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1 INTRODUCTION

In the past years the experiments related to spent fuel behaviour carried out at different
laboratories have been designed and performed directed to the understanding of the
main processes controlling the stability of the spent fuel matrix and its components in
contact with water. The performance assessments for nuclear waste management
concepts in different countries require the application of spent fuel stability models. The
role of the spent fuel/water interface as a dynamic redox system (Eriksen et al., 1995,
Bruno et al., 1999a) as well as the buffering capacity of the uranium minerals to control
the redox chemistry in natural systems (Bruno et al., 1999b) have evidenced the
importance on the understanding of the redox behaviour of the spent fuel matrix to build
up realistic spent fuel stability models.

The present work is focused on the modelling of the experiments carried out under
anaerobic and reducing conditions within the EU R&D programme 1996-1998 entitled
"Source term for performance assessment of spent fuel as a waste form" and published
as a POSIVA report (Ollila, 1999).

The experiments performed under anaerobic and reducing conditions can help to
understand and explain further the processes taking place at the spent fuel-water
interface. In this sense, the dissolution data available, mainly U in the aqueous phase as
a function of time and redox potentials, is used to elucidate the redox pairs controlling
the redox potential of the systems studied in the laboratory. In addition, to obtain a
deeper understanding of the chemical processes taking place at the spent fuel-water
interface, the present dissolution data will be compared against the models developed in
other spent fuel related work.



2 EXPERIMENTAL DATA

2.1 Undersaturation experiments

The material used in these experiments was an unirradiated, sintered UO2 pellet. The
pellets had an average mass of 4.8 g and a geometrical surface area of 3.3-10"4 m2

(Ollila, 1999). The pellets were pre-dissolved in synthetic granitic groundwater in order
to remove the most soluble pre-oxidised surface layers that might be present due to the
previous manipulation. Two different surface area to water volume ratios were used,
0.66 and 19.8 m"1 respectively. Two different compositions of synthetic groundwaters
were used, the concentrations of the main components are given in Table 1.

Table 1: Synthetic groundwaters used in the experiments (Vuorinen & Snellman, 1998).

Composition

(mol-dm"3)

Na+

Ca2+

Mg2+

Sr2+

K+

HCO;

SiO2

so/-
cr
Br

pH
Ionic Strength

Allard groundwater

(modified)

2.30-10"3

1.30-10"4

3.00-10"5

1.00-10"4

1.07-10"3

2.80-10"5

1.00-10"4

1.5-10"3

8.8

0.003

Saline groundwater

2.09-10"'

1.00-10"1

2.30-10"3

4.00-lO"4

5.40-10"4

4.40-10"5

4.12-10"'

1.31-1O"3

8.3

0.5

The composition of the Allard groundwater was modified due to stability problems of

the original Allard groundwater (Allard et al. 1981). In this sense, the Ca, Mg, Si and C

contents were lowered to prevent the precipitation of calcite and silicates, and the loss

of carbonate from solution.



2.1.1 Anaerobic conditions

The anoxic conditions expected in deep groundwaters were simulated in an anaerobic
glove box filled with nitrogen. The pellets were immersed in deaerated synthetic
groundwater in polyethylene bottles inside the glove box. A continuous oxygen
measurement inside the glove box normally gave <Ippm. A single measurement using a
more sensitive mether (Teledyne) gave the result between 0.3 and 0.5 ppm. This
measurement was carried out after the regeneration process of the gas purifying system,
giving thus the oxygen concentration at its lowest. The carbon dioxide content was very
low, around 0.1 ppm (Vuorinen et al., 1997).

The next Table 2 gives the experimental conditions of the four experiments performed

under anaerobic conditions. For simplicity we will refer to these experiments with a

number. The dissolution procedure is extensively explained in Ollila (1999).

Table 2: Experimental conditions of the dissolution experiments performed under
anaerobic conditions.

EXP

1

2

3

4

Groundwater

Allard

Saline

Allard

Saline

S/V (m'1)

0.66

0.66

19.8

19.8

pH (initial-final)

8.8-9.0

8.0-8.3

8.8-9.0

8.0-8.0

Eh (mV)

-110

-100

-110

-150

Ollila (1999)

Fig. 3-6

Fig. 3-6

Fig. 3-7

Fig. 3-7

Figures 1 and 2 show the mean uranium concentrations obtained in duplicates in the
experiments at low S/V= 0.66 m"1 as a function of time.
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Figure 1. Uranium concentration versus contact time. Allard groundwater, S/V = 0.66
m' EXP 1.Error bars indicate the variability obtained in duplicates.
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Figure 2. Uranium concentration versus contact time. Saline groundwater, 5/V = 0.66

ni' EXP 2. Error bars indicate the variability obtained in duplicates.

Figure 1 shows the mean uranium concentrations obtained in duplicates and by

considering the uranium concentrations obtained before and after the filtration process.



Only some test filtrations were made in the beginning and there was no clear difference
between filtered and unfiltered samples indicating that there was not contribution from
any particulate in the measured data. This is in agreement with the earlier experiments
under anaerobic conditions (Ollila 1995). On the other hand, no filtration was made for
the experiment performed in saline groundwater and with the low surface area to
volume ratio (Figure 2). The measured contents in saline groundwater were very close
to the detection limit of the analytical method (Ollila 1999).

The general trend of uranium concentration as a function of time in EXP 1 (Figure 1) is
an initial increase until a steady-state level is reached after 200 days of contact. The
same initial trend is observed in EXP 2 (Figure 2), the uranium concentrations increase
with time, however a decrease in the uranium concentration is observed after 700 days
of contact time. However, this decrease may be a result of a more precise analytical
technique (uranium separation, ICP-MS), which was applied in the last sampling and
consequently it is quite difficult to extract firm conclusions concerning the
reproducibility of this behaviour.
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Figure 3. Uranium concentration versus contact time. Allard groundwater, S/V = 19.8

m' EXP 3. Error bars indicate the variability obtained in duplicates.



9.0x10'8i

8.0x10'8i

7.0x10 "

6.0x10"8 "

5.0x10"°-

. 4.0x10"8-

3.0x10"8-

2.0x10"8-

1.0x10"8-

0.0

0

6

O no filtration
• filtration

50 100 150 200 250

time (d)

300 350

Figure 4. Uranium concentrations versus contact time. Saline groundwater, S/V' = 19.8
m' EXP 4. Error bars indicate the variability obtained in duplicates.

Figures 3 and 4 show the uranium concentrations as a function of the contact time
obtained in the experiments at the higher surface area to volume ratio. The uranium
concentrations obtained before and after the filtration process (0.45 \im pore size) are
included. Only small variations in the uranium concentrations were obtained in the
filtrated samples and the samples before filtration in the experiment in Allard
groundwater, Figure 3, attributing these differences to the errors in the analytical
methodology. Consequently, the measurements performed in every sampling point have
been treated together, obtaining a mean value of the concentration of uranium measured
in solution with the corresponding error bar associated to the determination. The
evolution of the uranium concentrations in solution follows the same pattern as the
experiment performed with the low surface area to volume ratio (Figure 1). The
measured uranium concentrations increase with time until reach a steady state after 100
days. This indicates that the system has reached some degree of saturation, this time at
shorter contact times than in the experiments performed at lower surface/volume ratio.
This clearly indicates a surface control on the dissolution mechanism.

On the other hand, Figure 4 shows that there was a large difference between the

uranium concentrations determined before and after filtration in the experiments

performed in saline groundwater at the higher surface area to volume ratio. This

difference is attributed to the formation of some precipitate during the dissolution
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period. In fact, after the conclusion of this experiment, the remaining solution was

ultrafiltered (-3.2 nm pore size) and some material was retained in the membrane filter.

This material was analysed by X-ray diffractometry and UO, or U4O9 was identified,

indicating its formation as a secondary solid phase. The trend of uranium concentrations

in function of time in this experiment was different to the previous ones. The uranium

concentrations in solution show a steady state level during all the experimental time,

indicating that there were saturation effects from the beginning of the experiment. This

behaviour is attributed to the high surface area to volume ratio used in this experiment,

together with the higher salinity of the contacting solution.

The initial fast release of U observed in this experiment (Figure 4) when comparing
with the one carried out in Allard groundwater could be attributed to an incomplete
removal of the pre-oxidised surface layer during the predissolution period, before the
start of the experiment.

The same ultrafiltration process at the end of the experiment was done with the
remaining solution from experiment 3 (Allard groundwater) but no solid phase was
identified by X-ray diffractometry in the membrane filter (Ollila 1999).

