 44) While
some studies have characterized either U or As redox chemistry in U mine and mill sediments,
the behavior of the two contaminants together has not been thoroughly explored. (45-47)

The overall goal of this research was to obtain a better understanding of chemical
mechanisms controlling the fate and transport of both U and As by elucidating the interactions
between these contaminants and Fe minerals. By determining these mechanisms, insight will be
provided into the types of remediation technologies necessary, if any, to prevent the mobilization
and transport of U and As at sites of mine and mill tailings worldwide.

The first objective was to characterize the mechanisms governing the fate and transport
of U and As at the North Cave Hills mine tailings site. Previous studies have looked into physical
controls on U and As transport at the North Cave Hills, but a detailed study into the chemical
species of U and As present in sediments has not been previously conducted. (40, 48) Many
studies also limit their sampling to the U tailings pile and do not include down gradient sampling
sites. Chapter 2 focuses on the speciation of U and As at oxic and anoxic zones surrounding the
tailings pile including the nearby impacted watershed.

The characterization of sediments collected in the field could only provide limited
information about U and As behavior in anoxic environments and could not show what would

occur during seasonal changes at the site. The second objective was to examine the effects of



redox chemistry on U and As speciation and chemical behavior in natural North Cave Hills
sediments under controlled laboratory conditions. In addition, differences in As and U redox
behavior during biostimulation with a specific electron donor was studied. Again, previous
studies have not examined the effects of the presence of As(V) on the behavior of U during
biostimulation nor have they examined how the use of different electron donors affects the extent
of U(VI) reduction. This work is described in Chapter 3.

Two unexpected observations in the work in Chapter 3 brought about the work described
in Chapter 4. In the batch experiments, mackinawite played a role in the reduction of U(VI) and
As(V) and uranyl arsenate precipitation was observed. The third objective was to look at the
effect of As(V) on the extent of U(V1) reduction in the presence of mackinawite and to examine
the redox stability of uranyl arsenate minerals. Again, the effect of As(V) on U redox chemistry
has not been previously studied in a controlled laboratory experiment. All previous work into
uranyl arsenate formation in the presence of mineral surfaces has used non-redox active
minerals, so this work aims to explore the susceptibility of U to redox changes when present as
uranyl arsenate.

In addition to the three chapters mentioned above, two published papers to which |
contributed are included in the appendix. The first paper determined of changes in Fe mineralogy
following microbial incubation with hydrocarbons and the second paper characterized Fe

mineralogy at an acid mine drainage site.



CHAPTER 2

EFFECT OF BIOGEOCHEMICAL REDOX PROCESSES ON THE FATE AND TRANSPORT
OF AS AND U AT AN ABANDONED URANIUM MINE SITE: AN X-RAY ABSORBTION

SPECTROSCOPY STUDY!

Introduction

With the Cold War came a boom in U mining that left behind a legacy of environmental
problems. (3) At that time, no government requirements for mine tailing reclamation were in
place. Unreclaimed tailings left U ore exposed to weathering, resulting in the spread of U and
other metals to surface water, groundwater, and sediments surrounding mine sites.

The North Cave Hills in Harding Country, South Dakota is one of those unreclaimed U
mine tailings sites. Open-pit mining began at this site in 1955 after U-containing lignite seams
were discovered and continued through 1967. (41) Because of the lack of reclamation
requirements, loose piles of overburden and ashed material were left behind, allowing for the
release of heavy metals, metalloids, and radionuclides into the surrounding watershed. Previous
work at the site identified the major metals in sediments in the surrounding watershed to include

Cu, Pb, Se, Th, As, U, and V. (40) Of these elements, U and As have the greatest potential to

! The work presented in Chapter 2 was modified from a manuscript published in Environmental
Chemistry with permission from CSIRO Publishing (http://dx.doi.org/10.1071/EN13129).
Special thanks to co-authors on the manuscript—Dr. Thomas Borch and Dr. James J. Stone.
With the exception of assistance with soil sampling by Lance N. Larson and Dr. James J. Stone,
laser ablation inductively coupled plasma mass spectrometry (ICP-MS), and sequential
extractions performed by Dr. Rong Wei, all work described here was performed myself. Laser
ablation ICP-MS performed by M. Lizabeth Alexander at the Pacific Northwest National
Laboratory’s Environmental Molecular Sciences Laboratory operated for the Department of
Energy by Battelle Memorial Institute. Standards used for linear combination fitting of X-ray
absorption spectra were provided by Dr. John R. Bargar, Dr. Juan S. Lezama-Pacheco, and Dr.
Peggy A. O’Day and by Robert T. Downs and the RRUFF library.
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threaten the local water supply because of their redox-sensitivity, solubility, and their
concentration levels at the North Cave Hills. Uranium and As were previously found in near-
source and watershed sediments at levels above their respective background concentrations of 4
mg/kg and 27 mg/kg. (41) Near-source surface water U and As concentrations as measured by
Larson, et al. were above the Environmental Protection Agency (EPA)’s maximum contaminant
levels (MCL) which are 30 ppb and 10 ppb for U and As respectively. (48) Down gradient of the
tailings is a wetland followed by Crooked Creek that flows to the Bowman Haley Reservoir,
which is open to the public for recreation (Figure 2.1). Larson, et al. have previously shown that
heavy metal accumulation in the reservoir is the result of local U mining activity. (49)

U and As have differences in mobility under similar redox conditions. Under oxic
conditions and environmentally relevant pHs, U is present as aqueous U(V1) species, including
UO,(OH), and UO,(OH)5". (12) When carbonate and/or calcium is also present, U(V1) can form
uranyl-carbonato and/or uranyl-calcium-carbonato complexes including (UO,),CO3(OH)*,
UO,(CO3),%, UO,(CO3)3*, Ca,U0,(COs5)s’ and CaUO,(COs)s”. (3, 50) These complexes have
high solubility, limiting U(VI) adsorption to Fe oxy(hydr)oxides and sediments when calcium
and carbonate are present. (3, 8, 12, 51) Under anoxic conditions, U can be present as molecular
U(IV), nano-uraninite, or the most stable and least soluble of the reduced forms, crystalline
uraninite (UO,). (20, 21, 52, 53) While U is less mobile in its reduced forms than in its oxidized
forms, As is generally more mobile in its reduced form as As(l11). (41, 54-56) Arsenic can
adsorb to iron oxides under environmental pH as both As(I11) (H2AsOs°) and As (V) (H2AsOy,).
(37, 40) Although As(111) has a greater sorption affinity to iron oxides than does As(V) at pH 7,
As(V) binds more strongly to iron oxides and is not as easily desorbed and released into surface

waters as As(I11). (37, 38, 41) In addition to having greater mobility, As(I11) is more toxic to
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humans than As(V). (43, 49) As(l11)-sulfide mineral phases with low solubility, such as realgar
(As4S4) and orpiment (As,S3), can also form under anoxic conditions, but because Fe-sulfide
mineral formation is favored, As(l11) is most commonly found in its dissolved form. (12, 36, 57)

Iron and sulfate biogeochemical cycling can control the mobility of U and As. Studies of
abiotic reduction of U(V1) by Fe(ll) in soils have shown that U(V1) can be reduced by adsorbed
Fe(I) and by structural Fe(ll), to a limited extent. (3, 50, 58, 59) Uranium can also be reduced by
biogenically produced or synthetic Fe-sulfide and by aqueous sulfide under anoxic conditions.
(15, 16, 55, 60, 61) Enzymatic reduction of U(V1) has been observed by iron and sulfate
reducing bacteria. (17, 62) While both As(l111) and As(V) can be adsorbed to iron minerals, As
can be released, not only by desorption, but by microbial reduction of iron mineral phases,
resulting in mineral dissolution. (63) Arsenic has been shown to be released during microbial
reduction of sulfate to sulfide, resulting in thioarsenate formation.(45) In addition, As(V) can be
reduced by dissimilatory metal reducing bacteria or by bacteria as a detoxification mechanism to
form less toxic methylated As(I11). (29, 64, 65) Thermodynamically, As(V) reduction is favored
over Fe(ll1) and sulfate reduction. (66) Uranium and As may also control the solubility of each
other in the environment. Recently, U and As have also been found to form uranyl arsenate
surface complexes with aluminum oxide at pH 5-12 and uranyl arsenate aqueous complexes and
precipitates under acidic conditions in the laboratory. (67, 68) Little is known about the
formation of uranyl arsenates in the environment, but their effect on mobility of U and As should
be considered in environments where both elements are present.

Previous studies at the North Cave Hills have tried to determine major mechanisms
controlling U and As transport and fate at the site. Kipp, et al. found that both aerobic and

anaerobic processes in sediments play a role in U and As transport by comparing their

12



concentrations to that of thorium—a metal that is not sensitive to environmental redox changes.
(40) While U and As concentrations fluctuated with distance from the tailings pile, thorium,
which was used as a naturally occurring conservative tracer, steadily decreased suggesting that,
in addition to erosion, redox-promoted transport may be significant. (40) The study also
determined that U and As were primarily associated with the Fe oxide fraction of collected soils,
further emphasizing the need for a better understanding of Fe controls on U and As fate at this
site. Larson et al. looked at the seasonal variation of U and As speciation in North Cave Hills
sediment pore waters, concluding that seasonal changes in redox conditions will continue to
promote release of U and As as a result of reductive Fe oxide dissolution. (48) Agueous surface
water and pore water Fe, U, and As concentrations measured by Larson et al. complement
sediment concentrations measured in our study.

Although As can occur in U ore at concentrations up to 10 weight%, (30) the fate and
transport of both U and As at U mine tailings has not been previously investigated at any other
field sites. However, U geochemistry has been studied extensively in Rifle, Colorado and other
mill tailing sites. (3, 5, 55, 69) At these sites, U immobilization can occur with reduction to
U(IV) or when U(VI) forms stable precipitates with e.g., dissolved phosphate. (3, 52, 70, 71)
Stucker, et al. discovered that As was released to Rifle, CO groundwater during bioremeditation
of U. (45) Donahue and Hendry studied As transport at a U mill tailing in Canada and found that
As is primarily present as calcium arsenates, which could dissolve into site pore water resulting
in concentrations of up to 126 ppm As. (30, 46) Arsenic was also found to be adsorbed to
ferrihydrite resulting in long-term stability under site conditions, preventing aqueous As
transport. (30, 47, 72) The majority of these studies have focused on the geochemistry and

stability of U or As in tailings piles rather than physical and chemical controls on down gradient
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Table 2.1. Sampling location information including latitude and longitude coordinates, soil
redox measurements (mV), and surface water pH.

(Ziet: IIZ\ilglrJnrte)elr) Location Name Latitude/Longitude F(Qrenol(/))x pH
1 Top of the Tailings 1%326%25;0 328 —
2 Middle of the Tailings 41%%6754%07’; 237 —
3 Toe of the Tailings 41%3267235250 408 —
4 Sedimentation Pond 41%??21;8111; -25 7.1
5 Pond Outlet 41%3?[11[;7026} 160 —
6 Pete’s Creek Wetland 1%3255%7750 -79 7.3
, fommwe  mma g o

transport of both elements in the same study.

Due to the dissimilarity of these co-contaminant metal redox pairs, and due to negative
health effects associated with both U and As, it is essential to understand the processes that
promote the retention and redox transformation of U and As within mining-impacted watersheds
such as the North Cave Hills, South Dakota. (73, 74) Thus, the goal of this work is to determine
how sorption and redox processes within various sites (e.g., tailings pile, sedimentation pond,
wetlands, reservoir) control the down-gradient transport of U and As at an unreclaimed uranium

mine tailing site.
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the South Dakota Climate and Weather’s Automatic Weather Data Network. The left axis

corresponds to temperature (dashed line) and the right axis corresponds to precipitation (solid
line).

Materials and Methods

Study Site and Sample Collection

Samples were collected from nine previously established locations including the North
Cave Hills mine tailings and the surrounding down gradient watershed. (40, 41, 48) Locations
were selected based upon variation in redox conditions and U and As concentrations in
sediments and pore water from past studies (Figure 2.1, Table 2.1). (41) All samples were
collected in late June of 2009, at the beginning of the rainy season (Figure 2.2). Three samples
were collected from the tailings pile, including the top of the pile (1), the middle of the pile’s
eastern slope (2), and the toe of the pile (3) prior to entering a sedimentation pond. The
collection site at the base of the pile was selected because of evidence of recent erosion and

rainwater transport. The fourth sampling site is at the inlet to the sedimentation pond located
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about 0.7 km downstream of the tailings pile (4). The pond is intended to capture sediment from
the tailings pile to prevent physical transport (erosion) into Pete’s Creek. The fifth sampling site
is at the sedimentation pond’s outlet pipe draining into Pete’s Creek (5). The next sampling
location is within the sediment deposition zone surrounding Pete’s Creek referred to as Pete’s
Creek Wetland (6), approximately 2 km from the tailings pile. Pete’s Creek then connects to
Crooked Creek, which leads into the Bowman-Haley Reservoir, 45 km down gradient of the
tailings pile. The final sampling location is at the inlet to the reservoir, referred to as Bowman-
Haley Backwaters (7).

At the time of sample collection, the oxidation-reduction potential (ORP) was measured
using a handheld meter and ORP probe (Hanna Instruments 9025) by inserting the probe into the
moist soil. The pH of surface waters was measured at sampling locations where soils were
submerged. Two cores were collected at each sampling location, one preserved anoxically for
determination of metal speciation and one collected for determination of total metal content. Soil
cores were collected using a stainless steel soil corer lined with a polyethylene tube
approximately 30 cm long. Both soil cores were preserved by immediately capping the tubes and
sealing the caps with wax. The soil cores were then stored on ice for up to 2 days and transported
to an anaerobic chamber in the laboratory. Because of the loose sediment material at the
Bowman-Haley reservoir, an anoxic soil core was not preserved. Anoxic cores were divided into
5 cm sections by depth and allowed to dry in the anaerobic chamber. Once dry, soil samples
were ground by mortar and pestle and passed through a 2 mm sieve. For long-term storage,
samples were transferred into 125 mL airtight crimp-sealed bottles. For some analyses, samples

were homogenized by taking equal masses of soil from each of the 5 cm sections of each core.
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Samples were combined using a mortar and pestle. For the majority of analyses, the top 5 cm of
the soil core were used.

Laboratory methods

Soil texture analysis for homogenized dry samples was performed by Colorado State
University’s Soil Testing Laboratory. The clay-sized fraction of the homogenized dried soils was
separated and prepared for analysis by X-ray diffraction (XRD) with a Scintag X2 theta-theta
powder diffractometer with a Peltier detector and Cu X-ray tube at Colorado State University
Department of Chemistry’s Central Instrument Facility. The X-ray source was operated at 40 kV
and 40 mA. Soluble salts and carbonates were removed from soils by washing with 1 M HCI.
(75) Soils were washed and centrifuged and the solution was decanted. This process was
repeated several times until the soil was no longer suspended in solution. Soil was then
transferred into a beaker and 30% H,0O, was added to remove organic material. (76) The solution
was covered with a watch glass and heated to 70 °C until bubbling had subsided. Soils were then
passed through a 63 um sieve (mesh size #230) to remove the sand fraction. The clay fraction
was separated from the silt fraction by centrifuging repeatedly with sodium hexametaphosphate
at 2 minutes at 600 rev/min at 20 °C until the solution remained clear. (77) Upon isolating the
clay-sized fraction, each sample was treated in three different ways, Mg-saturated air-dried, (78)
Mg-saturated glycerol solvated, (79) and K-saturated air-dried (78) and then filtered onto Isopore
membrane filters (5.0 um TMTP, Millipore) and transferred to microscope slides, (80) allowing
for the identification of smectite, vermiculite, chlorite, mica, gibbsite, and kaolinite.

Total sediment metal concentrations were determined by total digestion of a 1.0 g sample
from the top 5 cm of soil cores by the method described by Soltanpour, et al. (81) The resulting

digestions were analyzed by Inductively Coupled Plasma Mass Spectrometry (ICP-MS) (Perkin
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Elmer Elan DRC II) for U and As concentrations and Inductively Coupled Plasma Optical
Emission Spectroscopy (ICP-OES) (Thermo Scientific Iris Intrepid 1) for Fe at Colorado State
University’s Soil Testing Laboratory. Sequential extractions were performed separately for
analysis of U and As. Extraction procedures for As were based upon Huang and
Kretzschmar.(82) Steps 1, 3, 5, 6, and 7 were performed to extract soluble and exchangeable,
manganese oxide associated, poorly crystalline Fe and Al (hydr)oxide associated, sulfide
associated, and crystalline Fe and Al (hydr)oxide associated As, respectively. To measure
concentrations in the residual fraction, 5 mL of concentrated HNO3; was added to the remaining
sediment and heated at 85 °C for 3 hours, rather than using X-ray fluorescence. (71, 83)
Sequential U and As extractions were also performed based upon a modified method from
Tessier et al. as described in Salome et al. (71, 84) Extracts were also analyzed for both U and As
by ICP-MS. Total carbon measurements were also performed on a Shimadzu TOC-L at Colorado
State University’s EcoCore Analytical Laboratory.

X-Ray Absorption Spectroscopy (XAS)

All XAS samples were taken from the homogenized top 5 cm of the dried soil cores.
Samples were analyzed at the Stanford Synchrotron Radiation Lightsource (SSRL) in Menlo
Park, CA. All anoxic soil preparations occurred within an anaerobic chamber containing 95% N,
5% H,. Samples were placed into a Teflon holder sealed by a Kapton polyimide film to prevent
oxidation while minimizing X-ray absorption as previously described. (85) X-ray absorption fine
structure (EXAFS) spectroscopy was used to characterize Fe mineralogy. X-ray absorption near-
edge fine structure (XANES) spectroscopy was performed to determine the valence state of U
and As. XAS was performed at beamline 11-2 (26-pole wiggler), 10-2 (30-pole wiggler), and 7-3

(20-pole wiggler) at SSRL. The ring operates at 3 GeV with a current of 450 mA. During data
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collection, As samples were maintained at a temperature of 5 K to prevent beam-induced redox
reactions using an Oxford Instruments CF1208 continuous flow liquid helium cryostat. (86)
Energy selection was accomplished with a Si (220) monochromator. All Fe EXAFS spectra were
collected in fluorescence mode with a wide-angle collection ionization chamber (Lytle detector).
U and As XANES spectra were collected in fluorescence mode with a 30-channel Ge detector.
EXAFS spectra are collected from -200 to +1000 eV around the K-edge of Fe (7111 eV). For U
and As, XANES spectra were collected from -150 to 450 eV around the L;-edge of U (17176
eV) and the K-edge of As (11876 eV). Between 2 and 3 spectra were averaged for each sample.
U and As spectra were fit by linear combination fitting of normalized XANES spectra in Athena
between -20 and +25 eV from 17178 eV for U and -20 and +35 eV from 11873 eV for As. (87)
Uranium reference compounds included uranyl acetate and uraninite. (88) Arsenic reference
compounds included As(l11) adsorbed to goethite, As(V) adsorbed to goethite, (86) and orpiment
(As,S3). Standards of As adsorbed to goethite were prepared according to Amstaetter, et al. by
adding 1.2 mg/L of sodium arsenite and sodium arsenate to a 5.4 g/L suspension of goethite
(Bayferrox 920 Z, LANXESS Deutschland GmbH).(86) Orpiment was obtained from the
RRUFF database at University of Arizona Mineral Museum and was originally from Mercur,
Utah. Linear combination fitting of k>-weighted Fe EXAFS spectra was performed from 3 to 12
k (A™) using Athena. (87) All references were chosen based on their likelihood of being a soil
component. The Fe EXAFS spectrum of smectite (SAZ-1) was obtained from Dr. Peggy O’Day
at University of California, Merced. (89) Compounds were only included in the fit if the
contribution was a fraction greater than 0.05. Fits are approximately within £5% of the mole

percentages. (85)
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Results and Discussion

Geochemical Characterization of Field Site

Soil redox measurements were taken at each of the sampling locations (Table 2.1). The
redox potential varies from site to site, with the tailings pile and the pond outlet being oxic to
suboxic. All of the sites that were under surface water were anoxic: the sedimentation pond,
Pete’s Creek wetland, and Bowman-Haley backwaters. pH measurements were only taken at
locations where surface water was present above the sampled soil core (Table 2.1). pH readings
were 7.1 and 7.3 for near-source sampling locations and 8.6 at the Bowman-Haley backwaters
sites. Total carbon measurements and elemental analysis for each sampling site are shown in
Table 2.2. Previous work at the North Cave Hills has found surface waters around the area to be
between pH 7 and 10 and to have high alkalinity with CaCO3 concentrations up to 300 mg/L.
(41)

Iron is redox sensitive, abundant in soils, and known to influence U and As mobility in
soil and sediments. (54) Total Fe concentrations in the top 5 cm of soil from each sampling site
are shown in Figure 2.3. The concentration of solid phase Fe was greater at sites downstream of
the sedimentation pond. The top, middle, and bottom of the tailings pile and the sedimentation
pond ranged from 8,180 to 9,780 mg/kg total Fe, while the samples collected from the pond
outlet, Pete’s Creek Wetland, and Bowman-Haley Backwaters contained 14,100 to 17,700 mg/kg

total Fe. The highest concentration of Fe was measured at the sedimentation pond’s outlet at
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Figure 2.3. Total concentrations of solid phase iron, arsenic, and uranium in the top 0-5 cm of
sediment cores as determined by total soil digestion followed by ICP-MS. The left axis
corresponds with iron, indicated by the dashed line. The right axis corresponds with arsenic and
uranium, indicated by solid lines. Error bars indicate one standard deviation from the average of
triplicate digests.

20,800 mg/kg. The high concentration at the pond outlet indicates that dissolved Fe(ll) and
suspended iron oxides are accumulating in the pond water and are then carried downstream
through the pond outlet. Although relatively low aqueous Fe(ll) concentrations (2 mg/L) were
measured in the pond by Larson, et al., oxidative precipitation of dissolved Fe(ll) may, in part,
be responsible for accumulation of Fe(l11) oxides at this sampling location, Pete’s Creek wetland,
and Bowman-Haley backwaters sites. (48) Of the total extracted Fe, only 55% was in crystalline
form at the pond outlet compared to 75% in the pond (Figure 2.4). The greater fraction of
amorphous and exchangeable Fe at the outlet compared to that at the pond suggests that

precipitation of amorphous iron oxides such as ferrinydrite occurs at the outlet (Figure 2.4).
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Figure 2.4. Sequential extractions of sediment-associated iron. Bars indicate percent
exchangeable (white), amorphous (dashed), and crystalline (gray) iron of the total extracted iron.
Error bars indicate one standard deviation from the mean of triplicate extractions.

The distribution of soil iron minerals was determined by linear combination fitting (LCF)
of EXAFS data in k-space (Figure 2.5, Figure 2.6, Table 2.3). Based on LCF-EXAFS, the iron
mineral composition at the site is primarily made up of iron-bearing silicates including smectite
and augite. At all three of the tailings pile sampling locations, the dominant Fe-bearing mineral
was smectite (35-54%), while at the down gradient locations the dominant Fe-bearing mineral
was augite (31-86%). All of the spectra were fit including ferrosmectite and goethite as
standards, in addition to using smectite and augite. Goethite, an iron oxy(hydr)oxide, could form
by precipitation at the pond outlet (30%) following dissolution of amorphous iron hydroxides

like ferrihydrite which can occur in the reducing environment of the sedimentation pond. (90)
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Figure 2.5. Linear-combination fits (dots) of iron EXAFS spectra (solid lines) from all of the
sampling locations. The reference compounds used in fitting are plotted at the bottom for
comparison.
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Table 2.3. Summary of Fe EXAFS linear-combination fitting.

Location Name 9% Smectite % Ferrosmectite % Goethite %o Augite R factor

Top of the 51.6 23.9 71 174 0.068693
Tailings
Middle of the 35.3 0 33.1 315  0.041328
Tailings
Toe of the 54.3 17.4 4.6 237 0.020924
Tailings
Sed"ggrr]‘éa“o” 31.0 17.9 155 356  0.029843
Pond Outlet 13.0 27.0 29.5 305  0.018432
Pete’s Creek
W 27.9 17.0 14.4 407 0.023450
Bowman-Haley 9.7 48 0 855  0.065118
Backwaters
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Clay X-ray diffraction resulted in similar diffraction patterns for all of the sampling sites,
confirming the presence of smectite and goethite in site sediments. Analysis of the clay XRD
patterns identified mica, kaolinite, and gibbsite at all of the sampling locations (Figure 2.7).

Geochemical Controls on U Transport

Uranium surface sediment concentrations vary, based on our limited number of sampling
sites, within the tailings pile, but are consistently low at all other sampling locations. The highest
concentration of total U among the sampling sites, as determined by total digestion, was found at
the toe of the tailings (25 mg/kg). High concentrations may be found there because of the
deposition of sediment resulting from weathering of the tailings pile. All sites downstream of the
toe of the tailings have total U concentrations between 0 and 15 mg/kg in surface sediments as
determined by total digestion (Figure 2.2). In addition to being determined by digestion, total
sediment concentrations for uranium were determined by laser-ablation ICP-MS (Figure 2.8a).
Sediment U concentrations determined by total digestion follow the same trend by site as by
laser ablation with the exception of the top of the tailings (7 and 64 mg/kg respectively) and the
pond outlet (12 and 33 mg/kg respectively), which were both determined to be greater by laser
ablation. Laser-ablation ICP-MS determines concentration by ablation of a spot 50 pm in
diameter of the sediment sample, so concentrations may be greater if an area containing
mineralized U was analyzed. (91) With the inhomogeneity of the sediment at the top of the
tailings pile, this result is not unexpected. Background level U sediment concentrations were
previously determined to be 4 mg/kg. (41) The Bowman-Haley backwaters site was the only site
with U concentrations below background level as measured by total digestion.

Low sediment concentrations down gradient of the tailings pile may be the result of the

sedimentation pond, either by serving its purpose to prevent down gradient sediment transport or
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Figure 2.7. X-ray diffraction pattern of clay sediment fraction from the sedimentation pond
sampling site. Diffraction peaks are labeled with their corresponding clays and minerals.
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Figure 2.8. Total concentrations of solid phase uranium (a) and arsenic (b) in the top 0-5 cm of
sediment cores as determined by total digestions analyzed by ICP-MS (dotted lines) and by laser
ablation ICP-MS (solid lines). Error bars on the total digest values indicate one standard
deviation from the average of triplicate digests.
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by promoting U reduction of dissolved U(VI) species to insoluble uraninite or to biomass-
associated molecular U(1V) (Figure 2). (53, 55) The redox conditions of the pond promote
microbial reduction of uranyl to insoluble uraninite that would settle to the bottom of the pond
and not be transported. (19) Alternatively molecular U(IV) associated with biomass may form on
sediments which would also settle to the bottom of the pond. (53) Sediment sulfur concentrations
(measured by Larson, et al.) and sediment Fe concentrations in the pond could allow for the
precipitation of amorphous FeS, following microbial reduction of sulfate and Fe(l11) oxy
(hydr)oxides, which can abiotically reduce uranyl to uraninite or non-uraninite U(1V). (48, 53,
55, 61, 92) Because of the low environmental sediment U concentrations, U XANES spectra
were only obtained for the top of the tailings, toe of the tailings, pond, and pond outlet (Figure
2.9, Figure 2.10, Table 2.4). Of the collected spectra, the U XANES spectrum from the pond
outlet was fit with the greatest percentage of U(1V) (45.1%). Similar to the reduced Fe observed
at the outlet, the presence of U(IV) at the outlet supports that uranium reduction is occurring in
the pond and uraninite or biomass-associated molecular U(IV) is settling out at the outlet. The
greater concentration of sediment U determined by laser-ablation ICP-MS than by total digestion
at the pond outlet also supports the presence of heterogeneously distributed mineralized U(IV) or
mineral associated U(V1). Although U(IV) forms can be oxidized to soluble U(V1) with exposure
to oxygen, U(1V) is likely to remain stable in the pond because oxygen exposure would not occur
without significant mixing of the pond water.

The distribution of uranium in soils as determined by sequential extractions (Figure 2.11)
shows little difference between sites of differing redox conditions, indicating that uranium may
be transported down gradient of the sedimentation pond mainly as sediment-associated uranium

rather than as dissolved U(VI1). Sequential extractions show that U is primarily associated with
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Figure 2.9. Uranium speciation as determined by linear-combination fitting of uranium XANES
spectra of sediments collected 0-5 cm from the surface. Spectra were fit with the following 2
reference compounds—uranyl acetate (white) and uraninite (gray). Components are plotted as
percent of the total, with approximately 5% error. The line indicates field ORP measurements
taken at a depth of 0-5 cm from the surface during field sampling

Table 2.4. Summary of U XANES linear-combination fitting.

Location Name % Uraninite* % Uranyl Acetate* R factor
Top of the Tailings 32.5 67.5 0.003771
Middle of the Tailings — — —
Toe of the Tailings 19.7 80.3 0.001874
Sedimentation Pond 26.4 73.6 0.001293
Pond Outlet 45.1 54.9 0.000481

Pete’s Creek Wetland — — _

Bowman-Haley
Backwaters

*Components represent reference compounds used for linear-combination fitting, not exact
identification of U(IV) and U(V1) forms present.
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Figure 2.10. Linear-combination fits (dots) of uranium XANES spectra (solid lines) from the top
of the tailings pile, toe of the tailings, sedimentation pond, and the pond outlet. The reference
compounds used in fitting are plotted at the bottom for comparison.

