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Abstract23

Uranium(VI) mobility in groundwater is strongly affected by sorption of mobile U(VI) 24

species (e.g. uranyl, UO2
2+) to mineral surfaces, precipitation of U(VI) compounds, such 25

as schoepite  (UO2)4O(OH)6 * 6H2O), and by reduction to U(IV), forming sparingly 26

soluble phases (uraninite; UO2). Especially the latter pathway would be very efficient for 27

long-term immobilization of uranium. In nature, ferrous iron is an important reducing 28

agent for U(VI) because it frequently occurs either dissolved in natural waters, sorbed to 29

matrix minerals, or structurally bound in many minerals. Redox reactions between U(VI) 30

and Fe(II) depend not only on the availability of Fe(II) in the environment, but also on 31

the chemical conditions in the aqueous solution. Under natural groundwater condition 32

U(VI) forms complexes with many anionic ligands, which strongly affect its speciation. 33

Especially carbonate is known to form stable complexes with uranium, rising the 34

question if U(VI), when complexed by carbonate, can be reduced to UO2. The goal of this 35

study was to find out if Fe(II) when structurally bound in a mineral (as magnetite, Fe3O4) 36

or sorbed to a mineral surface (as corundum, Al2O3) can reduce U(VI) to U(IV) in 37

presence of bicarbonate. Batch experiments were conducted under anaerobic conditions 38

to observe uranium removal from the aqueous phase by the two minerals in dependence 39

of bicarbonate addition (1 mM), uranium concentration (0.01-30 μM) and pH value (6-40

10). Immediately after the experiments, the mineral surfaces were analyzed by X-ray 41

photoelectron spectroscopy (XPS) to obtain information on the redox state of uranium 42

bound to the solid surfaces. XPS results gave evidence that U(VI) can be reduced both by 43

magnetite and by corundum amended with Fe(II). In presence of bicarbonate the amount 44

of reduced uranium on the mineral surfaces increased compared to carbonate-free 45
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solutions. This can be explained by the formation of Fe(II) carbonates on the mineral 46

surfaces which represent an easily available Fe(II) pool for the U(VI) reduction. We also 47

consider a facilitated U(VI) reduction as possible when uranium is present as a carbonate 48

complex compared to non-complexed uranium (e.g. uranyl).  49

50
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Main text57

Introduction58

Uranium is a naturally occurring element that can be found in low levels within many 59

rocks, sediments and soils. Due to its radioactivity and toxicity (carcinogenic for 60

humans), uranium is a hazardous contaminant in the environment and the World Health 61

Organization (WHO) recommends a drinking water limit of 0.015 mg/L (WHO, 2004).62

The average uranium concentration in the earth crust is between 2 and 4 ppm, but it can 63

be enriched in soil and groundwater by several anthropogenic activities, such as by the 64

release from mill tailings of uranium mines, as a consequence of the use of depleted 65

uranium for military devices (DU ammunition), or by agricultural application of66

phosphate fertilizers, which are often associated with uranium. The main use of uranium67

is as fuel in nuclear power plants and thus, it is a primary component of spent nuclear fuel 68

and high level nuclear waste. Consequently it is of high concern for nuclear waste 69

management. A thoroughly understanding of the interactions of uranium with geological 70

materials and its behavior in groundwater is of high relevance both for remediation 71

strategies of contaminated sites and for the safety of final nuclear waste repositories.72

Uranium mobility in groundwater is controlled by its redox, sorption and complexation 73

behavior. At oxic conditions, it occurs predominantly in the redox state of +VI (UO2
2+ or 74

uranyl). A removal of uranium from the aqueous phase is possible by sorption to solid 75

surfaces, precipitation as U(VI) mineral, such as schoepite ((UO2)4O(OH)6*6H2O or 76

UO2(OH)2*H2O), coffinite (U(SiO4)1-x(OH)4x), autunite (Ca(UO2)2(PO4)2*10-12H2O) or 77

sodium uranate Na2O(UO3)2.6H2O), or by reduction to U(IV) forming hardly soluble 78

solid phases such as UO2 (uraninite), U3O8, UO2+x. Dissolved in natural water, aqueous 79
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uranium is prone to complexation with phosphate, silicate, sulfate, fluoride and especially 80

with carbonate (Langmuir, 1978). Consequently, more than 42 dissolved uranium 81

species, 89 uranium minerals and 368 inorganic crystal structures that contain U(VI) are 82

known to date (Langmuir, 1978; Burns, 2005). Especially bicarbonate (HCO3
-) forms 83

strong aqueous uranium-carbonate complexes (UO2CO3, UO2(CO3)2
2- and UO2(CO3)3

4-) 84

and, thus, in the presence of carbonate or bicarbonate in water U(VI) is highly mobile 85

(e.g. Grenthe et al., 1984; Nguyentrung et al., 1992; Baborowski and Bozau, 2006).86

Reduction of mobile U(VI) to sparingly soluble UO2 can be induced for example by 87

Fe(II) or sulphide - a process which is possible in the aqueous phase (Privalov et al.,  88

2003), but enhanced in the presence of solid surfaces acting as catalysts (Jeon et al., 89

2005). Accordingly, it has been shown that sulphide- or Fe(II) bearing minerals like 90

pyrite (FeS2), magnetite (Fe3O4), or biotite (K(Mg, Fe)3AlSi3O10(F, OH)2) can  reduce 91

U(VI) (e.g. Wersin et al., 1994; Scott et al., 2005; Ilton et al., 2004, 2006). Iron in the 92

redox state of +II is an ubiquitous compound in all natural systems, occurring dissolved 93

in water, structurally bound in many minerals and sorbed to mineral surfaces. The effect 94

of Fe(II) containing minerals on the long term reduction of U(VI) is of high importance, 95

due to the omnipresence of these minerals in the earth crust. Especially for the 96

construction of deep ground repositories for radioactive waste the interactions of 97

radionuclides with the minerals in the backfill and in the surrounding bedrock have to be 98

considered. For example, in Sweden the nuclear waste will potentially be stored in a 99

repository hosted in the granitic rock. The groundwater circulating in these granitic 100

aquifers, which might react one day with the nuclear waste, contains, besides NaCl (ca. 101

