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ABSTRACT
This literature study is a summary of publications, in which the reduction of uranium by
iron has been investigated in anaerobic groundwater conditions or in aqueous solution
in general. The basics of the reduction phenomena and the oxidation states, complexes
and solubilities of uranium and iron in groundwaters are discussed as an introduction to
the subject, as well as, the Finnish disposal concept of spent nuclear fuel.
The spent fuel itself mainly (~96 %) consists of a sparingly soluble uranium(IV)
dioxide, UO2(s), which is stable phase in the anticipated reducing disposal conditions. If
spent fuel gets in contact with groundwater, oxidizing conditions might be induced by
the radiolysis of water, or by the intrusion of oxidizing glacial melting water. Under
these conditions, the oxidation and dissolution of uranium dioxide to more soluble
U(VI) species could occur. This could lead to the mobilization of uranium and other
components of spent fuel matrix including fission products and transuranium elements.
The reduction of uranium back to oxidation state U(IV) can be considered as a
favourable immobilization mechanism in a long-term, leading to precipitation due to the
low solubility of U(IV) species. The cast iron insert of the disposal canister and its
anaerobic corrosion products are the most important reductants under disposal
conditions, but dissolved ferrous iron may also function as reductant. Other iron sources
in the buffer or near-field rock, are also considered as possible reductants.
The reduction of uranium is a very challenging phenomenon to investigate. The
experimental studies need e.g. well-controlled anoxic conditions and measurements of
oxidation states. Reduction and other simultaneous phenomena are difficult to
distinghuish. The groundwater conditions (pH, Eh and ions) influence on the prevailing
complexes of U and Fe and on forming corrosion products of iron and, thus they
determine also the redox chemistry. The partial reduction of sorbed uranium by metallic
iron or by its corrosion products (magnetite, green rusts) has been observed in many
studies performed under anaerobic solution conditions. A longer reaction time, several
months, was needed to observe UO2 crystals. The pyrite in the buffer or pyrite or micas
in the near-field rock may reduce uranium to some extent, whereas, hematite, can
function as a catalytic surface in the U(VI) reduction by aqueous Fe2+. The surface
catalytic reaction seem to outcompete the direct enzymatic U(VI) reduction by bacteria.
Some studies suggested the reduction of U(VI) to occur also by aqueous Fe2+ in
solution.
Keywords: uranium, reduction, iron, magnetite, green rusts, pyrite, micas, Fe2+,
disposal conditions, spent fuel

Uraanin pelkistyminen käytetyn ydinpolttoaineen loppusijoitus
olosuhteissa
TIIVISTELMÄ
Tämä kirjallisuustutkimus on yhteenveto julkaisuista, joissa uraanin pelkistymistä on
kokeellisesti tutkittu raudan eri muotojen vaikutuksesta anaerobisissa pohjavesiolosuhteissa tai yleensä vesiliuoksissa. Pelkistymisilmiötä, pohjavesiolosuhteissa esiintyviä
uraanin ja raudan hapetustiloja, komplekseja ja liukoisuuksia, sekä suomalaista käytetyn
ydinpolttoaineen loppusijoitus konseptia on käsitelty johdantona aiheeseen.
Käytetty polttoaine koostuu pääasiassa (~96 %) niukkaliukoisesta uraanioksidista,
UIVO2(s), joka on stabiili faasi pelkistävissä loppusijoitusolosuhteissa. Polttoaineen
pinnalle voi kuitenkin muodostua hapettavat olosuhteet, jos se joutuu kosketuksiin
veden kanssa. Vesi sinänsä voi olla hapettavaa pohjavettä jääkauden sulamisvesistä tai
hapettavat olosuhteet voivat syntyä veden radiolyysin kautta. Jos näin tapahtuu,
uraanidioksidi voi hapettua ja liueta selvästi liukoisempaan U(VI) muotoon. Uraanioksidimatriisin liukeneminen voi täten johtaa myös fissiotuotteiden ja transuraanien
vapautumiseen. Pitkällä tähtäimellä uraanin pelkistymistä takaisin neljänarvoiseksi
voidaan pitää suotuisana immobilisaatio mekanismina, koska U(IV):n matala liukoisuus saa aikaan uraanin saostumisen. Loppusijoitus olosuhteissa kanisterin metallinen
rauta ja sen korroosiotuotteet ovat tärkeimpiä pelkistimiä, mutta myös kahden arvoinen
liuennut rauta saattaa toimia pelkistimenä. Tässä työssä myös muita lähialueen rauta
lähteitä on tarkasteltu mahdollisina pelkistiminä.
Uraanin pelkistymisilmiön tutkiminen vaikuttaa todella haastavalta. Tulosten saaminen
kokeellisissa tutkimuksissa edellyttää mm. hyvin kontrolloituja hapettomia olosuhteita
ja hyviä tekniikoita hapetustilojen määrittämiseksi. Pelkistymistä on myös vaikeaa
erottaa muista samanaikaisesti tapahtuvista ilmiöistä. Pohjavesiolosuhteet (pH, Eh ja
ionit) vaikuttavat sekä uraanin ja raudan vallitseviin komplekseihin, että muodostuviin
raudan korroosiotuotteisiin, ja siten ne määrittävät myös redox kemiaa. Useimmissa
anaerobisissa tutkimuksissa raudan pinnalle sorboitunut uraani oli osittain pelkistynyt
raudan tai sen pääkorroosiotuotteiden (magnetiitti, vihreä ruoste(green rusts)) vaikutuksesta. Varsinaisten uraanidioksidin kiteytyminen vaati pidempää, useampien kuukausien, reaktio aikaa. Joidenkin lähialueen rautamineraalien, kuten pyriitin ja kiille
mineraalien, on havaittu myös pelkistävän uraania jossain määrin, kun taas hematiitti
voi toimia katalyyttisenä pintana U(VI):n ja Fe2+-ionin välisessä pelkistysreaktiossa.
Pintakatalyyttinen reaktio oli nopeampi kuin kilpaileva reaktio, jossa uraani pelkistyi
bakteerien aikaansaamassa entsymaattisessa reaktiossa. Joidenkin tutkimusten mukaan
myös pelkkä Fe2+- ioni voisi toimia U(VI):n pelkistäjänä liuosfaasissa.
Avainsanat: uraani, pelkistyminen, rauta, magnetiitti, green rusts, pyriitti, kiille
mineraalit, loppusijoitus olosuhteet, käytetty polttoaine
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1