30



b
{3
=1

m

100 1

80 1 '[

60 1

[
[ =T 1]

Extracted U (mg/kg soil)
o
Extracted As (mg/kg soil)

40 4

-
(=)

E Exchangeable n Carbonates E FelAl (Hydr)oxides D Organics [ Residual

Figure 2.11. Sequential extractions of sediment-associated A) uranium and B) arsenic
determined by the method described in Salome et al., 2013. Bars indicate concentration of
uranium and arsenic associated with each fraction. Error bars indicate one standard deviation
from the mean of triplicate extractions.

the carbonate and phosphate mineral (acid extractable) fraction of sediment at all of the sampling
locations except for the toe of the tailings (Figure 2.11a). Based on the carbonate concentration
and pH of North Cave Hills surface waters, U is most likely associated with carbonate rather
than phosphate, including carbonate minerals such as calcite and aragonite. (84) U in the
carbonate mineral fraction is likely incorporated into carbonate minerals in source materials and
would not be released down gradient of the pond because calcite and aragonite have low
solubility under the neutral to basic pH conditions of the sampling locations. (1, 93) Aqueous U
concentrations in surface waters (in Larson, et al.) support the lack of solubilized U at down
gradient sites, with a U concentration 2 times background level (32.7 ug/L) measured at Pete’s

Creek wetland and a below background level concentration (5.14 pg/L) measured at the
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Bowman-Haley backwaters during summer sampling.(48) Aqueous U(VI) is expected to adsorb
preferentially to amorphous iron oxides in sediments rather than to carbonate minerals.(1) At the
top of the tailings, the pond, and the pond outlet, the amount of U associated with the iron
mineral fraction increases from the top and middle of the tailings pile which could indicate that
aqueous U(VI) is adsorbed to iron oxy(hydr)oxides at those sites. (8, 94) The sodium acetate
fraction (iron mineral-associated fraction) of the Tessier et al. method has also been shown to
extract U(IV), so increased U extracted in iron mineral fraction may also support the presence of
U(IV) in the pond and at its outlet. (84, 95)

Geochemical Controls on As Transport

Total As in sediments at the site does not simply decrease with distance from the tailings
pile, indicating that As transport is controlled by chemical processes in addition to physical
processes (Figure 2.3). Sediment As concentrations measured by total digestion are similar for
near-source sites including the tailings pile, the pond, and its outlet, ranging between 101 and
155 mg/kg, with the exception of the top of the tailings pile (Figure 2.3). The sediment As
concentration at the top of the tailings pile was 346 mg/kg. Surface sediment concentrations are
likely high at this sampling site because of the presence of As-containing minerals that were
brought to the surface during mining activity. The second highest As sediment concentration of
the sampling locations as measured by total digestion is at the pond outlet (155 mg/kg). Similar
to the U sediment concentrations, As sediment concentrations were measured by both total
digestion and laser ablation. Sediment As concentrations measured by the two methods follow
the same trend by sampling location with the exception of the sedimentation pond (Figure 2.8b).
The As concentration in the pond was greater when measured by laser ablation (324 mg/kg) than

by total digestion (102 mg/kg). This is likely due to heterogeneous distribution of As in the pond.
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Of the sites sampled in Larson, et al., surface water As concentrations were highest in the pond
(1260 pg/L). (48)

Reductive dissolution of Fe oxy (hydr)oxides promotes the release of adsorbed As and
likely occurs under the reducing conditions of the sedimentation pond, resulting in high aqueous
As concentrations in the pond and high sediment As concentrations at the outlet. (38, 66, 96) The
high fraction of amorphous Fe measured at the pond outlet (Figure 2.4) supports that reductive
dissolution occurs in the pond. Because As(l11) is more readily desorbed from Fe oxides than
As(V), release of As may also occur upon microbial reduction of As(V) to As(l11) under the
reducing conditions of the pond. (29, 38, 66) Larson, et al. found the As in sediment pore water
at the sedimentation pond to be 55-93% As(I11) during summer sampling, supporting that
microbial reduction and release from sediment is taking place. (48) Arsenic mobilized in the
pond is transported to down gradient locations where it is immobilized in oxic zones as As(ll1) is
oxidized to As(V) and adsorption to soil minerals occurs. (29) Downstream of the tailings pile by
2 km, the Pete’s Creek wetland site has an As concentration of 87 mg/kg, suggesting that
transport is limited past the pond. Surface water As concentrations are also lower at the Pete’s
Creek wetland site than at the pond (577 pg/L). (48) At the Bowman-Haley backwaters site, the
sediment As concentration is 2 mg/kg which is below the mean background level of 26 mg/kg
established by Stone, et al. (41) In addition, no detectable As was measured in surface water
samples at the backwaters site. (48)

The results of the Huang and Kretschzmar sequential extraction method indicate that As
is primarily found associated with the poorly crystalline Fe and Al oxide fraction (ligand-
promoted dissolution fraction) for all of the sampling sites with 45 to 80% of total As present in

that fraction (Figure 2.12). (82) This fraction may also include amorphous clay minerals, but
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Figure 2.12. Sequential extractions of sediment-associated arsenic obtained according to the
methodology developed by Huang and Kretzschmar, 2010. Bars indicate concentration of arsenic
associated with each fraction. Error bars indicate one standard deviation from the mean of
triplicate extractions.

XRD of the material remaining after each extraction step would need to be performed in order to
determine with certainty if clay minerals were dissolved. (82) The other method of extraction
based on Tessier et al. shows that As is primarily associated with the residual fraction (38-80%),
which includes phyllosilicates (clays) and inosilicates (Figure 2.11b). (84) This result indicates
that As may be present at the sampling sites associated with clay minerals. While clay minerals
have a lower affinity for As(l11) and As(V) than Fe oxy(hydr)oxides, they are the dominant Fe-

bearing minerals present in North Cave Hills soils according to linear combination fitting of Fe
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EXAFS spectra (Figure 2.6, Figure 2.5, Table 2.3). (97) Adsorption of As to clays at the pond
outlet may prevent down gradient As transport because complete desorption of As from clay
minerals is not shown to occur under the pH conditions of the North Cave Hills. (97)

An As-sulfide mineral phase (orpiment) was found to be present at the top of the tailings
pile as determined by As XANES linear-combination fitting, which implies that As minerals
were brought to the surface during mining (Figure 2.13, Table 2.5). These As-bearing minerals
release As to down gradient areas during weathering or oxidative dissolution at the site’s near-
neutral pH conditions. (98, 99) In addition to the top of the tailings, fits of As XANES spectra
from Pete’s Creek wetland and Bowman-Haley backwaters, both reduced sampling sites, were
improved when orpiment (As,S3) was included as a reference compound (Figure 2.13, Table
2.4). Larson, et al. determined that formation of orpiment is thermodynamically favorable at the
reduced areas surrounding the North Cave Hills based on dissolved As(111) and SO4*
concentrations at the Bowman-Haley outlet. (48) Newman, et al. found that precipitation of
As(111)-sulfides occurs following As(V) and SO,* reduction, both of which are likely to take
place under the redox conditions of the sites. (100) As(l11)-sulfides can also form after adsorbed
As(111) is incorporated into the structure of precipitated metal-sulfides. (101) Pete’s Creek
wetland and Bowman-Haley backwaters have the highest percentage of As(l11) of the sampling
sites (60-70%), so incorporation may take place (Figure 2.13, Figure 2.14, Table 2.4). There is
no direct evidence for the presence of metal sulfides at the sites, but the sediment sulfur
concentrations in Larson, et al. were highest at the Bowman-Haley backwaters site. (48)
Although the As XANES spectra were best fit with an orpiment reference, the specific As(l11)-

sulfide mineral could not be identified conclusively without EXAFS information. However,
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Figure 2.13. Arsenic speciation as determined by linear-combination fitting of arsenic XANES
spectra of sediments collected 0-5 cm from the surface. Spectra were fit with the following 3
reference compounds—arsenate adsorbed to ferrihydrite, arsenite adsorbed to ferrihydrite, and
orpiment. The line indicates field ORP measurements taken at a depth of 0-5 cm from the surface
during field sampling.

Table 2.5. Summary of As XANES linear-combination fitting. The R factor is the normalized
sum of the difference between the model and the fit.

% As(l11) % As(V)
Location Name % Orpiment* adsorbed to adsorbedto R factor
goethite* goethite*
Top of the Tailings 30.1 0 69.9 0.014789
Middle of the Tailings 0 11.3 88.7 0.003969
Toe of the Tailings 0 13.8 86.2 0.002586
Sedimentation Pond 0 33.0 67.0 0.001037
Pond Outlet 0 43.8 56.3 0.001209
Pete’s Creek Wetland 17.6 40.8 41.6 0.000903
B%";L“kf;;:ear"sey 25,0 38.3 368  0.006110

*Components represent reference compounds used for linear-combination fitting, not exact
identification of As-S mineral, As(l11), and As(V) forms present.
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Figure 2.14. Linear-combination fits (dots) of arsenic XANES spectra (solid lines) from the
middle of the tailings pile, sedimentation pond, and Pete’s Creek wetland. The reference
compounds used in fitting are plotted at the bottom for comparison.

EXAFS spectra could not be collected for these samples due to low environmental

concentrations. Examples of As XANES data and fits can be seen in Figure 2.10.

Environmental Implications

The results of this study illustrate that a combination of wet chemical analysis, XRD, and
X-ray absorption spectroscopy can be successfully applied to help elucidate major mechanisms
controlling the fate and transport of U and As in complex natural systems such as abandoned
mining sites. Here we show that sedimentation ponds used to prevent physical transport of U and
As from mine tailings are likely to also result in reduction of U(VI) and As(V). Reduction of

U(VI) to U(1V) will further limit down gradient transport of aqueous U. On the other hand,
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As(V) reduction in the pond is clearly shown to promote aqueous transport of As(l11) due to
either reductive dissolution of Fe oxy(hydr)oxides, an important sorbent for As, or direct
reduction of sorbed As(V) resulting in formation of aqueous As(I11). Although As is mobilized
within the sedimentation pond and accumulating at the pond outlet, sediment and surface water
concentrations at the furthest (45 km) down gradient sampling site, the Bowman-Haley
backwaters, are below background levels. (48) Our findings suggest that As was immobilized
due to As(V) adsorption to clays or Fe oxy(hydr)oxides in oxic zones or mineralization of As(I11)
to As(l11)-sulfides in anoxic zones such as within Pete’s Creek wetland. In contrast, the U
concentration did not vary much between the sedimentation pond and the down gradient sites.
Although U was measured in sediments at two times background levels at the Bowman-Haley
backwaters site by laser ablation ICP-MS, U does not pose a risk to human health at that level by
any type of acute or chronic exposure. (42) In order to better elucidate the molecular structure
and interactions between U and As, and with soil minerals, high quality EXAFS spectra are
needed. However, this study shows that it can be very challenging to obtain bulk EXAFS spectra
due to low (<100 ppm) environmental concentrations indicating that future studies should
include micro-focused XAS techniques in order to obtain an improved understanding to further

advance best managing practices or reclamation strategies for mine tailings. (102)
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CHAPTER 3

IMPACT OF BIOSTIMULATION ON AS AND U REDOX CHEMISTRY IN MINE

TAILINGS SEDIMENTS

2

Introduction

Because reclamation was not required when U mining began, the transport of heavy
metals and radionuclides from unreclaimed U mine and mill sites has resulted in contaminated
surface and groundwater in addition to millions of cubic meters of contaminated tailings
worldwide. (3) Stimulation of microbial activity in contaminated sediments has been used to
immobilize heavy metals and radionuclides in order to prevent their transport. (103) For U in
particular, biostimulation is used to reduce soluble U(V1) and immobilize it as uraninite (U'VO,).
Uraninite formation can occur by direct enzymatic reduction of U(V1) by iron and sulfate-
reducing bacteria (19, 62, 104-106) or by indirect reduction by sulfide (15, 107) or adsorbed or
structural Fe(I1) (13, 14, 59, 92, 108-115). Reactive Fe(ll) sulfide mineral phases such as pyrite
(Fe2S) and mackinawite (FeS) can form in biostimulated systems and abiotically reduce U(V1).
(16, 55, 60, 61, 116-119) The reduction of U(VI) has been widely studied in natural U-
contaminated sediments in microcosms (120-126), column systems (53, 127-129), and in field
studies. (130-133) In order to stimulate microbial activity, electron donors (i.e. ethanol, acetate,
lactate, glucose) are added to sediments, often promoting the growth of a specific microbial

community depending on the selected donor. While studies have examined the shifts in microbial

2 Standards used for linear combination fitting of X-ray absorption spectra were provided by Dr.
John R. Bargar, Dr. Juan S. Lezama-Pacheco, and by Robert T. Downs and the RRUFF library.
All work presented in this chapter was carried out by primarily by me with the exception of
sequential extractions performed by Dr. Rong Wei. Special thanks to collaborators—Dr. James J.
Stone, Dr. Juan S. Lezama-Pacheco, and Dr. John R. Bargar.
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communities upon electron donor addition, few have studied how specific electron donors affect
the extent of U(V1) reduction in biostimulated sediments. (134-137)

Uranium and As are commonly found together at sites of historic U mining or milling
because As occurs naturally in U ore up to 10 weight percent. (3) The simultaneous remediation
of U and As poses a challenge because of the difference in U and As mobility under similar
redox conditions. As previously discussed, U can be immobilized as uraninite—a reduced form
of U. In addition to producing long-range ordered, crystalline uraninite, some biostimulation
experiments have observed that reduction of U(V1) can result in nanocrystalline UO, and
molecular U(1V) which may have different implications for the mobility of reduced U. (23, 53,
138) While U(1V) is the less mobile form of U, As tends to be more mobile as its reduced form
(As(I11)). When present in its oxidized form (As(V)), As readily absorbs to mineral surfaces
under environmental pH. (37, 38) Although U and As are common co-contaminants, no
laboratory studies have examined both As and U redox behavior together in sediments. When the
aqueous or sediment concentrations of As have been measured over time in biostimulation
experiments, studies suggest that As release may occur during U bioremediation. (45, 124)

When present together, U and As can also interact with one another in their oxidized
forms. Arsenate (As(V)), which can serve as an analog for phosphate, may form ternary
complexes with uranyl (U(VI)) on the surface of Fe oxy(hydr)oxides present in soils. (24, 25,
139) Arsenic and U can also form uranyl arsenate aqueous complexes or mineral precipitates,
such as trogerite (UO,HASO,  4H,0), depending upon their concentrations and solution pH. (67,
68, 140) Little is known about how As and U affect the mobility of one another or how redox
changes affect the stability of uranyl arsenate minerals.

The North Cave Hills in Harding County, South Dakota is a site of historic U open-pit
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mining. Both physical and chemical transport of As and U at this site have been previously
characterized. (40, 48, 141) Arsenic has been shown to be mobilized from sediments in anoxic
zones down gradient from the tailings pile, while U transport from these anoxic zones is limited.
In addition to these findings, Larson et al has shown that As and U mobility differs with seasonal
changes in precipitation and environmental redox conditions. While previous studies have
examined the behavior of As and U in the field, this work will examine their behavior in field
sediments under a controlled laboratory environment. The goal of this work was to examine how
changes in redox chemistry affect speciation of As and U present in North Cave Hills sediments
in order to understand the mobility and fate of As and U when present in a system together. A
secondary goal of the experiment was to compare the extent of As and U reduction in the
presence ethanol, acetate, and lactate—three common electron donors used in the biostimulation

of native bacteria in sediments.

Materials and Methods

Field sample collection

The sediment used in the batch experiments was collected from a sedimentation pond at
the base of the North Cave Hills mine tailings. A soil core was collected using a stainless steel
soil corer lined with a polyethylene tube approximately 30 cm long. The sediment core was then
stored on ice and transported to an anaerobic chamber in the laboratory. The 30 cm sediment
cores were homogenized and then frozen for long-term storage.

Batch experiments

The composition of synthetic surface water (SSW) was based upon the average
concentration of ions in North Cave Hills surface waters and prepared using a protocol described

by Smith, et al. (142) The concentrations of each chemical in the final SSW are shown in Table
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Table 3.1. The composition of the synthetic surface water used as the media in the batch
experiments. Concentrations were based on concentrations of sampled surface water from
locations surrounding the North Cave Hills.

Chemical mM
MgSO4 1.07
CaCl,-2H,0 0.0257
Ca(NOs),4H,0 0.00600
CaCOs 0.506
KHCO;3; 0.783
Na,SO4 1.12
NaHCO; 1.76

3.1. All batch experiments were conducted in 125 mL crimp-sealed serum bottles. Individual
stock solutions were prepared of 16.8 mM uranyl acetate, 16.8 mM sodium arsenate
(NazHAsO,4-7H,0), 1 M sodium acetate, 1 M sodium lactate, 1 M ethanol, and 10 mM
ammonium chloride (NH4CI) in DDI water. All stock solutions were filter sterilized (Nalgene 0.2
um sterile Nylon) into autoclaved bottles and purged overnight with ultra high purity N, and then
transferred into an anaerobic chamber. The concentration of ammonium chloride added to batch
experiments was based on the concentration used in Jeon et al. (143) Prior to the set up of the
individual serum bottles, the thawed sediment was incubated in four 500 mL bottles at a
concentration of 100 g/L in an anaerobic chamber including three bottles containing 10 mM
sodium lactate, sodium acetate, or ethanol each, and one bottle without added electron donor.
Bottles were stirred continuously for 7 days in order to encourage growth of native bacteria. The
resulting agueous phase of the microbial incubations was decanted into a new bottle. Eight

replicate serum bottles were prepared anoxically with final concentrations of 10 g/L of thawed

42



sediment, 10 mM sodium acetate, sodium lactate or ethanol, 5 mL of the appropriate microbial
incubation, and 100 uM NH4CI. All bottles were filled with purged SSW to a total volume of
100 mL. Six replicate serum bottles were prepared anoxically for sterile systems containing 10
g/L autoclaved thawed sediment, 5 mL of autoclaved microbial incubation without electron
donor, and 100 uM NH4CI. All serum bottles were crimp-sealed and removed from the anaerobic
chamber in order to be placed on a table shaker. Bottles were returned to the anoxic chamber for
sampling and were sampled upon initial setup and every four days (1 mL) by syringe and filtered
(VWR 0.2 um Nylon) in the anaerobic chamber. After 4 days of reaction time, sodium arsenate
and uranyl acetate stock solutions were added to each bottle to a final concentration of 168 uM
in order to allow the bacterial community time to acclimate before the As(V) and U(V1)
additions. One mL samples were also taken immediately following the sodium arsenate and
uranyl acetate additions. Bottles were vacuum filtered (Acetate Plus 5 um) after 5 days of
reaction immediately following U and As addition and after 44 days of reaction. The sediment
from each bottle was dried in the anaerobic chamber. If replicate bottles were filtered at the same
time, sediment was homogenized for analysis using a mortar and pestle. One bottle from the
eight replicates was filtered on day five—24 hours after the sodium arsenate or uranyl acetate
addition. Three bottles from each treatment were filtered after 44 days of reaction time. In
systems that initially did not contain any uranyl acetate, 168 uM uranyl acetate was added to four
bottles on day 44 and then allowed to react for an additional 48 hours before two of them were
filtered. This additional experiment was performed because of the lack of change over the 44 day
period observed in bottles that initially contained U(V1). Oxidation experiments were performed
on the remaining two bottles by opening them up to air and placing them back on the shaker

plugged with cotton stoppers. The final two bottles were then filtered following 24 hours open to
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air. The batch sample used for Fe EXAFS was taken from three serum bottles containing ethanol
as electron donor. These bottles was allowed to react for 60 days rather than the 44 day time
period to ensure that changes in Fe mineralogy were detectable by bulk Fe K-edge EXAFS.

Aqueous analysis

The aqueous samples that were taken every 4 days were analyzed for several different
analytes. Dissolved Fe(ll) concentrations were measured using the ferrozine method and an Eon
Biotek microplate reader. (144) Acetate and sulfate concentrations over time were determined by
ion chromatography (Dionex 1CS-2100). Total As and U concentrations were measured using an
inductively coupled plasma mass spectrometer (ICP-MS) (Perkin Elmer Elan DRC I1). Fe
sequential extractions were also performed on selected filtered sediments based on the method
described in Roden, et al. (145) Adsorbed Fe(ll) and Fe(l11) were extracted using 1 M sodium
acetate. Amorphous Fe(ll) and Fe(l11) were extracted using a pH 3 ammonium oxalate solution.
Total crystalline Fe was extracted using a pH 4.8 solution of sodium citrate with the addition of
sodium dithionite. All extracts were analyzed for Fe using the Ferrozine method. (144)

X-ray absorption spectroscopy

Samples were analyzed at the Stanford Synchrotron Radiation Lightsource (SSRL) in
Menlo Park, CA. All preparation of anoxic filtered sediment samples took place in an anaerobic
chamber. Samples were placed into a Teflon holder surrounded by Kapton polyimide film to
prevent oxidation while minimizing X-ray absorption. Extended X-ray absorption fine structure
(EXAFS) spectroscopy was used to characterize Fe mineralogy before and after reaction. Fe
EXAFS collection was performed at beamline 4-1 (20-pole wiggler) at SSRL. The ring operates
at 3 GeV with a current of 450 mA. Energy selection is accomplished with a Si (220)

monochromator with spectra recorded in fluorescence mode using a 13-channel Ge detector.
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EXAFS spectra are collected from -200 to +1000 eV around the K-edge of Fe. EXAFS and X-
ray absorption near-edge structure spectroscopy (XANES) were collected for As and U in order
to determine As and U speciation and binding environment. As and U XAS were collected at
beamline 13-BM-D at the Advanced Photon Source (APS) in Argonne, IL. The ring at APS
operates at 7 GeV with a current of 100 mA. Energies were selected with a Si (111)
monochromator. All spectra collected at the APS were collected in fluorescence mode using a
12-channel Ge detector. Arsenic K-edge spectra were collected from -200 to +1000 eV around
edge energy (11,867 eV). Uranium L,;;-edge spectra were collected from -250 to +1000 eV
around the edge energy (17,167 eV). Between 2 and 3 spectra are averaged for each sample.
Reference compounds are used to perform linear combination XANES and k>-weighted EXAFS
spectral fitting using Athena interface to IFEFFIT. (87, 146) Iron reference compounds included
unreacted sediment from the North Cave Hills sedimentation pond and synthesized mackinawite
anoxically aged for three weeks and provided by Bostick. (147) Arsenic reference compounds
included orpiment (As,S3) obtained from the RRUFF database at University of Arizona Minerd
Museum and originally from Mercur, Utah and As(V) and As(l11) adsorbed to goethite
(Bayferrox 920 Z, LANXESS Deutschland GmbH, Leverkusen, Germany). (86) Uranium
reference compounds included U(V1) adsorbed to ferrihydrite and biogenic nanoparticulate UO..
(88) Compounds are only included in the fit if the contribution is a fraction greater than 0.05.
Fits are within about £5% of the mole percentages of fractions for As LCF of XANES and
within about £10% for U LCF of XANES and were fit from -20 to +30 eV from the edge. (128,

148)
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Results

Aqueous concentrations

Fe(I1) concentrations

Aqueous Fe(ll) concentrations were followed throughout the course of the experiment to
serve as an indicator of when reductive dissolution of Fe(l1l) oxy(hydr)oxides began to take
place. An increase in Fe(ll) concentrations was observed in all treatments. In systems with As(V)
(Figure 3.1a) and no added As(V) or U(VI) (Figure 3.2a), Fe(ll) concentrations increased from 0
uM Fe(l1) at the start of the experiment to 200-500 uM Fe(l1) after 8-12 days of reaction. In
these treatments, Fe(ll) concentrations then began to decrease in the bottles containing acetate
and lactate on day 16-20 and continued to decrease to below detection limits by day 20-24. No
decrease in Fe(l1) concentrations was observed in bottles containing ethanol. Instead, Fe(ll)
concentrations remained steady at ~200 uM in the As(V)-containing systems and at ~500 uM in
the U(V1)-containing systems throughout the course of the experiment. In contrast to the systems
without U(VI), systems containing U(VI) (Figure 3.3a and 3.4b) behaved similarly in the
beginning of the experiment but no decrease in Fe(ll) concentrations was observed until the end
of the experiment at day 44. In comparing electron donors, the highest Fe(ll) concentrations were
observed in ethanol-containing systems with all combinations of As(V) and U(VI), while the

lowest Fe(ll) concentrations were consistently observed in the acetate-containing systems.
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Figure 3.1. Agueous concentrations of Fe(ll) (a), sulfate (b), acetate (c), and As (d) in systems
containing As. Bottles contained a synthetic surface water prepared to simulate the surface water
composition at the North Cave Hills, 168 uM As(V), 10 mM of electron donor (ethanol, acetate,
or lactate), and 10 g/L North Cave Hills soil. Aqueous concentrations of each analyte were
measured every four days for 44 days. Error bars indicate one standard deviation from an
average of a minimum of three replicates.
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Figure 3.2. Agueous concentrations of Fe(ll) (a), sulfate (b), and acetate (c) in systems. Bottles
contained synthetic surface water prepared to simulate the surface water composition at the
North Cave Hills, 10 mM of electron donor (ethanol, acetate, or lactate), and 10 g/L North Cave
Hills soil. Concentrations of aqueous analytes were measured every four days for 44 days. Error
bars indicate one standard deviation from an average of a minimum of three replicates.
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Figure 3.3. Agueous concentrations of Fe(ll) (a), sulfate (b), acetate (c), As (d), and D (e) in
systems containing U and As. Bottles contained a synthetic surface water prepared to simulate
the surface water composition at the North Cave Hills, 168 uM U(VI), 168 uM As(V), 10 mM of
electron donor (ethanol, acetate, or lactate), and 10 g/L North Cave Hills soil. Concentrations of
aqueous analytes were measured every four days for 44 days. Error bars indicate one standard
deviation from an average of a minimum of three replicates.
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Figure 3.4. Agueous concentrations of Fe(ll) (a), sulfate (b), acetate (c), and As (d) in systems
containing U. Bottles contained a synthetic surface water prepared to simulate the surface water
composition at the North Cave Hills, 168 uM U(V1), 10 mM of electron donor (ethanol, acetate,
or lactate), and 10 g/L North Cave Hills soil. Concentrations of each aqueous analyte were
measured every four days for 44 days. Error bars indicate one standard deviation from an
average of a minimum of three replicates

Sulfate concentrations

Agqueous sulfate concentrations were monitored throughout the course of the experiment
to indicate microbial reduction of sulfate to sulfide. All systems initially contained 2.0 mM
aqueous sulfate from the synthetic surface water medium. In systems without U(VI) (Figures
3.1b and 3.2b), sulfate concentrations began to sharply decrease around day 20 and continued to
drop below detection limits by day 24-28. The only exception to this behavior was observed in
the ethanol system without As(V) or U(VI1) where the sulfate concentration remained at ~0.8 mM
from day 12 to day 44. In all systems containing U(VI) (Figures 3.3b and 3.4Db), the sharp

decrease in sulfate concentrations was not observed. Instead, sulfate concentrations remained
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around 1.8 mM throughout the experiment.

Electron donor concentration

The consumption of electron donors was monitored over time by measuring the
concentration of acetate in each bottle. In all systems where acetate was used as an electron
donor, acetate concentrations remained steady throughout the course of the experiment. The
exception to this observation was the treatment without As(V) and U(VI) (Figure 3.2c) where a
steady decrease in acetate concentration was observed from 10 mM to 6.7 mM by the end of the
44 day period. In systems containing ethanol as an electron donor, acetate concentrations
increased from 0 mM to ~8 mM in the first 4 days of reaction and reached up to 12 mM by the
end of the experiment. In all systems where lactate was provided as an electron donor, an
increase in acetate concentration was also observed over time. In lactate-containing systems,
acetate concentrations increased by day 8 and remained steady through the rest of the 44 day
time period. In the systems containing As(V) (Figure 3.1c), a sharp decrease then increase in
acetate concentrations was observed on day 28, while a similar dip was observed on day 24 in
systems without As(V) or U(VI) (Figure 3.2c).

Arsenic concentrations

Total aqueous As concentrations were measured in treatments containing As(V). In
systems without U(VI) (Figure 3.1d), aqueous As concentrations were measured to be 168 uM
immediately following the As addition. Arsenic concentrations steadily decreased over the
course of the 44 day period. In ethanol-containing treatments, As concentrations decreased below
detection limits by day 28. While a decrease in As concentrations was observed in acetate and
lactate-containing treatments from days 16-24, As concentrations decreased to 150 uM by day

44 in contrast to the ethanol treatments. In systems containing both As(V) and U(VI) (Figure
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3.4d), As concentrations were below detection limits upon the initial addition of As(V) and
U(VI), but increased to 27-150 uM over time depending upon the electron donor. The greatest
increase was observed in acetate-containing systems and the smallest increase was observed in
ethanol-containing systems. Following the 44 day time period, U(V1) was injected into bottles
that had not previously contained U(V1). The aqueous As and U concentrations were monitored
in these systems for 48 hours following the addition (46 days). In systems with As(V) and U(VI),
As concentrations (Figure 3.5a) were observed to increase from day 44 to day 46 regardless of
electron donor.