The difference observed in the experiments performed with Allard and with saline
groundwater can be attributed to the role of carbonates in the system as complexing
ligands. The presence of carbonates in solution (Allard groundwater) leads to a faster
release of uranium from the surface of the sample to the aqueous phase due to the high
stability of the uranium carbonate aqueous complexes. This release prevents the
formation of any secondary solid phase on the surface of the sample. The stability of
uranium in the aqueous phase due to the formation of the uranyl-carbonate aqueous
complexes can explain the fact that any material containing U was retained in the
membrane filter during the ultrafiltration process. This behaviour is also corroborated
by the work carried out by de Pablo et al. (1999). These authors performed dissolution
studies with unirradiated UO2 in contact with oxygen and they also studied the surface
of the samples at different time intervals by XPS analyses. In the presence of carbonates
in the system, they observed that after the initial release of the oxidised surface due to
air contact, the surface remained completely clean during all the experiment, indicating
that the oxidation process of the surface of the sample was the rate determining step in
the overall dissolution process. On the other hand, in the absence of carbonates in the
system at neutral and alkaline pH values, Casas and his colleagues (1994), observed the
formation of a mixed oxide with a stoichiometry close to U3O7, indicating that the rate
determining step in the absence of carbonates in the system was the dissolution process.
When carbonates are not present in the system, the stability of uranium in the aqueous
phase is not so high due to the lower stability of the uranyl hydroxide aqueous
complexes formed with respect the uranyl carbonate aqueous complexes, consequently
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the formation of any mixed solid phase is favoured under these conditions. This is in
agreement with the results obtained by using saline groundwater in the experiments by
Ollila (1999), where it was observed the formation of a secondary solid phase in saline
groundwater at the high surface are to volume ratio.

These process hypothesis will be tested by appropriated kinetic and thermodynamic
modelling of these experimental data in section 3.

2.1.2 Reducing conditions

The reducing conditions were simulated by adding different amounts of reducing
species into the test vessels. The reducing species were sulphide added as Na,S-9H2O
and Fe(II) added as FeCI2-4H2O in deionised water and metallic iron. These experiments
were also performed in the anaerobic glove box filled with nitrogen. The detailed
experimental methods are given elsewhere (Ollila 1999). As in the case of the
experiments done under anaerobic conditions, the pellets were previously immersed in
deaerated synthetic groundwater in polyethylene bottles inside the glove box (see Ollila,
1999). The oxygen concentration inside the glove box normally stayed below lppm.
The carbon dioxide content was very low, around 0.1 ppm (Vuorinen et al., 1997). The
solutions were deaerated with nitrogen before transferring into the glove box. These
solutions were allowed to equilibrate after preparation for at least one week. After
equilibration, the redox species were added into the bottles in the glove box. The
solutions with the reducing species were allowed to equilibrate for a couple of weeks
before the addition of the solid samples (UO2(s)).

The experimental conditions for these experiments are given in Table 3. The

experiments were performed in duplicate and by taking parallel samplings. Some of the

samples were also analysed before and after filtration with a filter of 0.45 |J.m of pore

size.

Different amounts of reducing agents were used in these tests to study the capacity of
these species to maintain the reducing conditions in the system and consequently the
dissolution behaviour of the uranium released from the solid samples under these
conditions.

In addition we can notice some preliminary observations from the data given in Table 3.
The redox potentials (Eh) measured in the systems decrease when increasing the initial
amount of the reducing species (S2") added into the system, comparing the measured
potentials in Allard and saline groundwaters at the low S/V ratio. On the other hand,
when comparing the initial potentials measured for parallel experiments by changing the
S/V ratio, we can observe that in Allard groundwater, there is an increase in the
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measured redox potential when increasing the S/V ratio while in saline groundwater, the
measured potential does not change.

Table 3. Experimental conditions of the dissolution experiments performed under
reducing conditions.

Reducing species

lppmFe(II)

3ppm S(-II)

5ppm S(-II)"

O.Olppm Fe(II) and

lppm S(-II)"

lppm Fe(II)

3ppm S(-n)

5ppm S(-II)

3ppm S(-II)

metallic Fe

O.Olppm Fe(II) and

lppm S(-II)

Groundwater

Allard

Allard

Allard

Saline

Saline

Saline

Saline

Allard

Allard

Saline

s/v (V)

0.66

0.66

0.66

0.66

0.66

0.66

0.66

19.8

19.8

19.8

pH
(initial)

8.7

9.2

9.4

8.7

8.2

9.2

9.5

9.2

9.5

8.7

Eh (mV)
(initial)

-220

-290

-310

-210

-210

-250

-280

-200

<-200

-210

Ollila(1999)

Fig. 3-8

Fig. 3-8

Fig. 3-8

Fig. 3-8

Fig. 3-8

Fig. 3-8

Fig. 3-8

Fig. 3-9

Fig. 3-10

Fig. 3-9

Figure 5 and 6 show the mean uranium concentrations obtained in parallel samplings for
the experiments carried out in Allard groundwater and saline groundwater respectively
by using the low S/V ratio. The measured concentrations represent the unfiltered
samples.
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The uranium concentrations as a function of time show a steady-state level from the
beginning of the experimental time in all the tests (Figures 5 and 6), independently of
the groundwater used as solvent. This steady-state indicates saturation effects from the
beginning of the experiments. The concentrations of uranium seem to follow the same
pattern in most of the tests, ranging in all of them between 2-10'10 to 3-10"y mol-dm'3, see
Figures 5 and 6. The low uranium concentrations measured in all these experiments
despite the different reducing agents added in the system and during all the dissolution
periods could indicate in all the cases the same solubility control given by the uranium
dioxide used as solid sample. However, the uranium concentrations measured in Allard
groundwater and by using iron (II) as reducing agent were slightly higher than in the
tests were sulphide was used as reducing agent (Figure 5).
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Figure 7. Uranium concentration versus contact time. Allard groundwater, S/V = 19.8

m', 3 ppm of sulphide as reducing agent. Error bars indicate the variability obtained in

duplicates.
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Figure 7 and 8 show the uranium concentrations determined as a function of the contact

time obtained by using Allard groundwater as solvent and the higher surface area to

volume ratio. Figure 8 shows the uranium concentrations only for the unfiltered

samples, the U contents in the filtered (0.45 \im) samples were below the detection limit

of the ICP-MS (< 10""' M). The slight difference observed in samples before and after

the filtration process (0.45 Jim pore size) in Figure 7 may be attributed to the formation

of some precipitate during the dissolution process, or sorption onto the filter. However,

no precipitate was observed on the filter by X-ray-diffractometry after the ultrafxltration

process in these experiments (Ollila, 1999), and consequently, any conclusion can not

be extracted about it.

The concentrations of uranium measured in these experiments (Figures 7 and 8) range
between 9-10""1 to 9-10"9 mol-dm'3 The range is slightly wider than the one given for the
experiments performed at the low S/V ratio (Figure 5) (9-10"1" to 4-10"9). However, the
final concentrations measured in these tests (the last sampling point) are at the same
level as the ones measured in the low S/V ratio experiments with Allard groundwater
despite the different length of the experiments.
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The measured uranium concentrations slightly increase initially with time, decreasing at
the final stages of the work (Figure 7). This initial increase can be explained by an
incomplete removal of the pre-oxidised surface layer before the start of the experiments.
This initial release is observed also in experiments carried out in saline water (Figure 6)
The pellets were washed with groundwater compositions similar to those used as
leaching solutions. The removal of the surface layer was possibly more incomplete in
saline water due to the absence of carbonates.

Finally, when comparing the uranium concentrations determined in solution in the
presence of sulphide and metallic iron, Figures 7 and 8 respectively, we can observe
that the measured concentrations are slightly lower, (U concentrations in the filtered
samples were below the detection limit as mentioned earlier) during all the dissolution
period in the experiment with metallic iron into the system, despite the fact that the
measured redox potentials in both tests are quite close (see Table 3). The difficulty in
the redox measurements in the presence of metallic iron could give redox values not
very representative.
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Figure 9. Uranium concentration versus contact time. Saline groundwater, S/V =19.8
m', 0.01 ppm of iron (II) andlppm of sulphide as reducing agents. Error bars indicate
the variability obtained in duplicates.

On the other hand, Figure 9 shows that there was a large difference between the

uranium concentrations determined before and after filtration (0.45 |im) in the

experiment carried out in saline groundwater at the higher surface area to volume ratio,
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about one order of magnitude (see the logarithmic scale in the same plot). This
difference is attributed to the formation of some precipitate during the dissolution
period. In fact, after the conclusion of this experiment, the remaining solution was also
filtered with ultrafiltration membranes and some material was retained in the membrane
filter. This material was identified as UO2 or U4Oi; with X-ray diffractometry, indicating
its formation as a secondary solid phase. The uranium concentrations in solution show a
steady state level during all the experimental time (measured concentrations after the
filtration process), indicating that there were saturation effects from the beginning of the
experiment. This behaviour is attributed to the high surface area to volume ratio used in
this experiment, together with the higher salinity of the contacting solution. The range
of concentrations measured in the filtered aqueous phase in this experiment (7-10""' to
2-10"y mol-dm'3) are the same as the tests performed at the lower S/V ratio (between
9-10U)and3-10"9mol-dnY3).

Finally, when comparing the uranium concentrations measured in both media, we can

observe that the U concentrations in Allard groundwater are slightly higher than the U

concentrations in saline groundwater. The role of the uranium oxidation state in solution

as well as the presence or absence of carbonates in these systems affecting the release

and final concentration of uranium in the aqueous phase will be discussed in the

modelling section.

2.2 Oversaturation experiments

Precipitation experiments were performed by diluting an aliquot of a stock solution
previously prepared by dissolving UCl4(c) in 1M HC1. The final uranium concentration
was 0.56 mM approximately (Ollila, 1999). These experiments were performed by
using three different groundwater types. However, we will focus our modelling work on
the experiments carried out in Allard and saline groundwaters with the compositions
given in Table 1. Reducing agents were added in some of the tests. The pH was
immediately adjusted with NaOH, upon pH adjust, dark-green precipitates appeared in
both groundwaters (Ollila, 1999).