INTRODUCTION

Finland and Sweden plan to dispose the spent nuclear fuel in deep geological
repositories sited in crystalline rock. The fuel will be placed in canisters consisting of an
outer corrosion resistant copper shell and an inner cast iron insert, which gives
mechanical support. The deposition hole surrounding the canister will be filled with a
swelling clay, bentonite. Any residual oxygen trapped in repository will be consumed
by the reactions with minerals in the rock, the bentonite and the copper canister. Thus,
the long-term groundwater conditions in the repository should be reducing.
The spent nuclear fuel matrix consists mainly of sparingly-soluble UO2(s) with the
oxidation state of U(IV), which is the reduced form of uranium. In the case of a
potential water intrusion into the canister after canister failure, the radiolysis of water,
caused by the activity in the fuel, produces both oxidizing compounds, e.g. oxygen and
hydrogen peroxide, and reducing compounds (hydrogen) and there is a possibility that
the oxidants might induce oxidizing conditions. In the first hundred years after the
discharge from the reactor, E- and J-radiolysis are dominant. In the long term, alpha
radiolysis is considered dominant. Alpha radiolysis occurs only in a very narrow water
layer (~ 30Pm) on the surface of the fuel. In the course of the glacial melting period,
oxygen containing glacial meltwaters may intrude down to repository level although e.g.
at the Olkiluoto site there is at present no evidence of intrusion of oxygen containing
waters at depth in the bedrock (e.g. Andersson et al. 2007, Pitkänen & Partamies, 2007).
Under oxidizing conditions, the dissolution of uranium dioxide to more soluble U(VI)
species could occur. U(VI) forms very soluble anionic U(VI) carbonate complexes if
carbonate is available. These stable U(VI) carbonate complexes may form already at
reducing conditions. These complexes are known to increase also the mobility of U(VI).
Generally, most of the immobilization studies of U have been focused on the retention
or adsorption of U(VI) on solid phases by ion exchange, ligand exchange, specific
sorption or coprecipitation. Immobilization of U(VI) by reduction to U(IV) has received
less attention.
The oxidation state of uranium influences essentially the solubility of uranium. The
solubility of U(IV) is several order of magnitude lower than the solubility of U(VI). The
U(VI) is the most soluble actinide inside the canister. If U(VI) is reduced to U(IV), it
might also coprecipitate other actinides and more soluble radionuclides, that are present
in solution and prevent their release. Thus, the reduction and precipitation of uranium is
an important process in the retention of other radionuclides. Other actinides (e.g. Pu,
Th) have also very low solubilities under reducing conditions.
Among other possible reductants, iron in different forms has a theoretical capability to
reduce uranium. Metallic iron insert, its corrosion products and dissolved ferrous iron
are potential reductants inside the canister after water intrusion.
In this literature study, sources of iron in the near-field are discussed before transferring
to the actual reduction studies of U(VI) by iron. The basics of the reduction phenomena,
the solubilities and complexation of uranium and iron, as well as the disposal conditions
of spent fuel at Olkiluoto site are discussed as an introduction to the subject. The review
of U(VI) reduction studies concentrates on the experimental studies, in which the
reduction was observed to take place in the interaction with iron phase under anoxic
conditions.
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2

URANIUM AND IRON IN GROUNDWATER

2.1 General redox theory
Oxidation-Reduction (= redox) reactions implicate the electron transfer from an atom,
either free or in a molecule or ion, to another (Robinson et al. 1997). Reactions involve
changes in oxidation state. When an atom loses electrons, it is oxidized and its oxidation
state increases. A reduced atom conversely gains electrons and oxidation state
decreases. Redox reactions can be written as half reactions for oxidation and reduction
reactions 1 and 2, respectively (Appelo and Postma, 1993). According to IUPAC
(International Union of Pure and Applied Chemistry) conventions, all half reactions
should be written as reduction reactions, with electrons on left (Langmuir, 1997).

bBred o dDox  ne 

(1)

cCox  ne  o gGred

(2)

Half reactions misleadingly suggest that electrons are found in a free state in solution.
However, electrons can only be exchanged and are not found in a “free” state (Appelo
and Postma, 1993).
There is no reduction without an accompanying oxidation, and vice versa. The overall
reaction is
bBred  cC ox o dDox  gGred

(3)

In the following example reaction (4) (Langmuir, 1997), Fe2+ can be considered as
reducing agent, being able to donate electron and O2 as oxidizing agent capable of
accepting electrons. On the other hand, Fe3+ can be considered as oxidizing agent and
O2- in water molecule as reducing agent, if reaction occurs to other direction.
O2 + 4 H+ + 4e-  2 H2O
4 Fe2+  4 Fe3+ + 4eO2 + 4 Fe2+ + 4 H+  4 Fe3+ + 2 H2O

reduction
oxidation
redox reaction

(4)

Aqueous solutions do not contain free electrons, but it is nevertheless possible to define
relative electron activities (Stumm and Morgan, 1981). The redox intensity pe gives the
hypothetical electron activity at equilibrium and measures the relative tendency of a
solution to accept or transfer electrons. Parameter for the redox intensity can be defined
as follows

10

pe

 log{e}

(5)

Electrons have negative charge, thus high pe value indicates very low activity of
hypothetical electrons and vice versa (Stumm and Morgan, 1981). In a highly reducing
solution the tendency to donate electrons, which can be described also as electron
activity or electron pressure, is relatively large and hence the pe value is low.
Conversely, a high pe indicates a relatively high tendency for oxidation.
The relative electron activity, pe, is also commonly given as redox potential, Eh, in Volts
(Stumm and Morgan, 1981, Appelo and Postma, 1993). Compared to Eh, pe is
dimensionless and cannot be measured. Eh is electrochemically measurable under
certain conditions. Anyhow, the use of pe makes calculations simpler than the use of Eh,
because every 10-fold change in the activity ratio causes a unit change in pe. The
concept of Eh, which is based on the general redox reaction between hydrogen and some
other element, is discussed below.
The change in Gibbs free energy (kJ/mol) for the general redox reaction (3) can be
written:

'Gr

'G

0
r

d
g
>
Dox @ >Gred @
 RT ln
>Bred @b >C ox @c

(6)

where Gr0 is the standard Gibbs free energy of the reaction at specific standard state
(25 ºC and 1 atm), R is the gas constant (8.314·10-3 kJ/mol·K) and T the absolute
temperature (Kelvin)(Appelo and Postma, 1993). The two half reactions (1 and 2) of the
general redox reaction can be compared to electrochemical half reactions on different
electrodes. The Gibbs free energy of a reaction can be related to the voltage developed
by redox reaction in a electrochemical cell by the relation
'G

nFE ,

(7)

where E is a potential (emf) in Volts, F the Faraday’s constant and n the number of
electrons transferred in the reaction. The substitution of equation (7) into (6) produces
Nernst equation:
RT >Dox @ >G red @
,
ln
E 
nF >Bred @b >C ox @c
d

E

0

g

(8)

where E0 is the standard potential (Volt), or the potential with all substances present at
unit activity at 25 ºC and 1 atm (Appelo and Postma, 1993). Potential E is usually
converted to the hydrogen scale. Reaction 9 shows, that an electron can reduce a proton.
The same reaction to other direction is the oxidation of H2.
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2 H   2e  l H 2

(9)

Potentials of redox couples, such as Fe2+/Fe3+, are usually compared to the standard
hydrogen electrode (H2/H+ couple). Such a redox cell is illustrated in Figure 1. The use
of reaction (9) as other half reaction (2) of the general redox reaction (3), gives the form
(10) to equation (8).

RT >Dox @ p ( H 2 )
ln
E 
nF >Bred @b H  2
d

E

0

> @

(10)

Since both vapour pressure of hydrogen, p(H2), and proton concentration, [H+], are equal
to one in system shown in Figure 1, they are normally omitted from equation (10).
Instead the subscript h is added to E giving the equation (11) (Appelo and Postma,
1993)
RT >Dox @
ln
E 
nF >Bred @b
d

Eh

0

(11)

The measurement arrangement, shown in Figure 1, is difficult to arrange in practice.
That is why reference electrodes of known potentials are usually used instead of
hydrogen electrode and the measured potentials are given as values vs. SHE (standard
hydrogen electrode).Measured potentials are corrected accordingly

Eh

E meas  E ref

Figure 1. A schematic drawing of a redox cell (Appelo and Postma, 1993).