Uranium concentrations

Total aqueous U concentrations were measured in treatments that were injected with
U(VI). In systems without As(V) (Figure 3.3d), each electron donor treatment had different
measured initial U concentrations—156 uM in the acetate-containing systems, 136 uM in
lactate-containing systems, and 92 uM in ethanol-containing systems. In the acetate and lactate
containing systems, U concentrations remained constant during the 44 days, while the U
concentration decreased to 22 uM in ethanol-containing systems. In systems containing both
U(VI1) and As(V) (Figure 3.4e), U concentrations were below detection for all electron donors
following U(V1) and As(V) injection. Over time, U concentrations increased up to 91 uM in the
lactate-containing systems and up to 73 uM in the acetate-containing systems, but remained
below detection limit throughout the experiment in the ethanol-containing systems. In all
systems where U(VI) was injected upon day 44, U concentrations (Figure 3.5b and 3.5¢)
decreased from day 44 to day 46. On day 46, bottles were opened to air and allowed to react for
an additional 24 hours (47 total days). In bottles with both As(V) and U(VI), an increase in U

concentration was observed in the lactate treatment, but not in with the other two electron
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Figure 3.5. Agueous concentrations of As and U in systems where U(VI) was added to As-
containing system on day 44 (a and b) and in systems not containing either As or U where U(VI)
was added on day 44 (c). Bottles contained a synthetic surface water prepared to simulate the
surface water composition at the North Cave Hills, 168 uM As(V), 168 uM U(VI), 10 mM of
electron donor (ethanol, acetate, or lactate), and 10 g/L North Cave Hills soil. Bottles were
sampled immediately following the U addition on day 44 and then sampled again after 48 hours
of reaction time (day 46). Bottles were then opened to air on day 46 and allowed to react for an
additional 24 hours and were sampled after this time on day 47. Error bars represent one standard
deviation from the mean of triplicates.

donors. In the bottles with only U(VI), an increase in U concentration was observed in the bottles
containing ethanol, but a decrease was observed in the acetate and lactate-containing treatments.

Solid phase speciation

Fe speciation and characterization

Extractions were performed on filtered sediments collected on day 44 in order to
determine distribution of Fe between operationally defined soil fractions and between Fe(ll) and

Fe(ll1) redox species. Total Fe values reported are for total moles of Fe in the 1 g of sediment in
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Figure 3.6. Results of the linear combination fitting of Fe K-edge extended X-ray absorption
structure (EXAFS) spectra. The spectrum of reacted soil is indicated by the blue line and the fit
is shown as a dotted line. The spectra of the two reference compounds used for fitting are plotted
below, aged mackinawite and North Cave Hills sediment.
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each reactor bottle (100 mL synthetic surface water) (Figure 3.6a). The North Cave Hills
sediment contained 170 umol of Fe before reaction. Total Fe decreased from 170 umol/bottle to
33-86 umol/bottle by the end of the experiment depending on the combination of As(V) and
U(VI). The amount of Fe(ll) and Fe(l1l) in the exchangeable, amorphous, and crystalline
fractions of the sediment (Figure 3.6b) was also determined. Fe was primarily extracted as the
crystalline fraction from sediment both before and after reaction in the U(V1)-containing
treatments. In the unreacted sediment, 82% of the total extracted Fe was present in the crystalline
fraction, while 67-85% was in the crystalline fraction of the U(VI)-containing treatments. In
systems without U(V1), the primary Fe-containing fraction shifted from the crystalline fraction
before reaction to the exchangeable Fe(ll) fraction following reaction. In these systems, the
Fe(ll) exchangeable fraction accounted for 47-52% of the total Fe. The amorphous Fe(l11)
fraction also increased from 11% of the total extracted Fe in the unreacted sediment to 24-31% in
the treatments without U(V1). Throughout the course of an experiment, visible color changes
occurred in the solid-phase, going from brown to dark black. Fe EXAFS was collected on a
sediment sample in order to determine if changes in mineralogy had occurred over the course of
the experiment (Figure 3.7). LCF indicated that after 60 day of reaction, the Fe in the sample was
81.5% representative of the Fe minerals in the unreacted North Cave Hills sediment and 18.5 %
representative of an aged mackinawite (FeS) reference compound.

Uranium speciation

The speciation of solid-associated U was determined using LCF of U L,;;-edge XANES
spectra. In all U(VI) containing systems, reduction of solid-phase U(VI) was not observed by day
44, regardless of the electron donor used (Table 3.2, Figure 3.8a). In the treatments where U(VI)

was added upon day 44, reduced U was observed after the 48 hour reaction period (Table 3.2,
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Figure 3.7. Results of the linear combination fitting of Fe K-edge extended X-ray absorption
structure (EXAFS) spectra. The spectrum of reacted soil is indicated by the blue line and the fit

is shown as a dotted line. The spectra of the two reference compounds used for fitting are plotted
below, aged mackinawite and cave hills sediment.

55



-
N A O 00 O
c o o o o

A

Percent Component

o

Ethanol Acetate Lactate

100 my(VvI)
8 0
0 u(Iv)
40
20
B
T

Ethanol Acetate Lactate
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Table 3.2. Summary of U XANES linear-combination fitting results in all U-containing batch
systems. Treatments contain 168 uM U(VI) initially, 10 g/L soil, 10 mM of electron donor

(ethanol, acetate, lactate) and 168 uM As(V) initially if As is included. The five day time point is

after the initial addition of As(V) and U(VI) and the 44 day time point is at the end of the
experiment. On day 44, U(VI1) was added to any systems that did not initially contain U and
samples were removed on day 46. Bottles were then opened to air for 24 hours and sampled on

day 47 (oxidation). R factor is a measure of the misfit between the data and the fit.

% U(VI)
Time (days) Treatment %LIJ\I Sno- adsorbed to R factor
2 ferrihydrite

44 (final) Ethanol + U(VI) 0.0% 100% 0.001408

44 (final) Acetate + U(VI) 0.0% 100% 0.000399

44 (final) Lactate + U(VI) 0.0% 100% 0.000182

44 (final) Ethanol + U(VI) + As(V) 0.0% 100% 0.000310

44 (final) Acetate + U(VI) + As(V) 0.0% 100% 0.000537

44 (final) Lactate + U(VI) + As(V) 0.0% 100% 0.000225

46 (after U(VI)) Ethanol + U(VI) 6.3% 93.7% 0.000391
46 (after U(V1)) Acetate + U(VI) 53.7% 46.3% 0.000102
46 (after U(V1)) Lactate + U(VI) 38.9% 61.1% 0.000050
46 (after U(VI)) Ethanol + U(VI) + As(V) 18.9% 81.1% 0.000425
46 (after U(VI)) Acetate + U(VI) + As(V) 0.0% 100% 0.001362
46 (after U(VI)) Lactate + U(VI) + As(V) 42.4% 57.6% 0.000180
47 (oxidation) Ethanol + U(VI) 27.8% 72.2% 0.000091
47 (oxidation) Acetate + U(VI) 66.1% 33.9% 0.000037
47 (oxidation) Lactate + U(VI) 25.9% 74.1% 0.000034
47 (oxidation) Ethanol + U(VI) + As(V) 11.5% 88.5% 0.000085
47 (oxidation) Acetate + U(VI) + As(V) 57.0% 43.0% 0.000154
47 (oxidation) Lactate + U(VI) + As(V) 39.0% 61.0% 0.000038
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Figure 3.8b). The extent of U(VI) reduction was varied with the electron donor used. Of the
different treatments, the most reduced solid-phase associated U was observed in the treatment
without As(V) and with acetate as the electron donor. After the reoxidation experiment where
bottles were open to air, some slight changes in distribution of U occurred but complete
reoxidation of reduced U was not observed in any treatments. Examples of the quality of
XANES LCF are shown in Figure 3.9.

Arsenic speciation

The solid-phase speciation of As was determined by LCF of As K-edge XANES spectra.
Throughout the experiments, differences were observed in the speciation of As depending on
whether U(V1) was present in the treatment. Upon the initial sampling following As(V) and
U(VI) injection, solid-phase As was 33-43% reduced in systems without U(VI) (Table 3.3,
Figure 3.10a), while only 0-6% of solid-phase As was found to be present in reduced forms in
systems containing U(V1). Similar results were observed upon day 44 of the experiment where
69-95% of solid-phase As was reduced in systems without U(VI) (Figure 3.10b), while only 11-
16% of solid-phase As was reduced in systems with U(VI) (Figure 3.10c). The reduced As
component was fit with a combination of reference standards including As(I11) adsorbed to
goethite and orpiment. Following the reoxidation experiment, solid-phase As remained primarily

reduced (85-89%). Examples of As K-edge XANES LCF are shown in Figure 3.11.

Discussion

Mechanism of U reduction

Based on previous work, U(V1) reduction could occur in our systems by three different
mechanisms—by adsorbed or structural Fe(ll), by aqueous or structural sulfide, and directly by

bacteria. In systems that initially contained U(VI), microbial reduction of Fe(l1l)
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Figure 3.9. Examples of LCF of U L;-edge XANES spectra. Data is indicated by solid lines and
fits are indicated by dashed lines. Bottles contained synthetic surface water prepared to simulate
the surface water composition at the North Cave Hills, 168 uM U(VI), 10 mM acetate, and 10
g/L North Cave Hills soil. The top spectrum is of filtered soil following 44 days of incubation
and the second spectrum is of the soil from a bottle where U(V1) was added on day 44 of
incubation and then filtered on day 46. Plotted on the bottom are the spectra of reference
compounds used for fitting including nano-UO, (U(1V)) and U(VI) adsorbed to ferrihydrite.
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Figure 3.10. Speciation of soil-associated As as determined by LCF of XANES spectra. Bottles
contain a synthetic surface water prepared to simulate the surface water composition at the North
Cave Hills, 168 uM As(V), 10 mM of electron donor (ethanol, acetate, or lactate), and 10 g/L
North Cave Hills soil. Soils were collected immediately after the addition of As(V) on day 5 for
analysis (A) and then after 44 days of incubation (B). Soils were also incubated with 168 uM
As(V) and 168 uM U(VI) and filtered after 44 days of incubation (C). Soils from a minimum of
2 bottles were homogenized for XANES analysis.
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Figure 3.11. Examples of LCF of As K-edge XANES spectra. Data is indicated by solid lines
and fits are indicated by dashed lines. Bottles contained synthetic surface water prepared to
simulate the surface water composition at the North Cave Hills, 168 uM As(V), 168 uM U(VI),
10 mM acetate, and 10 g/L North Cave Hills soil. The first spectrum is of filtered soil following
5 days of incubation immediately following As(V) addition. The second spectrum is of filtered
soil following 44 days of incubation. The third spectrum is of the soil from a bottle containing
As(V) where U(VI) was added on day 44 of incubation and then filtered on day 46. Plotted on
the bottom are the spectra of reference compounds used for fitting including orpiment (As,S3),
As(111) adsorbed to goethite, and As(V) adsorbed to goethite.
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oxy(hydr)oxides to aqueous Fe(ll) occurred as evidenced by the increase in aqueous Fe(ll)
concentrations in U(VI)-containing systems and by the decrease in solid-phase Fe between
unreacted and reacted sediment (Figure 3.6a). While reductive dissolution of Fe oxy(hydr)oxides
took place, no U(VI) reduction occurred (Figure 3.8a) in the systems that initially contained
U(VI). While Fe(ll) was present in these systems, Fe(ll) must be structurally incorporated or
adsorbed to mineral surfaces in order to reduce U(VI). (13) The extent of Fe(Il) remineralization
or adsorption is limited in our systems as Fe sequential extractions (Figure 3.6b) did not indicate
an increase in the exchangeable or amorphous Fe(ll) fractions from the unreacted sediment.
Additionally, most studies have examined U(V1) reduction by synthesized, pure Fe minerals, but
when Latta, et al studied U(VI) reduction by Fe(ll) adsorbed to natural sediments, little U(VI)
reduction was observed. (59, 110) Therefore, Fe(ll) can be ruled out as an effective reductant of
U(VI) in our systems.

After 44 days of reaction, U(V1) reduction by aqueous sulfide could not be examined
because reduction of sulfate to sulfide was not observed in any systems initially containing
U(VI) (Figure 3.3b and 3.4b). In addition, no U(VI1) reduction was observed in these systems.
The lack of sulfate reduction in these treatments may be due to a toxic effect of U(VI) on the
stimulated microbial communities. Although little research has been conducted on U(V1) toxicity
to specific microbial communities such as sulfate-reducing bacteria, Tapia-Rodriguez, et al
found that U(V1) concentrations as low at 160 uM could limit the activity of methanogenic
bacteria. (149) Our systems contained 168 uM U(VI) initially, so U(VI) may have had a toxic
effect on the bacteria. Konopka, et al observed that the toxicity of U(VI) to microbes was
dependent on the composition of surface water or groundwater because positively charged U(VI)

complexes such as (UO,)3(OH)s" could interact with negatively charged cell surfaces, limiting

63



microbial activity. (150) Modeling our system conditions with Visual MINTEQ showed that
CaU0,(COs5)s* and Ca,UO,(CO3)3° would be the dominant aqueous U(V1) species present, so
the toxicity effect is not likely due to an abundance of positively charged U(V1) ionic complexes.
While the species distribution does not explain the lack of sulfate reduction observed, the
presence of Ca*" and COs* may contribute to the lack of observed U(VI) reduction. Past research
has shown that the formation of calcium-uranyl-carbonato complexes increase U solubility and
also make U a less favorable electron acceptor. (92, 107, 151)

In systems that did not initially contain U(V1), sulfate reduction to sulfide was observed
(Figure 3.1c and 3.2c). In addition, a visual color change from brown to black was observed,
indicating that a precipitate was forming in these bottles. This precipitate was determined to be
mackinawite (FeS) by LCF of an Fe K-edge EXAFS spectrum of reacted sediment. The
spectrum was well fit with a mackinawite reference spectrum and a reference spectrum of
unreacted North Cave Hills sediment (Figure 3.7). In addition, Fe sequential extractions indicate
a decrease in the percent of total Fe present in the crystalline fraction and an increase in percent
of total Fe in the exchangeable and amorphous fractions in systems without U(V1) (Figure 3.6a).
Amorphous FeS or crystalline mackinawite would likely be extracted in the exchangeable or
amorphous extraction steps because of the pH of the extraction solutions. (145, 152) The
precipitation of mackinawite is also supported by the trends in Fe(ll) and sulfate aqueous
concentrations in treatments where sulfate reduction was observed. In lactate and acetate-
containing systems, a decrease in Fe(ll) concentrations was observed at the same time period that
sulfate concentrations decreased below detection limits (day 24-28). The observed simultaneous
decrease supports that the precipitation of mackinawite from aqueous Fe(ll) and sulfide took

place at this time.
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In order to study sulfide as an electron donor for U(VI) reduction, an additional
experiment was performed where U(VI) was injected on day 44 into bottles that previously had
not contained U(V1) and where mackinawite precipitation was observed. After U(V1) had been
reacted for 48 hours, U(VI) reduction to U(IV) was observed in all treatments, indicating that
sulfate reduction was necessary in order for U(VI) reduction to occur . Previous studies have
shown that biogenic and synthetic mackinawite can reduce U(VI) to U(IV). (16, 55, 60, 61)
While mackinawite has been shown to rapidly reduce U(VI) to nano-UO,, enzymatic reduction
of U(VI) may also be responsible for U(V1) reduction. In this study, we could not clearly
distinguish between abiotic and microbial U(VI) reduction when U(V1) was in the presence of
mackinawite. Of all available U(IV) reference compounds, nano-UO; produced the best fits to
the collected XANES spectra indicating that nano-UO; is the most likely form of U(IV) present
in the systems.

In a separate experiment (data not shown), Fe(ll) and sulfide were injected into anoxic
batch systems at the level of the agueous concentrations observed in this experiment. Bottles also
included sterilized North Cave Hills sediments. In these sterile treatments where the abiotic
precipitation of mackinawite was promoted, U(VI) reduction was also observed. This additional
experiment shows that U(VI) reduction can take place to a similar extent in the absence of
bacteria. While these observations support that mackinawite acts as the primary electron donor in
our systems, they do not rule out the possibility of a multiple reduction pathways, both abiotic
and microbial, as were observed by Bargar, et al. (55)

Effect of As on U behavior

Arsenic had an effect on aqueous concentrations of U present in systems, but did not

appear to have an effect on extent of U(VI) reduction. In systems containing both As(V) and
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U(VI), As(V) and U(VI) concentrations were below detection limits upon initial injection
(Figure 3.4d and e). In systems without both As(V) and U(VI), As(V) and U(VI) were initially
measured at the concentrations that were injected in bottles that did not contain both analytes.
When As(V) and U(V1) are present together in a system, they may precipitate as trogerite
(UO,HASO,4 * 4H,0) either as a bulk mineral or as a surface precipitate. (68) Although As(V)
has been shown to enhance uptake of U(V1) onto mineral surfaces, if adsorption was responsible
for the lack of measured aqueous As(V) and U(VI) alone, we would expect to see similar low
concentrations in the systems containing only As(V). (25, 140) While the presence of As(V) with
U(VI) may have caused trogerite precipitation, the presence of As(V) did not have an impact on
the extent of U(VI) reduction. Because U reduction is less thermodynamically favorable when U
is complexed with ions such as carbonate, we expected that the reduction potential of U may
change when precipitated with As(V). If a change in U reduction potential did occur,
mackinawite was still able to reduce U(V1). In systems where U(VI) was injected upon day 44,
the extent of U(VI) reduction was similar in systems both with and without As(V) (Table 3.2).

Mechanism of As reduction

While mackinawite formation was required for U(VI) reduction to occur, As(V)
reduction occurred without the formation of mackinawite. Upon the initial solid-phase sampling
(5 days), some As(V) reduction to As(l11) and a reduced As-sulfide mineral phase were detected
in systems without U(VI) (Figure 3.10a). In systems containing U(VI), As(V) reduction was not
observed at day 5 or day 44 (Figure 3.10c). As discussed earlier, U(VI) may be toxic to microbes
that directly reduce As(V). Direct enzymatic reduction of As(V) may be responsible for the
reduced As observed on day 5 because sulfate reduction to sulfide and mackinawite precipitation

had not occurred that early in the experiment. Also, As(V) reduction by Fe(ll) adsorbed to
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goethite has been shown not to occur and Fe(ll) is the only available electron donor present in
the system on day 5. (86) As(V) reduction is more thermodynamically favorable than the
reduction of Fe(l1l) in Fe oxy(hydr)oxides, so direct enzymatic reduction is likely to occur. (29,
66) On day 44, solid-phase As is now 69-95% reduced (Figure 3.10b). In addition to microbial
reduction of As(V), reduction of As(V) by precipitated mackinawite has likely occurred by day
44. Previous studies have observed the reduction of As(V) to realgar (AssS,) in systems
containing As and mackinawite, which is why our XANES fits show an As-S mineral phase as
the dominant solid-phase As species. (34, 153) If all aqueous sulfate in our systems was reduced
to sulfide, the excess aqueous sulfide present following mackinawite precipitation would favor
the formation of realgar. (36, 154) Similar to the mechanism of U reduction, we cannot
distinguish between microbial and abiotic As(V) reduction, but it is likely that both mechanisms
are occurring simultaneously in our systems.

Differences in electron donors

A secondary goal of this research was to compare extent of reduction of U(VI) and As(V)
in the presence of different electron donors. Differences between the different electron donor
treatments were observed both in the aqueous and solid-phase results. Overall, aqueous phase
trends were similar among the lactate and acetate treatments and different for the ethanol
treatments. The aqueous phase differences can be attributed largely to the change in pH of each
treatment over the course of the experiment. While all bottles started at circumneutral pH, the
final pH was 9.0-9.3 in the acetate and lactate systems and was 6.7 in the ethanol systems. These
pH changes were expected due to the half reactions of the oxidation of each of the electron
donors as follows for acetate, lactate, and ethanol respectively:

CH3COO" + 4H,0 — 2HCO3 + 9H" + 8¢”
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C3HsO™ + 2H,0 — CH3COO + HCO3 + 5 H™ + 4¢°
CH3CH,0H + H,0 — CH3COO 5H™ + 4¢
Acetate and lactate oxidation produce bicarbonate, which raises the pH in the system while
ethanol oxidation produces acetic acid that lowers the pH. (62, 125, 151) The difference in pH
explains why more aqueous Fe(ll) is observed in the ethanol systems because of its increased
solubility at acidic pH. U(V1) is also more soluble when present as uranyl-carbonato complexes
resulting in higher aqueous concentrations in the basic lactate and acetate systems (Figure 3.3d)
and uranyl-arsenate precipitate formation is favored under acidic conditions which is why As and
U aqueous concentrations are lower in the ethanol treatments (Figure 3.4d and e). In the solid-
phase, we observed the greatest extent of U(V1) reduction in the systems spiked with acetate,
followed by lactate, followed by ethanol. We observed different trends in extent of As(V)
reduction, with the most reduction observed in ethanol systems, followed by lactate, followed by
acetate. The differences in extent of U(VI1) and As(V) reduction with electron donor are likely
due to the amount of mackinawite formed in each treatment. Differences can also be attributed to
the stimulation of different microbial communities depending upon the electron donor used. For
example, acetate is commonly used to stimulate sulfate-reducing bacteria that have been shown
to directly reduce U(VI). (17, 137)

Sensitivity of oxygen

Bottles containing U(VI) were opened to the air following 46 days of reaction without
oxygen and were allowed to react for an additional 24 hours. Mackinawite has been shown to
protect U(IV) from oxidation once exposed to oxygen. (16, 119, 155) The results of our
experiments support that nano-UO, was protected by mackinawite from oxidation and that

orpiment or As(l11) was also protected from oxidation. The results of U XANES fitting shows
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that overall more solid-phase U was present as U(IV) after oxidation than on day 46. An increase
may be observed because of the variation between bottles or due to the fact that XANES analysis
IS not quantitative. Although more solid-phase U is reduced, an increase in aqueous

concentrations of U between day 46 and 47 was observed (Figure 3.5b and 3.3c).

Environmental Implications

The goal of this study was to examine the speciation of both U and As under controlled
conditions. Overall, we observed that both U and As were partially removed from the aqueous
phase and were mineralized to a great extent by the end of the 46 day reaction period. Our results
indicate that the activity of sulfate-reducing bacteria is necessary to observe U(VI) reduction to
UQO; either to promote the precipitation of mackinawite or to cause direct enzymatic reduction.
Although toxicity effects were observed in U(V1)-containing treatments, added U(VI) and As(V)
concentrations were above those naturally occurring at the North Cave Hills, so we do not expect
a similar toxicity effect in the field. Overall, results show that biostimulation in the field would
successfully remove As(V) and U(V1) from solution, preventing transport. We also observed that
formation of mackinawite during biostimulation would protect reduced As and U from
reoxidation if an anoxic zone became oxic upon seasonal weather variation. Further
characterization of microbial communities in each bottle is required to better determine which

electron donor would be the best choice for in-situ bioremediation.
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CHAPTER 4

SIMULTANEOUS REDUCTION OF ARSENIC(V) AND URANIUM(VI) BY

MACKINAWITE (FeS): ROLE OF URANYL ARSENATE FORMATION?

Introduction

Uranium ore can contain 1.2-10 weight percent As, resulting in U and As being found
together in sediments at uranium mining or milling sites. (3, 30) However, few studies have
examined the redox behavior of both U and As under controlled laboratory settings. Under
reducing conditions, the most common form of U(1V) is uraninite (UO;) which is sparingly
soluble and, therefore, less mobile than aqueous U(VI). (3) The mobility of As under reducing
conditions is opposite that of U, with its reduced form, As(l11), being more mobile because it is
less likely to adsorb onto mineral surfaces under circumneutral pH ranges as comparing to its
oxidized form, As(V). (37, 38, 156) The difference in mobility of these two toxic elements under
similar redox conditions makes remediation of U and As-containing mine waters and sediments
and of waste generated during U ore processing or from in-situ U mining challenging.

When present together, U(VI) and As(V) can also form uranyl arsenate aqueous
complexes, ternary surface complexes on mineral surfaces, or mineral precipitates, such as
trogerite (UO,HAsO4+4H,0), depending on their concentrations. (67, 68, 157, 158) Although
uranyl arsenate agueous complexes and surface precipitates can form under laboratory
conditions, their occurrence in natural systems has not been recorded. Even so, aqueous uranyl

arsenate complexes are likely to form under low pH conditions consistent with acid mine

% All work presented here was performed by me with the exception of U L;;-edge EXAFS fitting
performed by Dr. Yuanzhi Tang at the Georgia Institute of Technology. Special thanks to
collaborator Dr. Yuanzhi Tang for providing U and As EXAFS and XANES standards.
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drainage sites, but not under conditions typical of most historic U mining or mill tailings. (67)
Arsenate can also serve as an analog for phosphate, as phosphate has similar behavior with
uranyl precipitating as uranyl phosphates at high concentrations and forming ternary complexes
on surfaces at low concentrations. (24, 26, 139) The formation of low solubility uranyl phosphate
minerals has been studied in both laboratory and field-scale experiments as a method of U
immobilization alternative to U(VI) reduction to UO,. (24, 52, 71, 159-162) Studies have also
shown that the presence of agueous phosphate impacts the reaction products of U bioreduction,

(21, 22, 52, 163-165) often leading to the formation of ningyoite-like phases [CaU'"(PO,),-

H,0]. Although studies have examined the effect of As pretreatment on U sorption to aluminum
oxide, (25, 68, 140) no studies have examined the reactivity of U(VI) in the presence of As(V)
and a redox active mineral such as an Fe(l1) hydr(oxide) or sulfide.

Because of the redox behavior of U, microbially-mediated reduction of U(V1) to uraninite
(UQy) is often used as a remediation strategy for U immobilization. (130, 166) During
biostimulation, U(VI) can be reduced to UO; via direct enzymatic pathways, (19, 62, 104) or
Fe(Il)-mediated abiotic pathways, such as by mackinawite (FeS). Mackinawite forms when
metal and sulfate-reducing microorganisms use Fe(l1l) and sulfate, respectively, as electron
acceptors either in succession or simultaneously, (124, 132, 167) resulting in the precipitation of
poorly crystalline mackinawite which ages over the course of a few days to crystalline
mackinawite. (152, 168-170) In laboratory studies, both synthetic and biogenic mackinawite
have been shown to reduce U(V1) to nano-UQO.. (16, 55, 60, 61) When formed in sediment
systems during biostimulation, biomass-associated mackinawite has been shown to be the
electron donor responsible for U(VI) reduction to nano-UO, and molecular U(IV). (55)

Mackinawite can also act as a buffer, protecting UO, from reoxidation in biostimulated systems.
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(16, 155, 171) In addition to reducing U(V1), mackinawite is capable of As reduction. As(l11)
was shown to be reduced to the arsenic sulfide mineral realgar (AsS) in the presence of
mackinawite. (34, 153) As(V) reduction to As(l11) has also been shown to occur upon the
formation of mackinawite in biostimulated sediment columns, but, because of low aqueous
sulfide concentrations, realgar formation was not observed. (36, 172)

Because of the common presence of As in U ore, the effect of As on U reduction by
mackinawite must be considered for the design of U remediation strategies at mine-impacted
sites and for the treatment of waste generated by ore processing and in-situ mining. While studies
have examined the reduction of U(VI) and As(V) by mackinawite separately, the two elements
have not been investigated together. As(V) pretreatment of aluminum oxide has been shown to
increase the uptake of U(VI) due to precipitation of uranyl arsenates on the mineral surface, but
little is known about the effect of As(V) on U(VI) reduction or uptake on a redox-active mineral
such as mackinawite. (68) No previous studies have investigated the reduction of uranyl arsenate
minerals such as trogerite. Thus, in this study, we examine the impact of As(V) on abiotic U(VI)
reduction in the presence of mackinawite using complementary laboratory and spectroscopy

analysis.

Experimental Methods

Mackinawite Synthesis

Mackinawite synthesis was carried out in an anoxic chamber containing 5% hydrogen
and 95% nitrogen. All solutions used were purged with 99.99% pure nitrogen before use.
Mackinawite was synthesized by mixing 100 mL of 0.57 M Fe(ll) and 75 mL of 1.1 M
Na,S*9H,0. (16, 173) The Fe(ll) stock solution was prepared by adding 3.63 g Fe(0) to 1M HCI

according to Amstaetter et al in order to insure that no Fe(l11) was present. (86) The mackinawite
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was allowed to age for 3 days with constant stirring. After aging, the mackinawite was washed
by alternating six times between centrifuging at 22095 g for 15 minutes and rinsing with DI
water under anoxic conditions. After washing, the mackinawite was freeze-dried overnight under
vacuum, ground, and stored anoxically until use.