10 mM) high concentration of NaHCO3 (ca. 1 mM; Metz et al., 2003). Granite contains 102
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several Fe(II) minerals, such as pyrite, biotite or magnetite, which are responsible for an 103

average FeO content in granite of 1.68 wt.-% (Blatt and Tracy, 1996).  Previous studies 104

indicated that Fe(II) in all of the three minerals can reduce U(VI) to U (IV) (Wersin et al., 105

1994; Ilton et al., 2004; Scott et al., 2005) but none of these studies considered the 106

influence of bicarbonate on the reduction. As mentioned above, carbonate is known to 107

form very stable aqueous complexes with U(VI), a fact which is often used to prevent 108

U(VI) mineral precipitation in experiments (Payne et al., 2002) or to extract uranium 109

from soil (Zhou and Gu, 2005). However, U(VI) carbonate complexes are also known to 110

sorb to mineral surfaces, thereby forming ternary surface complexes with Fe(III) as has 111

been shown by infrared spectroscopy (Ho and Miller,1986) and X-ray absorption 112

spectroscopy on the hematite surface (Bargar et al., 2000). Up to date, there are only few113

studies on the potential reduction of U(VI) by Fe(II) in the presence of (bi)carbonate in 114

the scientific literature (e.g. Behrends and van Kappellen, 2005). To the best of our 115

knowledge, in none of them were spectroscopic methods applied to verify uranium 116

reduction. The main goal of our study was to find out if U(VI), i.e. UO2
2+ can be reduced 117

by Fe(II) which is either structurally bound in Fe(II) containing minerals or sorbed to a 118

mineral surface. Moreover, we aimed at finding out to what extent HCO3
- and the pH 119

value affects this process. The experimental conditions in solution were held near to 120

natural groundwater conditions.121

122

Materials and Method123

Magnetite (Fe3O4) was prepared by reaction of 0.3 M FeSO4 with 3.33 M KOH and 0.27 124

M KNO3 (Cornell and Schwertmann, 1996). The mineral suspension was dialyzed 125

http://en.wikipedia.org/wiki/Granite#_ref-Blatt_0
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against deionised water which was changed on a daily basis in a Ar-atmosphere in a 126

glove box until the electric conductivity was stable and below 10 µS/cm over 24 hours. 127

Mineral composition was verified to consist solely out of magnetite by powder X-ray 128

diffraction. XRD patterns were recorded from 5 to 80° 2θ, using 0.01° 2θ steps, and a 2 s 129

counting time per step with a Bruker AXS D8 powder diffractometer equipped with a 130

BSI (Baltic Scientific Instrument) Si(Li) solid detector, and CuKα radiation. Surface area 131

of magnetite was determined by the BET method (5 step nitrogen sorption of 0.08 g 132

samples) in two replicates. Suspensions of 2 g/L magnetite with a specific surface area of 133

19.7 m2/g were used for the experiments. A synthetic corundum (α-Al2O3) suspension 134

(Krahn; purity > 99.99 %; particle size: 0.2 μm; surface area: 14.5 m2/g; specifications 135

from the manufacturer) was diluted with MilliQ-water to obtain a final amount of 2 g/L α 136

-Al2O3. The ionic strength was set to 0.01 M by adding NaCl to all mineral suspensions.137

Different chemical conditions were obtained by addition of NaHCO3 (0 or 0.001 M) or 138

FeCl2 (0 or 0.001 M). Finally, the pH values were adjusted to 6, 8, or 10 (pH measured 139

with a combined glass electrode) by addition of HCl and NaOH (Table 1). All solutions 140

were purged 1 h with nitrogen gas before addition to the suspensions in an anaerobic 141

glove box. Therein, samples were kept at room temperature during the experiment and 142

anoxic conditions were assured.143

Experiments were performed in polyethylene (PE) bottles containing 20 mL of 144

suspension. The used chemicals (pro analysi) and gas (> 99.999 %) were of high purity.145

After 24 h, uranium was added from a stock solution of UO2(NO3)2 to the mineral 146

suspensions to get final uranium concentrations between  3*10-7 M and 3*10-5 M. The pH 147

was re-adjusted (6, 8, 10) immediately and again after 7 and 13 days. Table 1 gives an 148
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overview of all samples used in this batch. After a reaction time of 27 days, pH and redox 149

potential (measured with a platinum electrode and Ag/AgCl reference electrode) were 150

measured. Three mL of all suspensions kept originally at pH 6 or 10 were ultra-151

centrifuged (90,000 rpm) to separate the dissolved Fe and U species from colloidal 152

compounds. To prevent sample oxidation during centrifugation (outside the glovebox), 153

samples were transferred in air-tight sealed PE centrifuge tubes. After centrifugation, the 154

tubes were transferred back into the glove box. From the samples kept originally at pH 8155

(the highest U concentration), only 0.5 mL were removed from the suspensions and 156

filtered (0.22 µm). The pH in the remaining suspensions was adjusted to four by addition 157

of HCl. The applied acid was degassed and stored already since several month in the 158

permanently Ar filled glovebox equipped with a gas purification system. After another 48 159

h, 3 mL of these acidified samples were again ultra-centrifuged (90,000 rpm) in air-tight 160

tubes and separated from the solids. In all supernatants and filtrates, the pH-value was161

measured and the elemental composition was determined by inductive coupled plasma 162

mass-spectrometry (ICP-MS), which has a detection limit for U of 0.006 µg/L and for Fe 163

of 0.2 μg/L. It was assumed that uranium in the aqueous phase exists predominantly in 164

the redox state of +VI, because U(IV) would form solid precipitates (UO2).165

Theoretical uranium speciation and complexation in the different solutions were 166

calculated with the HYDRA/ MEDUSA software using the program internal database 167

complex.db and complex.elb (Puigdomenech, 2004).168

169

XPS analysis170
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After separation from the supernatant, selected samples of the solids were prepared in the 171

glove box at inert gas (Ar) condition for X-ray photoelectron spectroscopy (XPS)172

analysis. Portions of powder samples, dried at room temperature, were pressed onto 173

indium foil and mounted on the sample holder. By means of an O-ring sealed vacuum 174

transfer vessel (PHI model 04-110) samples were transported from inside the glovebox 175

into the XPS instrument without air-contact. Within the following two days, samples176

were analyzed using a Physical Electronics Inc. (PHI) model 5600ci spectrometer 177

equipped with Mg Kα, Al Kα, and monochromatic Al Kα X-ray sources. Electrons passing 178

the spherical capacitor analyzer were detected by a 16-channel detector. Charging of 179

isolating sample surfaces, due to emitting photo- and Auger electrons was compensated 180

by a low-energy electron flood gun in case of monochromatic X-ray excitation.181

Elemental lines of pure metals (Mg K: Cu 2p3/2 at 932.62 eV, Ag 3d5/2 at 368.22 eV, 182