These precipitates were allowed to equilibrate for different length periods, between 7
and 50 days. The solid phases precipitated were analysed by X-ray diffractometry after
ultrafiltration of the samples and the test solutions were analysed for uranium. In the
experiments carried out in Allard groundwater, the U concentration was followed
during the ageing of the solid phases.

The experimental conditions as well as the uranium concentrations and solid phases

identified are given in the next table (Ollila 1999).
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Table 4. Experimental conditions, uranium concentration and solid phases of the
oversaturation experiments.

Groundwater

Allard

Allard, 3 ppm S(-II)

Allard, met. Fe

Saline

Saline, 3 ppm S(-II)

Saline, met. Fe

pH

(final)

8.8

9.2

9.0

8.3

9.2

8.4...8.8

Eh (mV)

(final)

-300...-250

-340...-270

-450

-300

-310

-470*

[U] (M)

(3.9±1.3>10'"'

(6.4±1.4)-10"ll)

(4.7±1.9>10"ll)

(6.5 ±2.8)-10"10

(9.6±8.6)-10'1(1

(1.8±1.6>10'y

Solid phase (XRD)

UO2-U3O7

uoa-u,o7
UO2-U3O7

U(IV)oxide including
Sr,Ca

UO2-U,O7

UO2-U,O7 and U(IV)oxide
including Sr, Ca

*redox measurement difficult as discussed earlier.

As it can be observed in the previous table, the lower Eh values were measured in the
presence of metallic iron in both groundwaters. The uranium concentrations in
equilibrium attained the same levels in Allard groundwater independently of the
reducing agents added while in saline groundwater the concentrations increased with the
addition of reducing agents in the system, however, this may be a result of analytical
difficulties. The XRD analyses showed the peaks of a weakly-crystalline UO2-U3O7

solid phase. There is a possibility that U3O7 has formed as an oxidation product during
the diffraction measurements. The solid samples were transferred from the anaerobic
box to the X-ray diffractometer without contact with air, but during the measurements
the contact could not be avoided. In addition, in some experiments in saline
groundwater and after the ageing process it was also observed the formation of an
U(IV)-oxide by including other cations in their structure (Ca and Sr), possibly Sr- or
CaUO3(Ollila(1999).
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3 MODELLING RESULTS

3.1 Undersaturation experiments, anaerobic conditions

3.1.1 Speciation of U in the aqueous phase

In Allard groundwater, the speciation of uranium was dominated by the U(VI) oxidation
state (100%), while in saline groundwater, in addition to the dominating oxidation state
U(VI) (85-100%) a small percentage of U(IV) (0-15%) was measured (Ollila, 1999).
The measured Eh values in all these experiments ranged between -150 and -100 mV
(see Table 2). The Eh/pH diagrams of the uranium speciation in both groundwaters are
given in Figure 10.
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Figure 10. Eh/pH diagrams of the uranium aqueous speciation. Superimposed are the
Eh and pH values measured in the experiments, [U]=W9 M. Left: Allard groundwater,
[HCO;j=10'3 M, IS=0.003. Right: saline groundwater, [HCO;j=0, IS=0.5. Activity
coefficients calculated by using an extended Debye-Hiickel approach (Oelkers and
Helgeson, 1990).

In Allard groundwater the measured Eh and pH values fall in the phase boundary
between U(IV) and U(VI) species (Figure 10), with a percentage of U(VI) ranging
between 50 and 70% in the range of pH of interest (8.8-9) as we can see in the fractional
diagram given in Figure 11. While in saline groundwater, the dominant species at the
Eh and pH values measured are U(IV) species in disagreement with the measured
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oxidation state . This difference can be explained by the stability of the uranyl carbonate

aqueous complexes in Allard groundwater.

Figure 11. Fractional diagram of the dominant U aqueous species in Allard
groundwater, [U]=5-W9M, IS = 0.003, Eh = - IWmV).

3.1.2 Redox control in the systems

The measured Eh values in the blank tests (in absence of the UO2 pellets) ranged
between -50 and +175 mV, while in the experiments carried out with the UO2 pellets,
the Eh values were quite stable during all the dissolution periods, from -150 to -100
mV. The stability of the redox potentials measured in the presence of the solid samples
suggest that the uranium dioxide played a key role in buffering the redox potential of
the systems under study (Ollila 1999).

The role of uranium dioxide in buffering the redox capacity of a system has been
extensively studied in the last years by using data from dissolution experiments and
from natural systems. Eriksen and his co-workers (1995) reported well controlled spent
fuel dissolution experiments aimed to obtain the mass balance of radiolytically
produced oxidants and reductants by the spent fuel in contact with distilled water. The
authors explained the oxidant deficit obtained in these experiments due to the oxidant
uptake by the UO2 spent fuel surface. In the modelling work performed by Bruno and
his colleagues (1999a) of spent fuel dissolution experiments aimed to determine the
time dependence of the radiolytic gas production and radionuclide release, these authors
obtained that the excess of oxidants produced was readily scavenged by the reducing
capacity of the U(IV) dioxide fuel matrix, where the main processes were the formation
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of an oxidised surface layer in distilled water and the formation of uranyl carbonate
aqueous complexes in a bicarbonate media. The redox measurements of groundwaters
in contact with uranium ores in Cigar Lake (Canada) (Casas and Bruno, 1994) and in
Palmottu (Finland) (Bruno et al., 1996, 1999b) clearly demonstrated the role of the
uranium oxide minerals buffering the redox capacity of a natural system. At both sites
UO/U3O7 was the identified redox buffer.

In order to model the Eh and uranium data obtained in the present experiments and to
check the role of the uranium dioxide used in these experiments as redox buffer of the
system, the potential redox pairs able to thermodynamically control the redox potential
in these experiments were studied. The results of this modelling exercise are given
below.

Redox control in Allard groundwater

According to the previous analysis of the dissolution data, the uranium concentrations in
solution increase until reach a steady state level, indicating that uranium in solution
reached saturation with respect to some solid phase. On the other hand, we can expect
the co-existence of the U(IV) solid phase with U(VI) aqueous complexes in the system.
This possibility has been previously reported by Casas et al. (1998) in cases where
reducing conditions were not achieved as in the study in anaerobic conditions carried
out by Ollila (1999). Based on these statements we have modelled the measured redox
potentials and uranium concentrations at the steady-state by taking into consideration
the following hypotheses:

• The concentration of uranium in solution will be limited by the formation of some
uranium mixed oxide, taking into account the slightly oxidising conditions of these
experiments due to the traces of oxygen in the glove-box.

• Taking into account the presence of carbonates in the system and consequently the
stability of the U(VI) carbonate aqueous complexes that will prevent the formation
of any oxidised layer on the surface of the pellet, we have considered that the redox
control will be given by the UO2(c)/U(VI)(aq) redox pair.

The results of this modelling are given in the next table. Calculations have been done by
using the EQ3NR code (Wolery, 1992). The thermodynamic data base used for U has
been extracted from the NEA compilation (Grenthe et al., 1992) with one exception, the
stability constant of the UO2(OH)2(aq) taken from Bruno and Puigdomenech (1989).
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Table 5: Uranium concentrations and Eh values calculated versus the ones measured in
the experimental tests.

EXP1 (S/V=0.66m"')

EXP3 (S/V=19.8ml)

Calculated

Eh (mV)

-110

-110

-93

[U]eq. (mol-dm3)

1.30-10'8

1.60-10*

1.36-10"8

U speciation

100% U(VI)

100% U(VI)

3%U(IV) / 97% U(VI)

The uranium mixed oxide limiting the uranium concentration in solution that we

considered in the present calculations was U3O7 in agreement with the solubility

calculations performed by Ollila (1999).

The agreement of the calculated data with the experimental one corroborates the
important role of the uranium dioxide as redox buffer as well as the results obtained in
other related work (de Pablo et al., 1999; Bruno et al., 1999a). These results are in
agreement with the previous hypotheses that in the presence of carbonates in the
system, the formation of an oxidised surface layer is not favoured due to the stability of
the uranyl-carbonate aqueous complexes and consequently, the redox control is given
by the UO2(c)/U(VI) aqueous redox couple. The dominance of the U(VI) redox state in
the aqueous phase give also confidence in the processes considered for the modelling
work.

Redox control in saline groundwater

According to the results obtained in previous works (Casas et al., 1994, Eriksen et al.,
1995, Bruno et al., 1999a) and taking into consideration the previous analysis of the
data (Ollila 1999), i.e. the identification of some precipitate in the membrane filter after
the ultrafiltration process of the remaining solution with an stoichiometry between UO2

and l^Oj,, we have considered that in the absence of carbonates in the system, the redox
control and the uranium concentrations in solution will be given by a redox pair
composed by uranium oxides. The calculations have been performed with two redox
pairs, UO2(c)/U4O9 and the UO2(c)/U3O7, taking into account that the U,O7 solid phase is
considered the maximum stoichiometry able to incorporate oxygen in the cubic
structure of the uranium dioxide without destabilisation (Allen and Tyler, 1986,
Shoesmith and Sunder, 1992).