Batch Experiments

A 5.0 g/L mackinawite suspension was prepared by adding the freeze-dried mackinawite
to deoxygenated 0.1 M NaCl in an anoxic chamber. The suspension was allowed to equilibrate
for 2 days while stirring. The suspensions were pH adjusted to 7.0 using 1.0 M HCI and allowed
to stir for 24 hours until the pH had stabilized. The final mackinawite suspension concentration
was determined to be 4.7 g/L by dissolving an aliquot of the suspension in 6 M HCI and
analyzing for Fe(ll) concentration using the Ferrozine method. (144) Stock solutions of 50 mM
sodium arsenate and 50 mM uranyl acetate were prepared in DI water. Experiments were
prepared by adding stock solutions of sodium arsenate and uranyl acetate to the mackinawite
suspension to achieve final concentrations of 47 and 470 pM U(VI) and As(V) concentrations
from 32 to 640 uM. The final concentration of mackinawite in each serum bottle was 4.6 g/L. An
experiment was also set up where 3400 uM each of U(VI) and As(V) (15 pL) were combined
prior to the addition of the mackinawite suspension (diluted to 10 mL) in order to encourage the
precipitation of uranyl arsenate mineral(s). All samples were prepared in triplicate. Samples were
shaken for 48 hours on a table shaker. 1 mL of the suspension was removed with a syringe after
initial setup of the experiments and after 48 hours of reaction and was filtered through a 0.2 um
nylon filter. Total digestions were performed by combining 1 mL of sample with 1 mL of
concentrated HNO3. Reoxidation experiments were performed on two selected treatments (47

uM U(VI1) only and 47 uM U(VI) + 32 uM As(V)) by injecting 10 mL of air into each bottle and
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allowing the bottles to react for an additional 48 hours. 1 mL was sampled following this 24 hour
reaction period and filtered as described above. Aqueous concentrations of uranium and arsenic
in filtered samples and total digests were determined by using an inductively coupled-plasma
mass spectrometer (ICP-MS; Perkin-Elmer Elan DRC-e). Sulfate concentrations in filtered
samples were measured using a Dionex lon Chromatograph. Agueous Fe(ll) concentrations were
measured using the Ferrozine method. (144) pH was measured in all sample bottles at the
beginning and the end of the experiment.

X-ray Absorption Spectroscopy (XAS)

Uranium and arsenic X-ray absorption spectroscopy (XAS) was performed at beamline
13-BM-D (GSE-CARS) at the Advanced Photon Source (APS) in Argonne, IL. Fe XAS was
performed at beamline 4-1 (20-pole wiggler) at the Stanford Synchrotron Radiation Lightsource
(SSRL) in Menlo Park, CA. From each triplicate, 5 mL of suspension was combined and vacuum
filtered onto 13 mm (diameter) 0.2 um cellulose acetate membrane filter in an anoxic chamber
containing 5% hydrogen and 95% nitrogen. Membranes were enclosed in Kapton polyimide tape
and were stored and transported in an anoxic jar (Remel, AnaeroPack® Rectangular Jar).
Samples were kept in a N, environment during XAS analysis. The ring at APS runs at 7 GeV
with a current of 100 mA. Energies were selected with a pair of Si (111) monochromator and
spectra were collected in fluorescence mode using a 12-channel Ge detector. The ring at SSRL
runs at 3 GeV with a current of 450 mA. Energies were selected with a pair of Si (220)
monochromator and spectra were collected in fluorescence mode using a wide-angle collection
ionization chamber (Lytle detector). For U, extended X-ray absorption fine structure (EXAFS)
spectra were collected from -150 to 450 eV around the Ly;-edge of U (17176 eV). For As,

XANES spectra were collected from -150 to 450 eV around the K-edge of As (11876 eV). For
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Fe, EXAFS spectra were collected from -200 to +1000 eV around the K-edge of Fe (7111 eV).
Between 2 and 5 spectra were averaged for each sample.

Linear combination fitting (LCF) were conducted on the U L,;-edge and As K-edge X-
ray absorption near edge structure (XANES) data to determine the speciation of U and As, and
on the Fe K-edge EXAFS data to determine Fe mineralogy. The reference compounds used are
(1) for U: trogerite (UV'0,HAsO44H,0), U(VI1) adsorbed to ferrihydrite, and nano-U'VO,; (2) for
As: As(V) adsorbed to goethite, As(l11) adsorbed to goethite, and orpiment (As,S3)(86); and (3)
For Fe: fresh mackinawite and a mackinawite sample that had been anoxically aged for three
weeks. LCF was performed with reference spectra using the software SixPACK (174) and
Athena (87) interfaces to IFEFFIT. (175) Fits are within about £5% of the mole percentages of
fractions for As LCF and within about £10% for U LCF. (128, 148)

Detailed structure analysis of the U L,;-edge EXAFS data were performed with the
programs WinXAS (176) and IFEFFIT. (146) Theoretical backscattering paths were calculated
using FEFF7 (177) with UO;HASO4-4H,0 and UO; as model structures. A global threshold
energy value (AEo) was allowed to vary during fitting. The amplitude reduction factor, S¢?, was
determined from fitting of the model compounds and was fixed at So> = 1. For U EXAFS, a 4-leg
axial multiple-scattering (MS) path was included in all samples. This MS path is composed of U-
0-U-O with 180° scattering between the center U atom and the two axial O atoms. Errors for the
fit parameters are estimated from fits of the model compounds. Error estimates are +0.01 A for
the R value of the first oxygen shell, and £0.05 A for higher distance shells. For coordination
number, which is heavily correlated to the Debye-Waller factor, the estimated errors are +20%

for the first oxygen shell and £50% for shells at higher distance. Estimated errors for the Debye-
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Waller factors are +0.001 A? for the first shell and +0.005 A? for higher shells. The goodness of
fit values is evaluated by the residual value. (176)

Thermodynamic Modeling

Visual MINTEQ (version 3.0) was used to model the saturation indices for possible
uranyl arsenate precipitates such as trogerite (UO,HAsO4-4H,0) and (UO;)3(AsO4),-nH,O under
the range of U(VI1) and As(V) concentrations examined. Due to the limited availability of
stability constants of these mineral phases, calculations were carried out on the uranyl-phosphate
system (e.g., the potential formation of solid phases bassettite (Fe(UO;),(PO,),-8H,0), autunite
(Ca(U0O,)2(PO4)2-nH,0), chernikovite (UO,HPO,4-4H,0) and (UO,)3(PO4)2-nH,0) using
phosphate as a chemical analog for arsenate. The presence of mackinawite was also included in

the model. The thermodynamic constants used were from the visual MINTEQ 3.0 database.

Results

Mackinawite characterization and aqueous chemistry

Fe K-edge EXAFS spectra were collected on the mackinawite used for sorption
experiments in order to confirm its structure. Fe EXAFS spectra were also collected on a

mackinawite sample after 48 hours of reaction with 47 uM U(V1) and 32 uM As(V). Based on
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of reaction
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Unreacted
. mackinawite
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Figure 4.1. Fe K-edge k-weighted EXAFS spectra of synthesized mackinawite before (solid red
line) and after (solid blue line) reaction with 47 uM U(VI) and 32 uM As(V). The solid black
lines indicate reference spectra for freshly precipitated and aged mackinawite. The dotted lines
indicate linear combination fitting results for the unreacted and reacted mackinawite.

LCF (Figure 4.1), mackinawite structure prior to reaction was similar to the freshly precipitated
mackinawite reference sample. After 48 hours of reaction, the mackinawite structure changed
and was fit with 17.7% of the freshly precipitated mackinawite standard and 82.3% of a
mackinawite sample that had been aged anoxically for three weeks (Table 4.1). Aqueous
concentrations of Fe(ll) and sulfate were measured in all of the samples at the beginning and end
of 48 hour reaction time, with Fe(ll) concentrations decreased and sulfate concentrations

increased over the time period for all treatments (Table 4.2).
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Table 4.1. Summary of Fe K-edge k*-weighted EXAFS linear-combination fitting results of
mackinawite before and after reaction in batch experiments. The R factor is the normalized sum
of the difference between the model and the fit.

% Aged

Location Name % Mackinawite . . R factor
Mackinawite
Mackinawite,
before reaction 92.8 7.2 0.055652
Mackinawite,
after reaction with 17.7 82.3 0.222485

47 uM and 32 uM

Table 4.2. Summary of difference in aqueous Fe(l1) and sulfate concentrations in batch systems
before and after 48 hours of reaction.

Samole Tvoe | INitial UVI)  Initial As(v) ChFaerEf’le)'” Change in
pie 1yp (uM) (uM) Sulfate (mM)
(M)

Added to
e kinawite 47 — 78 0.282+0.027
47 32 -2 0.283+0.021
47 64 1132 0.291+0.019
47 320 -44 0.292+0.033
470 — 46 0.144+0.031
470 32 -110 0.126+0.004
470 320 70 0.194+0.013
470 640 -16 0.173+0.029

Combined before

mackinawite

dditior 340 340 4 0.0230.032
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U and As removal from solution
Batch experiments were conducted to investigate U(VI) removal from solution at two
concentration levels: 47 and 470 uM, hereafter referred to as low U and high U concentration
experiments. As(V) was added to both the low and high U treatments over a range of
concentrations, with 32-320 puM As(V) for the low U concentration treatments and 32—-640 uM
As(V) for the high U concentration treatments. The amount of U and As that was removed is
summarized in Figure 4.2. Both in the absence and presence of As(V), 100% of U was removed
from the aqueous phase at the end of the 48 hour reaction time. Arsenic removal varied by initial
As(V) concentration, but was complete at the lowest concentration of As(V) (32 uM) with both
low and high U(VI) concentration levels. In the low U concentration experiments, with
increasing As(V) concentration, As(V) removal decreased from 100% at 32 uM As(V) to 92% at
320 UM As(V). As(V) removal also decreased in the high U concentration experiments from
100% at 32 uM As(V) to 93% at 640 uM As(V). To further examine the removal mechanism(s)
for U(VI) and As(V) from solution, XANES and EXAFS spectroscopy was performed on filtered
solids.

Extent of reduction of FeS-associated U(V1) and As(V)

Uranium speciation

XANES spectroscopy was used to identify the distribution of U and As species
associated with mackinawite. The results of LCF of U XANES data are summarized in Figure
4.3, Table 4.3, and Figure 4.4. In the absence of As(V), all solid-phase U is present as nano-UQO,
at both U concentrations. In low U concentration systems, As(V) had limited impact on the
extent of U reduction. With the addition of 32 uM As(V), U(VI) was 100% reduced, similar to

the As(V)-free system, indicating that As had no impact on U reduction at this concentration
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Figure 4.2. Percent uptake of U and As from the aqueous suspensions of batch experiments
containing 4.6 g/L mackinawite and a) 47 uM U(VI) and b) 470 uM U(VI) with varying
concentrations of As(V). Black bars indicate percent U uptake and gray bars indicate percent As
uptake. Error bars indicate one standard deviation from the average of triplicates.
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Figure 4.3. Percent U(IV) and U(VI) species in final reaction products as determined by linear-
combination fitting of U Lj;-edge XANES. Systems contained a) 47 uM U(VI) and b) 470 uM

U(VI) with varying concentrations of As(V).
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Figure 4.4. U L;-edge XANES spectra of solid reaction products and reference compounds
nano-UO; and trogerite.
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Table 4.3. Summary of U XANES linear-combination fitting results for data shown in Figure
SI3. The R factor is the normalized sum of the difference between the model and the fit.

Initial

Initial

% U(VI)

Sample % Nano- %
u(Vvl) As(V) adsorbed to o R factor
Type @My @My 997 ferrihydrite | TO9erite
Added to 47 _ 100 0.00 0.00  0.0015220
mackinawite
47 32 100 0.00 0.00 0.0016930
47 64 100 0.00 0.00 0.0002760
47 320 89.5 0.00 10.5 0.0002690
470 — 100 0.00 0.00 0.0004878
470 32 100 0.00 0.00 0.0003995
470 320 74.7 0.00 25.3 0.0001437
470 640 15.0 28.9 56.1 0.0000880
Combined
before
mackinawite 340 340 25.9 42.5 32.0 0.0014997

addition

level. As As(V) concentrations increased, complete U(V1) reduction by mackinawite was

prevented. The precipitation of nano-UO, phase decreased to 96% of the total solid-phase U with

64 UM As(V) addition and further to 90% with 320 uM As(V) addition. As(V) had a greater

impact on the extent of U reduction in high U concentration systems. With the addition of 32 uM

As(V), U reduction was complete, similar to the As(V)-free treatment. With the addition of 320

UM As, 75% of the solid-phase U present as reduced phase. The addition of 640 uM As had the

greatest effect on U(VI) reduction where only 15.0% of the solid phase U was nano-UO,. Three

U standards (nano-UQO,, trogerite, and U(VI) adsorbed to ferrihydrite) were included in LCF to

model the possible mechanism(s) of U(VI) removal from the suspension, namely reductive
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precipitation, precipitation with As(V), and surface adsorption. In all systems, XANES fits were
best represented by the combination of nano-UQO; and trogerite standards, with the exception of
the high U concentration treatment with 640 uM As(V) which was fit with 28.9% U(VI)
adsorbed to ferrihydrite and 56.1% trogerite. In order to study the role of possible precipitation
of uranyl arsenate mineral phase(s) (e.g. trogerite) on the reduction of U(VI), the extent of U(VI)
reduction was also examined in an experiment where U(V1) and As(V) were combined prior to
the addition of the mackinawite suspension. In this system, only 26% of U(V1) was reduced in
comparison to 75% reduction in the system where U(VI) and As(V) were added directly to the
mackinawite suspension. In this system, the U(VI) component was represented by 43% U(VI)
adsorbed to ferrihydrite and by 32% trogerite. Reoxidation experiments were carried out on two
of the low U concentration treatments: 47 uM U(V1) without As and 47 uM U(VI) with 32 uM
As(V). Some reoxidation of U(IV) took place but was not complete (Figure 4.5 and Table 4.4).
Prior to injection, the percent of U(VI) present was 0%, and increased to 27% and 44% after air
injection in treatments without and with As(V), respectively.

Arsenic speciation

The percentage of reduced As species associated with solid phase was determined by
LCF of As XANES spectra. The results of the fitting are summarized in Figure 4.6. In the low U
concentration systems, 44-53% of the solid-phase associated As was reduced to As(l11) at all
added As(V) concentrations. In the high U concentration systems, less As(V) reduction occurred,
with only 22-28% reduced to As(l11) for all of the added As(V) concentrations. Complete
reduction was not observed. To rule out the possibility that U(VI) may limit As(V) reduction,
As(V) was combined with mackinawite at 32 and 320 uM concentrations without U(V1). Results

are summarized in Figure 4.6, Table 4.5, and Figure 4.7. In systems containing 32 pM As(V),
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Figure 4.5. Percent U(IV) and percent U(V1) associated with mackinawite in batch systems as
determined by linear-combination fitting of U L;-edge XANES. Systems contained 47 uM
U(VI1) and 47 uM U(VI) with 32 uM As(V) and all systems contained 4.6 g/L of mackinawite.
Data was collected after injection of 10 mL of air into each bottle followed by an additional 48
hours of reaction time. White bars indicate the U(VI) component fit with trogerite
(UO2HASO4#4H,0) as a reference compound and black bars indicate U(IV) fit using nano-UQO;
as a reference compound.
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Figure 4.6. Arsenic redox speciation based on linear combination fitting of As K-edge XANES
data for systems containing 47 uM U(VI) and 470 uM U(V1) with varying concentrations of
As(V) and containing 4.6 g/L of mackinawite. White bars indicate As(V) and gray bars represent
As(I11). Reference compounds used in linear-combination fitting were As(V) and As(l11)
adsorbed to goethite.
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Figure 4.7. As K-edge XANES spectra from batch systems containing 470 uM U(VI) with
varying concentrations of As(V) followed by spectra of batch systems containing 47 uM U(VI)
with varying concentrations As(V). Standards used for linear combination fitting are As(l11)
adsorbed onto goethite and As(V) adsorbed onto goethite.
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Table 4.5. Summary of As XANES linear-combination fitting results shown in Figure SI5. The
R factor is the normalized sum of the difference between the model and the fit.

Initial Initial % As(111) % As(V)
Sample Type u(Vvl) As(V) adsorbedto adsorbedto R factor
(uM) (uM) goethite goethite
Added to
mackinawite 47 32 43.7 56.3 0.005370
47 64 53.0 47.0 0.005591
47 320 48.4 51.6 0.004117
470 32 23.3 76.7 0.005235
470 320 21.7 72.3 0.005745
470 640 22.2 77.8 0.005114
Combined
before
mackinawite 340 340 14.7 85.3 0.004304
addition

57.1% of solid-phase As was reduced, whereas in systems containing 320 uM, 63.5% of solid-
phase As was reduced, demonstrating that complete reduction of As(V) did not occur even in the
absence of U(VI). As(V) reduction was also investigated in the set-up where U(VI) and As(V)
were combined prior to the addition of mackinawite. Similar to the case of U(V1), the percentage
of As(V) reduction was lower (15%) than in the corresponding treatment where U(V1) and As(V)
were added separately but simultaneously to the mackinawite suspension (28%).
Thermodynamic modeling was performed to help determine the most likely aqueous complexes
and mineral phases present at equilibrium for all of the As(V) treatments.

Thermodynamic Modeling

Thermodynamic modeling was performed using visual MINTEQ to determine if the

conditions of each experimental treatment favored precipitation of uranyl arsenate mineral
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phases. Limited information was available on the thermodynamic constants of uranyl arsenate
aqueous complexes and solid phases. Rutsch et al (157) compared the formation constants of
three uranyl arsenate aqueous complexes using time-resolved laser induced fluorescence
spectroscopy (TR-LFS) and found their values to be similar to their uranyl phosphate analogs.
Therefore we conducted speciation calculation using phosphate as a chemical analog for arsenate
because of their similar stability constants. (157) The formation of four possible uranyl-
phosphate minerals were considered including bassettite (Fe(UO;).(PO4),-8H,0), autunite
(Ca(U0O,)2(PO4)2-nH,0), chernikovite (UO,HPO4-4H,0), and (UO,)3(PO4)2-nH20. However,
(UO2)3(As0O4)2212H,0 has never been found to occur in nature (140) and autunite formation
would not be favored without the addition of calcium, so we will only report saturation indices
for chernikovite, which is an analog for trogerite. In the low U concentration setups with all
concentrations of As(V) (32-320 uM), systems were undersaturated for chernikovite. The high U
concentration systems were also undersaturated for chernikovite at the all of the concentrations
of As(V) (32 and 640 uM). The system containing 470 uM U(VI) and 640 uM As(V) was the
closest to saturation for chernikovite with an index of -0.042. In the system where U(VI) and
As(V) were combined prior to the addition of the mackinawite suspension, the saturation index
for chernikovite was 0.860, indicating oversaturation prior to the mackinawite addition. We also
observed a visible precipitate form in this treatment. The saturation indices for chernikovite
support that trégerite is an appropriate reference compound to be used as the U(V1) standard in
the LC fitting of U XANES data. Thus, EXAFS spectra were collected and interpreted in order to

elucidate the potential role of trggerite.
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Table 4.6. Summary of U Ly;;-edge EXAFS fitting results for selected U(VI1) and As(V)
treatments.

a ° 2,22 Eo Residual
Shell CN R(A) 6 (A) (eV) (%) "
3400 uM U + 3400 uM As
before mackinawite addition
Oux 2.4 1.83 0.008 6.78 75
Oeq 6.3 2.29 0.009
As 1.2 3.72 0.002
470 pM U + 640 pM As
added to mackinawite
Oux 1.6 1.78 0.003 2.55 8.1
Oeq 6.4 2.26 0.011
3400As 1.8 3.68 0.008
470 pM U + 320 pM As
added to mackinawite
Oaxx 5.7 2.31 0.012 0.6 13.3

U 4.0 3.69 0.017

2 coordination number

b Residual(%) = 2| y exo(i) = yineo(i) | / 2| Y exs(i) [ x100

Characterization of solid-phase U

The Fourier-transform of U L,;-edge EXAFS data was fit by shell-by-shell for selected
samples in order to determine the local structure of U(VI1) and U(1V) species in the final reaction
products. The fitting parameters are summarized in Table 4.6. The three reported samples were
chosen due to the differences in experimental setup and the observed distribution of U redox
species as determined by LCF of XANES spectra. The three selected treatments contained (1)
470 uM U(VI) and 320 uM As(V) added simultaneously but separately to mackinawite, (2) 470
uM U(VI) and 640 uM As(V) added simultaneously but separately to mackinawite, and (3) 3400
uM U(VI) and 3400 uM As(V) combined prior to the addition of the mackinawite suspension.

The data for each of these samples and their corresponding fits are shown in Figure 4.8. The
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FIGURE 4.8. Shell by shell fitting of U L,;-edge EXAFS spectra for samples 3400 uM U +
3400 uM As combined prior to addition of the mackinawite suspension, 470 uM U + 650 uM
As, and 470 uM U + 320 uM As added directly to the mackinawite suspension. The solid line
indicates the collected data and the dotted line indicates the fit. Not corrected for phase shift.

spectra data were similar between the sample containing 470 uM U(VI) and 640 uM As(V) and
the sample where U(VI) and As(V) were combined prior to the mackinawite addition. Of all of
the treatments, these two treatments had the highest percentage of U(VI) in the solid reaction
products as determined by LCF of U XANES. The overall fitting results indicated that both of
these treatments contained a U(V1) form similar to the uranyl arsenate mineral trogerite. The first

peak at ~1.4 A in the Fourier Transform (without phase correction) is consistent with the
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contribution from two axial oxygen atoms (~1.8 A) and the equatorial oxygen atoms (~2.29-2.47
A). The peak at ~3.7 A indicates a backscattering contribution from the As atoms. In contrast to
these two treatments, the sample containing 470 uM U(VI) and 320 uM As(V) was dominated
by U(IV) species with a structure similar to nano-UO, as indicated by LCF of U XANES data,
which is consistent with our shell-by-shell EXAFS fitting results. The peak at ~2.3 A is
indicative of the backscattering from the first O shell. An U shell is observed at ~3.7 A with a
coordination number of ~4, suggesting the dominant presence of nano sized UO,, as no U-U
correlation will be observed for monomeric U(IV) species (21, 22) and a greater amplitude of
this shell will be observed (coordination number of 12 as compared to 4 in our system) for highly

crystalline or long-ranged ordered UO,.

Discussion

While limited reduction of U(VI1) to U(IV) in the presence of mackinawite was observed
in early work, (118) two recent studies have observed complete reduction of U(V1) to U(IV). (16,
61) These two studies also identified the reduced U(IV) as UO; and confirmed the presence of
nano-UO, using a combination of shell-by-shell fitting of U L;;-edge EXAFS data and
transmission electron microscopy. In our study, we also observed complete reduction of U(VI) to
nano-UO; in the absence of As(V). We also observed complete removal of U(VI) from solution
after 48 hours of reaction time in these systems (Figure 4.2). Earlier studies observed uptake of
U(VI) onto the mackinawite surface within 15 minutes at pH 7, while reduction of U(VI)
followed uptake and occurred on a longer time scale of 4 hours. (60) Although we did not
conduct a time dependent study, U(VI) was fully reduced in samples without As(V) upon
immediate mixing with mackinawite and filtering (results not shown) suggesting immediate

reduction of U(VI) and precipitation as the cause of removal from solution. While complete
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reduction of U(VI) was not observed with all concentrations of As(V), aqueous U(V1) was
completely taken up by mackinawite in all treatments. (16, 60, 61, 118) Based on previous
research on the effect of arsenate and phosphate on U(VI1) interactions with mineral surfaces (24,
26, 68) and at the U(VI) and As(V) concentration ranges and pH values (6.7-7.5) of our systems,
we expect the primary form of solid-phase U(V1) to be uranyl arsenate surface precipitate(s)
rather than adsorbed ternary uranyl arsenate surface complexes or U(V1) surface complexes. In
addition, the number of reactive surface sites present on mackinawite, as estimated by the surface
area and reactive site density measured by Wolthers et al., are not sufficient for all U(VI) and
As(V) to be adsorbed by inner-sphere complexation in even the low concentration U systems.
(178, 179)

Two major mechanisms have been suggested for the reduction of U(V1) to UO; by
mackinawite. Hua et al proposed that U(V1) could be reduced by either structural Fe(11) or $*
but could not distinguish between the two. (60) Hyun et al and VVeeramani et al both suggest that
U(VI) is reduced by structural S* rather than Fe(l1), but the two studies propose different
oxidation products of S namely elemental sulfur and sulfate, respectively. (16, 61) Our results
are most consistent with the mechanism proposed by Veeramani et al because we observed an
increase in aqueous sulfate concentrations in all systems (Table 4.2). In other studies, an increase
in aqueous Fe(ll) concentrations was observed following reaction, which indicated the exchange
of structural Fe(l1) for UO,** as U(V1) adsorption takes place. (16, 60) We measured a decrease
in aqueous Fe(ll) concentrations over the reaction period, which rules out the possibility of
exchange between Fe(ll) and U(VI1). We did not observe conversion of mackinawite to other
mineral phases following the reaction period, suggesting that there was also no oxidation of

structural Fe(l11). Fe EXAFS data (Figure 4.1) show that the mackinawite structure was consistent

93



with nanoparticulate mackinawite at the start of the experiment and was dominated by crystalline
mackinawite at the end of the experiment. Over the period of days, mackinawite can convert
from nanoparticulate mackinawite to crystalline mackinawite. (117) Upon exposure to oxygen,
mackinawite can also rapidly oxidize to goethite or lepidocrocite. (16, 61) Linear-combination
fitting of the Fe XAS data did not indicate the presence of pyrite or any Fe(l11) oxy(hydr)oxides,
suggesting no changes in mineralogy in our system.

In this study, we examine the effect of As(V) on the reduction of U(VI) by mackinawite.
Here, we observe that As(V) limits U(VI) reduction at high concentrations. The inhibition may
be due to the formation of uranyl arsenate precipitates. Although thermodynamic calculations
using Visual MINTEQ suggested undersaturation with regard to chernikovite (an analog for
trogerite) at all experimental conditions where uranyl and arsenate were added simultaneously
and separately, shell-by-shell fitting of the sample containing 470 uM U(VI) and 320 uM As(V)
suggest the formation of a trogerite-like uranyl arsenate precipitate (Figure 4.8 and Table 4.6).
This might be due to the variations in formation constants between uranyl phosphate and
arsenate species (158) or the potential formation of poorly crystalline, highly disordered uranyl
arsenate surface precipitates. Although the effect of As(V) on U(VI) reduction has not been
previously studied, phosphate has been shown to affect the product of U(VI) reduction.
Phosphate present in biomass is thought to promote the formation of molecular U(1V) rather than
crystalline UO, (21, 22, 52), which was not detected in our study. However, due to the limited
sensitivity of XAS, we can not rule out the possible existence of minor amounts of molecular
U(IV) in our system, which could be masked by other more dominant U components. Studies
have also found that microbially-mediated reduction of U(VI) in the presence of aqueous

phosphate or as hydrogen uranyl phosphate (UO,HPQO4-4H,0) results in the formation of the
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U(IV) phosphate mineral ningyoite [CaU(PO.)2]. (21, 22, 52, 163-165) Little research has
discussed the existence of a similar U(1V) arsenate mineral phase (180) and LCF of our XANES
and EXAFS did not indicate the presence of a reduced uranium arsenate mineral.

The ability for trogerite-like uranyl arsenate precipitates to be reduced by mackinawite
was also investigated to elucidate if their formation prevents the reduction of both U(VI) and
As(V). When U(VI) and As(V) were combined prior to the addition of mackinawite, the
saturation index at that concentration level indicated that trogerite precipitation would be
favored. The presence of a uranyl arsenate precipitate with a structure similar to trogerite was
confirmed by shell-by-shell fitting of the U Lj;;-edge EXAFS spectrum for this treatment after
reaction with mackinawite. The shell observed at ~3.7 A is the indication of a backscattering
contribution from the As atoms. UO2(HAsO,).*H,O was not present in our system based on U
Ly EXAFS data. (68, 140) When uranyl arsenate precipitation occurred prior to the addition of
the mackinawite suspension, less U(V1) reduction (39%) was observed as compared to the
system where U(V1) and As(V) were added simultaneously and separately to mackinawite
(75%). Rui et al showed that the bioreduction of hydrogen uranyl phosphate takes place
following mineral dissolution. (164) With the presence of low solubility trogerite-like
precipitates in our system, we expect decreased degree of U(V1) reduction where uranyl arsenate
precipitates occurs, which was confirmed in our system.

In the presence of mackinawite, UO, was formed for all treatments. In the low U
concentration systems, we observed that mackinawite protected UO, from complete reoxidation
to U(VI) following air injections. Previous work has shown that mackinawite preferentially
reacts with dissolved oxygen, preventing UO, oxidation. (16, 155) In considering uranyl

immobilization, both reduction to UO, and the formation of low solubility uranyl mineral
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precipitates are environmentally relevant. Indeed, the stability of trégerite is similar to
chernikovite and both are insoluble under groundwater conditions (181), allowing effective
immobilization of uranyl contaminants.