Au 4f7/2 at 83.95 eV) with well-established binding energies were used to calibrate the 183

binding energy scale of the spectrometer following Seah et al. (1998). Subsequently, 184

these elemental lines were also measured by Al K and monochromatic Al K X-ray 185

excitation. The determined standard deviation of binding energies were within ± 0.1 eV 186

for conductors and within ±0.2 eV for non-conducting samples. A linear regression 187

between reference data and measured values of the calibration was used to correct 188

measured binding energies of samples.189

Survey scans were recorded first by monochromatic Al Kα excitation, source power 190

maximal 200 W, to identify the elements and to determine their atomic concentrations at 191

the sample surfaces. An area of about 1 mm in diameter was excited by the 192

monochromatic Al Kα X-rays. Samples prepared had sizes of about 5 mm in diameter 193
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allowing multiple analyses at previously non-irradiated areas. Data analysis and curve 194

fitting were performed using the PHI Multipak program. Narrow scans of the elemental 195

lines were measured at 23.5 eV pass energy of the hemispherical analyzer. Elemental 196

lines at the surface of magnetite showed a small shift due to charging relative to the 197

conducting magnetite bulk, presumably due to formation of some isolating hydroxide at 198

the surface. Therefore, U 4f lines in magnetite as well as in all (isolating) corundum 199

samples were charge referenced to the C 1s line of adventitious hydrocarbon (CxHy) at 200

284.8 eV. Solely for the elemental lines of Fe 2p and O 1s charge reference occurred at 201

the O 1s binding energy reference of bulk Fe3O4 at 530.0 eV. 202

Potential beam induced U(VI) reduction during XPS measurement was considered by 203

recording narrow scans of the U 4f elemental line of the samples by monochromatic Al 204

Kα X-rays in combination with an electron flood gun as well as with the Al-Kα standard 205

source equipped with an aluminum window. Besides different overall charging due to the 206

different X-ray sources, the spectra of the elemental lines were similar and explicitly no 207

further change at the U4f lines were observed during the measurement. Consequently, 208

beam reduction of U(VI) can be considered as insignificant for our experiments.209

With monochromatic Al Kα X-ray excitation, bremsstrahlung induced background 210

intensity and X-ray satellites are absent, yielding a detection limit for uranium of about 211

0.02 at-%. Moreover, thermal impact to the sample from the monochromatic X-ray 212

source is prevented.213

214

3. Results and discussion215

3.1. Uranium immobilization – quantitative analysis216
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In all experimental mineral suspensions, uranium had been strongly removed from the 217

aqueous solutions (58 to 99 % of the initial uranium concentration) after 27 days (Table 218

1). For removal mechanisms, we consider surface sorption of U(VI), precipitation of 219

solid U(VI) phases and reduction and precipitation of U(IV) phases. Additionally, the 220

release of Fe from the minerals and precipitation of new iron phases as Fe(II)- and 221

Fe(III)-hydroxides or Fe(II)-carbonate and the sorption of uranium to these new surfaces 222

will be discussed. Results indicated that uranium removal from solution depends on the 223

uranium concentration, the pH-value, the presence of bicarbonate and the Fe(II) 224

availability, i.e. the Fe(II) source. These factors will be discussed in the following 225

sections.226

227

3.1.1. Effect of initial uranium concentration228

Conditions of oversaturation of the aqueous phase with respect to solid uranium (VI) 229

compounds are easily established under experimental, carbonate-free suspensions. To 230

determine differences between the uranium uptake from the aqueous phase in over- and 231

unsaturated solutions, the initial uranium concentration was varied in the magnetite 232

suspensions (pH 6, 8 and 10) to receive final values of 2.9 *10-5, 8.9*10-6 and 9.9 *10-8 M 233

(Table 1). Initial and final uranium concentrations were plotted into a predominance 234

diagram (Figure 1a), which indicates that the predominant uranium species at higher 235

uranium concentrations are the U(VI) minerals schoepite UO2(OH)2*H2O and sodium 236

uranate (Na2O7(UO3)2). This observation implies that precipitation of solid phases for the 237

two higher concentrated uranium suspensions must be considered. Only for the lowest 238

initial uranium concentration (9.9*10-8 M), the aqueous phase is unsaturated with respect 239
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to uranium containing solids, which implies that uranium can only be removed by 240

sorption of U(VI) or reduction and precipitation as U(IV) species in these cases. 241

Nevertheless, we worked in most of our experimental suspensions with the highest 242

uranium concentration (2.95 *10-5 M), because the strong removal of uranium resulted in 243

uranium concentrations close to the detection limit of ICP-MS. Also, XPS measurements 244

require a relatively high uranium concentration on the mineral surfaces (0.02 atomic- %) 245

to be detected and evaluated properly. Although we never observed experimental 246

evidence for the formation of schoepite or sodium uranate, their possible precipitation 247

and its effect of providing new surface sites for sorption needs to be considered in the 248

obtained results.249

250

3.1.2. Effect of pH values and redox conditions251

Table 1 shows the pH values adjusted in the beginning and measured at the end of the 252

experiment as well as the measured final redox potentials (Eh) in all experimental 253

suspensions. Although the pH was re-adjusted to initial pH (6, 8, 10) twice during the 254

experiments, a strong shift to higher values was observed at the end (Table 1). As the 255

most probable reactions responsible for this pH increase we consider a slow surface 256

protonation and possibly (at lower pH) mineral dissolution. 257

Measured Eh data of all samples were between -84 and -416 mV and increased to 258

negative values with increasing pH. Figure 2a shows the measured pH-, Eh data plotted 259

in an Eh/pH stability diagram together with the redox equilibrium lines of the stability 260

area of an Fe(II)/ Fe(III) buffer, which was constructed using data from Felmy et al. 261

(1989) and Rai et al. (2002), who worked with iron powder. Thus, the lower line was 262
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obtained by the equation pe + pH = 2 (Felmy et al., 1989) and the upper line by pe + pH263