Due to the high ionic strength of the saline groundwater used in these experiments (I.S.
= 0.5) we have applied the specific ion interaction theory (S.I.T) to perform the ionic
strength corrections for the calculations. Calculations have been done by using the
EQ3NR code (Wolery, 1992). The database has been taken from the NEA compilation
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(Grenthe et al., 1992) with one exception, the stability constant of the UO2(OH)2(aq)
taken from Bruno and Puigdomenech (1989). The results are given in the next table.

Table 6: Uranium concentrations and Eh values calculated versus the ones measured in
the experimental tests.

EXP2 (SAM^m"1)

EXP4(S/V=19.8m"')

Calculated, UO2(c)/U4O9

Calculated, UO2(c)/U3O7

Calculated, UO2(c)/U3O7 (mod. Ks)

Eh (mV)

-100

-150

-162

-111

-155

[U]eq. (mol-dm"3)

-

2.60-10"*

6.76-10""

6.76- 10y

2.18-10""

U speciation

0-15%U(IV)/85-100% U(VI)

0-15%U(IV)/85-100% U(VI)
100%U(IV)

100% U(IV)

100%U(IV)

As we can see in the previous table the calculated potentials are in the range of the ones
obtained experimentally. The concentration of uranium calculated in equilibrium by
assuming these redox pairs is slightly lower than the mean uranium concentrations
measured in solution. This slight difference can be attributed to the fact that the
calculation of the ionic strength corrections has been very limited by the amount of
thermodynamic data available. Indeed, when increasing a half order of magnitude the
solubility constant of the uranium (IV) dioxide (UO2(c)) used in the present
calculations, the calculated uranium concentrations agree quite well with the measured
ones (see last row in Table 6). This arbitrary increase of the solubility constant of the
uranium dioxide and the agreement obtained in such case demonstrate the importance to
consider a solubility constant in accordance to the crystallinity of the solid phase under
study. On the other hand, the calculated speciation differs from the measured ones. This
could at least partly be a result of the uncertainties in activity coefficient corrections for
the various U(IV) and U(VI) species.

The agreement obtained in the calculated data with respect the experimental one newly
corroborates the important role of uranium dioxide as redox buffer and the results
obtained in other related works (Casas et al., 1994, Bruno et al., 1999a). These results
are again in agreement with the previous hypotheses that in the absence of carbonates in
the system, the redox control will be done by the UO2/UO2+s transition.

3.1.3 Dissolution mechanisms

The initial dissolution rates have been calculated by linear regression by using the initial

uranium concentrations measured in solution versus time in experiments 1, 2 and 3.
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Dissolution data released in experiment 4 has not been used in the present modelling
due to saturation effects from the beginning of the dissolution period as it has been
previously noticed. The normalised dissolution rates calculated from solution data are
presented in Table 7.

Table 7: Initial normalised dissolution rates calculated from solution data.

EXP

1
2

3

4

Groundwater

Allard

Saline

Allard

Saline

S/V (m"')

0.66

0.66

19.8

19.8

r (mol-m'V)
1.74-10"15

2.73-10'16

1.02-10""

-

The normalised dissolution rates obtained in EXP 1 and 3 differ in one order of
magnitude. This difference can also be attributed to saturation effects from the
beginning of the dissolution period in experiment performed at the larger surface area to
volume ratio.

The different trends observed in the dissolution data with time, as well as the different
thermodynamic modelling approaches considered in function of the groundwater used,
led us to expect also different dissolution mechanisms. In this sense, the dissolution
rates obtained in the present work have been used to check dissolution mechanisms
obtained in other related work.

Dissolution mechanism in Allard groundwater

The oxidative dissolution of uranium (IV) dioxide in the presence of bicarbonate has
been recently investigated by de Pablo et al. (1999) in order to model dissolution data
obtained by using a continuous thin-layer flow-through reactor as a function of
bicarbonate concentration and at four different temperatures. These authors interpreted
their experimental results by a bicarbonate-promoted oxidative dissolution mechanism
differentiated in three steps:

Initial oxidation of the surface of the uranium dioxide

UO2 + 0.5O2 <=» UO3 kp k.,

Binding of the HCO3" at the U(VI) sites of the oxidised surface layer

> UO3 + HCO3 = » UO3 - HCO;

(i)

(2)
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Fast detachment of the U(VI) carbonate-surface complex.

> UO3 - HCO; => U(VI)(aq) k3

The general rate equation obtained from this mechanism was:

(3)

f _ k, x k2 x {> UQ2}toI x[o2 jx [HCOj]

k_, +k2x[HCOj]+k,x[o2]
(4)

with k=2.0 ± 0 . 1 ; k =(1.0 ± 0.4)-10"4 and k2=0.08 ± 0.01 at 25°C of temperature.

{>UO2} stands for the density of surface sites in mol-m"2, and [O2] and [HCO3] refer to

the concentration of oxygen and hydrogen carbonate in the aqueous phase respectively.

The predicted dissolution rates according to this rate equation when considering the

experimental conditions used in the present experiments are given in Table 8.

Table 8: Calculated dissolution rates when applying the EXP1 and EXP3 experimental
conditions to the rate equation given in (4).

r (mol-m"2-s'')

[O2]g. 0.3
(ppm) 0.5

{>UO2} (mol-m'2)

3.32-10"5 3.32-10"6

1.1610"14

1.93-10'14

1.16-10"'5

1.93-10"15

The density of surface sites has been varied according to the range proposed by Davis
and Kent (1990) for various oxides. The concentration of oxygen has been also varied
considering the range of oxygen concentrations expected in the glove box where the
experiments were carried out.

When comparing the calculated dissolution rates (Table 8) with the experimental ones
(Table 7) we can see the satisfactory agreement in the values obtained when considering
the lower density of surface sites. The different oxygen concentrations considered in the
calculations do not affect largely the calculated rates as expected. The calculated
dissolution rates agree much better with the experimental dissolution rate determined
from the experiment performed at the low surface area to volume ratio (EXP 1). As it
has been previously noticed, the lower dissolution rate obtained from solution data at
the higher surface area to volume ratio is attributed to saturation effects from the
beginning of the dissolution period, this fact is again demonstrated when comparing the
experimental values with the calculated ones.
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The dissolution mechanism proposed by de Pablo et al. (1999) that explains the
dissolution data obtained in the present experiments from a kinetic point of view is
consistent with the thermodynamic modelling proposed in the previous section. The
high stabilisation of the uranyl-carbonate aqueous complexes in solution is in the
proposed dissolution mechanism introduced by a fast detachment of the surface
complex from the solid to the aqueous phase. This precludes the formation of the
oxidised surface layer as we have previously noticed. On the other hand, the traces of
oxygen into the glove box were enough to oxidise the surface of the pellets used in the
experiments and as we have previously seen in the thermodynamic modelling, the redox
pair governing the redox potential of the system was the UO2(c)/U(VI) in the aqueous
phase and no redox control was imposed by the oxygen in agreement with the previous
calculations performed by Ollila (1999).

Dissolution mechanism in saline groundwater

Another dissolution mechanism has been also recently investigated by the same authors
despite in that case this is unpublished data since it is still in preparation. In this case the
authors have modelled dissolution data obtained also by means of a continuous thin-
layer flow-through reactor as a function of pH and oxygen concentration. These authors
have interpreted their experimental results by also an oxidative dissolution mechanism
differentiated in the next steps:

Initial oxidation of the surface of the uranium dioxide

> UO2 + O2 <=» UO2 • O2 k p k , (5)

Binding of the H+ at the U(VI) sites of the oxidised surface layer and formation of the
aqueous complexes. In order to explain the dissolution data obtained at different pH,
these authors considered the next mechanisms:

> UO2 • O2 + 2H+ => UO2
+ k2 (6)

>UO2-O2 + H+=*UO2(OH)+ k2' (7)

> UO2 • O2 => UO2(OH)2 k 2" (8)

The general rate equation obtained from this mechanism has been:

U 0 2 } t 0 t x [ 0 2 ] x k 2 x | H + f + k 2 x |
r = U — s r~, l (9)

k, x [02]+ k_] + k2 x [H+J + k2 x [H+j+ k2

with k, and k., with the values previously done and k2=3-103, k2'=5 and k2"=10'5.
{>UO2} stands for the density of surface sites in mol-m'2, and [O2] refers to the
concentration of oxygen in the aqueous phase.
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The predicted dissolution rates according to this rate equation when considering the
experimental conditions used in the experiments by Ollila (1999) are given in Table 9.

Table 9: Calculated dissolution rates when applying the experimental conditions for
EXP2 to the rate equation given in (9).

r (mol-m'^s'1)

[O2]EK 0.3
(ppm) 0.5

{>UO2} (mol-m'2)

3.32-10"5 3.32-10*"

2.29-10"15

3.81-1015

2.29-10"K'

3.81-10"'"

As in the previous case, we have considered the same densities of surface sites and

concentrations of oxygen to calculate the dissolution rates.