Our system also examined the redox behavior of As because As(V) reduction was
expected to occur in the presence of mackinawite. While some reduction of As(V) occurred, we
did not observe complete reduction in any of the treatments (Figure 4.6 and Table 4.5). Based on
the findings of Gallegos et al, As(V) can be reduced by structural S* on mackinawite surface,
which is the similar mechanism for U(VI) reduction. (153) With the formation of surface
precipitates (UO, or uranyl arsenate precipitates), U(VI1) may limit As(V) reduction by
preventing As(V) interaction with surface S* group. As previously discussed, the number of
estimated reactive surface sites on mackinawite was not sufficient to adsorb all of the added
As(V) in both low and high U concentration treatments. Studies have also found that in systems
containing a mixture of Fe minerals, As has low affinity for mackinawite. (36, 182) In addition,
Widler and Seward found the point of zero charge of crystalline mackinawite to be 2.9, so the
surface of mackinawite would be negatively charged in our system (pH 6.7-7.5) resulting in
preferential adsorption of uranyl cations over arsenate anions. Based on XANES fitting, As(I11)
resulted from As(V) reduction, but no As-S mineral phases were formed. Past studies have
observed that the reduction of As(V) by mackinawite results in the formation of the As-S mineral
realgar (As,Ss). (34, 153) The formation of realgar in our study is not likely to occur because it is
favored only under a narrow range of sulfide concentrations, where concentrations must be high
enough to favor As-S mineral precipitation but not too high to favor formation of thioarsenite
species. (172) Our results are consistent with other work where low aqueous sulfide

concentration was observed to prevent realgar formation. (36, 172)

96



Environmental Implications

Biogenic mackinawite has been shown to play an important role in the reduction of U(VI)
in sediments at U mill tailings such as those in Rifle, CO. (55) Previous work and this study have
also shown that mackinawite can prevent reoxidation of UO,, subsequently preventing U
remobilization. While studies have examined the ability for U(V1) to be reduced by synthetic and
biogenic mackinawite, the effect of naturally occurring anions on U(V1) reduction has not been
widely investigated. (16, 61) An improved understanding on the influence of U-complexing
anions (e.g., arsenate, vanadate, and phosphate) on U(VI) reduction will help us to better predict
U(VI) reduction and retardation behavior in environmental systems. The high concentrations of
As(V) and U(VI) used in this study may not occur naturally at most open-pit mine tailings, but
they may occur in drainage from in-situ leaching U mining or from the processing of U ore. (67)
Because a common strategy for immobilization of U is reduction to UO,, understanding whether
arsenate or similar anions such as phosphate or vanadate can limit reduction is important for the
design of remediation strategies. (183, 184) While the presence of stable U(V1) mineral phases
may prevent U(VI) reduction, their formation may offer an alternative strategy for U
immobilization. Further research into the influence of anions such as carbonate, phosphate,
vanadate and arsenate is needed to better understand if U(V1) reduction by mackinawite is a

significant process in all natural systems.
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CHAPTER 5

SUMMARY

The research performed in this dissertation was meant to elucidate the redox chemistry of
U and As that promotes or prevents mobilization of these elements in mine-impacted
environments. The work presented here examines U and As chemistry in three different systems:
(1) under field conditions at the North Cave Hills, to characterize reactions controlling the
mobility at the site (Chapter 2); (1) in microbially stimulated laboratory systems with natural
sediment, to determine how As and U behave in anoxic, microbially active systems similar to the
conditions at the North Cave Hills and, later, under oxic conditions (Chapter 3); (111) in abiotic
laboratory systems with mackinawite (FeS) to examine the reduction of U and As in a simplified
system and to examine the formation of uranyl arsenate minerals and their reduction potential
(Chapter 4). X-ray absorption spectroscopy was used in order to determine the solid-phase redox
species present in all of the work presented here. This chapter summarizes the key findings and
implications of the work in the previous three chapters and makes recommendations for
continued research in the area of U and As redox chemistry.

Due to the previous detection of above background level concentrations of U and As in
sediments and surface waters surrounding the North Cave Hills, the mechanisms controlling the
transport of U and As from the tailings pile to the surrounding watershed were studied. Uranium
was primarily transported by erosion at the site, based on decreasing concentrations in sediment
with distance from the tailings. Sequential extractions and U XANES fitting indicate that U is
immobilized in a near-source sedimentation pond both by prevention of sediment transport and

by reduction of U(VI) to U(IV). In contrast to U, subsequent release of As to the watershed takes
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place from the pond partially due to reductive dissolution of Fe oxy (hydr)oxides. However, As
is immobilized by adsorption to clays and Fe oxy (hydr)oxides in oxic zones and by formation of
As-sulfide mineral phases in anoxic zones down gradient, indicated by sequential extractions and
As XANES fitting. This study indicates that As should be considered during remediation of
uranium mine sites in order to prevent transport to public-use lands. While this work
characterized the behavior of U and As specifically at the North Cave Hills, findings can be
applied to other mine and mill tailings sites where both elements are present. The original
intention of this research was to use U and As EXAFS to determine the specific forms of U and
As present and determine if and how they are bound to one another or to Fe minerals in North
Cave Hills sediments. Due to the low environmental concentrations of U and As present, high-
quality EXAFS spectra could not be collected. Future work examining U and As redox chemistry
at environmental concentrations should consider using micro-focused X-ray fluorescence
spectroscopy (XRF) accompanied by micro-EXAFS in order to obtain high quality EXAFS
spectra on selected high concentration U and As containing spots.

The seasonal variation in precipitation at the North Cave Hills inspired the laboratory-
based experiments. By performing experiments in the lab using North Cave Hills sediments and
media to mimic surface water composition, systems could be maintained under anoxic conditions
and then later be exposed to air as would occur during the drying of an anoxic, waterlogged
zone. In addition, we studied the behavior of U and As during biostimulation by three different
common electron donors—acetate, lactate, and ethanol. U(VI) addition prevented sulfate
reduction from occurring in batch systems, likely due to a toxicity effect on the stimulated
microbes. U(V1) reduction also did not occur in these systems. Concentrations used in batch

experiments were higher than would typically be found in natural environments, so the same
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toxicity effect will likely not be observed under field conditions. In systems that originally
contained no U(VI), the formation of mackinawite was observed, followed by the reduction of
As(V) to As(l11) and an As-sulfide mineral phase. When U(V1) was added to these bottles,
reduction to nano-UO; was observed, indicating that mackinawite played a role in U reduction.
Acetate was shown to be the electron donor that stimulated the most U(VI) reduction and ethanol
was the electron donor that stimulated the most As(V) reduction. The results of these
experiments indicate that biostimulation of a field site would result in mineralization of both U
and As which would prevent further transport of both. While some re-release of U and As was
observed upon exposure to air, much of the solid-phase U and As remained in their reduced
forms. When mackinawite is formed during bioremediation, it can act as a strong electron donor
and also can protect U and As from reoxidation. Although these studies indicate that U and As
reduction can take place abiotically in the presence of biogenic mackinawite, we cannot rule out
that direct microbial reduction was not also taking place. Further investigation in the microbial
activity in these systems is necessary to understand why U(VI) limited microbial activity,
whether direct U(VI) and As(V) reduction took place, and why different extents of reduction
were observed in the presence of different electron donors. Characterization of the microbial
communities in each treatment would help to answer these questions.

Many previous studies have examined U and As redox reactions in the presence of
mackinawite, but the two elements have not been previously investigated together. Because
many biostimulation studies both in the field and in the laboratory have observed mackinawite
formation, understanding mackinawite interactions with U and As is important for the design of
effective remediation strategies. In these experiments, As(V) was added to systems containing 47

uM and 470 uM U(VI) at concentrations ranging from 32 to 640 uM. Solid-phase speciation and
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characterization of U and As were determined using XANES and EXAFS. In the absence of
As(V), U(VI) was completely removed from solution and fully reduced to nano-uraninite (UO,).
U(VI) was also removed from the aqueous phase in the presence of As(V), but the reduction of
U(VI) was limited at As(V) concentrations above 320 uM. The formation of the uranyl arsenate
mineral trogerite, as observed by EXAFS, may change the reduction potential of uranyl, resulting
in less overall U(V1) reduction when As(V) is present. The formation of uranyl arsenate aqueous
complexes has not been observed in the environment, but uranyl arsenate minerals such as
trogerite have been observed. Although these complexes have not been detected in
environmental systems, the possibility of their formation must be considered in order to
understand U and As behavior. Arsenate is a close analog for phosphate and one common
remediation strategy for U is to add phosphate to systems in order to precipitate uranyl phosphate
minerals. Because of the toxicity of As(V), the addition of As(V) for U remediation is not
feasible, but understanding how As(V) effects U(VI) reduction will provide insight into the
stability of both uranyl arsenate and uranyl phosphate minerals.

Despite the insight gained through the research described here, there is room for
continued research in the areas of U and As redox chemistry. In order to better understand the
mechanisms controlling U and As fate and transport in the field, further controlled laboratory
experiments need to be conducted.

This is the first research into how thermodynamics of U(VI) and As(V) reduction change
when they are present as a uranyl arsenate mineral. The system examined here involved four
redox active elements (U, As, Fe, and S), but the system could be simplified. For example the
reduction of uranyl arsenate minerals and aqueous complexes in the presence of aqueous sulfide

or magnetite could be investigated. The microbial reduction of uranyl arsenate minerals by
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sulfate reducing bacteria could also be investigated. While we used an excess of mackinawite in
our systems, lowering the concentration of reducing agent would help to determine if the
reduction of either U(VI) or As(V) is favored. In addition, surface precipitation of uranyl
arsenate onto aluminum oxide has been studied, but the formation of uranyl arsenate surface
complexes and precipitates on other common soil minerals such as Fe oxy(hydr)oxides has not
been studied.

Many researchers are examining the formation of molecular U(IV) in the environment.
The existence of molecular U(1V) is important because we previously believed that U(1V) only
existed in mineral forms. The goal of most U remediation strategies is to immobilize U as UO,
but this might not be successful if U can be reduced to a mobile form of U(1V). Recent work has
shown that molecular U(IV) forms when phosphate groups are present in the form of biomass.
Our work has not described the interactions between U(IV) and arsenate. Because of the
important role that phosphate plays in molecular U(IV) formation, arsenate may have a similar
effect in promoting molecular U(1V) formation. While molecular U(IV) was not observed in our
work, most samples contained a mixture of U species and molecular U(IVV) may have been

difficult to detect if it were not the dominant species present.
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Abstract

Microorganisms are known to couple the degradation of hydrocarbons to Fe(III) reduction leading to the dissolution and
(trans)formation of Fe minerals including ferro(i)magnetic Fe minerals such as magnetite. The screening of soil magnetic
properties, in particular magnetic susceptibility (MS), has the potential to assist in locating and assessing hydrocarbon
(e.g. gasoline) contamination in the environment. In order to evaluate this, it must be understood how changes in soil geo-
chemistry and hydrocarbon input impact MS. To this end, we incubated microcosms with soils from six different field sites
anoxically and followed the changes in soil MS. In parallel we simulated hydrocarbon (i.e., gasoline) contamination in the
same soils under anoxic conditions. We found that in microbially active microcosms both with or without added gasoline,
average changes in MS of 6.9 £ 2.6% occurred, whereas in sterile controls the changes were less than 2.5% demonstrating that
microbial metabolism played a major role in the (trans)formation of ferro(i)magnetic minerals. The microcosms reached sta-
ble MS values after a few weeks to months in four out of the six soils showing an increase in MS while in two soils the MS
decreased over time. After stable MS values were reached, further addition of labile organic carbon (i.e., lactate/acetate) did
not lead to further changes in MS, but the addition of Fe(III) oxyhydroxides (ferrihydrite) led to increases in MS suggesting
that the changes in MS were limited by bioavailable Fe and not by bioavailable organic carbon. In the control experiments
without carbon amendment, we observed that natural organic matter was mobilized from the soil matrix by water or micro-
bial growth medium (0.33-0.47 mL/g field moist soil) added to the microcosms, and that this mobilized organic matter also
stimulated microbial Fe metabolism and thus also led to a microbially driven change in MS. This study shows that changes in
MS after an increase of the amount of bioavailable organic carbon can occur in a variety of soils. It also suggests that whether
MS increases or decreases depends on the initial MS of the soil and the extent of the MS change seems to depend upon the
amount of bioavailable Fe(III).
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1. INTRODUCTION

Crude oil and its products such as gasoline and diesel
fuel are used worldwide. Soil and sediment contamination
by these compounds represents a severe environmental
threat (Readman et al., 1992; Masak et al., 2003; Zachara
et al., 2004; Mendelssohn et al., 2012). For effective remedi-
ation of such sites, the contamination must be located and
the spatial extent of the affected area assessed. Soil samples
are usually taken from the potentially contaminated area
and analyzed in the laboratory, however, this is time con-
suming and cost intensive. Therefore, rapid and inexpensive
methods for assessment of hydrocarbon contamination in
the field are necessary.

Measurement of soil magnetic susceptibility (MS) has
been used to localize anthropogenic heavy metals in soils
based on the fact that heavy metals and magnetic phases
(mostly magnetite) are emitted from identical sources (com-
bustion processes, steel industries, mining activities, traffic)
and have similar transport pathways into and in the envi-
ronment (Petrovsky and Ellwood, 1999). Since MS can be
measured within seconds in the field, this parameter can
be used for fast and cost effective surveys of large areas.
MS describes how strong a substance is magnetized in an
external magnetic field. Diamagnetic materials (e.g. quartz,
water) have a small negative MS, whereas paramagnetic
minerals (e.g. siderite, ferrihydrite) and antiferromagnetic
minerals with spin-canting (hematite) or defect moments
(goethite) have a small positive MS. Ferromagnetic ele-
ments (e.g. metallic Fe) and ferrimagnetic minerals (e.g.
magnetite, maghemite, greigite) have a very high or moder-
ately high (e.g. pyrrhotite) positive MS (Dunlop and Ozd-
emir, 1997). For simplicity the term ferro(i)magnetic
minerals is used in this study and refers to ferrimagnetic
minerals and antiferromagnetic minerals with spin-canting
or defect moments. Although crude oil and its products
such as gasoline have a low or even negative MS (Iva-
khnenko and Potter, 2004), the measurement of soil MS
has also the potential to serve as a proxy for the presence
of hydrocarbons.

Ferro(i)magnetic phases are known to form in oil as sec-
ondary products during oil biodegradation (McCabe et al.,
1987). Additionally, crude oil components like n-alkanes
and polycyclic aromatic hydrocarbons can be degraded by
soil microorganisms (Hamamura et al., 2006; Borch et al.,
2010) including different Fe(III)-reducing microorganisms
(Lovley et al., 1989; Lovley and Anderson, 2000). Fe(III)-
reducers were shown to be able to reduce poorly crystalline
ferrihydrite as well as more crystalline Fe(IIT) minerals such
as goethite, hematite, and magnetite (for reviews see
Kappler and Straub, 2005; Weber et al., 2006; Konhauser
et al., 2011). Depending on the geochemical conditions
present during Fe(III) reduction (e.g. pH, presence of
carbonate, sulfide and phosphate) and depending on the
Fe mineral transformation pathway (reductive dissolution,
dissolution-reprecipitation or solid-state conversion),
different Fe-phases can form. Ferrihydrite was shown for
example to be converted into Fe(II)-carbonate, -sulfide,
-phosphate or goethite as well as mixed Fe(II)-Fe(III) min-
erals such as magnetite or green rusts (Roden and Zachara,

1996; Fredrickson et al., 1998; Hansel et al., 2005; Borch
et al., 2007; Piepenbrock et al., 2011; Amstaetter et al.,
2012). In turn, Fe(II) can be oxidized by anaerobic and
aerobic Fe(II)-oxidizing microorganisms (Kappler and
Straub, 2005; Weber et al., 2006; Konhauser et al., 2011)
which can also lead to the formation of magnetite
(Chaudhuri et al., 2001; Jiao et al., 2005; Dippon et al.,
2012) or green rust (Pantke et al., 2012).

Since some Fe(IIl)-reducers are able to metabolize
hydrocarbons, the input of hydrocarbons into soils has a
direct influence on microbial Fe(III) reduction and indirectly
(via Fe(II) formation) on microbial Fe(II) oxidation. Addi-
tionally, hydrocarbons, especially lipophilic ones, are toxic
for many microorganisms due to their interaction with
microbial membranes (Sikkema et al., 1995) and thus hydro-
carbon input into soils can also decrease microbial activity
including Fe-metabolizing microorganisms. Therefore,
hydrocarbon input may lead to changes in soil MS by chang-
ing Fe mineralogy including ferro(i)magnetic minerals. As a
consequence, similar to heavy metal contamination hydro-
carbon contamination may also be localized rapidly by
screening soil MS in the presumably contaminated area in
comparison to MS values at uncontaminated reference sites.

Only a few studies have tried to correlate the amount of
hydrocarbons in soils with soil MS (see references in
Schumacher, 1996). Guzman et al. (2011) and Aldana
et al. (2011), studied the magnetic signature of oil fields
from Venezuela and identified magnetite and Fe-sulfides
(e.g. greigite) as the main magnetic phases causing increased
MS values in oil wells. In two recent field studies, we also
observed increased MS values in hydrocarbon contami-
nated soils (Rijal et al., 2010, 2012). However, no detailed
studies exist that answer the key questions whether micro-
bial activity is involved in the changes of soil MS after
hydrocarbon input and how the changes in MS are influ-
enced by the geochemical conditions of the soil. Therefore,
we incubated soils from different field sites anoxically in
laboratory microcosm experiments, simulated hydrocarbon
contamination, and followed the change of soil MS over
time. The objectives of this study were (i) to determine
the importance of microbial processes for changes in MS
and (ii) to determine the influence of geochemical condi-
tions, including the amount of bioavailable organic carbon
and bioavailable Fe, on the extent and temporal develop-
ment of the changes in MS.

2. METHODS
2.1. Field sites, soil sampling and soil pre-treatment

Soil samples from six different field sites were collected.
The field sites were chosen due to their minimal anthropo-
genic influence especially regarding combustion pollution
that is known to release ferro(i)magnetic particles. The first
five sampling sites Holzgerlingen (HG), Waldenbuch
(Wabu), Fraeulinsberg (FB), Allemendwald (AW) (all four
grassland) and Schoenbuch (Sbu) (forest) are located in
Southwest Germany. At the grassland sites the top
~20 cm of soil was sampled including the sward, whereas
the forest soil Sbu was sampled without leaf litter. During
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a field study (Rijal et al., 2012), a sixth soil sample was col-
lected in the Haenigsen area (Northeast of Hanover, North-
ern Germany), a region where crude oil is leaking naturally
to the surface. For the microcosm experiments presented
here a sample was taken in this region from an uncontam-
inated surface soil of farmland (Hclean). Large organic par-
ticles (e.g. plant matter) were removed from the soils either
with tweezers (HG, Wabu, FB, AW, Hclean) or by pressing
the field moist soil through a 2 mm sieve (Sbu). Soils were
stored for up to four months in plastic bags at 4 °C in the
dark before use. Soil stored at 4 °C that did not receive
any amendments is named “original soil” in the following
text.

2.2. Experimental setup of microcosms

In order to determine the processes influencing soil MS
after addition of organic carbon, three microcosm experi-
ments with six soils and three different carbon amendments
(no carbon, lactate and acetate, and gasoline) were set up in
60 mL glass bottles under anoxic conditions (Table 1). Six
different soils were used to determine if the geochemistry
of soils had an influence on the rate or extent of MS change.
Setups without carbon amendment served as a negative
control to quantify the change of soil MS by the incubation
of the soil alone. Gasoline (95 octane) containing a diverse
mixture of aliphatic and aromatic hydrocarbons was added
as model compound representing a hydrocarbon contami-
nation arising from spills. Bottles with lactate/acetate addi-
tion served as control for setups containing easily
biodegradable organics.

In order to determine the impact of microbial activity
for the changes in soil MS, two sets of microcosms were
set up, one with sterile soil and one with non-sterile soil
with at least two replicates per setup. For setups with sterile
soil, the soil was autoclaved (121 °C, 25 min, 1 bar). All
solutions added to the soils were sterile and anoxic.

Either microbial growth medium (for composition see
Straub et al., 2005) or high-purity water (to determine if
the nutrients present in the medium had an influence on
the MS changes) was added to the autoclaved and non-
autoclaved soil (5-7mL to 15-21 g of soil; see Table 1).
The medium was buffered at pH 7 with 20 mM sodium
bicarbonate. The headspace of the bottles was exchanged
with N,:CO, (90:10) to obtain anoxic conditions. Micro-
cosms with three different carbon amendments were set
up: (i) no carbon source added, (ii) lactate/acetate (each
15 mmol/L; referring to the volume of added microbial
growth medium or water), and (iii) unleaded gasoline
(3.60 pL/g field moist soil) obtained from a gasoline station.
The lactate/acetate concentrations were chosen based on a
previous study that indicated stimulation of Fe(III)
reduction at these concentrations (Porsch et al., 2010). Bot-
tles were closed with viton stoppers. Microcosms were
homogenized directly after preparation and weekly thereaf-
ter by shaking for a few seconds on a vortexer. The micro-
cosms were incubated at 28 °C in the dark. MS was
measured weekly, until the MS was constant, then every
other week.
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In order to examine whether carbon or Fe limitation was
responsible for cessation of changes in MS, selected micro-
cosms were used for two additional experiments (Table 1).
Since only two to four replicate bottles were available per
setup, different soils were chosen for these two experiments.
The importance of carbon limitation for the cessation of
changes in MS, was determined by adding lactate/acetate
(both 15 mmol/L, referring to the volume of added micro-
bial growth medium) again to the corresponding setups of
soils HG and Wabu (experiment I) after 14.5 weeks of incu-
bation. In order to determine if bioavailable Fe(III) limita-
tion led to cessation of changes in MS, microcosms with soil
Hclean containing medium and no additional carbon
(experiment II) were amended with ferrihydrite after
51 weeks of incubation. Soil Hclean was selected as this soil
had the lowest total Fe (Fe,,) concentration as determined
by XRF (see below). Ferrihydrite was chosen since it is con-
sidered to be a source of bioavailable Fe(Ill) and magnetite
is one of the possible products of its reduction (Porsch
et al., 2010). 2 mL of a 0.5 M ferrihydrite suspension (syn-
thesized according to Raven et al., 1998) was added to half
of the parallel experiments in each setup. In order to follow
changes in Fe mineralogy during incubation in more detail,
sub-samples of sterile and microbial active microcosms
without carbon amendment and with lactate/acetate addi-
tion with soil Sbu were analyzed by Mdssbauer and EX-
AFS spectroscopy (see below) (Table 1, experiment III).

After incubation, one microcosm from each setup and
experiment was opened under oxic conditions and sampled
immediately for the quantification of Fe(Il) and Fe,,, in the
different Fe fractions (i.e., adsorbed plus Fe carbonates,
poorly crystalline Fe, and crystalline Fe) and for the analy-
sis of dissolved organic carbon, dissolved inorganic carbon,
and organic acids.

2.3. Analytical methods

2.3.1. Soil analysis

The water content of the original soils was determined by
drying the soil at 105 °C (Blume et al., 2000). The soil pH
was measured 24 h after addition of 0.01 M CaCl, solution
(Blume et al., 2000). All soils were finely ground and dried at
105 °C prior to the following analyses: Total organic carbon
and total nitrogen was determined with a CN analyzer (Var-
io EL, Elementar, Germany) after carbonate removal with
1 M HCI. The CaCOj; content was quantified by mixing soil
with 1 M HCI and determining the consumed HCl by titra-
tion with 1 M NaOH. The total Fe and total sulfur content
of the soils was quantified by X-ray fluorescence analysis
(Bruker AXS S4 Pioneer X-ray spectrometer, Bruker AXS
GmbH, Germany). Fe extractions from two sub-samples
of the soil before and after incubation were performed
according to Moeslund et al. (1994) and Roden and Zachara
(1996) with a soil:extractant ratio (w:v) of 1:50. Prior to
extraction, microcosms with soils FB, AW and Sbu were
centrifuged (10 min, 2000 rpm) and the supernatant was re-
moved for dissolved carbon and organic acid analyses (see
below). The first sub-sample of soil was extracted with
Na-acetate (pH 5) for 24 h and the second sub-sample with
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Table 1

Experimental setup of microcosm experiments. Three microcosm experiments (I-IIT) with six soils were set up. The microcosms consisted of
two sets: one with autoclaved (sterile setups) and one with non-autoclaved soil (microbially active setups). Either microbial growth medium or
high-purity water was added as liquid. Microcosms were either not amended with organic carbon or amended with lactate/acetate or with

gasoline.

Soil Microcosm Measuring time ~ Ratio Soil ~ Carbon source added to sets of sterile and microbially active microcosms
expgriment/ (before + after [gFLiquid No carbon Lactate/acetate Gasoline
replicates per 2nd C or [mL] (15 mM each)* (3.6 uL/g field
setup Fe addition) moist soil)

[weeks]
Medium Water Medium Water Medium Water

HG 1/2 11+10 15:5 X X, 2nd X

Ch
Wabu 1/2 11+ 10 15:5 X X, 2nd X
Ch

FB 11/4 46 15:7 X X X

AW 11/4 46 15:7 X X X

Hclean 11/4 46+ 73 15:7 x, Fe* X x, Fe®

Sbu 111/4 48 21:7 X, X, X

MB + EXAFS’ MB + EXAFS’

# 15 mM final concentration in the microcosms referring to the volume of added liquid.

® After 14.5 weeks (MS values of microcosms were stable) lactate/acetate was added a second time.

¢ After 51 weeks (MS values of microcosms were stable) 2 mL of 0.5 M ferrihydrite suspension were added to two replicates per setup.
4 Soil Fe mineralogy was analyzed after incubation by Mdssbauer and EXAFS spectroscopy.

0.5 M HCl for 1 h, both under oxic conditions at room tem-
perature on a shaker. For soil Sbu a third sub-sample was
extracted with 1 M HCI at 70 °C under oxic conditions in
a water bath for 24 h (Porsch and Kappler, 2011). From
all extracts 1.8 mL were centrifuged (15 min, 20,817g) to re-
move soil particles. Fe(IT) and Fe, of the supernatant were
quantified by the ferrozine assay (Stookey, 1970) in microti-
ter plates as described by Hegler et al. (2008). The properties
of the original soils are given in Table 2.

2.3.2. Magnetic susceptibility measurements

Low-field MS of the microcosms was measured as de-
scribed in Porsch et al. (2010). In order to determine the
mass specific MS of the original soil samples, 5-10 sub-sam-
ples of each soil were packed in 10 cm® plastic containers
and the results of the volume specific MS were divided by
the overall density of the contents of the container. The ex-
tent of MS change in soil microcosms was calculated as the
% difference between the initial MS value and the final MS
value which was calculated as average of the last four to five
measured MS data points during the plateau phase.

2.3.3. Dissolved carbon and organic acid analysis
Microcosm bottles with soils FB, AW and Sbu were cen-
trifuged (10 min, 2000 rpm) and the supernatants were frozen
and stored in sterile plastic cups at —28 °C until analysis of
dissolved organic and inorganic carbon, and organic acids.
For analysis, the supernatant was thawed and remaining soil
particles were removed either by centrifugation (soils FB and
AW, 10 min at 20,817g) or by centrifugation and filtration
(soil Sbu, centrifugation for 10 min at 5000g followed by fil-
tration with a 0.22 pm mixed cellulose ester filter). Dissolved
organic and inorganic carbon (DOC, DIC) contents were
determined using a carbon analyzer (high TOC, Elementar,
Germany). Organic acids (acetate, butyrate, formate, lactate,
and propionate) were quantified by HPLC using a diode

array detector (absorption at 210 nm) and a refractive index
detector. The acids were separated on a Bio-Rad Aminex
HPX-87H Ton Exclusion Column (300 * 7.8 mm) with two
pre-columns, a Bio-Rad Micro guard Cation H Cartridge
and a Dionex IonPac NGI Guard column (2 % 50 mm).
5 mM H,SO,4 was used as eluent (0.6 mL/min). The column
heater temperature was 60 °C.

2.3.4. Mineral analysis by Mossbauer and extended x-ray
absorption fine structure (EXAFS) spectroscopy

Initial attempts to separate magnetic mineral particles
from the soil by magnetic separation failed (data not
shown), probably due to their small size, coatings of the
magnetic particles with organics or associations with non-
magnetic mineral particles. Therefore, minerals were ana-
lyzed directly from soil samples.

Preparation of samples from microcosms for Mossbauer
spectroscopic analysis was done anoxically in a glovebox
(100% N,), whereas the original soil was prepared under
oxic conditions. Soil samples were sealed between two lay-
ers of Kapton tape. Mdossbauer spectra were recorded at
room temperature for up to 19 days and analyzed as de-
scribed by Hohmann et al. (2010).

To prepare samples for EXAFS, microcosms of soil Sbu
were opened in a glovebox (100% N) and a sub-sample of
the soil was dried at ambient temperature and finely ground
in an agate mortar. Ground samples were packed in Teflon
sample holders for XAS analyses and sealed with Kapton
tape to prevent oxidation. The structural environment of
Fe was determined using EXAFS spectroscopy at the Stan-
ford Synchrotron Radiation Lightsource (SSRL) on beam-
lines 11-2 (26-pole wiggler) and 4-1 (20 pole wiggler). The
storage ring was operated at 3.0 GeV and at currents be-
tween 60 and 100 mA. The Fe EXAFS analytical proce-
dures used here were similar to those described previously
by Borch et al. (2007). Energy selection was accomplished

121



48 K. Porsch et al./ Geochimica et Cosmochimica Acta 128 (2014) 44-57

Table 2

Selected properties of original soils used for microcosms experiments.