(12)
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The relation between Eh and pe is expressed as (Stumm and Morgan, 1981)

pe

nF
Eh
2.3RT

(13)

Just as for pe, low negative Eh values indicate reducing conditions and high positive
values oxidizing conditions. (Appelo and Postma, 1993)

2.2 Solubility equilibria for uranium and iron
Uranium and iron, like many other elements, can have more than one oxidation state in
nature (Langmuir, 1997, Langmuir, 1978). The redox state of an element often
determines the chemical and biological behaviour. It has usually considerable influence
on the mobility of the element in the environment and it also impacts on toxicity. The
oxidation state defines which complexes can be formed. All monomeric complex
formation reactions can be written as

M m   aLn  l MLma  an

(14)

In this expression (Langmuir, 1978) M and L are the cation and ligand, and m and n
their valences respectively, while a is the number of ligand groups in the complex.
Complexes have great influence on the solubility of solid phases and on the mobility of
an element. Formed complexes either increase or decrease these two factors. In this
chapter the characteristics of uranium and iron complexes formed in groundwaters are
discussed first, before their redox reactions are considered.
2.2.1

Uranium oxidation states, complexes and solubilities

Uranium belongs to the actinide group. Uranium occurs in the oxidation states of U(III),
U(IV), U(V) and U(VI) (Katz et al. 1986). The oxidation states U(IV) and U(VI) are the
most relevant in nature, whereas the UO2+ (U(V)) and tripositive U3+ uranium ions are
relatively unstable oxidation states. In solution UO2+ ion disproportionates quickly into
U4+ and UO22+. Under reducing conditions, uranium is predominantly in the tetravalent
state. In waters with high dissolved carbonate content, the U(VI) carbonate complexes
might be dominant even in reducing conditions . In oxidizing conditions, uranium
appears mainly as U(VI) in the form of the linear uranyl ion UO22+. The aqueous
speciation, and hence the solubility of uranium is dependent on pH and especially on
redox conditions (Eh). Uranium concentrations in Finnish groundwaters fluctuate from
10-10 M to 10-5 M. The highest values are measured from the uraniferous area of
Palmottu (Ollila and Ahonen, 1998).
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Figure 2. Oxidation state distribution of uranium as function of Eh at pH 1 above
(modelled by PHREEQE, consistent with measured values) and at pH 8 below
(measured values), (Cross et al. 1989).
In groundwater at low Eh, U(IV) and its complexes predominate (Langmuir, 1997).
Resulting from precipitation under low Eh, U(IV) is the major oxidation state in the
most common uranium ore minerals uraninite (UO2(c)), coffinite (USiO4) and
pitchblende, which is roughly amorphous UO2 (UO2(am)). The effect of Eh on the
oxidation state distribution of U is dependent on the pH of solution. Cross et al. (1989)
have investigated the oxidation state of U as a function of Eh in acidic and slightly
alkaline pH, pH = 1 and 8, respectively, see Figure 2. The result of modelling
calculations and measurements was that a low Eh (< - 300 mV) was needed to maintain
U at the oxidation state of U(IV) at pH = 8. At pH = 1, U(IV) started to stabilize at
positive Eh (0 … 100 mV).
The solubility of U critically depends on Eh. The solid phases that may form are
strongly dependent on groundwater conditions. Under reducing conditions, UO2.0 (c)
and UO2+x (c) phases can appear. The very stable UO2 (c) can accept excess oxygen in
its cubic fluorite structure, e.g. U4O9 (c) or UO2.25 (c). U4O9 (c) can be considered as a
slightly oxidized UO2 (c) under mildly reducing conditions (Ollila & Ahonen 1998).
Also coffinite, USiO4, may become stable relative to UO2 in groundwater with high
silica content (Langmuir 1978). The aqueous chemistry of uranium is mainly dominated
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by U(OH)4 (aq) in reducing groundwater conditions (Duro et al. 2006, Ollila 1998). The
unhydrolyzed U4+ exists only in strongly acidic solutions. The aqueous concentration of
U is limited by the solubility of the dissolving solid. It is low, < 10-9 M. The solubility
based on thermodynamic data for UO2 (c) using the SKB database is extremely low, 1015
M (Werme et al. 2004). The solubility of U clearly increases even under mildly
reducing conditions, especially in the presence of carbonate, see Figure 3. Bruno et al.
(1997) have calculated the solubility curve for UO2(fuel) depending on the bicarbonate
content in bentonite pore-water at Eh= - 200 mV. According to the graph, the solubility
markedly increases at a free carbonate content of 10-3 mol/dm-3. This is due to the
stabilization of the U(VI)O2(CO3)34- complex. UO2(fuel) was used as a solubilitylimiting solid phase to simulate the UO2 of spent fuel, which has a particle size of 15 μm (Bruno et al. 1997, Ollila and Ahonen, 1998). Under reducing conditions, the
solubility of U is less dependent on pH in the neutral and slightly alkaline pH range of
deep groundwaters. The solubility increases at the acidic and highly alkaline pH regimes
(Bruno, 2001).
In oxidized groundwater, the solubility of U is increased (Duro et al. 2006, Ollila &
Ahonen 1998). Uranium is present as a highly soluble uranyl ion, UO22+, which forms
complexes. The solid phases that may form are U(VI) solids and are dependent on the
composition of groundwater. The precipitation of U(VI) oxyhydroxides, e.g. schoepite
(UO3  2H2O) is very fast, and thus kinetically favoured. Different silicate solid phases,
e.g. uranophane (Ca(UO2)2(SiO3OH)2  5H2O) can form in silicate-containing
groundwaters. Becquerelite, a mixed U(VI)-Ca(II) oxide (CaU6O19  11H2O) has been
found in nature.

Figure 3. Solubility of uranium as a function of free bicarbonate concentration (Bruno
et al. 1997).
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In oxidizing conditions, the carbonate complexes of hexavalent uranium are the most
important ones formed. The importance is based on the ability of the carbonate
complexes to increase greatly the solubility of uranium minerals, facilitate U(IV)
oxidation and limit the extent of uranium absorption, thus increasing the mobility of
uranium. The complex distribution of U(VI) aqueous species as a function of pH is
given in the absence of carbonate and at equilibrium with a partial pressure of CO2 of 1
kPa in Figures 4 and 5, respectively. The calculations were made with an equilibrium
speciation computer code (Hydraql). The stability constants were largely based on
Grenthe et al. (1992). In the absence of carbonate, U(VI) generally occurs as hydroxyl
complexes above pH 5…6 (Langmuir, 1997, Langmuir, 1978). The carbonate
complexes largely replace these U(VI)-hydroxyl complexes at pCO2 = 1 kPa. The other
potential groundwater complexes of U(VI) are formed with fluoride, sulphate and
organic ligands. The carbonate species; UO2(CO3)22-, UO2(CO3)34- and
(UO2)2CO3(OH)3- are anyway the most stable and soluble in oxic environments and
dominate in waters with elevated carbonate alkalinities (Duff et al. 1999, Ollila &
Ahonen 1998).

Figure 4. Distribution of U(VI) aqueous species in the absence of CO2, T= 25 qC,
I = 0.1 M. The total U(VI) concentration was 10-8 M (Waite et al. 1994).
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Figure 5. Distribution of U(VI) aqueous species at a partial pressure of CO2 of 1 kPa,
T= 25 ºC, I = 0.1 M. The total U(VI) concentration was 10-6 M (Waite et al. 1994).
Predominating species can be depicted in a more illustrative way with the help of phase
diagrams, but in these, certain values must be chosen to be constant. Figure 6 gives
uranium species as a function of Eh and pH in oxidizing conditions. Constant values are
described in the caption.

Figure 6. Eh-pH diagram for aqueous species in the U-O2-CO2-H2O system in pure
water at 25 ºC, total pressure = 100 kPa (~1 atm), pCO2 = 1 kPa (0.01 atm). The
position of the UO2(c) solid/solution boundary for U = 10-8 M is stippled (Langmuir,
1997).
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The U solubilities and speciation under different groundwater conditions are important
for the safety analyses of the spent fuel disposal. Table 1 gives as an example the U
solubilities recommended for the use in TILA-99 safety analyses (Ollila & Ahonen
1998). The solubilities, solubility-limiting phases and predominant aqueous species in
the reference far-field groundwaters are included. The far-field groundwaters include
fresh, brackish, saline, and very saline, almost brine-type compositions. The
recommended values were given considering the results of experimental studies
available in literature, the results of solubility modelling, as well as measured uranium
concentrations in natural ground waters. The solubilities were given according to the
conservative principles.