= 4 (Rai et al., 2002). All samples appear to be in equilibrium with the Fe(II)/Fe(III) 264

couple - including the three corundum suspensions that have not been added iron. 265

Measured iron concentrations of these Al2O3-solutions revealed an iron concentration of 266

3-6 µg/L (=5-10*10-8 M), which indicates some Fe-contamination of the corundum 267

samples. According to manufacturer information, the iron content in the corundum is 268

below 20 ppm, corresponding to a maximum of 40 µg/L in each of our experimental 269

suspensions (if corundum would be completely dissolved). Thus, the apparent 270

equilibrium with the Fe(II)/Fe(III) can be explained if both redox states of iron are271

present in the corundum contamination or if initially Fe(III) was reduced by U(VI). A 272

similar observation, as found in our study for the uranium system, was described for 273

reductive dissolution of PuO2 which is also strongly controlled by the Fe(II)/Fe(III) redox 274

couple (Rai et al., 2002). The diagram 2a further indicates that at the present pH and 275

redox conditions as well as when considering the Fe concentration in solution (given as 276

10 µM in the calculations), the solutions are oversaturated with respect to the formation 277

of magnetite and hematite (Fe2O3). The measured total iron concentration in the solutions 278

is considered to be predominantly in the redox state +II, because at the given pH279

conditions (> 3.5),  the Fe(III), which potentially had formed by reduction of U(VI) 280

would predominantly precipitate as Fe(III) hydroxide/-oxide. The Fe(II) concentration in 281

the magnetite suspensions usually increased with increasing pH (except in bicarbonate 282

containing solutions, where siderite precipitation can be expected; Fig. 2b) and is 283

between 1 *10-5 M and 2*10-4 M (Table 1). In contrast to magnetite, the amount of 284
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dissolved Fe(II) decreased with increasing pH in Fe(II) amended corundum suspensions 285

both, in presence and absence of bicarbonate. 286

In general, with increasing pH and increasing negative Eh, less uranium was removed 287

from the aqueous solutions (Table 1). As shown in the two predominance diagrams of 288

U(VI) in Fig. 1a and b, at higher pH values (> 7) negatively charged complexes (e.g. of 289

UO2(OH)3
- or UO2(CO3)2

2-) are predominant in the aqueous phase. Therefore, less290

uranium sorption to negatively charged surfaces of oxide minerals can be expected (the 291

point of zero charge (pHpzc) of Al2O3 is 6.8-7.2; Mustafa et al., 1998 and of Fe3O4 is 6.4-292

7.1; Cornell and Schwertmann, 1996). Clearly, the lowest U removal from solution (58 293

%) occurred for magnetite in presence of bicarbonate at an initial pH of 10 (Table 1). We 294

explain this observation with the competition of uranium complexes (e.g. UO2(OH)3
-) 295

with carbonate for sorption sites on the negatively charged mineral surface. 296

297

Acidification to pH 4298

After 27 days, mineral suspensions initially adjusted to pH 8 were acidified to pH 4. It 299

was expected that at this pH, sorbed U(VI) and surface precipitates of uranium, e.g. 300

schoepite (UO2(OH)2*H2O), would desorb and dissolve, respectively, and only the 301

sparingly soluble, reduced form of uranium, i.e. UO2, would remain dominantly in the 302

solid phase. Figure 3 compares the uranium concentrations measured in different 303

suspensions before and after acidification. In case of Fe(II)-free corundum only about 60 304

% of previously bound uranium were released to the aqueous phase (Table 1), indicating 305

that a part of the formed surface precipitates or sorbed U(VI) species are quite stable 306

against acidification because no, or only little uranium reduction (due to Fe(II) 307
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contamination) can be expected in these suspensions. The release of uranium in the Fe(II) 308

amended corundum suspension was significantly lower (35 % of previously bound 309

uranium), indicating that a considerable amount of uranium might have been reduced to 310

less soluble UO2. In case of magnetite suspensions, only a relatively small fraction of pH 311

8 surface accumulated uranium was released by acidification to pH 4 (9.5 %; Figure 3)312

indicating that also Fe(II) within magnetite reduced partially the U(VI) to sparingly 313

soluble U(IV). However, due to oxidation of Fe(II) to Fe(III) and probable subsequent 314

precipitation of Fe-hydroxide (Figure 2a), sorption or co-precipitation of U(VI) on these 315

oxides can not be excluded as an additional or alternative pathway for removal of U from 316

the aqueous solution (Duff et al., 2002). However, uranium associated with Fe(III) phases 317

are   unlikely to remain sorbed at the positively charged Fe(III)-hydroxide surfaces at low 318

pH where the  positively charged uranyl (UO2
2+) dominates the aqueous speciation 319

(Missana et al., 2003), which is inconsistent with the observed low degree of U release 320

upon acidification.321

Although we expected at pH 4 no change of the Fe(II)/Fe(III) redox equilibrium (Rovira 322

et al., 2007), a strong increase in the Fe(II) concentration was observed due to 323

acidification (from 2.2*10-5  M - 9.4*10-6  M at pH 8-9 (Table 1) to 7.8*10-5 - 9.5 *10-5324

M at pH 4 (Table 2)). Clearly, the used synthetic magnetite is more reactive as compared325

to commercial available magnetite (Rovira et al., 2007) which implicates either a326

desorption of adsorbed Fe(II) or dissolution of weakly crystalline iron species bound to 327

the magnetite surface. Especially in the bicarbonate suspensions the release of iron at low 328

pH values was very high, indicating dissolution of previously formed siderite (FeCO3). 329
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Simultaneously, uranium concentration increased in this solution which is a consequence330

of desorption of siderite-surface bound uranium during siderite dissolution (Fig. 3).331

332

3.1.3 Effect of bicarbonate 333

Comparison of the predominance diagrams in Figure 1a and 1b shows the strong effect of 334

carbonate on uranium speciation in the aqueous solution.  Instead of positively charged 335

uranyl (UO2
2+) species, which are dominating under CO2-free conditions, the solutions in 336

presence of carbonate contain predominantly negatively charged UO2(CO3)2
2-, or 337

uncharged UO2CO3 complexes, with different sorption properties. Uranium concentration 338

measured in this study in presence and absence of bicarbonate followed this behavior: In 339

general, more uranium was found in the aqueous solution in presence of bicarbonate340