Soil properties HG Wabu FB AW Sbu Hclean
pH" 5.4° 7.1¢ 52+0.0 3.6+ 0.0 7.0+£0.0 4.8+0.0
Water content [wt.%]", 3240 4040 2341 30+1 4840 15+1
CaCO; [wt.%]",* 47407 1.5+0.0 1.2+0.2 02+0.2 120+ 1.0 02+0.2
TOC [wt.%]"," 28+£0.0 4.1+0.1 33402 4.6+0.3 35+0.1 20402
Niota [Wt.%]", 0.3+£0.0 0.4+0.0 0.3+0.0 0.3+0.0 0.2+0.0 0.1 +£0.0
Feioral 0.5 M HCI [wt.%]",¢ 0.1 £0.0 0.1 £0.0 0.1 +0.0 0.2+0.0 0.2+0.0 0.1 £0.0
Feiow XRE [Wt.%[,%° 38400 22400 21401 20400 2.6+0.0 0.6+ 0.0
Stotal XRF [ppm],",° 778 + 120 1083 + 51 nd. n.d. 850 +2 n.d.
Mass specific magnetic susceptibility (MS) [107% m’lkg]”

MS Average 199+ 1.4 173453 27.1£0.6 45.5+4.7 139+1.3 11.6+0.5
MS Minimum 17.7 13.5 26.4 39.7 12.3 11.0

MS Maximum 21.3 26.7 27.8 51.1 16.1 12.3

* Average of duplicates + difference to the minimum and maximum.

® Average of three or more replicates + standard deviation.
¢ single measurement.

wt.% and ppm refers to 105 °C dried soil.

XRF = X-ray fluorescence analysis.

 Not determined.

d

e

with a Si (220) monochromator and spectra were recorded
by fluorescent X-ray production using a Lytle-detector. A
set of Fe reference compounds was used for linear combina-
tion k*-weightened EXAFS spectral fitting using the SIX-
PACK interface to IFEFIT (Webb, 2005). Linear
combinations of the reference compounds were optimized
and the only variable parameters were the fractions of each
reference compound (see Fig. EA1 of the Electronic Annex
for one example of linear combination fitting). Reference
compounds were chosen based on their likelihood of being
present in the soil or being a reaction product and were in-
cluded in the fit only if they contributed 5% or more. The
detection limit for minor constituents is approximately
5 mol.%. Mossbauer spectroscopy, with a detection limit
of approximately 5 wt.%, was used to constrain EXAFS
analysis as described earlier by Borch et al. (2007).

2.4. Quantification of Fe(IlI)-reducing microorganisms

Anaerobic Fe(IT)-reducing microorganisms of the origi-
nal soil Sbu were quantified by the most probable number
(MPN) method as described in Emmerich et al. (2012) with
the following changes: the soil was diluted in 1:10 dilution
series with the microbial growth medium, the electron do-
nor mix contained 5mM Na-acetate, 5SmM Na-lactate,
10 mM Na-formate, 2 mM Na-propionate and 2 mM Na-
butyrate, and the MPN plates were incubated for 18 weeks.

2.5. Statistical analysis

A one sample z-test was used for setups with gasoline
amendment and for setups without additional carbon for
which there were more than two replicates (Table 1) to
determine if the MS of each microbially active setup as well
as each sterile setup changed significantly over time. The
setups for which this test was conducted, as well as the data
used for the tests, are shown in Table EA1 of the Electronic
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Annex. The Pearson correlation coefficient r for linear cor-
relations between MS dependent parameters (maximum ex-
tent of MS change, absolute value of the maximum extent
of MS change, time within stable MS values were reached
(Fig. 1)) and the soil properties (Table 2) was determined
for all microbially active microcosms of all six soils without
carbon amendment and with gasoline addition (Table EA2
of the Electronic Annex). The setup of soil AW without car-
bon amendment was excluded from these calculations due
to its extreme decrease in MS in comparison to the other
soils (Fig. 1). All tests and calculations were performed with
the software package PASW statistics 17.0 from SPSS Inc.
(Chicago, USA).

3. RESULTS

In order to determine the importance of microbial activ-
ity and geochemical conditions on the extent and temporal
development of changes in soil MS in presence and absence
of hydrocarbons, microcosms with six different soils and
three different treatments (no carbon addition, addition of
lactate/acetate or addition of gasoline) were set up
(Table 1).

3.1. Microbial processes involved in changes of soil MS

3.1.1. Changes in MS of sterile vs. microbially active soil
microcosms

The MS of microbially active soil microcosms with soils
Hclean, Sbu, FB and AW without additional carbon or
with gasoline amendment changed significantly during
incubation with the exception of microcosms with soil FB
amended with gasoline (Fig. 1, Table EA1 of the Electronic
Annex). In contrast, for five out of eight sterile microcosms
containing the same soils no significant changes in MS were
observed (Fig. 1, Table EA1 of the Electronic Annex). The
extent of MS change of the microbially active microcosms
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Fig. 1. Changes of magnetic susceptibility (MS) over time of microbially active (MicAct) and sterile soil microcosms either without carbon
amendment (no C), amended with 15 mM lactate/acetate or amended with 3.6 pL gasoline/g field moist soil. Lactate/acetate was only added
to soils HG, Wabu and Sbu. High-purity water was added to microcosms with soil Sbu. Microbial growth medium was added to all other
microcosms. The MS values measured at each time point were normalized to the MS values measured directly after setting up the microcosms
(time ¢ = 0). Solid horizontal lines indicate MS without any change over time. Note the different scales of the axes. Results are means of two
(n=2, a and b) or four (n = 4, cf) replicates, except those noted in the graphs. One replicate of sterile and microbially active setups of soil
Sbu without carbon amendment and with lactate/acetate were harvested in week 35 for EXAFS measurements. Bars bracket the range of
duplicates or indicate the standard deviation of three and four replicates.

varied between 4.0 & 0.4% (soil Wabu, no carbon added)
and 11.3 & 3.2% (soil Sbu, no carbon added). In one partic-
ular microbially active setup (soil AW without any carbon
amendment), MS decreased by 60.3 + 6.0%. On average
(excluding the very high change of >60% observed with soil
AW) the MS of all microbially active setups, including
those with lactate/acetate amendment, changed by
7.3 +2.4%. The change in MS of all sterile microcosms var-
ied between 0.6 + 0.3% (soil FB, gasoline) and 2.4 £+ 0.9%
(soil AW, gasoline) with an average change of 1.4 + 0.6%.

Whether MS of the non-sterile microcosms increased or
decreased over time was dependent upon the soil used (but
not upon the carbon source) (Fig. 1). Microcosms with soils
HG, Wabu, Hclean and Sbu showed increases in MS,
whereas soils FB and AW showed decreases in MS. Fur-
thermore, the time needed until stable MS values were
reached also mainly depended on the soil and only to a
small extent on the added carbon source. Microcosms with
soil Wabu and carbon amendment reached stable MS val-
ues within two weeks, whereas microcosms with soil FB
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required around 30 weeks for stabilization. The reasons for
the different time span until MS stabilizes are probably re-
lated to specific properties of the different soils such as soil
composition, geochemistry, and microbial community
structure.

3.1.2. Cell numbers of Fe-metabolizing microorganisms in
soil Shu

Differences of MS and Fe mineralogy (see Section 3.2.1.)
observed between sterile and microbially active microcosms
with soil Sbu suggest the activity of Fe(III)-reducing micro-
organisms. MPN quantification of Fe(III)-reducers in the
original soil Sbu yielded 2.1 % 10° cells/g dry soil (95% con-
fidence interval: 8.3  10%-5.5 % 10° cells/g dry soil).

in soil MS

3.2. Geochemical par ters affecting ch

3.2.1. Fe mineralogy changes in soil microcosms

In order to verify that MS changes in our microcosms
were caused by changes in soil Fe mineralogy, we extracted
three different Fe fractions from sterile and microbially ac-
tive soils after incubation. Fig. 2 shows the Fe extraction
data of microcosms with soil Sbu (Fig. 1d). The other soils
were analyzed as well and showed comparable results (data
not shown).

The amount of Fe,, extractable with 1 M HCI at 70 °C
(crystalline Fe minerals) was similar for the original soil
Sbu and for soil Sbu incubated for approximately 1 year
in sterile and microbially active microcosms (Fig. 2b),
showing that the Fe,, content was similar in all bottles.
The total amount of Fe extractable with Na-acetate (ad-
sorbed Fe and Fe carbonates) and 0.5 M HCI (poorly crys-
talline Fe minerals) was similar for the sterile and the
original soil indicating no major changes in mineralogy dur-
ing sterilization and incubation of the sterilized soil. In con-
trast, in the microbially active setups, especially those
without carbon amendment and those with lactate/acetate
addition, Fe., extracted by Na-acetate and 0.5 M HCI
was much higher (Fig. 2a) indicating changes in the differ-
ent Fe pools caused by microbial activity. Among all sterile
setups as well as among all microbially active setups, the
Fe(II):Fe,, ratio of the 0.5 M HCIl and 1 M HCI fraction,
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respectively, was very similar, independent of the carbon
treatment. The percentage of total Fe present as Fe(Il) as
determined in the 0.5 M HCI extract was 14.3% in the ori-
ginal soil, 57.5 + 2.7% on average in the sterile setups, and
97.4 4+ 2.4% on average in the microbially active setups. In
the 1 M HCI fraction, the percentage of total Fe present as
Fe(II) in the sterile setups (69.2 + 8.2%) was similar to the
percentage in the original soil (69.7%), whereas in microbi-
ally active setups the Fe(IT) content was approximately 20%
higher (90.1 £ 2.4%).

The Fe extraction data indicate a difference in soil Fe
mineralogy and Fe redox states in microbial active micro-
cosms in comparison to the sterile microcosms (Fig. 2). In
order to identify the Fe minerals that were (trans)formed
in the soils during incubation, we performed Md&ssbauer
and EXAFS spectroscopy analysis of the original soil Sbu
and of soil Sbu from sterile and microbially active micro-
cosms without carbon amendment, and with lactate/acetate
addition after several months of incubation. Confirming the
Fe extraction data, Mssbauer spectroscopy revealed that
the original soil Sbu and soil Sbu from the two sterile setups
contained more Fe(IIl) phases (82-92%, percentages refer
to the relative absorption of y-rays by Fe,) than the micro-
bially active setups without carbon amendment (71%) or
lactate/acetate addition (65%) (Table 3, Fig. 3). The main
fraction of Fe(IIl) in the original soil and all four setups
was a paramagnetic Fe(III) phase which might have been
ferrihydrite, nano-goethite, lepidocrocite, Fe(III) in clays
or Fe(IlI) associated with humic substances. Additionally,
hematite (<10%) was identified in the original soil and in
the microbially active setup with lactate/acetate (Fig. 3b).
The amount of Fe(II) phases detected by Mdssbauer spec-
troscopy varied between 29% and 35% in the microbially
active setups, whereas it was between 12% and 19% in the
sterile setups and only 8% in the original soil. In the micro-
bially active setups, Fe(II) was present as siderite and an
associated Fe(II) phase represented in the spectrum by an
extra Fe(II) doublet occurring together with siderite
(Fig. 3b). A similar spectral feature was also detected when
siderite was chemically synthesized in our lab by mixing dis-
solved Fe?' with an HCO;" solution at pH 8 and 25°C
(data not shown). Its identity is so far unknown, however,

100
Na-acetate, Fey, | (a) 300 : 101 M HCI, Fe(ll)
T s0{ DOSMHCI Fe(ll) | 2501 im0 1 MHCI, Fey,
< m05MHC, Feyy | 200{ W :
260 ey : f
5 0l ! N | ;
£ : | 100 : f
£ 20 [ = 50 : ;
§ i 1 |
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Fig. 2. (a) Fe,, extracted with Na-acetate, Fe(II) and Fe,, extracted with 0.5 M HCl from original soil Sbu and from sterile and microbially
active (MicAct) microcosms with soil Sbu after 48 weeks of incubation without additional carbon (No C), with 15 mM lactate/acetate or with
3.6 uL gasoline/g field moist soil (Gas). (b) Fe(II) and Fe,, extracted with 1 M HCI (70 °C) from the same soil samples as in (a). Results are
means of triplicate measurements of one bottle per setup or of the original soil, except for the original soil which was extracted with 1 M HCI
only in duplicates. Bars indicate the range of duplicates or the standard deviation of triplicates.
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Table 3

Relative abundance and fitting data of different Fe phases determined by Mdssbauer spectroscopy in the original soil Sbu and in soil Sbu from
sterile and microbially active (MicAct) microcosms without additional carbon or with 15 mM lactate/acetate after 9-23 months of incubation.

Fitting errors are given in parentheses.

Sample (incubation time [weeks]) Reduced y*> of  Fe phases Abundance’  CS' [mm/s) QS' [mm/s] H'[T]
fit [%0]
Original soil 3.14 Paramagnetic Fe(I1I)" 83 (4+0.3) 0.36 (<0.01)  0.64 (<0.01) -
Hematite 9 (+0.07) 037" —0.20 " 51.3"
Fe(Il) in silicates” 8 (+£0.4) 1.08 (£0.01)  2.73 (£0.02) -
Sterile microcosm, no carbon (99)  0.56 Paramagnetic Fe(I1I)* 82 (+2.1) 0.36 0.60 (+0.03) —
Fe(1l) in silicates” 12 (£1.5) 1.14 " 267" -
Fe(Il) in silicates” 7 (£1.6) 110" 1.94 " -
Sterile microcosm, lactate/acetate 0.88 Paramagnetic Fe(II1)" 88 (+1.7) 035" 0.65 " -
(93) Unknown Fe(II) phase 12 (£1.7) 1.31 (£0.07)  2.33 (£1.4) -
1©
MicAct microcosm, no carbon 1.35 Paramagnetic Fe(I1I)* 71 (£1.2) 035" 0.63 " -
(62.5) Hematite n.d. - - -
Unknown Fe(Il) phase 2¢ 13 (+0.9) 121" 249" -
Siderite 16 (+0.9) 120" 1.80 "
MicAct microcosm, lactate/ 1.29 Paramagnetic Fe(11I)* 59 (+0.73) 0.31 (+£0.01)  0.65 (+0.02) —
acetate (40) Hematite 6 (+0.12) 038" —0.20 " 51.2°
Unknown Fe(II) phase 18 (+0.64) 1217 249" -
2d
Siderite 17(+0.73) 1237 1.80 -

¢ Paramagnetic Fe(II1) might be ferrihydrite, nano-goethite, lepidocrocite, Fe(II) in clays, Fe(II) associated with humic substances or a

mix of these.

® Silicates are probably phyllosilicates such as clays and micas. Differences in the modeling parameters indicate Fe(Il) present either in

different silicates or in different sites of one silicate.
¢ Maybe a mixture of siderite and unknown Fe(II) phase 2.
4 Unknown Fe(II) phase associated with siderite.

¢ Hematite could not be modeled, since the signal to noise ratio was too low.
T Abundance [%] = absorption of y-ray [%]. CS = center shift, QS = quadrupol splitting, H = hyperfine field.

" Model parameter fixed during fitting.
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Fig. 3. Mossbauer spectra collected at room temperature of soil Sbu from (a) sterile and (b) microbially active microcosms with 15 mM
lactate/acetate amendment after 93 and 40 weeks of incubation, respectively. Fitting parameters are given in Table 3.

based on the broadness of the signals, its crystallinity is sim-
ilar to that of siderite. In the original soil and in sterile soil
without carbon amendment, Fe(II) was present as ferrosili-
cates. The Fe(II) phase present in the sterile setup with lac-
tate/acetate is unknown.

EXAFS analyses of soil Sbu from microcosms con-
firmed the results of Fe extraction and Mdssbauer spec-
troscopy and showed that the Fe composition of the
original soil was similar to the sterile setups regarding
all Fe-containing phases identified by EXAFS (data not
shown). Additionally, the EXAFS analyses showed that
in microbially active setups without carbon addition or

with lactate/acetate addition (Fig. EA1 of the Electronic
Annex), the fraction of the Fe(III) minerals goethite and
hematite decreased and the Fe(II)-bearing mineral siderite
was formed (Table 4). The amount of Fe present as
Fe(II1) minerals in sterile setups decreased in microbially
active setups by around 10 mol.%, which is less than the
amount of Fe found as Fe(Il) in siderite (14 mol.%) in
the microbially active setups. However, the main fraction
of Fe (71-74 mol.%) identified by EXAFS in sterile and
microbially active setups was present in augite- and fer-
ro-smectite-like minerals and likely in association with hu-
mic substances.

125



52 K. Porsch et al. / Geochimica et Cosmochimica Acta 128 (2014) 44-57

Table 4

Relative amounts of Fe phases (in % on a per mol basis) resulting from linear combination fits of k*-weighted EXAFS spectra (the data were
fit to k=11" and the detection limit is approximately 5 mol.% Fe). The table gives the data for sterile and microbially active (MicAct)
microcosms of soil Sbu without carbon amendment (no C) and with addition of 15 mM lactate/acetate (lac/ac). Dashes indicate Fe phases
which were not detected due to their low concentration or absence. As an example, the linear combination fitting for the lactate/acetate-
amended, microbially active sample is displayed in Fig. EAl of the Electronic Annex.

Sample Goethite Hematite Siderite Augite Ferro-Smectite Fe-HS! Reduced 7
[mol.% Fe] [mol.% Fe] [mol.% Fe] [mol.% Fe] [mol.% Fe] [mol.% Fe] of fit
Sterile, no C" 20 5 - 28 15 31 0.026
Sterile, lac/ac” 20 6 - 28 14 31 0.037
MicAct, no C* 16 - 14 19 6 46 0.031
MicAct, lac/ac” 15 - 14 38 - 33 0.021

* Data fit to k = 14 did not change the overall results.

® Measured at beamline 11-2 at the Stanford Synchrotron Radiation Lightsource.
¢ Measured at beamline 4-1 at the Stanford Synchrotron Radiation Lightsource 4 months later than samples labeled with (b).

d Fe associated with humic substances (HS).

3.2.2. Mobilization of organic carbon from soils

The MS of most microbially active setups without car-
bon amendment changed to a similar or even larger extent
than that of setups with carbon amendment (Fig. 1). Since
microcosms of soils AW, FB and Hclean amended with
growth medium showed a similar change in MS compared
to microcosms of the same soils amended only with water
(Fig. EA2 of the Electronic Annex), we believe that neither
carbon amendment nor the trace metals and vitamins in the
medium were the key parameters causing MS changes. In-
stead, this suggests that the addition of liquid — independent
of whether it was pure water or medium — mobilized organ-
ic carbon (natural organic matter) from the soil that drove
metabolic processes and MS changes in all microbially ac-
tive setups. In order to determine which dissolved carbon
sources were available in the microcosms, the concentra-
tions of organic acids (lactate, formate, acetate, and propi-
onate) and dissolved inorganic (DIC) and organic (DOC)
carbon in the liquid phase of microcosms with soil Sbu after
48 weeks of incubation were quantified (Fig. 4). The con-
centrations of the four different organic acids were similar
in all sterile setups of soil Sbu, except in setups amended
with lactate/acetate which resulted in higher lactate and
acetate concentrations (Fig. 4a). In contrast, no organic
acids besides small amounts of lactate (<2.5 mM) were de-
tected in the microbially active setups of soil Sbu without
carbon amendment, and in the setups with lactate/acetate
addition. In the microbially active setups with gasoline,
the lactate and formate concentrations were also low
(<1.2mM) but the acetate (37.4 mM) and propionate
(8.2 mM) concentrations were higher than in all other ster-
ile and microbially active setups.

The DIC in all sterile microcosms of soil Sbu was
<0.1 g/L whereas in microbially active ones the DIC was
higher (0.1-0.4 g/L) indicating microbial mineralization of
organic carbon (Fig. 4b). The DOC in sterile setups without
carbon addition and with gasoline was similar (~2 g/L)
indicating the low solubility of the gasoline hydrocarbons,
whereas in the sterile setup with lactate/acetate the DOC
was 0.6 g/L higher than in setups without carbon addition.
The DOC content in microbially active setups without car-
bon amendment and in setups with lactate/acetate addition
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was lower (both 0.3 g/L) than in setups amended with gas-
oline (1.9 g/L).

3.2.3. Influence of organic carbon and Fe bioavailability on
changes in MS of soil microcosms

All microbially active soil microcosms with and without
carbon addition reached stable MS values after a few weeks
to several months (Fig. 1). This suggests that the soils
reached a stable state and no further Fe mineral transfor-
mation occurred after that time. In order to determine
whether the amount of bioavailable organic carbon was
limiting the mineral transformation, we added lactate and
acetate a second time to the respective setups of soils HG
and Wabu (Table 1). Lactate and acetate were chosen, since
the first addition of these compounds led to a similar or
even higher change in MS than the addition of gasoline
(Fig. 1). The carbon sources were added after 14.5 weeks
of incubation at which time the MS values had stabilized
(Fig. 1). In the following 10 weeks, the MS values of both
the sterile and microbially active setups changed in all but
one setup by less than 2.0% (data not shown), indicating
that the amount of bioavailable carbon was probably not
a primary limiting factor for ferro(i)magnetic mineral
transformation.

In order to determine if bioavailable Fe(III) limitation in
the soils led to cessation of changes in MS, ferrihydrite was
added to microcosms with soil Hclean after 51 weeks of
incubation when MS did not show further change (Table 1,
Fig. 1). Ferrihydrite addition to soil Hclean led to an imme-
diate increase in MS of 10.6-20.1% when measured directly
after its addition (Fig. 5). In the following 73 weeks, MS in
microbially active microcosms further increased by
5.4 + 3.4% (no carbon addition) and 13.4 4 1.6% (gasoline
addition), respectively. From these MS values we can esti-
mate that about 1% and 2% of the ferrihydrite has been
converted into magnetite (calculation not shown). In the
corresponding sterile setups the increase within the
73 weeks was only minor (2.4 + 1.2% and 0.8 & 0.0%).

3.2.4. Influences of soil properties on soil MS changes
In order to determine if soil properties had an influence
on changes in MS, linear correlation analyses between the
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Fig. 4. (a) Concentration of short chain fatty acids lactate, formate, acetate and propionate and (b) dissolved inorganic (DIC) and dissolved
organic carbon (DOC) in the water in soil Sbu microcosms after 48 weeks of incubation. Shown are data from sterile and microbially active
(MicAct) microcosms without carbon addition (no C), with 15 mM lactate/acetate or with 3.6 pL gasoline/g field moist soil. Results are means
of duplicate measurements of one bottle per setup. Propionate was measured only once. Bars bracket the range of duplicates.

MS dependent parameters of the microcosms (extent of
MS change, absolute value of the extent of MS change,
time required to reach stable MS values, Fig. 1) and the
soil properties (Table 2) were performed. Since significant
changes in MS occurred mainly in microbially active
microcosms (Table EAl of the Electronic Annex), only
these setups were used for the analysis. Furthermore, only
setups without carbon amendment and with gasoline addi-
tion were considered, since lactate/acetate was added to
only three soils. As the MS of microbially active soil
AW without carbon amendment decreased by >60% in
contrast to the other microbially active microcosms (aver-
age MS change 7.3 + 2.4%, Fig. 1), this setup was consid-
ered an exception and was also excluded from the
calculations.

The MS dependent parameters of the microcosms were
not linearly correlated with most of the soil parameters
tested (Table EA2 of the Electronic Annex). There may
be several reasons for the lack of a strong correlation.
Either the correlation between the parameters was not lin-
ear, the relevant soil parameters were not tested, or the
sample number (five to six) was too small to observe
any correlation. However, our analysis revealed a signifi-
cant positive correlation between the absolute value of
the extent of MS change and the Fe, extractable with
0.5 M HCI for the microbially active microcosms without
carbon amendment (Pearson correlation coefficient 0.959,
2-tailed significance 0.010) (Table EA2 of the Electronic
Annex). The Fe, fraction extractable with 0.5 M HCI is
considered to be the “bioavailable” Fe fraction. Hence,
the results suggest that the higher the concentration of
the bioavailable Fe fraction in a soil is, the higher the
change in MS. For microbially active microcosms
amended with gasoline, a linear correlation was neither
observed between the absolute value of the extent of MS
change and the Fe, extractable with 0.5 M HCI nor be-
tween the extent of MS change (including positive and
negative MS values) and the Fe,,, extractable with 0.5 M
HCI. However, a significant negative linear correlation
between the extent of MS change and the initial mass spe-
cific MS of the soil was found (Pearson correlation
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Fig. 5. Changes in magnetic susceptibility (MS) of sterile and

microbially active (MicAct) microcosms with soil Hclean without

carbon addition (No C) or with gasoline addition (Gas, 3.6 uL/g

field moist soil) within 46 weeks of incubation (OJ, Fig. 1c). After

51 weeks 2 mL of a 0.5 M ferrihydrite suspension (Fh) was added

to the microcosms leading to an immediate increase in MS (1) and

to a slower MS increase in the following 73 weeks of incubation

(). All values are given in % relative to the MS values measured

directly after setting up the microcosms. Results are means of

duplicates, except those marked in the figure (n = 1). Bars bracket
the range of duplicates.

coefficient ~ —0.957,  2-tailed  significance  0.003)
(Table EA2 of the Electronic Annex). This suggests, that
in soils with a low MS, ferro(i)magnetic minerals are
formed, whereas in soils with a relatively high MS,
ferro(i)magnetic minerals are transformed.

4. DISCUSSION

Magnetic susceptibility measurements of microcosms
with six different sterile and microbially active soils showed
that during anoxic incubation of the soils microbially med-
iated processes were predominantly responsible for changes
in the MS. Furthermore, the results indicated that besides
microbial activity the bioavailable Fe and organic carbon
content as well as the initial mass specific MS were the main
factors controlling the changes in MS of the soil micro-
cosms. In the following sections, we therefore first discuss
how microorganisms potentially have been involved in the
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(trans)formation of magnetite, a ferro(i)magnetic mineral,
and of non-ferro(i)magnetic Fe-containing minerals in the
microcosms. Secondly, we describe how the mobilization
of bioavailable soil organic carbon or the addition of bio-
available carbon (e.g. gasoline) may have influenced the
changes of soil MS in the microcosms indirectly by influenc-
ing the Fe(III)-reducing microorganisms.

4.1. Microbial (trans)formation of Fe-containing soil
minerals

4.1.1. (Trans)formation of ferro(i)magnetic minerals

The increase and decrease in MS of the soil microcosms
(Fig. 1) indicated the formation and transformation of
ferro(i)magnetic minerals. Statistical analysis suggested that
in microcosms without additional carbon amendment the
extent of the increase or decrease in MS depended on
the amount of bioavailable Fe in the soil (Table EA2 of
the Electronic Annex). This hypothesis is supported
by the experiment in which ferrihydrite was added as an
easily reducible and thus as bioavailable Fe(III) source to
microcosms after they had reached stable MS values
(Fig. 5). The ferrihydrite addition to the microbially active
microcosms led to further changes in the MS over time,
indicating that either the ferrihydrite served as precipitation
site for magnetite by a reaction of the ferrihydrite with Fe>*
present in the soil and/or that the ferrihydrite itself was
reduced. For microbially active microcosms amended with
gasoline, the statistical analysis (Table EA2 of the
Electronic Annex) suggested, that in soils with a low
mass specific MS, ferro(i)magnetic minerals are formed,
whereas in soils with a relatively high mass specific MS,
ferro(i)magnetic minerals are transformed.

The most important ferro(i)magnetic minerals in soils
are the mixed-valent Fe mineral magnetite (Fe;O4) and
the Fe(II) oxide maghemite (y-Fe,O3) (Mullins, 1977).
In sulfur-rich environments also the ferro(i)magnetic min-
erals greigite (Fe;S4) and pyrrhotite (Fe;Sg) may form
(Farina et al., 1990; Stanjek et al., 1994). Since the total
sulfur content of the soils was low (<1100 ppm in compar-
ison to 6000-38,000 ppm Fe,, Table 2) and since both
EXAFS and Méssbauer spectroscopy did not provide evi-
dence for the presence of Fe-sulfide minerals, (trans)for-
mation of greigite or pyrrhotite did probably not
contribute considerably to the change of MS of the soil
microcosms.

Microbially controlled formation of magnetite and gre-
igite inside cells is known from magnetotactic bacteria
(Blakemore, 1975). Since other studies showed that the cell
numbers of magnetotactic bacteria in soils were too low to
contribute significantly to the soil magnetic properties
(Fassbinder et al., 1990; Dearing et al., 1996), we assume
that their contribution to the changes in MS of our micro-
cosms was also minor.