Table 1. Recommended U solubilities in far-field groundwaters for the safety analyses
(TILA-99) of spent fuel disposal (Ollila & Ahonen 1998).
Limiting solid

Reducing conditions
ALL COMPOSITIONS*
pH 7...10/Eh -200...-400 mV

Limiting solid

Solubility, M

Oxidizing conditions
FRESH (Allard groundwater)
pH 8...9/log O2 fug.=-10
Solubility, M

UO2(c)

8  10-11 ... 4  10-10
U(OH)4(aq)

Schoepite

1  10-4 M
(UO2)2CO3(OH)3
UO2(CO3)22–
UO2(CO3)34–

U4O9 (c)

10-8 ... 10-7 M
U(OH)4(aq)

Uranophane

1  10-5 M
UO2(CO3)22–
(UO2)2CO3(OH)3
UO2(CO3)34–

Recommended
value

1  10-7 M

Recommended
value

5  10-5 M

* = fresh,brackish, saline, and very saline almost brine type water
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2.2.2

Iron oxidation states, complexes and solubilities

The most common oxidation states of iron are ferrous Fe(II) and ferric Fe(III). Ferrous
iron is easily oxidized by oxygen and other oxidizers. The oxidation state of metallic
iron is 0. In general, the solubility of ferrous iron is higher than that of ferric iron. This
is due to the strong tendency of Fe3+ to hydrolyze and precipitate as ferric hydroxides
and oxyhydroxides (Vuorinen et al. 1998). Fe3+ forms strong (chiefly inner-sphere)
complexes with most ligands, whereas Fe2+ forms weak complexes or ion pairs (except
with bisulphide ion) (Langmuir, 1997). Hence in most natural waters Fe3+ occurs
usually complexed and Fe2+ in contrast as uncomplexed.
Ferric iron is the predominant dissolved form only in extremely oxidizing conditions.
Fe(III) forms complexes with humic and fulvic acids at pH about 5 to 6. The
predominant complexes in pure water are hydroxycomplexes, see Figure 7, which
shows the solubility and speciation of Fe(III) as a function of pH.

Figure 7. Solubility (dashed line) and speciation of ferric iron in pure water. The
solubility controlling phase is Fe(OH)3 (Ahonen 1995).
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Because of the tendency to precipitate, Fe3+ is mainly present as insoluble under the
normal pH range of groundwater (pH = 5 - 8) (Appelo and Postma, 1993). Fe3+ has a
very strong tendency to hydrolyze (Langmuir 1997). Hydrolyzed species Fe(OH)3 (aq)
can further polymerize to macromolecules forming ferric colloids before the
precipitation of Fe(OH)3. Colloidal ferric oxyhydroxides can also be formed before the
precipitation of Fe(OH)3(s). In the pH range from 7 to 9, the solubility of ferric iron in
groundwater is determined by the solubility of ferric hydroxide, oxyhydroxide or oxide
phases, which can be considered members of a dehydration sequence as follows:
(Vuorinen et al. 1998)
Fe(OH)3(s)  FeOOH + H2O  0.5 Fe2O3 + 1.5 H2O

(15)

If the activity of water is assumed to be 1, the same solubility equation (16) can be
applied to all these phases. Thus, the solubilities of these minerals can be compared with
each other. Fe oxyhydroxides cover range of stability, solubility product values, pKs,
varying from 37.3 to 44.1 (Grenthe et al. 1992). The solubility of ferric iron can be
approximated as follows (Vuorinen et al. 1998)
Fe(OH)3(s)  Fe(OH)3(aq) log K  -7.9  log K  -14.7

(16)

The fine grained freshly precipitated Fe(OH)3(s) is the most soluble phase, hematite
(Fe2O3) being the most insoluble one (Vuorinen et al. 1998, Appelo and Postma, 1993).
The solubility decreases during ageing and recrystallization to thermodynamically more
stable phases (e.g., goethite, lepicrocite). Depending on the solubility of the
predominant ferric phase, the concentration of Fe3+ in water phase varies approximately
between 1·10-8 M and 2·10-15 M.
Ferrous iron usually occurs as a soluble and mobile Fe2+ ion below pH 7…8 under
reducing conditions (Vuorinen et al. 1998). In contrast to the very strong tendency of
ferric ion to hydrolyze, the hydrolysis of Fe2+ takes place only in very alkaline (pH >
9.5), carbonate-poor waters. When carbonate is available, ferrous iron forms complexes
with bicarbonate and carbonate ions. At chloride activity higher than 100.78, ferrous
chloride complex prevails. The aqueous species of Fe2+ are presented as a function of
pH and total carbonate in Figure 8.
In reducing conditions, Fe2+ is precipitated as sulphides if sulphur is present, and the
conditions are sufficiently reducing to cause sulphate reduction (Langmuir 1997). In
very reducing conditions, sulphide-bearing groundwaters are often encountered (Berner
1981, Vuorinen et al., 1998). In the presence of dissolved sulphide, ferrous iron
precipitates as iron monosulphide, pyrrhotite (Fe1-xS, x = 0-0.2). Almost insoluble iron
disulphide, pyrite (FeS2) is nevertheless more common mineral in crystalline rocks than
pyrrhotite. The maximum solubility of FeS2 is achieved in hydrogen sulphide free
system. FeS is found in sulphidic sediments rich in organic material.
Small amounts of ferrous carbonate, siderite (FeCO3) has been found in detailed fracture
mineral studies. It is stable only at very low dissolved sulphide concentrations (Appelo
and Postma, 1993). The solubility of ferrous iron from siderite is a function of
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bicarbonate activity and pH (Vuorinen et al. 1998). Figure 8, for one’s part, illustrates
the relationship between ferrous carbonate, ferric oxohydroxide and dissolved Fe2+ as a
function of pe and pH. The significance of Fe (II) concentration can be seen, because
two different concentrations (10-6 M and 10-5 M) have been used to draw solubility
limits between the solid phases and the dissolved ferrous iron. The solid phases
considered were ferric hydroxide and ferrous carbonate.

Figure 8. Speciation of ferrous iron as a function of pH and total carbonate. The dotted
line shows the predominance area of ferrous chloride complex ([Cl-] = 1), (Vuorinen et
al. 1998).

Figure 9. pH-Eh diagram for iron at 25º C, [HCO3-] = 10-3 M. The phase boundaries
between solid and solution are drawn for soluble Fe(II) concentrations of 10-6 M (solid
line) and 10-5 M (hatched line), (Vuorinen et al. 1998).
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For the safety analyses of spent fuel disposal (TILA-99), Vuorinen et al. (1998)
recommended ferrous carbonate or ferrous monosulphides to be the solubilitycontrolling phases both in oxidizing and reducing conditions. In reducing sulphidic
groundwaters, iron monosulphides are the probable solubility-controlling minerals of
iron. Recommended solubilities (as Fe2+) varied with pH: 3·10-5 M (pH 7), 3·10-6 M (pH
8) and 4·10-7 M (pH 9).