The calculated dissolution rates (Table 9) agree satisfactorily with the one determined
from experiment 2 (Table 7) with a value of 2.73-1016 mol-m'V when considering the
lower density of surface sites as it occurred with the experiments done in Allard
groundwater. This agreement gives confidence in the oxidative dissolution mechanisms
proposed by de Pablo and collaborators to explain the present dissolution data. The fact
that a fast detachment of the surface complexes to the aqueous phase has not been
considered in this mechanism is in concordance with the thermodynamic modelling
done (section 3.1.2) and with the experimental observations when considering the
formation of an oxidised surface layer during the dissolution period. As for experiments
performed in Allard groundwater, the traces of oxygen where responsible to oxidise the
surface of the pellets used in the experiments. However as we have previously seen in
the thermodynamic modelling, the redox pair governing the redox potential of the
system was the UO2(c)/UO2+x.

3.2 Undersaturation experiments, reducing conditions

3.2.1 Uranium speciation and solubility

In these experiments performed under reducing conditions the uranium speciation in
solution was determined in a similar way as in the previously reported tests under
anaerobic conditions.

In the experiments done in Allard groundwater the uranium speciation was dominated
by U(VI) 60-70% according to the analyses. A similar proportion was observed in the
presence of metallic Fe, 50 % U(VI). However, in the presence of sulphide or Fe(II) as
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reducing agents, uranium(IV) share increased up to 60-80% in saline groundwater
(Ollila, 1999).

The measured Eh values were under -200 mV (Table 3) and under these conditions, the
U speciation is expected to be thermodynamically dominated by U(IV) (Grenthe et al.,
1992). This is illustrated in Figure 12 where the predominance diagram for the uranium
system is calculated for the actual experimental conditions. Hence, the fact that U(VI)
was observed in these experiments indicates the possible contamination of the uranium
speciation analyses or of the experiments by traces of oxygen.
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Figure 12. Eh/pH diagrams of the uranium aqueous speciation. Superimposed are the
Eh and pH values measured in the experiments, [UJ=10'i> M. Left: Allard groundwater,
[HCO;j=10'3 M, IS=0.003. Right: saline groundwater, [HCO3']=0, 75=0.5. Activity
coefficients calculated by using an extended Debye-Hiickel approach (Oelkers and
Helgeson, 1990).

As we can see in the previous figure in both groundwaters the dominating speciation
according to the measured Eh and pH values is U(OH)4(aq). The predominance of the
same aqueous complexes in solution in both groundwaters at equal redox conditions
lead to the same dissolution behaviour in both series of experiments. This postulate is in
agreement with the uranium release obtained in most of the experiments that lead to the
same range of steady-state concentrations in most of them independently of the
groundwater used.

The low uranium concentrations measured in solution as well as the low Eh values due
to the reducing conditions imposed in the system led to think in a solubility control
given by the uranium dioxide and according to the dissolution mechanism proposed by
other authors in the presence of reducing species, although the different ionic media
used, 5M NaCl or MgCI2 brines (Casas et al., 1993, Gimenez et al., 1998). The
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agreement between the measured U concentrations and the concentrations given by the
solubility of UO2(c) or U4O9 under the experimental conditions of the tests is shown in
the next figures. The mixed solid phase has been taken as a referent of a partially
oxidised uranium dioxide (UO2+x). The same figures include the deviation (dashed lines)
in the solubility calculations due to the error associated to the logK value of the solid
phase under consideration. The thermodynamic data to calculate the errors associated to
the solubility constant were extracted from the NEA compilation (Grenthe et al., 1992).
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Figure 13. Uranium concentrations versus contact time. Error bars indicate the
variability obtained in duplicates. Allard groundwater, S/V = 0.66 m'. Thick and thin
lines: solubility of UO2(c) and U4O9 under these experimental conditions respectively.
Dashed lines indicate the deviation in calculated solubilities due to the uncertainty in
logKs.
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Figure 14. Uranium concentrations versus contact time. Error bars indicate the
variability obtained in duplicates. Saline groundwater, SN = 0.66 rri'. Thick and thin
lines: solubility of UO2(c) and U4O9 under these experimental conditions respectively.
Dashed lines indicate the deviation in calculated solubilities due to the uncertainty in
logKs.

As we can see in Figures 13 and 14, the concentrations measured in solution in the
experiments carried out at the low S/V ratio are in the range of the calculated
solubilities when considering the UO2(c) solid phase limiting the concentration of
uranium in solution under these experimental conditions (Ollila, 1999). These results
are also in agreement with the ones obtained by other authors under similar
experimental conditions (Yajima et al. 1995, Gimenez et al., 1998). Yajima and
collaborators (1995) used Na,S2O4 as reducing agent and measured solubilities around
10"9 M in 0.1 M NaCl. Gimenez and his co-workers used metallic iron as reducing agent
obtaining solubilities close to 10'8 M in 5 M NaCl.

However, based on the fact that it can not be excluded an incomplete removal of the
pre-oxidised surface layer (Ollila, 1999), we have checked the possibility to have a
solubility control given by a partially oxidised solid phase in the tests carried out at the
low S/V ratio. Taking into account that the solid material retained on the membrane
filter from the aqueous phase was identified by X-ray-diffractometry as U4Oy in the
experiments carried out in saline groundwater at the high S/V ratio, we have considered
this solid phase as the solubility limiting under these experimental conditions. The
results of the solubility calculations are also plotted in the previous figures (Figures 13
and 14) giving uranium concentrations higher than the measured ones. However, it is
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quite difficult at this point to extract firm conclusions about the solid phase limiting the

concentration of uranium under these experimental conditions.
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Figure 15. Uranium concentrations versus contact time. Allard groundwater, W =
19.8 m'. Error bars indicate the variability obtained in duplicates. Thick and thin lines:
solubility of UOJc) and U4OV under these experimental conditions respectively. Dashed
lines indicate the deviation in calculated solubilities due to the uncertainty in logKs.

In the experiments carried out with the higher S/V ratio in Allard groundwater
(carbonated), the measured uranium concentrations are higher than the ones calculated
by assuming solubility with UO2(c) (Figure 15). By assuming the previous statements,
we have included in the same plot the solubility of a mixed solid phase like U4Oy under
these experimental conditions. As we can see in Figure 15, the uranium concentrations
measured in solution are better fitted when considering this mixed solid phase as
solubility limiting. Taking into account that these experiments were carried out by using
a high S/V ratio, we may expect as we have previously mentioned the formation of a
solid phase during the dissolution period. However, as it has been previously noticed,
no secondary solid phase was observed after the filtration process and the surface
analyses by X-ray diffractometry. However, the XRD analysis of some of the filtrates
was quite difficult due to the small amount of solid available.

On the other hand, the measured uranium concentrations from the experiment carried
out in saline water (no carbonate) are in better agreement with the calculated uranium
concentrations when assuming solubility with UO2(c) (Figure 16) in the same
experimental conditions. Contradictorily, in this experiment a precipitate was identified
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by X-ray diffractometry analysis after the ultrafiltration process (Ollila, 1999).
However, the identification of this solid phase was not clear and it was given a
stoichiometry between UO2 and U4O9.
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Figure 16. Uranium concentrations (after filtration) versus contact time. Saline
groundwater, 0.01 ppm Fe2+ + 0.1 ppm S2', S/V = 19.8 rri'. Error bars indicate the
variability obtained in duplicates. Thick and thin lines: solubility of UO2(c) and U4O9

under these experimental conditions respectively. Dashed lines indicate the deviation in
calculated solubilities due to the uncertainty in logKs.

The higher uranium concentrations measured in Allard groundwater at high S/V ratio
with respect the ones measured at low S/V ratio, the fact that in some of the experiments
the concentrations of U in solution seem to increase when increasing the contact time
(Figure 14) and the disagreement between measured and calculated uranium
concentrations when considering the solubility of UO2 or U4O9 lead to think in a
dynamic control instead of a thermodynamic solubility control.

In addition, taking into account that uranium concentrations measured in the experiment
carried out in saline water at high S/V ratio are the ones giving the better agreement
when considering UO2 solubility, we may suggest a dynamic control given by a surface
oxidation process of UO2 to UO2+x. In Allard groundwater, this surface oxidation process
is increased due to the presence of carbonates in the system (Figure 15).
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3.2.2 Possible redox controls in the systems

According to the experimental protocol (Ollila, 1999), each test solution was allowed to
equilibrate after the addition of the reducing species before the start of the experiment
with the addition of the solid sample. The concentration of the reducing species
decreased rapidly after its addition to the synthetic groundwater, probably by reacting
with the traces of oxygen left in the solution after deaeration with nitrogen (Ollila,
1999). However, after this initial decrease, the concentrations of these species and the
Eh values remained rather stable. The stability of the measured pH and Eh values was
additionally checked by performing long term blank tests in the absence of UO2,
obtaining a small variation in the measured pH and Eh values. However, the scatter in
the measured Eh values in the presence of Fe(II) was larger (Ollila, 1999). The addition
of uranium dioxide solid samples to the solution had no effect on the measured redox
potential, indicating that the redox potential was controlled by the externally added
reducing agents.

In order to understand the role of the various redox pairs in controlling the redox state
of the test solutions, we have performed some thermodynamic calculations of the
resulting redox potentials, under the conditions of the experiments.

Experiments in Allard and Saline groundwaters at low SA/ ratio

The average Eh and pH values determined during the UO2 dissolution experiments
(0...300 days) by Ollila (1999) in the different aqueous media are given in the next
table.

Table 10: Measured pH, Eh and concentration of redox species in the uranium dioxide
dissolution experiments in Allard and Saline groundwaters at the low S/V ratio.