In contrast, ferro(i)magnetic Fe minerals can be pro-
duced in large amounts extracellularly by secondary min-
eral formation during microbial Fe(III) reduction under
anoxic conditions. Magnetite formation was observed, for
example, during microbial reduction of ferrihydrite (Lovley
et al., 1987) and hematite (Behrends and Van Cappellen,
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2007). Ferrihydrite, hematite and goethite are common Fe
minerals in soils (Cornell and Schwertmann, 2003) and we
identified these Fe(III) phases by Mdssbauer spectroscopy
and/or EXAFS measurements in the original soil Sbu (no
amendments, stored at 4 °C) that also contained Fe(III)-
reducing bacteria (see Section 3.1.2.). However, although
MS measurements of microbially active soil Sbu indicated
an increase in ferro(i)magnetic minerals (e.g. magnetite,
Fig. 1d), such minerals were neither detected by Mdssbauer
spectroscopy nor by EXAFS, probably due to their low
content in the soil. For identification and quantification
of a certain Fe mineral in soils by Mdssbauer spectroscopy
or EXAFS, the Fe present in this respective Fe mineral
must represent at least 5-10 wt.% of the total Fe content
in the sample. In contrast, MS measurements are more sen-
sitive. An increase in the initial soil Fe content of soil FB by
addition of magnetite by less than 3 wt.% (corresponding to
less than 0.1 wt.% magnetite in the soil) led to an increase in
the soil MS by more than 100% (Fig. EA3 of the Electronic
Annex).

In contrast to setups with soils HG, Wabu, Hclean and
Sbu where MS increased over time, a decline of the MS
over time was observed in setups with soils FB and AW
indicating a microbially mediated decrease in the
ferro(i)magnetic mineral content, e.g. magnetite, in the
soils. Magnetite can serve also as electron acceptor for
Fe(IIl)-reducing microorganisms (Kostka and Nealson,
1995; Brown et al., 1997) and microbial Fe(Ill) reduction
could potentially have led to the transformation of
ferro(i)magnetic minerals in our anoxic microcosms.

4.1.2. (Trans)formation of non-ferro(i)magnetic Fe-
containing minerals

Besides magnetite, non-ferro(i)magnetic Fe minerals can
form during microbial Fe(IIT) reduction. Depending on
geochemical conditions such as the presence of anions, min-
eral nucleation sites and humic substances and depending
on the Fe(Ill) reduction rates, the formation of dissolved
Fe?*, goethite, green rust, vivianite, or siderite has been
reported (for reviews see Konhauser, 1998; Fortin and
Langley, 2005). Mossbauer and EXAFS spectroscopy
revealed that microbially active soil Sbu contained more
siderite than the sterile and the original soil Sbu. The car-
bonate necessary for the siderite formation might originate
from the soil Sbu itself (it showed the highest carbonate
content of all soils, Table 2) or from microbial degradation
of organic matter. Microbial CO, production was indicated
by a higher DIC content in microbially active soil Sbu in
comparison to the sterile soil (Fig. 4b).

Both Mossbauer and EXAFS spectroscopy of soil Sbu
microcosms revealed that part of the Fe was also present
in silicates, augite-like and ferro-smectite-like phases and
in association with humic substances (Tables 3 and 4).
These Fe phases are typical soil constituents (Cornell and
Schwertmann, 2003) and are also non-ferro(i)magnetic.
Fe-containing minerals which are non-ferro(i)magnetic
have only a small positive MS. However, when the concen-
tration of ferro(i)magnetic minerals in a soil is low, these
minerals can contribute considerably to the soil MS
(Mullins, 1977).
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4.2. Influences of organic carbon sources on microbially
induced soil MS changes

4.2.1. Mobilized soil organic carbon as substrate for
microorganisms

Analysis of the water and microbial growth medium
added to soil Sbu revealed that organic compounds
including organic acids were mobilized from the soil
matrix (Fig. 4). DOC represents an important source of
bioavailable carbon in soils (Marschner and Kalbitz,
2003). The mobilized natural organic matter was partly
consumed in microbially active microcosms leading to a
change in soil MS comparable to setups amended with a
carbon source (Fig. 1). The fact that the microbial
(trans)formation of ferro(i)magnetic minerals was not
limited by the availability of organic carbon was
supported by the experiment in which a second amend-
ment of lactate/acetate to microcosms with soils HG and
Wabu did not lead to a further change in MS (data not
shown).

4.2.2. Gasoline as organic carbon source

In all microbially active microcosms, the addition of gas-
oline led to changes in MS within the first five weeks
(Fig. 1), indicating that gasoline was not toxic for all soil
microorganisms and that at least some of them remained
active and caused changes in MS. Previous studies showed
that microbial communities in uncontaminated soils could
adapt to added hydrocarbons such as crude oil and gasoline
and were able to partly degrade them (Bundy et al., 2002;
Hamamura et al., 2006). The microbial degradation of
hydrocarbons can be directly coupled to the reduction of
Fe(IIT) (Lovley et al., 1989; Lovley and Anderson, 2000).
Additionally, nitrate-reducers, sulfate-reducers and metha-
nogens are able to degrade hydrocarbons under anoxic con-
ditions (Grbi¢-Gali¢ and Vogel, 1987; Kuhn et al., 1988;
Rueter et al., 1994) and the metabolic products (e.g. sulfide
or nitrite) can react abiotically with Fe(III) and Fe(II) and
thus influence the soil Fe mineralogy (Moraghan and
Buresh, 1977; dos Santos Afonso and Stumm, 1992;
Klueglein and Kappler, 2013).

The changes in MS and the formation of acetate and
propionate in the microbially active setup of soil Sbu
amended with gasoline suggest that the microorganisms
were indeed active and have degraded at least part of
the added gasoline (Cozzarelli et al., 1994). However,
the smaller changes in MS (Fig. 1) and the lower content
of 0.5 M extractable Fe(Il) (Fig. 2a) compared to micro-
bially active setups of soil Sbu without carbon addition
indicate that the transformation of Fe minerals in soil
Sbu was less pronounced in the presence of gasoline than
without gasoline. This suggests that gasoline had an
inhibiting effect on the microbial (trans)formation of
ferro(i)magnetic minerals in this soil. Nevertheless, in
some soils the change in MS was similar (HG, FB) or
even larger (Wabu, Hclean) in setups with gasoline than
without carbon amendment (Fig. 1). These results suggest
that the microorganisms were well adapted to the
presence of hydrocarbons.

5. CONCLUSIONS

The motivation for our study was the idea that soil mag-
netic susceptibility measurements as a fast screening of soil
magnetic properties can be used to localize hydrocarbon
contamination in the field. However, this study suggests
that hydrocarbon addition is not the only factor driving
changes in soil MS. The major findings of the present soil
microcosm study were that (i) changes in soil MS were
mainly microbially mediated, (ii) the MS of the soils started
to change within the first few weeks of incubation, (iii) the
extent of the MS change depended on the bioavailable Fe
content of the soils, (iv) the MS value of the original soils
determined whether the MS increased or decreased during
incubation, and (v) mobilization of natural organic matter
from the soil by addition of water also led to a change in
MS similar to setups with hydrocarbon contamination.
Although the changes in MS were only around 4-11% for
most soil microcosms, the high sensitivity of MS analysis al-
lowed their detection with high accuracy. In contrast,
Mossbauer and EXAFS spectroscopy analysis are less sen-
sitive to small changes in soil ferro(i)magnetic mineral con-
tent and are more time and labor intensive.
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Abstract

Three low-pH coal mine drainage (CMD) sites in central Pennsylvania were studied to determine similarities in sedi-
ment composition, mineralogy, and morphology. Water from one site was used in discontinuous titration/neutralization
experiments to produce Fe(III) minerals by abiotic oxidative hydrolysis for comparison with the field precipitates that were
produced by biological low-pH Fe(II) oxidation. Even though the hydrology and concentration of dissolved metals of the
CMD varied considerably between the three field sites, the mineralogy of the three iron mounds was very similar. Schw-
ertmannite was the predominant mineral precipitated at low-pH (2.5-4.0) along with lesser amounts of goethite. Trace
metals such as Zn, Ni and Co were only detected at umol/g concentrations in the field sediments, and no metals (other
than Fe) were removed from the CMD at any of the field sites. Metal cations were not lost from solution in the field
because of unfavorable electrostatic attraction to the iron mound minerals. Ferrihydrite was the predominant mineral
formed by abiotic neutralization (pH 4.4-8.4, 4 d aging) with lesser amounts of schwertmannite and goethite. In contrast
to low-pH precipitation, substantial metal removal occurred in the neutralized CMD. Al was likely removed as hydrobas-
aluminite and Al(OH);, and as a co-precipitate into schwertmannite or ferrihydrite. Zn, Ni and Co were likely removed via
adsorption onto and co-precipitation into the freshly formed Fe and Al solids. Mn was likely removed by co-precipitation
and, at the highest final pH values, as a Mn oxide. Biological low-pH Fe(II) oxidation can be cost-effectively used to pre-
treat CMD and remove Fe and acidity prior to conventional neutralization techniques. A further benefit is that solids
formed under these conditions may be of industrial value because they do not contain trace metal or metalloid
contaminants.
© 2011 Elsevier Ltd. All rights reserved.

1. INTRODUCTION 25% of the total coal mined in the US during the past

200 years (USGS, 2008). These practices, though, have left

Pennsylvania is currently the fourth largest coal produc- their mark on the environment. Coal mine drainage (CMD)
ing state in the United States and has produced more than is a severe environmental threat to much of the Appala-

chian region of the US. Commonly referred to as acid mine
drainage (AMD), CMD is marked by high concentrations

* Corresponding author. of Fe and acidity. More than 10,000 km of streams in the
E-mail addresses: WDB3@engr.psu.edu, wdb3@psu.edu (W.D. Appalachian region are contaminated by AMD, with great-
Burgos). er than 2000 km of those in Pennsylvania (Herlihy et al.,

0016-7037/$ - see front matter © 2011 Elsevier Ltd. All rights reserved.
doi:10.1016/j.gca.2011.10.015

133



30 W.D. Burgos et al./ Geochimica et Cosmochimica Acta 76 (2012) 29-44

1990). The cost of reclamation of contaminated watersheds
in Pennsylvania alone is estimated between $5 and $15 bil-
lion (USGS, 2008).

Fe(III)-containing precipitates, often referred to as “yel-
lowboy”, are found at CMD sites coating rocks and stream-
beds. In certain settings where AMD springs emerge with
elevated concentrations of Fe(II), biological low-pH Fe(II)
oxidation produces terraced mounds of Fe(III) miner-
als that can be meters thick (DeSa et al., 2010). Most of
these phases are amorphous; however, schwertmannite
(FegOg(OH),(SO4),; x =8 — 2y, 1 <y <1.75), appears to
be the predominant phase for low-pH water with high con-
centrations of sulfate while goethite can also be present in
minor amounts (Bigham et al., 1990, 1996; Acero et al.,
2006). Schwertmannite is metastable with respect to goe-
thite and is often found on fresh depositional surfaces of
AMD sites while goethite is found to increase with depth
(Acero et al., 2006; Kumpulainen et al., 2007; Burton
et al., 2008; Peretyazhko et al., 2009). The stability of schw-
ertmannite can be enhanced by elevated concentrations of
silica, phosphorus, and natural organic matter (Collins
et al., 2010).

In order to offset the high costs associated with CMD
treatment, it may be possible to collect the large amounts
of Fe(IIl) precipitates at CMD sites for industrial reuse.
Hedin et al. (1994) showed that Fe(III) precipitates formed
at circumneutral pH and collected at CMD sites were sim-
ilar to those mined for use as pigments. Since these pig-
ments may be used in products such as cosmetics and
ceramic serving ware, the incorporation of trace metals in
the Fe(III) mineral is a potential concern. Due to kinetic
limitations on abiotic Fe(II) oxidation at low pH, it is
widely believed that acidophilic Fe(II)-oxidizing microor-
ganisms are responsible for the majority of Fe(II) oxidation
and subsequent precipitation of Fe(IIT) at AMD sites (Lane
et al., 1992; Johnson et al., 2005; Senko et al., 2008). It is
likely that the mineralogy and elemental composition of
biogenic precipitates formed at low-pH CMD sites differ
from those formed as a result of abiotic precipitation after
neutralization of CMD.

There has been a great deal of research on the charac-
terization of schwertmannite precipitation at low-pH and
ferrihydrite precipitation at circumneutral-pH, as well as
the conversion of schwertmannite to goethite (Bigham
et al.,, 1996; Schwertmann and Carlson, 2005; Acero
et al., 2006; Burton et al., 2008). However, little research
has compared the incorporation of trace metal cations
during low-pH biologically mediated precipitation to abi-
otic precipitation at higher pH. This is an important con-
sideration for the remediation of heavy metal-laden
AMD and industrial reuse of Fe(IIl) precipitates. The
objectives of this study were to identify the mineral
phases present and the extent of trace metal incorpora-
tion into precipitates formed in the field via low-pH
Fe(II) oxidation at three AMD sites as compared to pre-
cipitates formed in the laboratory via abiotic neutraliza-
tion at pH 4.38-8.35. The neutralization experiments
were designed to mimic geochemical conditions encoun-
tered during alkali addition in a conventional AMD ac-
tive treatment system.
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2. MATERIALS AND METHODS
2.1. Site descriptions

Three CMD sites in western Pennsylvania were included
in the current study: Lower Red Eyes in Somerset County,
PA; Fridays-2 in Clearfield County, PA; and, Hughes Bore-
hole in Cambria County, PA (Fig. 1). Physical characteris-
tics and water chemistry for each site are provided in Table
1 and site schematics are provided in the Electronic Annex
(Figs. EA-1-EA-3). Lower Red Eyes is a low flow (<1 L/s)
CMD artesian spring that emerges within the Prince Gallit-
zin State Forest near Windber, PA (40° 14’ 25" N; 78° 44’
49” W). The CMD is believed to originate from a nearby
surface mine operated from the 1970s into the 2000s, and
located along the Clarion, Brookville, and Kittanning coal
seams. The CMD flows downstream across a spectacular
series of iron terraces and pools (Fig. 1a) before eventually
seeping back into the ground (150 m downstream of
spring). This site is unique to the other two field sites in that
the CMD is never hydrologically captured by a larger
receiving stream, establishing a more extensive geochemical
gradient. The CMD at this site is characterized by higher
acidity, dissolved metals, and sulfate as compared to the
other two field sites (Table 1).

Fridays-2 is the smaller of two CMD discharges (2.3 L/
s) that drain the underground Fridays Mine complex. Fri-
days Mine is located in Hollywood, PA (41° 14’ 34" N;
78° 32" 28” W) along the Kittanning coal seam and was first
mined in the late 1800s (PA DEP, 2006). Fridays-2 emerges
as an artesian spring at a collapsed mine entry, and flows
5-15m over an iron mound before discharging to an un-
named tributary of Bennett Branch. The CMD flows over
the mound as shallow (ca. 1 cm) sheet flow, and drops over
a ca. 1 m tall terrace before immediately joining the tribu-
tary. The tall terrace contains unique stalactite-like Fe pre-
cipitates (Fig. 1d). Because of the higher flow rate and
shorter path length across the iron mound, leading to a
much shorter hydraulic residence time, the extent of Fe(II)
oxidation at Fridays-2 is much less as compared to Lower
Red Eyes (Table 1 and Fig. 2).

Hughes Borehole is a high flow (63 L/s) artesian spring
that was purposefully drilled to drain a very large under-
ground mine complex (2900 ha) near Portage, PA (40° 24’
31" N; 78° 39’ 17" W) (DeSa et al., 2010). The CMD
emerges near, and later flows into, the Little Conemaugh
River. The CMD emergence is surrounded by a 0.61 ha iron
mound that is up to 2 m deep. The CMD flows across the
iron mound through relatively deep channels (ca. 0.6 m
deep; captures most of the flow from the borehole) and as
shallow sheet flow (ca. 1 cm deep) before discharging off
the iron mound ca. 60 m downstream of the borehole.

2.2. Field sampling

Sampling locations were established as a function of dis-
tance downstream of each source along a single flow path
that conveyed the majority of the water across each iron
mound. Sediments were collected at different downstream
distances to obtain solids that had formed under varying
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Fig. 1. Field photographs of the AMD sites. Upstream view of pool and terraces at Lower Red Eyes (a). Upstream view of iron mound at
Fridays-2 with large ledge in the bottom left corner (b). Downstream view of scoured channels on the iron mound at Hughes Borehole (c).
Detail view of the large ledge at Fridays-2 where samples H1 and H4 were collected — note 50 mL tube (d).

geochemical conditions. Sediments were collected from
areas of relatively fast and slow water velocities to obtain
solids that been deposited under varying hydrological con-
ditions. Sediments were collected from terraces, pools, and
microterracettes to obtain solids from unique depositional
facies (Fouke et al., 2000; Brown et al., 2010). Six to twelve
sediment samples were collected from each site to capture
any variances caused by these geochemical, hydrological,
and geomorphological differences. Sediments were collected
from the top 2 cm of the iron mounds, transported on ice,
and stored under atmospheric conditions at 4 °C until
analysis.

Two core samples (designated as H1 and H4) were col-
lected horizontally into the vertical face of the tall terrace
(ca. 6 cm penetration depth) that marked one edge of the
iron mound at Fridays-2 (Fig. 1b and d). Photographs of
the collected sediment cores are included in the Electronic
Annex (Fig. EA-4). Location H1 was collected from the ter-
race directly below the primary flowpath from the borehole,
while H4 was collected from the terrace ca. 1 m to the right/
downhill of HI. The soil cores were plugged with rubber
stoppers and immediately stored in an airtight, N,-flushed
ammunition box, and then kept at 4 °C. The box was
opened in an anaerobic chamber (95:5% N,:H,) and the soil
cores were divided into three sections, each approximately
2 cm long, and dried in the chamber prior to analysis.

Dissolved oxygen (DO) was measured using an Oakton
DO 300 Series field meter; temperature, pH, and oxidation—
reduction potential (ORP) were measured with Beckman
@265 pH/Temp/mV meters; and conductivity was mea-
sured using an Oakton CON 400 series field meter. Filtered
(0.45 pm) water samples were preserved in the field with
HCI (for dissolved Fe(II) analysis) or HNOj; (for dissolved

metals analysis by inductively coupled plasma-atomic emis-
sion spectroscopy, ICP-AES). Samples for sulfate analysis
were neither filtered nor acidified. All water samples were
transported on ice and stored at 4 °C until analysis.

2.3. Laboratory abiotic neutralization experiments

Water was collected from the emergent Lower Red Eyes
spring by completely submerging 10 L high density polyeth-
ylene (HDPE) plastic containers ca. 10 cm below the water
surface. DO was below detection (<0.5 pM), pH was 4, and
ORP was 225 mV at both times of collection (July 2009,
October 2010). Containers were filled underwater with no
headspace, capped underwater, and then stored on ice dur-
ing transport. The water was then filtered (0.45 um) and
stored in another plastic container with no headspace at
4 °C. No attempt was made to maintain anoxic conditions
after filtration.

The filtered Lower Red Eyes water was used in discon-
tinuous titration/neutralization experiments to produce
Fe(III) precipitates via abiotic reactions at a number of ele-
vated pH values. The theoretical total acidity of the Lower
Red Eyes water was calculated based on pH and measured
concentrations of dissolved Fe(Il), Fe(IlI), Mn, and Al
according to Kirby and Cravotta (2005), and found to
equal 28.3 meq/L. Four acid-washed HDPE plastic bottles
were filled with 250 mL of Lower Red Eyes water. NaOH
was titrated into Lower Red Eyes water in aliquots equiva-
lent to 4 of the theoretical total acidity of the water, until
the pH of the system reached pH 8.3. This amounted to first
adding 17.8 mL of 0.10 N NaOH to each bottle of Lower
Red Eyes water (i.e., to complete 25% of the neutraliza-
tion). The bottles were stirred to maintain a small vortex
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Table 1

Water chemistry of the emergent springs at Lower Red Eyes, Fridays-2, and Hughes Borehole.

Lower Red Eyes Fridays-2 Hughes Borehole

Flow (L/s) 0.4 23 20-125

Temp. (°C) 9.4+0.7 9.8+0.1 12.740.6
N=7 N=4 N=30

DO (uM) <0.5 11.3+13.4 34.4+£25.0
N=2 N=4 N=21

Conductivity (mS/cm) 4.36 +0.16 0.772 +0.001 1.08 + 0.1
N=17 N=2 N=23

pH 4.04 +0.25 41+02 3.96 £0.25
N=7 N=4 N=29

Dissolved total Fe® (uM) 9620 + 387 865 + 105 1590 + 6
N=5 N=4 N=1

Dissolved Fe(Il)* (uM) 9720 + 326 840 + 108 1790 + 312
N=5 N=5 N=25

Al (uM) 1590 + 43 741 + 89 304 + 14
N=3 N=6 N=7

Mn (uM) 2060 + 53 24+2 44+04
N=3 N=6 N=1

Co (uM) 2060 =+ 53 n.a. 3.22+£0.17
N=3 N=1

Ni (uM) 138 £ 83 n.a. 6.8240.17
N=3 N=7

Zn (uM) 199 + 23 na. 4.13+0.15
N=3 N=1

As (uM) <0.67 n.a. <0.13
N=3 N=1

SO (uM) 31,170 + 3833 3410 + 770 5970 + 660
N=12 N=4 N=5

Acidity(mM CaCO,/L) 1424+ 0.05 2.07 +£0.05 2.3+0.05
N=2 N=4 N=1

Si (pM) 423 £5.1 792 + 143 630 £ 8.5
N=2 N=4 N=1

TOC (uM) 91.7 167 + 100 725+ 18

N=3 N=3

PO (uM) 53407 n.a. 62+32

N= N=3

# Dissolved total Fe measured by ICP-AES, dissolved total Fe(Il) measured by ferrozine.

and purged continuously with compressed air for 1 h, and
then refrigerated overnight. The following day, the bottles
were removed from the refrigerator to come to room tem-
perature, the pH was measured in the overlying water in
all four bottles, and one bottle was returned to the refriger-
ator (pH 5.18). For the remaining three bottles, another
17.8 mL of 0.10 N NaOH was added to each bottle and
identical procedures were followed over the next three days
to produce suspensions equivalent to 50 (pH 5.36), 75 (pH
6.21), and 100% neutralization (pH 8.34). One day after the
100% neutralization suspension was produced; all of the
suspensions were transferred to centrifuge tubes and centri-
fuged at 8000 rpm for 10 min. Supernatant samples were
collected and preserved with HNO; for dissolved metals
analysis by ICP-AES, and concentrations were calculated
to account for sample dilution with NaOH. Pelletized pre-
cipitates were rinsed once with distilled—deionized water,
and air-dried for SEM analysis or dried under nitrogen
for XRD analysis.

This experiment was repeated with the October 2010
water to generate solids for Fe K-edge EXAFS analysis.
During this repeat experiment pH and ORP were moni-
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tored continuously over the four days allowed for precipi-
tates to form. ORP was measured after calibrating with a
freshly prepared +228 mV Zobel standard solution. Sus-
pensions were mixed and bubbled with air continuously,
and maintained at room temperature (22-25 °C) over the
four days. For suspensions with NaOH added equivalent
to 25%, 50%, 75% and 100% neutralization, final pH values
were 4.38, 4.40, 7.03 and 8.35, respectively. An additional
sample was prepared where NaOH was added equivalent
to 100% neutralization in one single aliquot (71.2mL
0.1 N NaOH to 250 mL of Lower Red Eyes water). The fi-
nal pH for this suspension was 8.13. Supernatant and solid
samples were prepared as described above.

2.4. Analytical methods

Dissolved metal concentrations were analyzed on a Per-
kin-Elmer Optima 5300 ICP-AES. Dissolved Fe(1I) concen-
trations were measured by ferrozine. Field sediments and
laboratory precipitates were sieved (<l-mm) and ground
into fine powders. The composition of metal oxides was
determined for field sediments via ICP-AES, after lithium
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Fig. 2. Water chemistry trends for Lower Red Eyes (July 2009) (a), Fridays-2 (July 2006) (b), and Hughes Borehole (August 2007) (c).

metaborate fusion at 1000 °C. Laboratory precipitates pro-
duced from Lower Red Eyes water and field samples col-
lected from the Lower Red Eyes iron mound were
dissolved in ammonium oxalate (28 g/L ammonium oxa-
late + 15 g/L oxalic acid, pH ~2.7) and 6 N HCI, respec-
tively, to operationally distinguish poorly crystalline iron
oxides (schwertmannite and ferrihydrite) from less soluble
crystalline iron oxides (goethite) (Peretyazhko et al.,
2009). Fifty mg dried solids were reacted with 50 mL of
each reagent for 1 h, then centrifuged and supernatant sam-
ples were preserved with HNO; prior to analysis by ICP-
AES.

Sediment samples were prepared for scanning electron
microscopy (SEM) following procedures described by
Zhang et al. (2007). Samples were preserved in the field with
2.5% glutaraldehyde and prepared for imaging with a series
of ethanol dehydrations followed by critical point drying.
Dried samples were mounted onto carbon SEM stubs and
imaged on an FEI Quanta 200 environmental SEM under
low vacuum. Higher magnification images were collected
using a Jeol JSM-6700F field emission SEM with a working
distance of 3 mm.

Powder X-ray diffraction patterns were collected using a
Rigaku D/Max Rapid II X-ray diffractometer (XRD) with
a Mo X-ray tube and a 0.3 mm collimator. Intensities were
measured with the omega axis fixed at 0° and phi axis oscil-
lation between —20° and +20° with a 10 min exposure time.
Data was integrated from 0° to 360° with a step size of 0.02

using AreaMax software and all data analysis was per-
formed using Jade 7 software.

Dry samples for X-ray absorption spectroscopic analy-
ses were diluted with boron nitride and packed in Teflon
sample holders and sealed with a Kapton polyimide film
to prevent oxidation while minimizing X-ray absorption.
The structural environment of Fe was determined using ex-
tended X-ray absorption fine structure (EXAFS) spectros-
copy at the Stanford Synchrotron Radiation Lightsource
(SSRL). Data were collected for the Fridays-2 samples on
beamline 10-2 (26-pole wiggler). The storage ring was oper-
ated at 3.0 GeV and at currents between 60 and 100 mA.
Data for the abiotic precipitation samples were collected
on beamline 4-3 (20-pole wiggler). The storage ring was
operated at 3.0 GeV at a current of 300 mA. The Fe EX-
AFS analytical procedures used here were similar to those
described previously (Borch et al., 2006; Jacquat et al.,
2009; Moberly et al., 2009). Energy selection was accom-
plished with a Si (111) monochromator and spectra were
recorded in X-ray transmission mode using ion chambers.
A set of Fe reference compounds was used to perform lin-
ear combination (LC) k*-weighted EXAFS spectral fitting
using the SIXPACK interface to IFEFFIT (Webb, 2005).
Principal component analysis was performed on sample
spectra to estimate the number of reference compounds re-
quired for LC fitting. Fe EXAFS reference spectra for fer-
rihydrite, schwertmannite and goethite are included in the
Electronic Annex (Fig. EA-5). The appropriate Fe reference
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spectra were identified using target transformation (TT)
testing. Based on the SPOIL value from TT testing, preli-
minary LC fitting, appearance in XRD patterns, and their
likelihood of formation based on reaction path modeling;
schwertmannite, goethite and ferrihydrite were specifically
selected as reference compounds. The SPOIL values for
schwertmannite and ferrihydrite were greatly different from
each other, which implies that these reference spectra are
different from each other (Fig. EA-5). Reference com-
pounds were included in the fit only if they contributed
more than 5% mol/mol, equivalent to our detection limit
for minor constituents (Hansel et al., 2003). Linear combi-
nations of the reference compounds were optimized and the
only variable parameters were the mole fractions of each
reference compound.

3. RESULTS
3.1. AMD chemistry
The three field sites we studied all contained iron mounds

that formed via biological low-pH Fe(II) oxidation (Fig. 1),
while the water chemistry (Table 1), geochemical gradients

(Fig. 2), and hydrodynamics across the iron mounds varied
considerably. The importance of biological Fe(II) oxidation
was confirmed through a series of laboratory experiments
using live and sterilized sediments from Lower Red Eyes
(Brown et al., 2010), Fridays-2 (Lucas, 2008) and Hughes
Borehole (DeSa et al., 2010). Lower Red Eyes had the high-
est concentrations of metals, acidity, and sulfate, the lowest
flow rate, and the longest residence time across its iron
mound (Table 1). The influx and saturation of DO, and de-
creases in pH, dissolved Fe(II) and dissolved Fe are consis-
tent with biologically-mediated low-pH Fe(II) oxidation
and Fe(III) hydrolysis and precipitation (Fig. 2a). Fridays-
2 had the lowest concentration of Fe(II), acidity, and sul-
fate, an intermediate flow rate, and likely the shortest resi-
dence time across its iron terrace. Hughes Borehole had
intermediate concentrations of Fe(Il), acidity, and sulfate,
an extremely high flow rate, and variable residence times
across its iron mound because of a combination of flow
along scoured channels or across shallow microterracettes.
Even though dissolved Fe(IT) and dissolved total Fe concen-
trations did not drop dramatically across the Hughes Bore-
hole iron mound (Fig. 2¢), Fe precipitation over the past
several decades has produced mound sediments 1-2 m deep.