2.3 Redox reactions between uranium and iron
Compared to complex formation reactions the redox reactions can be slow, especially
when there is a large change in structure between reduced and oxidized form, as
between U4+ and UO2+ or UO22+(Tsushima et al. 2006). In general, according to
Newton (1975) aqueous oxidation-reduction reactions may include various steps:
1. Formation of reactive species, such as complex ions, hydrolyzed ions or radicals.
2. Encounter of two (usually) reactive species; this can also be described as the
formation of outer – sphere complex.
3. Removal of a ligand from one of the reactant to form an inner – sphere complex in
which the reactants share common ligand.
4. Distortion of the complex so that the electron(s) can be transfered under Frack –
Cordon restrictions. These restrictions will not be required if the oxidation – reduction
is accomplished by the transfer of neutral atom or group.
5. Dissociation of the product complex.
6. Separation of the immediate products of reaction.
7. Further separation of the individual immediate products to give the final products. All
of these steps are not required for every reaction. (Newton, 1975)
An electron acceptor can be reduced if it has a higher reduction potential than the
electron donor. The actual Eh, where a redox reaction occurs is strongly dependent on
pH, reactant concentrations, aqueous speciation, and solid-phase distribution of the
elements, and potentials of reactants and products formed. (Fredrickson et al. 2000) The
standard reduction potentials of uranium and iron and their ions are given in Figures 10
and 11 (pure solids, 1 M concentrations in water, 1 atm pressure and a temperature of
25º C). The standard potentials are given for reduction processes as the international
agreement provides (IUPAC). The reverse reaction for reduction, oxidation, has the
same absolute potential value but is of opposite sign (Robinson, 1997).
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Figure 10. Standard reduction potential of uranium and uranium ions in acidic and
basic aqueous solutions (in volts versus standard hydrogen electrode),
(www.webelements.com).

Figure 11. Standard reduction potentials of iron (E0/V), (www.webelements.com).
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The hexavalent UO22+ ion is relatively stable and difficult to reduce. Meanwhile, U4+ ion
is stable in water, but is slowly oxidized to UO22+ by air. (Katz et al. 1986) It is
generally thought that in environments with low oxygen concentration the reduction of
U(VI) to U(IV) results in the formation on sparingly soluble uranite UO2(s). (Duff et al.
1999)
The thermodynamics of U(VI) reduction by zero valent iron (Fe0) can be described by
the redox couples, Equations 17 and 18. (Pourbaix 1966, Farrell et al. 1999)
UO22+ + 2e-  UO2

E = 0.221 V + 0.0295 log [UO22+]

(17)

Fe0  Fe2+ + 2e-

E = 0.440 V – 0.0295 log [Fe2+]

(18)

The equilibrium potential of overall cell reaction is then given by (Farrell et al.1999)
E = 0.661 V + 0.0295 log [UO22+] – 0.0295 log [Fe2+]

(19)

Under groundwater conditions, the cell potential in Equation 19 is positive and thus the
reduction of U(VI) by zero valent iron is thermodynamically favourable. (Farrell et al.
1999)
The reduction of uranyl by metallic iron can be compared to a similar, more well-known
reaction between oxygen and iron i.e. the corrosion of iron in air (Figure 12a) (Charlet
et al. 1998b). In solution, other species are used as electron acceptors after the oxygen
has been depleted in the aqueous phase (Figure 12b). The uranyl ion is reduced when it
accepts electrons from iron.

Figure 12. Sketch of iron or steel corrosion surface in the presence of (a) oxygen
(corrosion of Fe by air) or (b) uranyl (reductive precipitation of U), (Charlet et al.
1998 b).
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The redox reaction between hexavalent uranium and ferrous iron can be considered
reaction where one electron (equation 20, Tsushima et al. 2006) or two electrons
(equation 22) are exchanged. In the first case, formed UO2+ ion disproportionates almost
immediately to UO22+ and U4+ (equation 21, Bard et al. 1985).
UO22+ + Fe2+  UO2+ + Fe3+

(20)

Disproportionation reaction:
2 UO2+ + 4 H+  U4+ + UO22+ + 2 H2O

(21)

UO22+ + 2 Fe2+ + 4 H+  U4+ + 2 Fe3+ + 2 H2O

(22)

The first reaction (20) has a standard Gibbs free energy change of + 65.9 kJ/mol when
the reduction potential for UO22+ /UO2+ is 0.088 V and for Fe3+ /Fe2+ 0.771 V. Thus, the
reaction is an endergonic process, requiring additional energy to happen. However, for
example in water, the formation of hydrolyzed species changes the redox potential of
the system and facilitates the reduction of U(VI) by Fe(II) (Tsushima et al. 2006,
Eglizaud et al. 2006). This can be observed also from Figures 10 and 11, when the
reduction potentials of uranium and iron are compared in acidic and basic conditions.
The redox couple having a lower reduction potential is able to reduce another couple
with a higher reduction potential. Figure 13 illustrates the redox couples of different iron
phases and UO22+/ UO2(s) couple at pH 7 with [Fe(II)] = 1.6·10-4 M and [ox] = 5·10-7 M.
According to Figure 13, the Fe3+/Fe2+ couple seems to be incompetent to reduce U(VI)
to insoluble UO2(s). However, when Fe2+(aq) is oxidized to e.g. Fe(III)-oxyhydroxide
reduction becomes theoretically possible.
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Figure 13. Representative redox couples at pH = 7 with [Fe(II)] = 1.6·10-4 M and
[ox] = 5·10-7 M (Charlet et al. 1998 a) (a) Pourbaix 1963, (b) Liger et al. 1999 (c)
Stumm and Sulzberger, 1992.
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2.4 Potential reductants for uranium
This paragraph is a general introduction to possible factors affecting the reduction of
uranium in disposal conditions. The mechanism(s) which control the reduction of
uranium in sediments or in groundwater is not clearly understood. Several proposals for
mechanism or processes affecting U reduction have been given in literature. There are
many examples of formation of uraninite by reduction, which occur in natural
environments, in oceanic sediments (Shaw et al. 1994, Andersson et al. 1989) and
during the development of ore deposits (Spirakis, 1996) (Duff et al. 1999). The
reduction of uranium has been mainly considered as an abiotic reaction, in which
sulphide, organic compounds or molecular hydrogen acts as a reductant. During the last
decade (1990s), results supporting the bioreduction of uranium have also been achieved
(Wilkins et al. 2006).
Iron in different forms has theoretical capability to reduce uranium. In disposal
conditions, there are various iron phases available both in the near field and in the far
field. Chapter five in this review takes the deeper inspection to the reduction of uranium
by metallic iron, iron corrosion products, iron minerals and aqueous Fe2+ in the nearfield.
The findings of uranium association with sulfidic sediments suggest a possible role for
dissolved sulphide as a reducing agent. (Hostetler and Garrels, 1962, Reynold and
Goldhaber, 1983) There is also more recent and specific information available about
uranium reduction by S2- on sulphide mineral surfaces (Wersin et al. 1994). The direct
reduction by sulphides has been proposed to occur by the following reaction (23)
(Klinkhammer and Palmer, 1991, Barnes and Cochran, 1993)
4 UO2(CO3)34- + 15 H+ + HS-  4 UO2(s) + SO42- + 12 CO2(g) + 8 H2O

(23)