(Table1). The concentration of uranium remaining in the aqueous solution also increased 341

with increasing pH (≥ 8) (Figure 4). This is consistent with the formation of (aqueous) 342

uranium carbonate complexes which sorb less than carbonate-free uranium species.343

Another effect of bicarbonate addition at pH ≥ 8 was a decrease in the aqueous Fe(II) 344

concentration in both magnetite and corundum suspensions, which can be explained by345

the formation of FeCO3 precipitates (Fig. 2b) removing the Fe(II) from the aqueous 346

phase. Acidification to pH 4 mobilized the iron again which is either due to desorption of 347

surface bound Fe(II) or dissolution of siderite or Fe(III)hydroxides, formed by reduction 348

of U(VI).349

350

3.1.4 Effect of Fe(II) source351
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One of the central questions in this study was to find out whether the structural bound 352

Fe(II) in a mineral (e.g. magnetite) is able to reduce U(VI) to U(IV) and to compare this 353

ability with that of Fe(II) that is sorbed to a mineral surface (e.g. corundum). The total 354

amount of Fe(II) in the used magnetite suspensions is about 0.002 M as estimated 355

according to Missana et al. (2003), who prepared magnetite at the same conditions as in 356

our study. Measured Fe(II) concentrations in our magnetite suspensions were around 4.3 357

*10-5 (± 5*10-5) M independently of the pH (6-10), which is almost consistent with the 358

low solubility of magnetite. In contrast, when Fe(II) was added to the corundum solutions 359

(0.001 M), Fe(II) would bind to the mineral surface by sorption or in presence of 360

bicarbonate also precipitate as siderite. The strong variation of the iron concentration is 361

consistent with the pH dependence of the sorption/ precipitation process (3*10-5 M and 362

5*10-6 M at pH 8 and 10, respectively; Table1). 363

Sorption reactions are controlled by the amount of surface sites and the kind of surface 364

groups of the used minerals. Due to different surface areas of the two minerals used in 365

our study (magnetite: 19.7 m2/g; corundum: 14.5 m2/g), we compare in the following 366

surface area normalized uranium removal from the aqueous phase (for suspensions with 367

3*10-5 M initial uranium concentration). The amount of surface area normalized uranium 368

removal (at pH 8) is slightly lower for magnetite (7.6*10-7 ± 3.9*10-9) compared to 369

corundum (1.0*10-6 ± 5.1*10-9mol/m2). 370

371

3.2. Surface analysis by XPS372

The solid residues after centrifugation of magnetite and corundum suspensions treated at 373

pH 8 before and after acidification to pH 4 in presence and absence of bicarbonate and 374
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Fe(II) were analyzed by XPS. This technique allows not only determining quantitatively 375

the elemental composition of solid surfaces but also their redox state.376

Total elemental composition377

The elemental composition of the mineral surfaces after reaction with bicarbonate, U(VI), 378

and Fe(II) were measured by XPS. Results are summarized in Table 3. High Na and Cl 379

concentrations (0.2-2.5 atomic-%) result from the use of NaCl as inert electrolyte in all 380

solutions. Occasionally, trace amounts of impurities of P, Si, K where found. The surface 381

carbon content (2.6-8.9 atomic-%) does not correlate with the input of bicarbonate, but 382

derives from impurities of the minerals, solution reagents or from adventitious 383

hydrocarbon. Uranium surface concentration ranges between 0.04 and 0.6 atomic-% and 384

is clearly higher for magnetite compared to Fe(II) containing corundum samples (Table 385

3). This result differs from the surface area normalized uranium concentration as 386

mentioned above, where the opposite effect was observed, but can be explained by the 387

different measurement techniques: While BET measures the sorption of gases on the 388

whole surface area of a sample, XPS acquires elemental intensities on always 1mm2 of 389

geometric surface while penetrating to a certain depth beneath the surface (e.g around 5 390

nm in case of magnetite).  The relatively high surface concentration as observed for the 391

(Fe(II)- and bicarbonate free) corundum suspension (0.6 atomic %; Table 3) suggests that 392

in this case uranium precipitated on the mineral surface (e.g. as schoepite).393

Redox state of uranium394

XPS analysis were mainly performed to get evidence if U(VI) was removed from the 395

solutions due to reduction by Fe(II) or due to U(VI) sorption or co-precipitation. Mostly, 396

XPS elemental lines shift to lower binding energies with decreasing redox state. When 397
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comparing the XPS spectra of corundum with magnetite (Fig. 5 and 6) it becomes 398

obvious that the uranium peaks of corundum samples are much broader and exceed to 399

lower energies than the theoretical value of U 4f for U(IV), which is at 380 eV. This 400

broadening can be explained by lateral differential surface charging of the isolating 401

corundum due to emission of the electrons during the measurement. Therefore, corundum 402

XPS spectra can only be compared to other corundum spectra and not directly to 403

magnetite.404

The corundum sample which was amended with Fe(II) (Fig. 5, Spectrum b) shows a405

slight broadening of the U 4f peaks towards lower binding energy values compared to 406

Fe(II)-free corundum indicating a slightly increased amount of reduced uranium (Fig. 5407

Spectrum a). This reduction was also optically visible by the formation of black 408

precipitates, (which is the color of the mineral uraninite, UO2), in the otherwise milky-409

whitish corundum suspension. In contrast, the Fe(II)-free corundum suspensions 410

remained of whitish color during the experiment. In this latter sample, the U(IV) content 411

was determined by XPS to be 11 % of the uranium detected on the surface (Table 3), 412

which might result from the instrument error or from reduction of U(VI) by Fe(II) 413

impurities contained within the corundum as mentioned above. The additional presence 414

of bicarbonate in the corundum suspension strongly increased the amount of reduced 415

uranium species as the stronger shift of the U4f peaks to lower energies demonstrates 416

(Figure 5, Spectrum d). This shift even exceeds the U(IV) elemental line, which could be 417

explained by the presence of an element with lower Pauling’s electonegativity than418

uranium (1.7) to be in the second shell of U(IV) like Na (0.9) or Al (1.5): U(IV)-O-Na or 419

U(IV)-O-Al. However, the discussion of that phenomenon is beyond the scope of this 420
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paper. Since the amount of uranium bound to the corundum is very similar in 421

bicarbonate-free and in bicarbonate containing suspensions kept at pH 8 (99.2 to 99.8 %; 422