Concentration of reducing species
remaining in the system (ppm)
(0...300d)

pH
initial

pH
(O...3OOd)

Eh
(mV)
initial

Eh (mV)
(0...300d)

Allard Groundwater

ippmFe(II)

lppm S(-II)

3ppm S(-II)

5ppm S(-II)

0.16 ±0.04

0.59 ± 0.02

2.01 ±0.11

3.39 ±0.12

8.7

9.0

9.2

9.4

8.79 ±0.08

9.08 ± 0.06

9.35 ± 0.06

9.45 ± 0.04

-220

-250

-290

-310

-318 ±114

-235 ±16

-275 ± 8

-297 ±10

Saline Groundwater

Ippm Fe(II)

Ippm S(-II)*

0.87

0.46 ± 0.04

8.2

8.7

8.05 ±0.08

8.69 ± 0.07

-210

-210

-138 ±68

-216±5
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3ppm S(-II)

5ppm S(-II)

Concentration of reducing species
remaining in the system (ppm)
(0...300d)

1.99 ±0.14

3.69 ±0.11

PH
initial

9.2

9.5

PH
(0...300d)

9.22 ± 0.06

9.56 ± 0.07

Eh
(mV)
initial

-250

-280

Eh (mV)
(O...3OOd)

-265 ± 17

-281± 16

* In the experiment described in the table as lppm S(-II) in Saline groundwater, 0.01 ppm of Fe2+ were
also added initially in the solution.

Iron system

The oxidation of the Fe2+ by the traces of oxygen present at the beginning of the test
leads to the formation of Fe3+ in the aqueous phase. Consequently, the first approach in
this modelling work has been to consider this redox pair as the responsible of the
potentials measured during all the experimental time. However, the equilibrium
potential for this redox pair at the pH measured in this experiment is higher than the
mean value of redox potential measured in the system (see Figure 17). Therefore we
have taking into consideration another redox pair as the responsible of buffering the
system. Taking into account the high stability of the Fe(OH)3(s) under the present
experimental conditions and the important role of the redox pair formed by the
Fe27Fe(OH)3(s) in natural systems i.e. in Palmottu (Bruno et al, 1996, Bruno et al.,
1999b), we have considered this couple to perform the calculations. Calculations have
been based on the mean values measured during the dissolution periods (see Table 10).
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Figure 17. Eh/pH diagrams of the iron system in Allard groundwater [Fe]-1.8-1G5 M.

Aqueous speciation. Left: Allard groundwater, [HCO3']=10'i M, IS-0.003. Right: Saline

groundwater, [HCO3]=0, 75=0.5. Activity coefficients calculated by using an extended

Debye-Htickel approach (Oelkers and Helgeson, 1990).
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The results of this modelling are given in the next table. Calculations have been done by
using the EQ3NR code (Wolery, 1992). The thermodynamic data base used is based on
the Nagra compilation (Pearson et al., 1992). Nagra gives two different logK values for
this solid phase, both values have been considered to perform the calculations.

Table 11: Calculated redox potentials versus the measured ones in the experiments
carried out under reducing conditions with the addition ofFe2*.

Redox pair logKs

Fe(OH)3(s)

Eh (mV)

Al lard Groundwater

Experimental (lppm Fe2+)

Calculated

Calculated, logk,

Calculated, logkj

Fe27Fe3+

Fe27Fe(OH)3(s)

Fe27Fe(OH)3(s)

-2.76

-4.75

-318 ±114

6

-144

-262

Saline Groundwater

Experimental (lppmFe2+)

Calculated

Calculated, logk,

Calculated, logk2

Fe27Fe3+

Fe2+/Fe(OH)3(s)

Fe27Fe(OH)3(s)

-2.76

-4.75

-138 + 68

74

-50

-168

The agreement of the calculated data with the experimental one when considering the
Fe27Fe(OH)3(s) redox pair with the lowest solubility constant for the solid phase which
correspond to the most crystalline one can be considered satisfactory taking into
account the large deviation in the measured potentials in these experiments. The larger
scatter in the measured redox potentials in these tests specifically can be attributed to
the fact that a precipitation process and consequently a more dynamic system is
participating as one of the species of the redox pair controlling the potential in this
system.

The different redox ranges measured in both experiments can be attributed to the
different pH ranges and consequently to the ionic media used. The kinetics of oxidation
of Fe2+ to Fe3+ is accelerated when increasing the pH of the system (Stumm and Morgan,
1996). The higher pH in Allard groundwater enhanced the oxidation of the Fe2+ present
in the system and consequently a major consumption of the initial Fe2+ added in the
system as it is reflected in the different concentrations of Fe2+ measured in both media

during the experimental times. This major consumption of Fe + to oxidise to Fe + in
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Allard groundwater lead to the different potential range measured in this medium to the
one measured in saline groundwater.

Sulphur system

The first approach to calculate the potential given by the sulphur system has been to
consider the partial oxidation by the traces of oxygen of the hydrogen sulphide to
sulphate taking into account that this is the most stable oxidised species in natural
waters. However, when considering the redox pair given by this couple to perform the
calculations, we obtained surprisingly redox potentials lower than the ones measured in
the tests (see Table 12).

Zhang and Millero (1993) and references therein studied the oxidation of hydrogen
sulphide by oxygen in different waters (naturals, salines etc.). According to these
studies, the oxidation of hydrogen sulphide involves a complex mechanism resulting in
the formation of several species such as thiosulphate, sulphite, elemental sulphur and
polysulphide as well as sulphate. The large range of products as well as the relative
amounts found by the various authors depends on the different oxidation conditions of
the studies. In the experimental study performed by Zhang and Millero (1993), they
developed a kinetic model to account for the distribution of the reactants and products.
The major products formed from the oxidation of H2S were SO,2", S2O3

2' and SO/". The
model is based in the following overall reactions: An initial oxidation of H2S to form
SO/', the subsequent oxidation of SO*' to form SO*' and finally the recombination and
oxidation of sulphide and sulphite with oxygen to form thiosulphate. However, the final
product of oxidation is sulphate, having the most stable sulphur compound in oxic
waters. This sequence of oxidation reactions is given below:

HS"+1.5O2 = SO/" + H+ (10)

SO,2" + 0.5O2 = SO/" (11)

HS" + SO,2" + 0.5O2 + H+ = S2O/" + H2O (12)

According to this overall process, the initial product of the oxidation is SO/". The
results obtained by these authors demonstrate that this species became more stable in
basic solutions and sulphate became less abundant under these conditions due to kinetic
effects. On the other hand, the same authors observed that the concentration of sulphate
was higher at the higher concentrations of oxygen.

Taking into account the findings from the work of Zhang and Millero (1993), we have
considered the possibility of having the HS7SO3

2" redox pair (10) controlling the redox
potential in the present experiments based on the following premises:
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• The experiments were carried out in alkaline solutions with pH ranging from 8.7 to

9.4 which is the range where sulphite becomes more stable according to Zhang and

Millero (1993).

• The concentration of oxygen is very limited in the systems under study (traces),
therefore, we can assume an initial oxidation of sulphide to sulphite but not a further
oxidation to sulphate due to the limitations on available oxygen to go through the
overall oxidation steps.

• The initial sulphate present in groundwater can not be reduced to sulphide due to the

absence of bacteria in the system. Therefore sulphate will remain in the system

without contributing to the redox equilibrium.

Calculations have been based on the mean values measured during the dissolution
periods (see Table 10). The results of the modelling exercise by assuming this redox
pair as redox control in the present experiments are given in Table 12. According to the
previous statements we have considered that the difference between the initial sulphide
added in the system and the one measured during the dissolution experiment has been
equal to the amount of sulphite formed by oxidation.

Table 12: Calculated potentials versus the measured ones in the experiments carried
out under reducing conditions with the addition of sulphide.

Redox pair Eh (mV)

Allard Groundwater

Ippm S(-II)

3ppm S(-II)

5ppm S(-II)

Experimental

Calculated

Calculated

Experimental

Calculated

Calculated

Experimental

Calculated

Calculated

HS/SO/ '

HS/SO,2"

HS"/SO4
2"

HS/SO,2"

HS"/SO4
2"

HS/SO,2"

-235 ± 1 6

-350

-263

-275 ± 8

-371

-283

-297 ± 1 0

-379

-290

Saline Groundwater

lppm S(-II)+0.01ppm Fe(II)

3ppm S(-II)

Experimental

Calculated

Calculated

Experimental

Calculated

HS"/SO4
2"

HS7SO,2"

HS"/SO4
2"

-216 ±5
-330

-242

-265±17

-369
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5ppm S(-II)

Calculated

Experimental

Calculated

Calculated

Redox pair

HS7SO3
2'

HS7SO4
2"

HS7SO3
2'

Eh (mV)

-282

-281 ± 1 6

-393

-307

As we can see in the previous table the calculated potentials are quite close to the
measured ones when considering that the control of the redox potential in the system is
given by the sulphide/sulphite redox pair. These results give confidence on the
processes and approaches considered in the modelling of the data.

3.3 Oversaturation experiments

One of the things that Ollila discussed in her oversaturation tests was the role of surface
precipitates as a controlling factor in these experiments. The formation of U precipitates
with a large surface area seemed to have a clear effect by lowering the redox potentials
in all media (Ollila, 1999). This is predictable when considering the experiments at
higher S/V ratio, where the UO, surface seemed to have influence on the measured Eh.