Barnes and Cochran (1993) have discovered correlation between sulphate reduction and
U removal from porewater of estuarine sediment. The correlation is either a
consequence of the indirect inorganic reduction of U by biogenically produced sulphide
or a consequence of the direct reduction of U by sulphate reducers. Duff et al. (1999)
also suggested that in their experiments the direct reduction of U(VI) with sulphide was
preferred in SO4 -rich waters, even though microorganims capable for bioreduction
were present.
There is also evidence that bacteria play a role in the U reduction. The reduction of
U(VI) to U(IV) by Fe – reducing and sulphate – reducing bacteria have been discovered
to occur in culture experiments (Lovley et al. 1991, Francis et al. 1994, Ganesh et al.
1997, Abdelouas et al. 1998, Tebo and Obraztsova 1998, Fredrickson et al. 2000, Sani
et al. 2002). These various microorganisms are able to couple the oxidation of organic
compounds to the reduction of uranium. In oxygen – limited conditions, anaerobic
bacteria can utilise UO22+ instead of Fe(III) or SO42- as a terminal electron acceptor in a
respiratory process (Wilkins et al. 2006). Also the direct enzymatic reduction has been
demonstrated by Lovley et al.(1992). Figure 14 illustrates a potential route for
enzymatic reduction of UO22+ ion by G. sulfurreducens bacteria.
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Figure 14. Potential route via which U(VI) is reduced to U(IV) by G. sulfurreducens
(Wilkins et al. 2006).
Gu et al. (2005) have investigated the role of humics in enhancing the bioreduction of
U(VI). They measured the kinetics in laboratory studies in the presence or absence of
metal ions such as Ca2+ and Ni2+, which are known to inhibit the bioreduction of
uranium. Under anaerobic conditions, humic materials were discovered to enhance
U(VI) reduction rates and alleviate the toxicity effect of Ni2+ on microorganisms.
Humics can function as electron shuttles between microbial metabolites and uranium or
other redox sensitive metals.
Uranium has been found to be associated with organic matter in rocks (Katz et al.
1986). The reduction of U(VI) to U(IV) by organic matter or H2S of biogenic origin was
considered as a possible explanation for the formation of the uranium deposits in
sedimentary rocks. The reduction reaction, biologically mediated with organic matter,
can be written as (equation 24, van der Weijden et al. 1990)
2 UO2(CO3)34- + CH2O + 2 H+ + H2O  2 UO2(s) + 6 HCO3- + CO2(g)

(24)

CH2O represents a large group of organic compounds with structure (CH2O)n, where n
varies. The experiments done by Fredrickson et al. (2000) can be mentioned as an
example. They first bacterially reduced organic molecule AQDS (antraquinone-2,6disulfonate). In the absence of cells, the reduced form of AQDS, AH2DS, was able to
cause the reduction of uranium.
In disposal conditions, the anoxic corrosion of iron canister gives rise to the production
of large amounts of hydrogen. Spahiu et al. (2004) have observed, that dissolved
hydrogen reduced U(VI) carbonate species in the presence of UO2(s) surfaces. The
reduction led probably to the formation of UO2(s). It did not seem to occur in the
absence of a catalyst (UO2).
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3

DISPOSAL CONDITIONS (AT OLKILUOTO SITE)

Olkiluoto is a large island (~ 10 km2) in south-western Finland on the coast of the Baltic
Sea. It is separated from the mainland by a narrow strait (Andersson et al. 2007). The
island emerged from the Baltic Sea about 2500 years ago as a result of the post-glacial
uplift. At the moment a nuclear power plant with two reactors operates in the western
part of the island and third one is under construction. The other ongoing project is the
construction of an underground rock characterization facility, ONKALO, which started
in 2004 in the central part of the island. The low and intermediate level wastes have
already been and will be disposed in the VLJ repository, which locates in the western
part of the island. The suitability of Olkiluoto as a location for spent nuclear fuel
repository has been studied over a period of fifteen years by means of ground- and airbased methods and from shallow and deep boreholes (300-1000 m). A possible design
of the disposal facility is shown in Figure 15.

Figure 15. A possible design of the final disposal facility planned to be constructed at
the Olkiluoto site. The two nuclear power units located at the Olkiluoto site are visible
in the background (Pastina and Hellä, 2006).
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3.1

Multiple engineered barrier system

In Finland the spent nuclear fuel is intended to be disposed at the depth of 420 m, where
it will be surrounded by a multiple barrier system (Pastina and Hellä, 2006). The fuel
matrix (UO2(s)) itself, the iron-copper canister, the buffer, the tunnel backfill, and the
geosphere create a multiple barrier system. This barrier system shall isolate radiation
and radionuclides from the biosphere even in the case of potential container damage and
the subsequent groundwater intrusion to the canister. One disposal canister typically
contains 1.4 to 2.2 tons of U and 10.4 to 18.0 tons of iron and steel.
The spent fuel consists mainly of UO2(s) (96 %), including different fission products
(3 %) and transuranium elements (1 %) at minor quantities (www.posiva.fi, 2007). Most
of the fission products and actinides occur as a solid solution in the fuel matrix (Pastina
and Hellä, 2006). Only the gaseous and highly volatile elements migrate to the gas gap
of the fuel rod, grain boundaries or the fuel pellet surfaces as shown in Figure 16. The
cylindrical fuel pellets are stacked in tubes of zirconium alloy cladding. Numerous fuel
rods are held together with spacers and plates to form a fuel assembly (fuel bundle). The
cladding tubes restrict the migration of water and gases to fuel surfaces in case of
canister failure. Based on the maximal corrosion rate of tube cladding, most of them
should function as barrier to the radionuclide migration for 100 000 years.

Figure 16. Shematic illustration of the distribution of radionuclides within a fuel rod
(Nagra 2002, originally based on Johnson and Tait 1997).
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After average cooling time (30 to 50 years depending on burnup), the spent fuel bundles
are sealed in the canister with an inner cast iron insert covered by a 50 mm thick copper
overpack (Pastina and Hellä, 2006). The iron cast gives to the canister its mechanical
strength providing support for fuel bundles. The iron cast functions also as a shield
attenuating the radiation. In the case of canister failure, the iron cast may act as a
chemical barrier against radionuclide mobilization (Grambow et al. 1996). Copper has
good corrosion resistance in reducing environments (Pastina and Hellä, 2006). Other
well-known properties of copper, such as thermal conductivity and mechanical
toughness, are also favourable for use in repository. For the fuel types in Finland, three
different versions of canisters are needed, so that the fuel assemblies of each reactor
type can be sealed. The diameter of each is 1.05 m and the heights range from 3.6 to
5.25 m. Depending on the version of the canister, there are sites for 4 or 12 fuel
assemblies.
The next barrier is the bentonite buffer. The deposition hole, in which the sealed canister
will be placed, is filled with bentonite (Pastina and Hellä, 2006). Bentonite is a type of
rock containing swelling clay that is mechanically and chemically stable.
Montmorillonite clay is the major component of bentonite and it confers swelling
properties to the bentonite. The effectiveness of bentonite depends strongly on its
swelling properties. Other components: feldspar, quartz, cristobalite, calcite, gypsum
and pyrite, can play an important role in the near-field chemistry. There are different
types of bentonite, with varying compositions, which can be considered feasible in the
final repository. As plastic material, the bentonite should protect the canister from minor
rock displacements. It has also properties to oppose water circulation, retard
radionuclides and be permeable to gasses.
After the emplacement of the canisters, the disposal tunnels are backfilled (Pastina and
Hellä, 2006). The development of backfilling concepts is an ongoing process, which
begun 2003 in co-operation between Posiva and SKB (Swedish Nuclear Fuel and Waste
Management Co). During the development, two backfill concepts have been selected for
futher investigations. Optional methods were the installation of pre-compacted blocks
and bentonite pellets, and the in-situ compaction. After further investigations, the
backfilling with pre-compacted blocks was selected for future development. Several
alternative backfilling materials are under consideration. The alternative materials differ
mainly in the proportion of the swelling mineral smectite. The mixture of bentonite and
crushed rock, ballast, (30/70 wt %) has a smectite content less than 30 %. Friedlandclay, mixed-layer clay from Germany, has a smectite content of approximately 45 %
and Asha 230, low-grade bentonite, has a smectite content of 60 % respectively. The
main functions of the backfill are to prevent the loss of buffer density and restrict the
advection of groundwater.
Geosphere, the bedrock itself, has also a role in the barrier system (Pastina and Hellä,
2006). The safety functions of the bedrock and three other main barriers are summarized
in Figure 17.
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BEDROCK
– shall isolate the repository from biosphere
- shall provide protection against surface and near surface processes
– shall provide favourable and predictable rock mechanical,
geochemical and geohydrological conditions
- shall limit and retard inflow and release of harmful substances
to and from the repository