Table 1), this peak shift strongly indicates that in the presence of bicarbonate more 423

surface bound U(VI) has been reduced than in absence of bicarbonate. 424

A similar shift to lower energies was observed in XPS spectra of magnetite suspensions 425

amended with bicarbonate (Figure 6). The peak positions of carbonate-free treated 426

magnetite samples were between the literature values for U(VI) and U(IV) oxides (U 4f7/2427

at 380.8 eV (as UO2) and 382.4 (as UO3; Wersin et al., 1994), indicating that both redox 428

states of uranium are present in this sample. The finding of U(IV) in this sample implies 429

that Fe(II) originating from magnetite is able to reduce U(VI) on the mineral surface. The 430

ratio of U(IV) to Fe(tot) as measured by XPS on the mineral surfaces is a measure of the 431

availability of Fe(II) for uranium reduction inasmuch one can assume that the higher this 432

value is, the better available is the Fe(II) (Table 3). The U(IV)/Fe(tot) ratio is quite 433

similar for both minerals (0.004 to 0.01 at pH 8). However, due to different binding 434

forms of Fe(II) in the minerals (structurally and adsorbed, respectively) the U(IV)/Fe 435

ratio should be considered separately for magnetite and corundum. For both minerals the 436

U(IV)/Fe(tot) ratio increases in presence of bicarbonate indicating again better uranium 437

reduction in presence of bicarbonate. 438

XPS spectra were also obtained for pH 4 acidified corundum and magnetite samples 439

(Figure 5 and 6). It was expected that the acidification removes the weakly bound U(VI) 440

species (sorbed or co-precipitated) from the surface, whereas the sparingly soluble UO2441

(U(IV)) would remain on the surface. However, experimental results in this line were 442

obtained only for the corundum suspension, where the U(IV) content on  the minerals 443
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was 100 and 70 % of the total surface bound uranium. However, in bicarbonate-free, 444

Fe(II) containing corundum suspensions, the uranium surface concentration decreased 445

strongly (to 0.04 atomic-%; Table 3) indicating either re-oxidation of U(IV) (this could 446

be possible by Fe(III), which could have been formed as consequence of decreased pH 447

and increased Eh conditions due to acidification) or that most uranium occurs in this 448

sample as U(VI), which is desorbing at low pH. In case of bicarbonate amended 449

corundum suspensions, the surface uranium content remained almost constant (0.1 and 450

0.12 atomic %, respectively) indicating that reduced uranium-carbonate surface 451

complexes are more resistant against acidification. In magnetite samples, the total 452

uranium concentration at the mineral surfaces remained more or less constant during  453

acidification. However, the U(IV) content drastically decreased (to 5 and 12 % in absence 454

and presence of bicarbonate, respectively; Table 3). One possible explanation for this is 455

that the reduced form of uranium is a weakly crystalline phase (e.g. amorphous UO2 or 456

U4O9) which dissolves more easily at low pH. The fact that the solubility of minerals457

changes in dependence of their crystallinity (the more amorphous a mineral is, the more 458

easily it dissolves) is well known (Schindler et al., 1963) and explains that the freshly 459

formed uraninite dissolves more easily than an aged one. However, since most uranium 460

remains on the mineral surface this explanation is not very likely. The other explanation 461

is, as mentioned for the corundum samples, that Fe(II) oxidises at the low pH value to 462

Fe(III) which in turn oxidizes U(IV) to U(VI) and desorbs from the surface.463

Redox state of iron464

In our study, iron(II) is the only plausible reducing agent for U(VI). Consequently, the 465

concentration of Fe(III) on the mineral surfaces should increase during reaction, because 466
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Fe(III) usually precipitates as an oxide or hydroxide phase at neutral to basic pH 467

conditions. Thus the XPS Fe 2p spectra is expected to shift towards higher energies. 468

However, compared to the bulk iron, the change in Fe(III) surface concentration is too 469

small to cause detectable changes in the spectra. Consequently, the Fe 2p spectra of all 470

but one sample looked almost identically (Fig. 7a). The only exception was the 471

bicarbonate amended magnetite sample: Clearly, the amount of Fe(II) increased in this 472

sample as compared to other samples (Fig. 7a). We suggest from this observation that a 473

secondary Fe(II) phase, presumably siderite (FeCO3), has formed on the magnetite 474

surface. Additional support for siderite formation was obtained, by comparing also the O475

1s spectra, where also the bicarbonate amended magnetite sample differed from the 476

others: The peak is broadened towards higher binding energies (Fig. 7b), which is typical 477

for a carbonate phase (Heuer and Stubbins, 1999). These observations are consistent with 478

the suggested formation of a secondary Fe(II) carbonate phase on the magnetite surface 479

already discussed in Section 3.1.3. Moreover, when acidifying this sample to pH 4 both, 480

the O 1s and Fe 2p XPS spectra loose their previously described special features,481

indicating the re-dissolution of siderite.482

The Fe 2p and O 1s spectra were measured also for the corundum samples containing 483

Fe(II) and carbonate. However, the Fe 2p lines were quite broad thereby not allowing any 484

interpretation of the data.485

486

3.3 Uranium reduction processes 487

This study revealed that Fe(II) that is adsorbed to mineral surfaces (corundum) or 488

structurally bound in a mineral (magnetite) is able to reduce U(VI) to U(IV). This ability 489



23

is increased in bicarbonate solutions (1 mM). However, the presence of bicarbonate also 490

increased the amount of dissolved uranium in our experiments. The latter effect was also 491

observed by Behrends and van Kapellen (2005), who concluded, consequently, that 492

U(VI) reduction is inhibited in presence of bicarbonate (45 mM). However, from 493

microbiological studies it has also been found that U(VI) is more bio-available for 494

microbial reduction when present as a carbonate complex (Behrends and van Kapellen, 495

2005; Wall and Krumholz, 2006). By means of spectroscopically investigations (XPS),496

our study gives now for the first time direct evidence that U(VI) reduction is facilitated in 497

diluted bicarbonate solutions. Results obtained within our study indicate two pathways 498