Consequently, in order to check the possibility to have a redox control governed by the
U system in this series of experiments, we have plotted and Eh/pH diagram in order to
see the predominance areas in the present experiments. U thermodynamic data have
been taken from the NEA database (Grenthe et al., 1992). These diagrams are given in
Figure 18.
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Figure 18: Eh/pH diagram showing the predominant solid and aqueous U phases in
Allard (left) and saline (right) groundwaters, [U] = 1O9M IS=0.003 and 0.5M
respectively. The dots indicate the measured Eh/pH values in the experiments. Activity
coejficients calculated by using an extended Debye-Huckel approach (Oelkers and
Helgeson, 1990).
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As we can see in the previous figures, the measured data fall in all cases in the
predominance area of the UO,(c), and consequently we can not expect any redox control
given by U solid phases. On the other hand, in the range of potentials measured in the
present experiments, the speciation of U in the aqueous phase remained as U(IV) and
therefore we can neglect the possibility to have a redox control given by the surface of
the solid phase precipitated and the U in the aqueous phase. The identification of a
mixed uranium solid phase (UO2-U3O7) by XRD at the end of the experiments has been
attributed to the oxidation of the samples due to air contact during diffraction
measurements (Ollila, 1999).

Consequently, according to the previous arguments we can expect other redox controls
in the oversaturation experiments. In the experiments carried out by adding reducing
species initially in the system, we can a priori expect a similar redox control to the one
elucidated in the dissolution experiments. The experiments performed without adding
any reducing agent in the system will be treated separately as we will see below.

The identification of an U(IV) solid phase by including other cations as Ca and/or Sr in
its structure (Ollila, 1999) in some of the precipitates formed in saline groundwater, lead
to think in the possibility to have a solubility control given by these solid phases.
However, due to the lack of thermodynamic data concerning the equilibrium constants
of these precipitates, it has been impossible to model uranium concentrations in solution
based on their solubility control.

Oversaturation experiments in the absence of reducing agents

Two experiments are included in this section (see Table 4) the first one performed in
Allard groundwater and the last one in saline water. The precipitation of U had a clear
effect in lowering the redox potential of the systems (Ollila, 1999). However, we
suspect that the sharp decrease of the redox potential measured in the system was due to
the addition of NaOH in the system in order to adjust the pH, this addition with the
consequent changes in pH and Eh lead to the precipitation of an uranium solid phase.

In order to understand the processes taking place in these experiments we can depict

these systems as follows. A solution (100 ml) of Allard groundwater (pH = 8.8) or

saline water (pH = 8.3), (see Table 1 for groundwater compositions) was equilibrated in

an anaerobic media, after that, a very acidic U(IV) solution, 0.056M in 0.1M HC1 (2 ml,

pH~2.7) was added to the system (Allard or saline). By mixing both solutions we have

calculated the resultant pH of these systems as well as the composition of the mixing

solutions (Table 13), the Eh was not monitored in this procedure, however, we can

expect an slightly oxidant Eh taking into account that U(IV) was stable in this solution.
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Table 13: Solution compositions after the addition of 2 ml of a U(TV) solution into 100
ml of the groundwater (Allard and saline).

Composition
(mol-dm"3)

Na+

Ca2+

Mg2+

Sr2+

r
HCO;

SiO2

SO/"

cr
pH

Allard groundwater

2.22-10"3

1.25-10"4

2.82-10"5

9.7810"5

1.04-10"3

2.77-10"5

9.80-10"5

1.50-10"3

3.11

Saline groundwater

2.09-10"1

1.00-10'1

2.27-10"3

4.00-10"4

5.39-10"4

4.39-10'5

4.12-10"'

2.89

After the addition of the U(IV) solution to the groundwater, and in order to adjust the
pH of the resultant systems to the initial values of the groundwater compositions, NaOH
was added in these systems. The addition of NaOH leads to an increase of the pH of the
system and consequently to an Eh decrease, as a consequence the concentration of
U(IV) in solution decreased dramatically until reaching a concentration corresponding
to saturation with UO2(c).

In order to interpret the available data, we have modelled these systems by simulating a
titration with a NaOH solution. This modelling work has been done by using the
PHREEQC code (Parkhurst, 1995) with the NEA compilation (Grenthe et al., 1992)
This code uses by default the Debye-Hiickel approach for activity corrections. The
initial pe of the systems has been assumed to be 0, and it has been allowed to precipitate
UO2(c) and U4O9.

The results of this modelling work are given in the next figures.
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Figure 19. Evolution of pH and pe in function of the moles of NaOH added to the
system. Left: Allard groundwater. Right: Saline water.

As we can see in the Figure 19, the addition of a basic solution in the system leads to an
increase in the pH of the solution and at the same time to a decrease in its pe. When
comparing the evolution in Allard and in saline groundwaters, we can observe that
while in Allard groundwater, the changes in pH and Eh occur gradually, in saline water,
this change is more drastic. This is attributed to the presence of carbonates in Allard
groundwater buffering the solution, this is actually an acidity titration and we can
observe in that case both carbonate equivalence points.

In Figure 20 we can observe again the decrease of the redox potential of the systems
when "increasing their pH due to the addition of the NaOH. On the other hand, we can
see that after the first addition of NaOH in the system, the U precipitates to reach from
the beginning a concentration corresponding to the equilibrium with the uranium
dioxide. In the same figure we can see the satisfactory agreement between the
calculated and the measured data at the final pH reached in both systems. This
agreement gives confidence in the simulations done in the present work.
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Figure 20: Evolution of the calculated Eh and U concentrations in front of pH.
Superimposed are the measured values with error bars. Left: Allard groundwater.
Right: Saline water.

In Figure 21 we have plotted the reaction path of these systems in a pe/pH diagram
showing the predominant U aqueous complexes and solid phases. As we can see, the
reaction path in both groundwaters falls in the area where the uranium dioxide is the
predominant solid phase, in agreement with the precipitate observed and with the
uranium concentrations measured in solution. This is a clear indication that this solid
phase is the one responsible of the concentrations of U in solution, and consequently we
can disregard the role of any mixed solid phase in these systems. On the other hand in
the simulations done with the PHREEQC code only UO2(c) precipitates in the system
corroborating again the fact that only a uranium dioxide solid phase precipitated in these
experiments.

U C L C O UO2(OH)2

Eh
(V)

-CaUO4(c)

Figure 21. Eh/pH diagrams showing the predominant U species and the reaction path

given in the present tests. Left: Allard groundwater, IS=0.003. Right: Saline water,

IS=0.5M.



43

Oversaturation experiments in the presence of sulphide

Two experiments by using Allard and saline groundwaters were carried out by adding 3
ppm of sulphide to guarantee reducing conditions. The experimental conditions as well
as the uranium concentrations measured in solution at the end of these tests were quite
similar to the ones obtained with the dissolution experiments as we can see in Table 14.

Table 14: Experimental conditions of dissolution and oversaturation experiments with 3
ppm of sulphide measured at the end of the tests.

Allard
groundwater

Saline
groundwater

oversaturation

dissolution

oversaturation

dissolution

pH

9.2

8.8-9

9.2

8-8.3

Eh (mV)

-340...-270

-275

-310

-265

[U] (mol-dm3)

(6.39±1.42>10"'"

(1.62 ± 0.85)-10"y

(9.60 ± 8.60)-Iff10

(1.09 ±0.60)-10"

The similarity in the experimental conditions, pH and Eh, as well as in the final U
concentrations measured in solution lead us to suspect a similar redox control to the one
elucidated in the dissolution experiments. Unfortunately, there is not more experimental
data concerning the variability and/or evolution of the different parameters of interest to
perform any modelling work. We have also tried to simulate the addition of NaOH in
these systems as in the previous experiments in order to model the solution data
available. However, in the present experiments the results of the simulations have not
been so satisfactory as in the previous ones, indicating, as expected, that the initial
addition of reducing agents in the system plays a key role on the potentials measured in
these experiments and consequently on the processes involved in.

Oversaturation experiments in the presence of metallic iron

As we have previously seen (Figure 18), we can not expect a redox control given by the
U system in the experiments carried out under reducing conditions by the addition of
metallic iron. However, we can expect a solubility control given by the uranium dioxide
or other U(IV) solid phase. In this sense, the results of groundwater equilibrium with the
uranium dioxide are given in Table 15 in comparison with the uranium concentrations
measured at the end of the tests.
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Table 15: Calculated versus measured U concentrations in oversaturation experiments
under reducing conditions and with metallic iron.

Allard groundwater (0.. .30 d)

Saline groundwater (28...43 d)

Eh (mV)

-450

-470

[U] (mol-dm3)
Measured

(4.70±1.90>10"1"

(1.80 ±1.60)-10*

calculated

4.07- 10J"

3.97-10""'

The calculated uranium concentration in solution agrees with the measured one when
considering the test carried out in Allard groundwater, this result is also in agreement
with the identification of uranium dioxide in the precipitate. On the other hand, the
calculated U concentration is lower than the measured one in the test carried out in
saline groundwater, indicating that probably there is some other precipitate controlling
the concentration of this element in the aqueous phase. The identification of a mixed
U(IV) oxide like CaUO3 or SrUO3 (Ollila, 1999) lead us to consider a solubility control
given by these solid phases. However, as we have previously mentioned, there is not
possibility to check thermodynamically this solubility control due to the lack of
information concerning the stability of these solid phases.