TUNNEL BACKFILL
– shall prevent the tunnels and EDZs
from becoming significant transport pathways
– shall keep the buffer and canister in place in the deposition hole
– shall contribute to keeping the tunnels mechanically stable
– shall be chemically and mechanically stable
– shall have no harmful effects on other barriers

BUFFER
– mass transport shall be diffusion limited
– shall isolate the canister from rock plastically and protect it against minor rock
displacements
- shall keep the canister in place in the deposition hole
– shall conduct the heat from canister to the rock
– shall have sufficient permeability to gases
– shall be able to filter colloids formed in the canister
– shall be chemically and mechanically stable
– shall have no harmful effects to other barriers

CANISTER
– shall under the influence of expected evolution and on the basis of known processes in the
repository remain intact for at least 100 000 years
– shall withstand mechanical loads
– shall remain subcritical
– shall conduct the decay heat and shall attenuate the radiation from spent fuel
– shall have no harmful effects on other barriers

Figure 17. Long-term safety functions of the bedrock and engineered barrier system in
the KBS-3V disposal concept (Vieno and Ikonen, 2005).
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3.2

Groundwater chemistry

Hydrogeochemical conditions are of importance for the durability of the engineered
barrier system (discussed above) and for the solubility and migration of radionuclides
(Andersson et al. 2007). Considering the safety issues, the most critical chemical
parameters in groundwater are salinity, pH, Eh, dissolved sulphide and O2. Dissolved
oxygen or high sulphide levels pose disturbed redox conditions enhancing the solubility
of some elements. High salinity (> 50 000 mg/l) may be harmful by promoting the
corrosion of metals, the solubility of radionuclides and by decreasing the swelling
properties of the buffer bentonite. The extreme pH conditions (pH < 5, pH > 10)
increase the solubilities of the actinides, and may activate the alteration processes of
clay minerals in bentonite. Slightly alkaline pH, low redox potential, alkanity and
dissolved sulphide and tolerable salinity are generally favourable for long canister
lifetimes, bentonite buffer stability and reduced radionuclide solubilities. At Olkiluoto
site, the prevailing hydrogeochemical conditions at the depths of 400 – 500 m resemble
closely the favourable conditions described above.
However, the present groundwater conditions may chance (Andersson et al. 2007).
Groundwater with high sulphide concentrations, higher salinity or containing oxygen
may flow from other groundwater levels to the repository level and mix with it. In
general, the transport processes are very slow and chemical groundwater conditions are
stable at Olkiluoto (Pitkänen et al. 2004). Natural mixing processes caused by glacial
cycles, marine regression (land uplift) and hydrothermal activity have had a
considerable influence on the prevailing groundwater conditions (Pastina and Hellä,
2006). In future, in addition to the natural processes mentioned, climate change and
man-made processes, like repository construction, may cause mixing of different
groundwater types.
Mixing is not a single process affecting groundwater composition (Pastina and Hellä,
2006). Mineral dissolution and precipitation, gas exchange, ion – exchange and redox
reactions also cause progressive chemical changes in groundwater. Water-rock
interactions (i.e. the interactions between water and materials present or within the rock,
such as fracture surface minerals, fracture filling minerals, matrix water, microbes) play
a key role in the chemical processes mentioned above. Interactions like carbon and
sulphur cycles and silicate reactions buffer the pH and redox conditions and thus
stabilise the groundwater chemistry (Andersson et al. 2007). Most of the chemical
processes take place in two metastable interfaces of the baseline hydrogeochemical
system at Olkiluoto, see Figure 18 (Pastina and Hellä, 2006). The upper interface is an
infiltration zone situated mainly in the overburden (Andersson et al. 2007). The lower
interface lies between the SO4-rich and SO4-poor brackish groundwater types at 200300 m depth. At deeper SO4-poor water becomes methane rich.
Site specific model and good understanding of the hydrogeochemical evolution of the
site are needed to evaluate the conditions and safety of disposal (Andersson et al. 2007).
The past hydrogeochemical evolution model of Olkiluoto is based on chemical and
isotopic data on water samples and minerals, and geochemical modelling, in conjunction
with knowledge of the geology and hydrogeology of the site (Pitkänen et al. 2004).
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Figure 18. Illustrated hydrogeochemical site conceptual model of baseline groundwater
conditions (redrawn after Pitkänen et al. 2004) with the main water-rock interactions
processes at Olkiluoto. Rounded rectangles contain the main sources and sinks affecting
pH and redox conditions. Blue arrows represent flow directions (Pastina and Hellä,
2006).
3.2.1

Redox and pH conditions

At Olkiluoto site, a range of redox processes maintain reducing conditions at most
depths, if the very narrow, oxic surface layer is excluded (Andersson et al. 2007,
Pitkänen et al. 2004). Differences in redox states cause disequilibrium leading to
reaction. Thus most of the redox reactions take place in both metastable interfaces. At
the upper interface, oxic waters from the surface infiltrate the anoxic organic-rich layer.
Respiration of organic matter releases carbon dioxide in groundwater (carbonic acid)
that activates weathering processes, e.g. calcite and silicate dissolution. The lower
interface lies between the sulphidic and methanic redox domains. In places, the mixing
of marine-derived, SO4 - rich groundwater with methane produces exceptionally high
levels of dissolved sulphide and carbonate. These reactions are microbially-mediated
and their dissolved products eventually precipitate as pyrite (FeS2) and calcite (CaCO3).
Among all redox processes, two processes have greater importance at the Olkiluoto site
(Pitkänen et al. 2004). One is the anaerobic reduction of SO4 with oxidation of organic
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carbon (produces H2S) in fresh and brackish groundwaters above 400 to 500 m below
ground and the other is the methanogenesis at greater depths (Figure 18). The
microbially induced methanogenesis occurs in saline groundwater and occasionally in
brackish groundwater.
The measurement of Eh in natural waters is known to be technically difficult (Pitkänen
et al. 2004). Measurements are normally made with Pt-electrodes, which unfortunately
respond satisfactorily to a very few redox pairs important in natural waters. Technical
problems were also encountered in the redox measurements of the groundwater samples
of Olkiluoto. Reliable on-site redox measurements could not be obtained for all
sampling sections, but rough feature of Eh (Pt) shows the average Eh to decrease when
pH increases with increasing depth. Some of the Eh results were very high and did not
correspond, for example to the generally observed dissolved sulphide levels in
groundwater samples.
Studies of redox sensitive species, isotopes and microbes mediating electron transfer in
groundwaters at Olkiluoto are important (Pitkänen et al. 2004). After getting a general
idea of the prevailing processes, Eh as a quantity can be calculated from the activities of
a redox pair. The results have shown that SO42-/HS- and CO2/CH4 seem to be the
prevailing redox pairs at Olkiluoto. Equilibrium calculations indicate that sulphidic
redox conditions dominate in the SO4-rich groundwater and Eh values are between
-200 mV and -250 mV down to -300 m (Pitkänen et al. 2004, Pastina and Hellä, 2006).
Below -300 m, methanic conditions dominate and the redox potential is close to -300
mV. Thus groundwater becomes more reducing as depth increases. Figure 19 shows
redox sensitive species and Berner’s classification as a function of depth in
groundwaters of Olkiluoto.