(potentially simultaneously) to be responsible for this effect: (i) in presence of Fe(II), the 499

formation of siderite is very probable, which accumulates on the solid surfaces where it 500

acts as an easily available pool of Fe(II) with the solid surface simultaneously acting as a 501

catalyst for U(VI) reduction. The redox- and pH- conditions of the suspension control the 502

siderite solubility, which dissolves with decreasing pH, simultaneously releasing the 503

previously bound uranium.504

The other proposed pathway (ii) is independent from the presence of Fe(II) and relates to 505

the reactivity of U(VI): Results from our work in accordance with previous studies in the 506

literature, gave evidence that U(VI) forms (relatively) stable complexes with carbonate 507

anions (e.g. UO2(CO3)2
2- or UO2CO3), which predominantly remain dissolved as aqueous 508

complexes. However, a considerable fraction of these complexes are also known to sorb 509

to mineral surfaces and evidence of ternary surface complexes has been reported for the 510

surface of hematite by combination of different spectroscopic techniques (Fourier 511

Transform infrared and X-ray absorption fine structure; Ho and Miller, 1985), as well as512
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of measurements of the electrophoretic mobility of hematite-uranium-carbonate particles513

(Bargar et al., 2000). These studies described the structures of these negatively charged,514

ternary surface complexes as innersphere, metal bridged (hematite-U(VI)-carbonato) 515

complexes with, depending on the pH, either  monomeric or dimeric character (Ho and516

Miller, 1985, Bargar et al., 2000). We propose that these surface-attached, carbonate 517

complexes can be more easily reduced to U(IV) than uncomplexed U(VI) species. 518

Possibly, the reduction step of U(VI)-carbonate- complexes goes via an U(IV) carbonate 519

species. The existence of U(IV) carbonate complexes (U(CO3)4
4- and  U(CO3)5

6-) was 520

described by Bruno et al. (1989), who also found small amounts of U(IV) in natural 521

waters to be bound in such complexes, which supports our second pathway for mediation 522

of U(VI) reduction by bicarbonate. 523

For our experiments in the bicarbonate system one can assume that dissolved U(VI) 524

formed first aqueous, carbonate complexes. Partially they sorbed to the mineral surfaces, 525

where the Fe(II) reduced the U(VI) carbonates to U(IV) carbonates. In natural systems, it 526

can be expected that over long time, these U(IV) carbonates age to form more stable 527

uranium oxides, which are in the beginning less crystalline and more soluble, until finally 528

the well-crystalline minerals UO2 and U3O8 form. This hypothesis is supported by our 529

observation of the stability of the uranium surface complexes due to acidification: The 530

uranium release from the mineral surfaces was strongest in the corundum suspension 531

(with no iron and bicarbonate), where solely uranyl was expected to bind to the surface. 532

Next strongest was the uranium release in corundum suspensions containing Fe(II) and533

bicarbonate, followed by magnetite with bicarbonate (the latter both would contain U(IV) 534
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carbonate complexes) and finally by bicarbonate-free magnetite, where consequently535

hardly soluble UO2 precipitation could be expected.536

To summarize, within this study we found evidence on the catalyzing effect of dilute 537

bicarbonate solutions on the reduction of U(VI) by Fe(II). These results elucidate the role 538

of carbonate ubiquitously present in groundwater on the migration of uranium.539

540
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Figure captions

Figure1a. Predominance diagram for uranium-mineral suspensions in 10 mM NaCl as 
calculated with Hydra/Medusa software (Puigdomenech, 2004). Data points represent
measured values of pH and uranium concentration in different magnetite suspensions. 
Initial values (open symbols) are at pH 6, 8, 10 and at uranium concentration of 2.9*10-5

M (triangles), 8.9*10-6 M (diamonds) and 9.9 *10-8 M (squares). Filled symbols represent 
final measured data.

Figure1b. Predominance diagram for uranium-mineral suspensions containing 10 mM 
NaCl and 1 mM CO3

2- as calculated with Hydra/Medusa software (Puigdomenech, 2004). 
Data points are measured values of pH and uranium concentration. Initial data (crosses) 
are at pH 6, 8, 10 and at uranium concentration of 2.9*10-5 M. Filled symbols represent 
final concentration of uranium in corundum-Fe(II) amended suspensions (squares) and in 
magnetite suspensions (triangles).

Figure 2a. Eh/pH diagram for the iron equilibrium system. Open diamonds represent 
corundum and black diamonds represent magnetite suspensions. Long-dashed lines give 
the stability line of H2 and O2, respectively. The short-dashed line shows the equilibrium 
area of a solid Fe(II)-/Fe(III) buffer (Felmy et al., 1989; Rai et al., 2002). Other lines 
represent predominance areas of Fe(II) and Fe(III) species as calculated with 
Hydra/Medusa software with 1 mM CO3

2- and a 0.01 mM Fe concentration. (“c” in the 
diagram indicates a solid phase.)

Figure 2b. Predominance diagram for Fe(II) species in a carbonate solution (1 mM).  
Data points represent measured iron concentrations and pH values of solutions reacted 
with corundum (open diamonds) and magnetite (black diamonds). 

Figure 3. Uranium concentration in solutions containing magnetite, magnetite amended 
with 1 mM HCO3

-, corundum amended with 1 mM Fe(II) and corundum amended with 
each 1 mM Fe(II) and HCO3

-, measured after the experiment at pH 8 (Table 1 and 2 
indicate the final pH values) and after re-acidification to pH 4. Initial uranium 
concentration was 2.95*10-5 M.

Figure 4. Uranium concentration in solutions containing magnetite, magnetite amended 
with 1 mM HCO3, corundum amended with 1 mM Fe(II) and corundum amended with 
Fe(II)  and HCO3

- (each 1 mM), measured after the experiment at pH 8 and 10. Values 
above the columns indicate final pH values. 

Figure captions



Figure 5: XPS uranium 4f spectra on the surface of Al2O3 at various conditions:
a) Corundum reacted with U(VI) at pH 8
b) Corundum reacted with U(VI) at pH 8 in presence of 1 mM Fe(II)
c) Sample b) which was later acidified to pH 4
d) Corundum reacted with U(VI) at pH 8 in presence of each 1 mM HCO3

- and 
Fe(II). 
e) Sample d) which was later acidified to pH 4

The dashed lines indicate the reference binding energies of U 4f7/2 for U(IV) in UO2

and U(VI) in UO3, respectively.