On the other hand, we can expect a redox control given by the iron system. In order to
corroborate this redox control, we can take into account the following considerations.
Under anaerobic conditions, the iron corrodes firstly to form Fe(OH)2(s) which is a
meta-stable product. However, this compound can react according to the Schikorr
reaction to form magnetite (Fe3O4(s)):

Fe(s) + 2H2O = Fe(OH)2(s) + H2(g)

3Fe(OH)2(s) = Fe3O4(s) + H2(g) + 2H2O

(13)

(14)

According to the literature information, the Schikorr reaction takes place at
temperatures higher than 50°C (Platts et al., 1994), however, in the presence of some
catalysts, the formation of magnetite is observed at 25°C. In this sense, Odziemkowsky
et al. (1998) assert that the formation of magnetite can be observed at lower
temperatures, until 10°C if there is metallic iron in the system acting as catalyst of this
reaction (Shipko and Douglas, 1956).

Gui and Devine (1995) studied the corrosion of steel under anoxic conditions and by

using several ionic media, these authors worked at ambient temperature and pH around

10 by obtaining potentials around -400 mV. The main corrosion products that these

authors observed independently of the ionic media used were Fe(OH)2, Fe,O4 and j -

Fe,O3. Blengino et al. (1995) studied also the steel corrosion under anoxic conditions by
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using as ionic media a dissolution of NaHCO3 (1M) and NajCO, (0.5M), pH = 9.5 and

T=25°C. As corrosion products they observed siderite, y-Fe2O3 and in a less proportion

Fe3O4, however these authors attributed the low percentage of magnetite to the short

times of reaction (20 min). Da Cunha Belo et al. (1998) studied the corrosion of

stainless-steel in a borate media under anoxic conditions and at 25°C, pH 9.2. After 80

days of study, the authors identified between other corrosion products mainly magnetite.

Odziemkowski et al. (1998) studied the corrosion of metallic iron under an anaerobic
atmosphere by using a dissolution of CaCO3 equilibrated with CO2 (5%). These authors
observed initially Fe(OH)2 but after 17 hours they observed a quickly formation of
Fe,O4. Reardon (1995) also studied the corrosion of metallic iron under anoxic
conditions during 17 days approximately by using several ionic media (H2O, Na2SO4,
NaCl and NaHCO3). This author observed the formation of Fe(OH)2 as the main
corrosion product in all the media with except in the carbonated one where he also
identified siderite.

From this brief revision of the literature, we can conclude that under anoxic conditions
the main corrosion products of iron are magnetite and/or siderite in carbonated systems.
According to the previous analysis done and taking into account the similarity in the
experimental conditions used in the oversaturation experiments with the ones reviewed
before we can not disregard the formation of some corrosion product of the metallic
iron added in the system during the duration of the tests. In order to check the
possibility to have a redox control given in the systems under study by one of the solid
phases under consideration, either the metallic iron or the corrosion product, we have
plotted the predominance diagrams of the iron system in both groundwaters used. In the
same diagrams we have included as a dot the measured Eh and pH values of the tests
(Figure 22).

These diagrams show that in both groundwaters the measured redox potentials fall in
the phase boundary between the iron in solution and magnetite, indicating that probably
we may have a redox control exerted by this redox couple in these tests. Unfortunately,
we do not have any way to quantify this system since there are not analyses of iron in
solution in the present tests.
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Figure 22: Eh/pH diagram showing the predominant solid and aqueous Fe phases in

Allard (left) and saline (right) groundwaters, [Fe] = Iff5 M, IS = 0.003 and 0.5

respectively. Nagra database used in the calculations (Pearson et ah, 1992). The dots

indicate the measured Eh/pH values in the experiments. Activity coefficients calculated

by using an extended Debye-Hiickel approach (Oelkers and Helgeson, 1990).

3.4 Dissolution versus oversaturation experiments

The oversaturation experiments carried out in Allard groundwater (Ollila, 1999) were
studied during the ageing process by analysing the concentration of uranium in solution
at different time steps. In such cases we have compared in the same graph the U
concentrations measured in solution in the precipitation and dissolution experiments
taking into account that both experimental approaches were carried out under the same
initial conditions. This comparison is given in the next figures.
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Figure 23. U concentrations in solution in function of time. Experiments carried out in
Allard groundwater, without the addition of any reducing species.
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Figure 24. U concentrations in solution in function of time. Experiments carried out in
Allard groundwater, with 3 ppm of sulphide.
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Figure 25. U concentrations in solution in function of time. Experiments carried out in
Allard groundwater, with metallic iron. Dissolution experiments: unfiltered samples.

The measured U concentrations in solution in the absence of reducing species are given
in Figure 23. As we can see, there is a difference from 1 to 2 orders of magnitude
between undersaturation and oversaturation experiments. This large difference is mainly
due to the different redox control exerted in both systems that lead to very different
redox potentials and consequently different solubilities of the solid phases. While in the
dissolution experiments, the redox control of the system was given by the UO2/U(VI)
redox pair, in the precipitation experiments, the redox control was not governed by this
redox pair, precipitating UO2 in the system due to the pH increase and Eh decrease by
the addition of NaOH.

In the presence of sulphide as reducing species (Figure 24), the differences in the U
concentrations measured in the dissolution and precipitation experiments are smaller.
The concordance in solution data give confidence in the previous analyses performed
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where we have considered the same redox behaviour, given by the HS7SO3
2" redox pair

in both approaches.

Finally, the tests carried out by adding metallic iron in the system to guarantee reducing

conditions show a priori a different uranium control in solution according to the results

given in Figure 25, where we can observe a difference of approximately one order of

magnitude between dissolution (unfiltered) and precipitation tests (filtered, 0.45|im).

The U contents for the filtered samples (0.45 Jim) in the dissolution tests were below the

detection limit of the ICP-MS (<10'10 M), and therefore we can not a priori to extract

any conclusion about it. On the other hand, as we have previously discussed, due to the

lack of experimental data at this point is quite difficult to extract some firm conclusion

about the redox behaviour in these systems.
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4 CONCLUSIONS AND RECOMMENDATIONS

Dissolution experiments carried out under anaerobic conditions with and without the
presence of reducing agents have demonstrated the importance of carefully controlled
redox conditions. Additionally, they have shown the important role of the uranium
system on buffering the redox capacity of these systems in the absence of other
reducing agents. In the presence of carbonates in the system, tests carried out in Allard
groundwater, the formation of an oxidised layer on the surface of the samples is not
favoured due to the stability of the carbonate-aqueous complexes and consequently, the
redox control is given by the UO2(c)/U(VI) aqueous redox couple. In absence of
carbonates in the system, tests carried out in saline water, the redox control is governed
by the UO2(c)/UO2+j. transition. These results corroborate previous modelling work
carried out by using data released from laboratory experiments as well as from natural
systems.

In addition dissolution rates have been satisfactorily modelled by assuming an oxidative

dissolution mechanism consisting in an initial oxidation of the surface of the uranium

dioxide, binding of the HCO3" or H+ at the U(VI) sites of the oxidised surface layer and

detachment of these surface complexes.

Solubility calculations carried out with solution data released from dissolution
experiments performed by adding reducing agents in the systems to guarantee reducing
conditions indicate that there is in general a solubility control given by the uranium
dioxide solid phase. It is in agreement with the results obtained by other authors when
performing dissolution experiments under similar experimental conditions (Yajima et
al., 1995).

According to the modelling work done, the redox controls in these experiments were
exerted by the different reducing agents added in the systems. Therefore, the addition of
Fe2+ lead to a redox control exerted by the Fe27Fe(OH)3(s) redox pair, while the addition
of sulphide lead to a different redox control governed by the S2"/SO3

2" redox pair.

Oversaturation experiments lead in general to uranium concentrations measured in
solution in agreement with the solubility of the uranium dioxide. Something surprising
is the high crystallinity considered for these precipitates according to the modelling
work carried out and in disagreement with the XRD analyses of the solid phase, which
showed weak crystallinity. In the absence of reducing agents in the system, the addition
of a basic solution to adjust the pH of the system leads to a decrease in the potential of
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the system and the consequent precipitation of an uranium solid phase. This behaviour

has been simulated by considering a titration with a basic solution.

In presence of reducing agents in the system, the precipitation of an uranium solid phase
also occurs, but in such case, and as in the dissolution experiments, these agents are
exerting the redox control in the systems. In this sense, the addition of metallic iron
seems to indicate that the Fe(II)(aq)/ Fe3O4(s) formed on the surface of the metallic iron
is the redox pair exerting the redox control in these systems.

The discrepancies observed between dissolution and oversaturation experiments are
attributed to the different methodological approaches that lead to different mechanisms
controlling the redox capacity of these systems as we have elucidated in the modelling
work.

Based on the previous findings, future work may be addressed to a deeper study of the
role of the different reducing agents on buffering the redox capacity of these systems. In
this sense, new experiments could be focused on a more extended study of the iron an
sulphide systems, by analysing all the parameters of interest (solution and surface
analyses) to corroborate the modelling work carried out in the present experiments.
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