Q
n

Intensity (Counts)

Two-Theta (deg)

11

K (A1)

Fig. 3. X-ray diffraction patterns (a) and Fe K-edge EXAFS spectra (b) from field samples collected from Fridays-2. Samples were collected
10 m downstream of emergent AMD spring from the vertical face of a large ledge. Core samples (6 cm penetration depth) were collected
horizontally into the ledge face at two locations, H1 and H4. H1 was directly below the primary flowpath while H4 was 1 m to the right/
downhill of HI. Patterns are arranged top to bottom, respectively, for samples with highest to lowest goethite contents and are in identical
order in (a) and (b). Top pattern from H1 0-2 cm depth, 2nd pattern from H1 4-6 cm depth, 3rd pattern from H4 0-2 cm depth, and bottom
pattern from H4 4-6 cm depth. In (a) G = goethite, S = schwertmannite, and * designates peak with greatest intensity in reference pattern.
Details for fits of the Fe K-edge EXAFS spectra in (b) are provided in Table 2.
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3.2. Mineralogy of natural sediments produced via biological
low-pH Fe(Il) oxidation

Iron precipitates varied across these sites with respect to
their physical features and morphology. For example, at
Lower Red Eyes, the iron mound was classified into unique
depositional facies such as terraces, pools, and microterrac-
ettes (Fouke et al., 2000; Brown et al., 2010). Terraces con-
sisted of vertical drops greater than 5cm, pools with
diameters of 1-2m contained quiescent water, and
microterracettes consisted of vertical drops less than 2 cm.
At Fridays-2, the predominant depositional facie was micro-
terracettes, but there was one tall terrace (1 m) that the
CMD ran over before entering the adjacent unnamed tribu-
tary. At Hughes Borehole, the predominant depositional fa-
cie was microterracettes, however, the majority of the CMD
was conveyed along deep (0.5m), narrow (1m wide)
scoured channels. We found that schwertmannite was the
predominant mineral across these iron mounds while goe-
thite was found in smaller amounts (Figs. 3 and 4).

Based on comparisons of XRD patterns and LC fitting of
Fe K-edge EXAFS spectra (Fig. 3 and Table 2), we qualita-
tively ranked the goethite content of all of the sediments
based on the XRD peak intensity at 9.73° two theta. From

this we then arranged all of the XRD patterns from each site
(6-12) in order of highest to lowest goethite content. In Figs.
3a and 4 we selected four patterns from each site that cap-
tured the whole range of schwertmannite-to-goethite ratios
observed for each site. We found that there were no obser-
vable systematic trends in iron mineralogy with respect to
location on the iron mound (i.e., along a geochemical gradi-
ent), or with respect to the sample location’s water velocity
(i.e., across a hydrodynamic gradient), or with respect to the
depositional facies where the sediments were formed. No
mineralogical phases other than schwertmannite and goe-
thite were detected at any field site. SEM analysis of all field
samples also revealed a predominance of spherical particles
(1-2 pm diameter) with a “hedgehog” morphology charac-
teristic of schwertmannite (Fig. 5a-d). The average Fe/S
molar ratio in the Lower Red Eyes sediments was
5.42+0.83 (n=4) (based on HCI digestions, Table 3),
corresponding to a schwertmannite stoichiometry of
FegOg(OH)s(SOy4);.5s (with reported values of 1< SO, <
1.75).

Based on LC fitting of Fe K-edge EXAFS spectra, goe-
thite decreased with horizontal distance into the tall terrace
at Fridays-2 (Fig. 3b and Table 2). The surface section of
sample H1 (0-2 cm horizontal penetration into the vertical
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Fig. 4. X-ray diffraction patterns from samples collected from Lower Red Eyes (a) and Hughes Borehole (b). In both panels, patterns are
arranged top to bottom, respectively, for samples with highest to lowest goethite contents. (a) Top pattern from pool facies 59 m downstream
of Lower Red Eyes spring, 2nd pattern from terrace 62 m downstream, 3rd pattern from terrace 52 m downstream, and bottom pattern from
pool 14 m downstream. (b) Top pattern from the main scoured channel 8 m downstream of Hughes Borehole, 2nd pattern from terrace facies
60 m downstream, 3rd pattern from microterracette 31 m downstream, and bottom pattern from pool 55 m downstream. G = goethite,
S = schwertmannite, and  designates peak with greatest intensity in reference pattern.
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Table 2

Mineralogical composition of samples based on linear combination fitting of Fe K-edge EXAFS spectra. Field samples were collected from
Fridays-2 (H1, H4) and solids were formed in the laboratory via abiotic neutralization/precipitation from Lower Red Eyes water. Precision of

fits is ca. 5 mol%.

Sample Schwertmannite mol% Fe Goethite mol% Fe Ferrihydrite mol% Fe Red. 72
H1 0-2 cm depth 44.6 554 - 0.08
H1 4-6 cm depth 55.7 443 - 0.08
H4 0-2 cm depth 58.9 41.1 - 0.11
H4 4-6 cm depth 68.3 31.7 - 0.17
Abiotic precipitate pH 4.38 38.1 16.8 45.1 0.19
Abiotic precipitate pH 4.40 332 17.1 49.7 0.11
Abiotic precipitate pH 7.03 30.2 10.0 59.8 0.10
Abiotic precipitate pH 8.13 20.5 10.1 69.4 0.16
Abiotic precipitate pH 8.35 21.9 7.0 71.1 0.11

terrace face) consisted of 45% schwertmannite, 55% goe-
thite, while the deeper section (4-6 cm horizontal penetra-
tion) consisted of 56% schwertmannite and 44% goethite
(all estimates +5%). A similar difference along the horizon-
tal penetration depth into the terrace was found in sample
H4. The first 0-2 cm into the ledge was composed of 59%
schwertmannite and 41% goethite, while the sample 4—
6 cm into the ledge was composed of 68% schwertmannite
and 32% goethite. Because schwertmannite is metastable
with respect to goethite, sample locations with high schw-
ertmannite-to-goethite ratios should reflect conditions that
stabilize schwertmannite. The Lower Red Eyes AMD con-
tained the highest sulfate concentration which should favor
the stabilization of schwertmannite, while the Fridays-2
AMD contained the lowest sulfate concentration which
could favor the conversion of schwertmannite to goethite.
In addition to sulfate, silica, phosphorus and dissolved or-
ganic carbon (DOC) have been shown to stabilize schwert-
mannite with respect to Fe(Il)-catalyzed conversion to
goethite (Jones et al., 2009). At these three sites, dissolved
Si concentrations ranged from 420 to 790 uM, dissolved
phosphate concentrations were around 5-6 uM (but less
downstream of the springs), and DOC concentrations ran-
ged from 70 to 170 uM (Table 1). Jones et al. (2009) showed
that 1 mM dissolved Si completely stabilized schwertman-
nite while 25 mg/L Suwannee River fulvic acid (equivalent
to ca. I mM DOC) partially stabilized schwertmannite.
We speculate that Si concentrations below 1 mM, rather
than P or DOC, stabilized schwertmannite at our field sites.

3.3. Mineralogy from abiotic precipitation experiments

Discontinuous titration/neutralization experiments were
conducted with Lower Red Eyes water to produce solids
that formed at elevated pH values (pH 4.4-8.4) as com-
pared to field conditions (emergent pH 4.0 declined to pH
2.5; Fig. la). Our motivation for conducting these experi-
ments was to examine trace metal partitioning under rela-
tively high pH conditions encountered in AMD active
treatment systems as compared to natural low-pH iron
mound sediments. We conducted these experiments on
two different occasions with water collected in July 2009
and October 2010, however, the water chemistry of the
emergent Lower Red Eyes spring was essentially identical.
In our first experiment, the discontinuous titration process
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yielded precipitates that formed at final pH values of 5.18,
5.36, 6.21, and 8.34. After the first aliquot of NaOH was
added (day 0), an orange precipitate formed and its color
remained unchanged for the whole 4 d reaction period (final
pH 5.18). After the second aliquot of NaOH was added
(day 1), a dark green precipitate formed initially but then
became orange after 1 h (final pH 5.36). After the third ali-
quot of NaOH was added (day 2) a green precipitate
formed initially but then became orange-brown (final pH
6.21). After the fourth and final aliquot of NaOH was
added (day 3), an orange precipitate formed and its color
remained unchanged for the remainder of the reaction per-
iod (final pH 8.34).

During our second experiment we continuously moni-
tored the pH and ORP of the suspensions during the whole
4 d reaction period (Fig. 6). In this repeat experiment, the
discontinuous titration process yielded precipitates that
formed at final pH values of 4.38, 4.40, 7.03, and 8.35. In
contrast to the first experiment where we mixed and aerated
the suspensions for 1h after NaOH addition and then
stored the suspension at 4 °C until the next day, in this re-
peat experiment we continuously mixed and aerated the
suspensions so that we could continuously monitor pH
and ORP. Continuous aeration promoted greater Fe(II)
oxidation in the first two suspensions (i.e., one and two
additions of NaOH), and the subsequent precipitation of
more Fe(IIl) decreased the final pH values to 4.38 and
4.40 (as compared to final pH values of 5.18 and 5.36 in
the first experiment). Continuous monitoring of pH and
ORP in these suspensions clearly showed that the geochem-
ical conditions varied much more than just the differences
between the initial and final conditions. For example, while
we designated the first suspension as “abiotic precipitate pH
4.38”, over its 4 d reaction period the suspension pH varied
from pH 3.72 to 5.89 and the ORP varied from -9 to
4300 mV (Fig. 6a). In the first 10 min (inset in Fig. 6a),
the pH increased quickly because of the instantaneous dos-
ing of NaOH while the ORP decreased because the initial
oxidation rate of Fe(II) exceeded the mass transfer rate of
O,. The subsequent decrease in pH was caused by hydroly-
sis of the Fe(III) that had been produced while the subse-
quent increase in ORP demonstrated that the mass
transfer rate of O, began to exceed the oxidation rate of
Fe(II). Similarly, for the suspension that was discontinu-
ously dosed with four aliquots of NaOH and designated
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Fig. 5. SEM images of representative samples from: Lower Red Eyes at the AMD source (a); Lower Red Eyes at a downstream pool (b);
Fridays-2 (c); Hughes Borehole (d); and solids formed in the lab from Lower Red Eyes water via abiotic neutralization/precipitation at final

pH 4.38 (e) and final pH 8.13 (f).

as “abiotic precipitate pH 8.35”, over its 4 d reaction period
the suspension pH varied from pH 3.72 to 9.38 while its
ORP varied from —-100 to +300 mV (Fig. 6b). These large
changes in pH and pe (i.e., ORP) span mineral stability
fields of schwertmannite, goethite and ferrihydrite. In other
words, all of these minerals could have potentially formed
as the water chemistry evolved over the different reaction
periods (e.g., as reaction path “trajectories” plotted on a
pe-pH diagrams; Figs. EA-6 and EA-7 in the Electronic
Annex; generated using Geochemists Workbench and the
water chemistry of Lower Red Eyes in Table 1).

Based on XRD patterns (Fig. 7a) and LC fitting of the
Fe K-edge EXAFS spectra (Fig. 7b and Table 2), a combi-
nation of schwertmannite, goethite, and ferrihydrite were
identified in all of the precipitates formed via abiotic neu-
tralization. We found that abiotic precipitates formed at
pH 4.38 contained 38% schwertmannite, 17% goethite,
and 45% ferrihydrite, similar to LC fitting results for the
solids formed at pH 4.40. As the final pH of the abiotic pre-

cipitates increased, the mole fractions of schwertmannite
and goethite decreased while the fraction of ferrihydrite in-
creased. Abiotic precipitates formed at pH 8.35 contained
22% schwertmannite, 7% goethite, and 71% ferrihydrite.
SEM analysis of the neutralized precipitates revealed dis-
tinctly different particle morphologies (Fig. 5e and f) as
compared to field samples (Fig. 5a—d). Instead of spheres
with a hedgehog texture, neutralized precipitates appeared
as laths fused into much larger particles. Characteristic
dimensions of these laths were difficult to generalize from
these SEM micrographs. This altered morphology was sim-
ilar to observations reported by Acero et al. (2006) coinci-
dent with schwertmannite transformation into goethite in
aging experiments (353 d) where the pH decreased from
pH 3.07 to 1.74.

Higher amounts of schwertmannite at pH 4.38 and 4.40
were consistent with higher solid-phase S/Fe ratios mea-
sured in these precipitates as compared to precipitates
formed at pH > 7 (Table 3). It is important to note that
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Fig. 6. Kinetics of pH and oxidation-reduction potential (ORP) changes in Lower Red Eyes water during abiotic neutralization/precipitation
experiments. Results shown after addition of one aliquot of NaOH that yielded a final suspension of pH 4.38 (a). Inset in (a) details initial
kinetics. Results shown for complete discontinuous neutralization where four aliquots of NaOH were added over four days and yielded a final
suspension of pH 8.35 (b). Note that ORP values are relative to a +228 mV Zobel solution.

we did rinse these solids with distilled-deionized water be-
fore drying and digesting. Sulfate and other weakly ad-
sorbed elements were likely removed to some unquantified
extent by this water rinsing. Based on solid-phase Fe and
S concentrations measured in ammonium oxalate and
HCI digestions, the crystalline mineral fraction was highest
for the precipitates formed at pH 4.38 and 4.40 (Table 3),
consistent with higher estimated fractions of goethite for
these samples (based on Fe EXAFS LC fitting; Table 2).
For precipitates formed above pH 7, concentrations of Fe
and S measured in the oxalate and HCI digestions were near
equal, consistent with higher proportions of poorly crystal-
line minerals (i.e., schwertmannite and ferrihydrite). In con-
trast, S and Fe concentrations measured in the field
sediments were much higher in the HCI digestions as com-
pared to the oxalate digestions (Table 3). XRD peaks from
field sediments (Figs. 3a and 4) could have been broadened
by nanocrystalline phases (i.e., short-range ordered phases
resistant to oxalate dissolution) of schwertmannite and goe-
thite thereby confounding our operational distinction of
crystalline versus poorly crystalline phases for certain
samples.

The mineralogy of the abiotic precipitates formed from
Lower Red Eyes water clearly differed from the natural

sediments collected from Lower Red Eyes (compare
Fig. 4a with 7a), and clearly differed from the natural sed-
iments collected from Fridays-2 (Table 2). The large frac-
tion of ferrihydrite found in the abiotic precipitates
formed at high pH is consistent with other studies (Big-
ham et al., 1996; Murad and Rojik, 2003). The formation
of ferrihydrite over a more crystalline phase such as goe-
thite or lepidocrocite could be promoted by dissolved spe-
cies in the Lower Red Eyes water. For example, the
presence of Si or Al favors the formation of ferrihydrite
over lepidocrocite during oxidative hydrolysis of Fe(II)
(Schwertmann and Thalmann, 1976; Taylor and Schwert-
mann, 1978). Both of these elements were present at high
concentrations in the Lower Red Eyes water (Table 1),
where Al was 1590 uM (Al/Fe(Il) =0.16) and Si was
423 uM (Si/Fe(II) = 0.04).

The incorporation of Al and Fe into the abiotic precip-
itates was confirmed by measuring the loss from solution of
these elements from the supernatant of the neutralized sus-
pensions (R-hand portions of Fig. 8). In the abiotic exper-
iments, at final pH values of 4.38 and 4.40, Al
(C;=1.6mM) was removed to a greater relative extent
(Chinal p1/ Ci = 0.083-0.22; i.e., 91.7-88% removal) as com-
pared to Fe (C; = 8.9 mM; Cppar pu/C; = 0.29-0.67). At fi-
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Fig. 7. X-ray diffraction patterns (a) and Fe K-edge EXAFS spectra (b) from solids formed in the lab from Lower Red Eyes water via abiotic
neutralization/precipitation. Patterns are arranged top to bottom, respectively, for samples with lowest to highest final pH values and are in
identical order in (a) and (b). Top pattern from pH 4.38 suspension, 2nd pattern from pH 4.40 suspension, 3rd pattern from pH 7.03
suspension, 4th pattern from pH 8.13 suspension, and bottom pattern from pH 8.35 suspension. In (a) F = ferrihydrite, G = goethite,
S = schwertmannite, and = designates peak with greatest intensity in reference pattern. Details for fits of the Fe K-edge EXAFS spectra in (b)

are provided in Table 2.

nal pH values >7, dissolved Fe and Al concentrations were
always <50 pg/L.

We include dissolved metal concentrations as a function
of pH on the iron mound in the L-hand portions of Fig. 8
to compare metal loss from solution in the field with the
abiotic precipitates formed in the laboratory. In this uncon-
ventional plot, the dashed vertical line represents the emer-
gent CMD spring, while points to the left represent sample
sites further downstream of the CMD spring (where pH
values continue to decline due to greater biological Fe(II)
oxidation and Fe(III) hydrolysis) and points to the right
represent laboratory samples with more NaOH addition.
No metals other than Fe were removed across the Lower
Red Eyes iron mound (L-hand portions of Fig. 8). Metal
cations were not lost from surface waters in the field be-
cause of unfavorable electrostatic attraction to the iron
mound minerals (i.e., schwertmannite). The pH of the sur-
face waters decreased from ca. pH 4.0 to 2.5 across the iron
mounds. The pH of zero point of charge (pH,.) of schwert-
mannite has been reported to be 7.2 (Johnson et al., 2005),
thus metal cations would not be strongly attracted to the
surface of schwertmannite at the low pH values found in
the field. This result is consistent with other related field
studies (Sidenko and Sherriff, 2005; Nagano et al., 2011).
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Zinc, nickel and cobalt were the trace metals detected at
the highest concentrations in the emergent AMD spring at
Lower Red Eyes (Table 1). The removal of these metals
from solution via NaOH addition was similar to the behav-
ior of Fe and Al. At final pH values of 4.38-4.40, Ni was
removed to a greater extent (C;=233pM; Cana pu/
C; =0.33-0.37) as compared to Zn (C; =199 uM; Chpa
o1t/ Ci = 0.84-0.98), and as compared to Co (C; =70 pM;
Chinal pu/Ci = 0.95-1.0). At final pH values >5, Cpnar pu/
C; ratios were 0.042 £ 0.030 for Ni (n=7), 0.015+0.013
for Zn, and 0.10 +0.10 (n =7) for Co. Greater removal
of these metals at pH values >5 was confirmed based on
corresponding increased solid-phase concentrations (Table
3). Based on oxalate and HCI digestions, the majority of
these trace metals were associated with poorly crystalline
minerals, especially for solids formed above pH 7.

4. DISCUSSION

The remediation of CMD focuses primarily on the re-
moval of metals and acidity. Active CMD treatment refers
to the continuous addition of chemicals and collection of
metal precipitates. The most common active treatment pro-
cesses are aeration and alkali addition to neutralize acidity
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Fig. 8. Concentrations of dissolved elements in Lower Red Eyes water plotted as a function of pH. The dashed line indicates conditions at the
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and promote rapid oxidation of Fe?" and precipitation of
Fe*", AP" and other metal contaminants. Depending on
alkali dosing conditions, effective removal of Mn via oxida-
tive hydrolysis of Mn>" may or may not occur. Sodium
hydroxide and calcium oxide are the most commonly used
neutralizing agents for CMD active treatment. Alkali dos-
ing is targeted to slightly exceed the total load (flow * con-
centration) of hot peroxide acidity of the influent CMD and
results in abrupt geochemical changes. For example, it is
not uncommon to see blue-green Fe(Il)-rich and/or
Fe(OH),(s)-containing water immediately downstream of
the alkali dosing location. Even with settling ponds open
to the atmosphere, the oxygen demand caused by high
Fe(1I) concentrations can allow reducing conditions to per-
sist for some time. As aeration continues, the blue-green
water eventually converts to an orange-red color indicative
of Fe(III)-rich and/or Fe(OH);(s)-containing water. We de-
scribe these field observations because our laboratory neu-

tralization experiments essentially mimicked geochemical
conditions encountered during CMD active treatment.

A number of studies have examined the stability of Fe
precipitates formed in AMD and the corresponding con-
trols on trace metals and metalloids. A portion of these
studies began their experiments with minerals pre-formed
in the field and/or via laboratory synthesis and monitored
phase transformations and metal release/uptake as a func-
tion of time or as a function of solution chemistry (Bigham
et al., 1996; Jonsson et al., 2005; Kumpulainen et al., 2008;
Paikaray and Peiffer, 2010). At pH 2.5-4.0 goethite is often
the sole transformation product of schwertmannite, while
at pH >4.5-6.0 ferrihydrite and goethite are both produced
(Bigham et al., 1996; Sdnchez-Espana et al., 2011). Schwert-
mannite transformation to goethite is slow, often requiring
hundreds of days, but conflicting results have been reported
regarding the effect of pH. Two studies have reported that
transformation to goethite was faster at high pH as com-
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pared to low pH (Regenspurg et al., 2004; Jonsson et al.,
2005; Schwertmann and Carlson, 2005), while one study re-
ported that transformation was faster at low pH (Kumpu-
lainen et al., 2008). These conflicting reports are likely
caused by differing concentrations of constituents that can
stabilize schwertmannite (e.g., Si, P, TOC — Jones et al.,
2009; SO4 — Knorr and Blodau, 2007) and/or Fe speciation
that can control the importance of Fe(II)-induced conver-
sion of schwertmannite (Burton et al., 2008).

Another group of studies more similar to our laboratory
experiments involved using metal-rich solutions that
abruptly became supersaturated due to aeration (Johnston
et al., 2011) or neutralization (Lee et al., 2002; Sénchez-
Espana et al., 2011) and then were monitored for phase
transformations and release/uptake of metals and metal-
loids. Under these conditions trace metals can be removed
from solution via (i) adsorption onto freshly formed min-
eral surface(s), (ii) co-precipitation into the mineral struc-
ture(s), and/or (iii) precipitation as “discrete” trace metal
solid phases (e.g., Me(OH),(s)). The partitioning of ad-
sorbed or co-precipitated trace metals can be subsequently
affected by any phase transformation of the initial precipi-
tate (e.g., schwertmannite) into secondary products (e.g.,
goethite). These studies have also focused on arsenic be-
cause it is a key contaminant of concern in the Iberian Pyr-
ite Belt (Sdanchez-Espana et al., 2011) and in Australian
coastal lowland acid sulfate soils (Johnston et al., 2011).
Arsenic, however, is not an important contaminant in
Appalachian CMD. For example, in one survey of 156
CMD sources in Pennsylvania, the median As concentra-
tion was O pg/L (no detection limit reported; Watzlaf
et al., 2002). In another survey of 99 CMD sources in the
bituminous coal mining region of Pennsylvania (same as
current study), the median As concentration was 2.0 ug/L
(Cravotta, 2008).

Instead of arsenic, Fe, Al, Mn and acidity are the pri-
mary contaminants of concern in CMD. Active treatment
using aeration and NaOH addition was clearly effective in
removing Fe and Al (and Mn at highest pH values) from
Lower Red Eyes water (Fig. 8). Based on reaction path
modeling for Fe, schwertmannite would precipitate at pH
>4.5 and ferrihydrite would precipitate at pH >6.2 if goe-
thite precipitation was suppressed within the model (Elec-
tronic Annex, Fig. EA-6). If goethite precipitation was
not suppressed, then it became thermodynamically stable
throughout the entire pe-pH range over schwertmannite
and ferrihydrite, indicating that all three Fe(III) minerals
could form under these geochemical conditions. The simul-
taneous occurrence of schwertmannite, ferrihydrite, goe-
thite and lepidocrocite (near pH 5.5) was observed in
similar AMD titrations (Jonsson et al., 2006). Based on
Fe EXAFS (Table 2), schwertmannite, goethite and ferrihy-
drite were all present in the abiotic precipitates, including
those collected at final pH values >4.5. We speculate that
both schwertmannite and ferrihydrite were the initial Fe
phases to nucleate in these suspensions (Bigham et al.,
1996; Schwertmann and Carlson, 2005) while goethite
formed as a secondary product from schwertmannite
(Regenspurg et al., 2004; Burton et al., 2008).
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Based on reaction path modeling for Al, hydrobasalum-
inite (Al4(SO4)(OH);p - 15H,0) would precipitate near pH
4.0 and was predicted to be the predominant solid Al phase
throughout the entire pe-pH range of our experiments if
Al(OH); precipitation was suppressed in the model (Elec-
tronic Annex, Fig. EA-7). Inclusion of basaluminite instead
of hydrobasaluminite yielded similar model predictions but
we chose hydrobasaluminite because no dehydration to
basaluminite would be expected to occur in these fresh,
fully hydrated suspensions. If Al(OH); precipitation was
not suppressed, then it became predominant throughout
the entire pe-pH range over hydrobasaluminite indicating
that both hydrobasaluminite and Al(OH)3 could form in
our experiments. In Australian coastal lowland acid sulfate
soils, a combination of basaluminite and amorphous
Al(OH); were found to control dissolved AP concentra-
tions between pH 3-7 (Jones et al., 2011). In Pennsylvanian
coal mine drainage, a combination of amorphous Al(OH);
and a poorly crystalline aluminum hydroxysulfate were
found to control dissolved AI*" concentrations above pH
5 (Pu et al., 2010). In our experiments, Al was detected in
the abiotic precipitates by SEM-EDS but we were unable
to resolve whether the Al signal originated from morpho-
logically unique particles (i.e., as Al solids vs. co-precipi-
tated with Fe solids). However, because Al solids were
predicted to form at pH values lower than when Fe solids
were first predicted to form, Al was likely removed both
as hydrobasaluminite (especially at low pH), amorphous
Al(OH)3, and/or as a co-precipitate into schwertmannite
or ferrihydrite. It was unclear whether jurbanite (Al(OH)-
SO,) formed in our neutralization experiments, however,
suppression of jurbanite substantially increased the accu-
racy of our reaction path modeling. In contrast to field sed-
iments collected from Lower Red Eyes, Al concentrations
were two to three orders of magnitude higher in the abiotic
precipitates (Table 3).

Reaction path modeling for Zn, Ni and Co showed that
these trace metals would not be removed from solution as
their corresponding Me(OH),(s) phases at the pH values
that we observed for their removal. Therefore, adsorption
to or co-precipitation in schwertmannite, ferrihydrite, and
hydrobasaluminite were the predominant trace metal re-
moval mechanisms in our experiments. This interpretation
is supported by the results from the oxalate and HCI diges-
tions, where the majority of trace metals were associated
with poorly crystalline minerals (Table 3). Similar results
have been reported by Lee et al. (2002) using AMD gener-
ated from the mining of massive sulfide ore deposits in east-
ern Tennessee. Using one fully oxidized, Fe-rich AMD
sample (pH 2, 12mM Fe, 21 mM SO4>") that was similar
to Lower Red Eyes CMD, they found that Fe was removed
from solution at pH >3, Al was removed at pH >5, and Mn
was removed at pH >8. The removal of Cd, Co, Cu, Pb and
Zn occurred fairly sharply over different pH ranges for each
metal but complete removal of all metals did not occur until
pH >8. In the current study, we found that removal of Fe,
Al, Co, Ni and Zn all occurred fairly sharply and somewhat
simultaneously at pH >5 (Fig. 8). As noted above, removal
of metal cations (except Fe) did not occur in the field be-
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cause of limited sorption at pH <4 (Sidenko and Sherriff,
2005; Nagano et al., 2011).

Biological low-pH Fe(II) oxidation could be a very use-
ful pre-treatment step in the remediation of AMD. Fe and
acidity loads could be decreased before conventional active
or passive treatment processes, thereby decreasing the size
and cost of these units. Removal of any iron and acidity be-
fore passive treatment limestone beds will improve perfor-
mance by decreasing limestone armoring, decreasing
hydraulic clogging by Fe precipitates, and decreasing the
acidity load. Removal of any iron and acidity before active
treatment via neutralization will reduce costs by decreasing
alkali chemical requirements and decreasing Fe sludge pro-
duction. Furthermore, in portions of the Appalachian coal
mining region where As or other anionic contaminants such
as Se are present at only exceptional low concentrations,
the Fe(III) precipitates should be essentially free of trace
metal and metalloid contaminants. The mineral composi-
tion of iron mounds produced by low-pH Fe(II) oxidation
of Appalachian CMD appeared to be similar at all of the
field sites we studied both spatially across any one site
and comparatively between any two sites. Based on metal
oxide contents measured after lithium metaborate fusion
(Electronic Annex, Table EA-1), Fe,O; contents of 50—
67% approached values of Fe ore bodies (Hedin, 2003). Be-
cause of their high Fe content, mineralogical purity and ab-
sence of trace contaminants, these iron mound sediments
could prove to be of considerable economic value (Janneck
et al., 2010).

Iron mounds and low-pH Fe(II) oxidation are often
underappreciated by watershed professionals responsible
for designing AMD remediation systems. In many cases sig-
nificant amounts of Fe and associated acidity are naturally
and passively removed by these mounds. Assuming that
we can better understand the biogeochemistry of this pro-
cess, we should be able to exploit and engineer it for even
greater treatment. Water discharged from these mounds
would still have to be neutralized to remove acidity and
trace metals but the iron and acidity loads going into down-
stream systems could be dramatically reduced. If the iron
mound sediments were periodically collected and sold for
some industrial purpose (e.g., anion adsorbents, pigments,
ceramics) then any profit could be invested back into
additional AMD treatment systems. Future research will
hopefully develop the economic and environmental sustain-
ability of these efforts.
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