Figure 6: XPS uranium 4f spectra on the surface of Fe3O4 at various conditions:
a) Magnetite reacted with U(VI) at pH 8
b) Sample a) which was later acidified to pH 4
c) Magnetite reacted with U(VI) at pH 8 in presence of 1 mM HCO3

-

d) Sample c) which was later acidified to pH 4

The dashed lines indicate the reference binding energies of U 4f7/2 for U(IV) in UO2

and U(VI) in UO3, respectively.

Figure 7a: XPS Fe 2p spectra on the surface of Fe3O4 at various conditions:
a) Magnetite reacted with U(VI) at pH 8
b) Sample a) which was later acidified to pH 4
c) Magnetite reacted with U(VI) at pH 8 in presence of 1 mM HCO3

-

d) Sample c) which was later acidified to pH 4

The dashed line indicates the reference binding energy of Fe 2p3/2 for Fe(III) and 
Fe(II).

Figure 7b: XPS O 1s spectra on the surface of Fe3O4 at various conditions:
a) Magnetite reacted with U(VI) at pH 8
b) Sample a) which was later acidified to pH 4
c) Magnetite reacted with U(VI) at pH 8 in presence of 1 mM HCO3

-

d) Sample c) which was later acidified to pH 4

Positions of oxygen in oxides, water, carbonate and hydroxide are marked.



Table 1. Chemical properties of different mineral suspensions before (initial) and 
after (final) the reaction with U(VI) solution over 27 days. Background electrolyte 
of all solutions was 10 mM NaCl.

Solid 
phase

NaHCO3

initial (M)
FeCl2

initial (M)
U initial   

(M)
U final       
(M)

U removed  
(%)

pH 
initial

pH 
final

Eh_final 

(mV)
Fe(tot) 
final (M)

F
e

3O
4

- - 2.95x10-5 2.58X10-7 99.12 6 7.95 -193 1.81X10-5

- - 2.96X10-5 1.24X10-7 99.58 8 8.72 -247 2.27X10-5

- - 2.95X10-5 4.04X10-7 98.63 10 10.1 -385 3.12X10-5

- - 8.94X10-6 2.24x10-7 97.49 6 8.78 -173 2.96X10-5

- - 8.91X10-6 1.08X10-7 98.79 8 8.63 -211 2.09X10-5

- - 8.93X10-6 2.63X10-7 97.05 10 9.77 -355 1.20X10-5

- - 9.96X10-8 3.22X10-9 96.76 6 8.91 -208 4.22X10-5

- - 9.95X10-8 2.19X10-9 97.80 8 8.55 -320 4.69X10-5

- - 9.94X10-8 1.52X10-8 84.66 10 9.66 -416 1.99X10-4

1X10-3 - 2.94x10-5 7.04X10-7 97.61 6 8.1 -117 7.40X10-5

1X10-3 - 2.96X10-5 2.32X10-6 92.15 8 8.2 -197 9.40X10-6

1X10-3 - 2.96X10-5 1.23X10-5 58.56 10 10.2 -362 7.80X10-6

A
l 2

O
3

- 1X10-3 2.91X10-5 4.35X10-6 * 85.04 6 6.14 -84 nm

- 1X10-3 2.88X10-5 2.23X10-8 * 99.92 8 8.1 -143 3.00X10-5

- 1X10-3 2.58X10-5 1.48X10-8 * 99.94 10 10.53 -403 5.03X10-6

- - 2.80X10-5 1.87X10-7 99.33 6 8.85 -291 6.21 X10-6

- - 2.80X10-5 2.88X10-7 98.97 8 9.32 -208 2.57 X10-6

- - 2.94X10-5 2.53X10-7 99.14 10 10.49 -412 3.55 X10-6

1X10-3 1X10-3 2.89X10-5 2.44X10-8 * 99.92 6 7.43 -201 3.70X10-4

1X10-3 1X10-3 2.84X10-5 3.43X10-8 * 99.88 8 8.45 -265 3.15X10-6

1X10-3 1X10-3 2.65X10-5 6.65X10-8 * 99.75 10 10.46 -414 5.60X10-6

nm = not measured

*observation: color change (from white to black) in the end of the experiment

Tables



Table 2. Chemical properties of different mineral suspensions originally adjusted 
to pH 8 with highest initial uranium concentration (2.8*10-5 - 2.9*10-5 M; Table 1) 
measured 48 h after acidification to pH 4. 

mineral NaHCO3

(M)
FeCl2
(M)

U             

(M) 
Fe(II)   
(M) 

pH 

Fe3O4

- - 2.81E-6 7.79E-5 3.95

x - 1.32E-5 9.46E-5 3.93

Al2O3

- x 1.01E-5 1.95E-4 3.78

- - 1.65E-5 - 3.95

x x 4.99E-6 1.14E-4 4.12

x : compound was added initially
- : compound was not added



Table 3. Elements determined by XPS (in atomic %) in different  samples. 
Initially, 2.95*10-5 M U(VI) was added to all samples. Relative atomic 
concentration results are typically within 10-20 % error. Hydrogen is not 
measured by XPS. 

*1 traces of potassium (< 0.15 atomic %)
*2 traces of phosphorous (<0.66 atomic-%)
*3 traces of silica (<0.4 atomic-%)
*4 potential occurrence of uranium species of lower redox state than U(IV)

sample Al Fe O C Na Cl U U(IV)/
Fe

U(IV) 
(%Utot)

Al2O3
*1,3 32.87 --- 57.83 5.55 2.00 0.64 0.61 --- 11

Al2O3 + Fe(II) 30.74 4.52 58.73 4.00 1.04 0.80 0.17 0.012 37

Al2O3 + Fe(II); pH 4 26.55 8.92 57.71 4.56 1.41 0.81 0.04 0.004 100

Al2O3 + Fe(II)+ HCO3
- 28.01 4.21 56.93 7.45 2.29 1.01 0.10 0.009 36*4

Al2O3 + Fe(II)+ HCO3
-; pH 4 24.37 10.88 56.79 5.88 1.21 0.75 0.12 0.008 70

Fe3O4 1.17 37.73 54.01 5.50 1.02 0.25 0.32 0.004 52

Fe3O4; pH 4 *2 --- 33.62 52.95 8.93 2.44 1.04 0.36 0.001 5

Fe3O4, + HCO3
- *1 5.91 30.42 57.48 2.60 2.14 0.97 0.33 0.007 68

Fe3O4, + HCO3
-; pH 4 *3

--- 36.62 51.18 8.18 2.49 1.06 0.21 0.001 12
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