Figure 19. Sequence of redox sensitive species and phases and Berner’s (1981)
classification of redox environments with depth at Olkiluoto. Concentration axis is
dimensionless and shows only relative changes of a single species or a phase. Water
types and characteristic redox species in groundwater are on the right (Pitkänen et al.
2004).
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The pH shows an increasing trend as a function of depth (Pitkänen et al. 2004). The pH
values range between 5.2 and 8.8, and are more acidic near the surface due to the
influence of atmospheric and biogenic CO2. Calcite, which is one of the most common
fracture minerals, has shown its importance in buffering and controlling the pH in
groundwater at Olkiluoto (Pitkänen et al. 2004). If calcite equilibria are taken into
account in thermodynamic calculations, the pH is suggested to vary from 7.5 in HCO3and SO4-rich groundwaters, increasing to 8 in the lower part of brackish waters, before
decreasing again to 7.5 in saline groundwater. Calculated values have been slightly
smaller than measured values from groundwater samples. Significant changes in redox
system may affect pH and the pH buffering capacity of groundwater (Pitkänen et al.
2004). For example, the content of dissolved inorganic carbon (DIC) depends partly on
the prevailing redox conditions and may significantly affect the reliability of pH
measurements.
3.2.2

Groundwater composition

Dissolved gases

The amount of total dissolved gasses in the bedrock of Olkiluoto is high compared with
measurement results obtained at the other sites in Finland (Pitkänen et al. 2004,
Pitkänen & Partamies, 2007). Altogether 14 different gas species have been measured at
Olkiluoto groundwaters. Nitrogen dominates the gas content at the lower depths and
CH4 below the depth of 300 m (Appendix 1).
Oxygen and carbon dioxide in groundwater are derived from the atmosphere (Pitkänen
et al. 2004, Andersson et al. 2007). Most of the dissolved O2 in groundwater is usually
consumed in reactions in the overburden and therefore appears only in the near surface
groundwaters. Most of oxygen is consumed by aerobic oxidation of organic carbon
producing CO2 (Andersson et al. 2007). The rest of oxygen is probably used by the near
surface weathering processes, in which mineral sulphides and ferrous iron in silicates
are oxidized.
Of the atmospheric gases, N2 and helium have relatively coherent increasing trends with
depth (Appendix 1) (Pitkänen et al. 2004). Crustal degassing is considered to be the
origin for N2 in the bedrock. For helium, radioactive decay is also a possible origin
alongside with crustal degassing.
Chemically-active gases, such as O2, H2S, CO2, CH4, H2 are fundamental species of
redox couples, controlling and buffering redox conditions sequentially with depth
(Andersson et al. 2007). Considering the safety of disposal, O2 and H2S are the most
significant, because they have the ability to increase copper corrosion. Methane can also
function as an energy source for bacterial reactions producing H2S from SO4.
Methane contents vary considerably by about three orders of magnitude around -300 m
(see Appendix 1) (Andersson et al. 2007). There is variation between different
groundwater types and redox conditions. The instability of bacterial redox reactions
between CH4 and SO4 causes partly the variation. Methane in groundwater can be
produced by abiogenic or biogenic reactions (Pitkänen et al. 2004, Pitkänen &
Partamies, 2007). Microbially induced methanogenesis may be important in saline
groundwater and occasionally in brackish groundwater, below the SO4-rich water. The
contents of higher hydrocarbons show a similar trend as CH4 (see Appendix 1).
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The hydrogen is probably a crustal degassing product and its content shows an
increasing trend with depth (Appendix 1)(Pitkänen et al. 2004). Hydrogen as well as
CO2 may also be produced during methane polymerisation.
The measured S2-(tot) contents (S2-(tot) = S2- + HS- + H2S + polysulphides) show a
relatively wide range in the Olkiluoto groundwaters (Pitkänen et al. 2004). Small
amounts of dissolved sulphide are already observed at shallow depths in the fresh
groundwaters indicating anoxic conditions. Sulphide is enriched in the mixing zone of
SO4 - rich and poor brackish groundwaters, where bacteria may couple the oxidation of
CH4 to sulphate reduction (Figure 18, p. 34). Some groundwater samples at Olkiluoto
show anomalous high sulphide concentrations (12.4 mg/l). Normally the concentrations
are restricted by dissolved or solid ferric iron species. However, the poorly reactive
silicate iron phases limit the precipitation of iron sulphides at certain conditions.
Sulphidic conditions probably dominate down to 450 m. In the middle of the SO4 - rich
zone, the sulphide concentration also decreases because of the precipitation with
dissolved Fe2+.
Salinity

The amount of the total dissolved solids (TDS) increases as a function of depth.
Groundwaters in the overburden are fresh (TDS < 1 000 mg/l), whereas groundwaters
deeper in the bedrock are brackish (1 000 mg/l < TDS < 10 000 mg/l) and saline (TDS >
10 000 mg/l). The salinity increases strongly below -400 m, suggesting the effects of
deep, highly saline groundwater. (Pitkänen et al. 2004) The maximum salinity, 83 g/l
(TDS), has been calculated for the samples from around 800 m below the surface
(Pitkänen et al. 2004, Pastina and Hellä, 2006). Higher salinities are locally possible at
greater depths at Olkiluoto. At the repository level (-420 m), the TDS is about 10-20 g/l.
Main anions

Chloride is the most abundant anion in groundwater at Olkiluoto (Pitkänen et al. 2004).
The concentration of Cl- shows a strong increase as a function of depth and the
maximum value of 45 200 mg/l has been observed from the depth of 860 m. It is more
than double the current concentration in ocean water and apparently represents a deep
brine of hydrothermal origin. Chloride can be used for the interpretation of
hydrogeochemistry, because of its conservative nature as an ion. Pitkänen et al. (1999)
have verified the chloride dissolution to be irreversible also in the groundwater system
at Olkiluoto. Other variables of the groundwater can so be respectively compared to Clas well as to the depth.
The sulphate concentration shows an initial enrichment as Cl- increases (Andersson et
al. 2007). The strongest increase is observed in deep bedrock and the concentration
exceeds seawater dilution in HCO3- groundwaters. This indicates an additional source of
SO42- other than seawater (Pitkänen et al. 2004), like products from the oxidation of
mineral sulphides. Sulphate - rich brackish water forms the groundwater body between
100 and 300 m depth (Pitkänen et al. 2004). In deeper, the microbially catalyzed
sulphate - reduction and mixing with the sulphate -poor groundwater leads to the
remarkable decrease of sulphate concentration. Deep saline groundwater with methanic
redox conditions has negligible contents of SO42-.
The total alkalinity (mainly consisting of HCO3- and CO32-) first increases in shallow
depths probably due to the atmospheric and biogenic CO2 in fresh groundwater and, in
shallow, dilute or in brackish HCO3-type bedrock groundwaters (Pitkänen et al. 2004).
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In deeper groundwaters, alkalinity decreases as a function of an increasing Clconcentration and finally reaches the analytical detection limit. Calcite dissolution has
also an evident effect on alkalinity. (Other than carbon compounds, like silicates, may
influence alkalinity to minor extent.)
Main cations

Sodium concentration has a positive correlation as a function of increasing Cl-, which is
a possible sign of a common hydrogeochemical source for these ions (Pitkänen et al.
2004). The considerable depletion of Na+ compared to the seawater dilution line has
been observed in deep saline waters.
Calcium increases also as a function of Cl- and has highly enriched values when
compared with the seawater dilution line (Pitkänen et al. 2004). This suggests a partial
rock origin, the dissolution of calcium from facture calcite or plagioclase. The behaviour
of strontium resembles the behaviour of Ca+. The Sr2+ concentration is highly enriched
relative to the seawater and increases as a function of Cl-.
Due to the mineral weathering during filtration, magnesium is slightly enriched in fresh
shallow groundwaters when compared to the seawater dilution level (Pitkänen et al.
2004). In comparison to seawater dilution level, the concentration of Mg2+ first slightly
decreases and then is highly depleted in brackish groundwaters before increasing again
in deep saline groundwaters. The magnesium content is enriched in the SO4 –rich zone
at the depths of approximately 100-300 m.
Potassium resembles Mg2+ in its behaviour (Pitkänen et al. 2004). It is enriched relative
to seawater dilution in the fresh groundwaters suggesting weathering as a source
process. The concentration of potassium shows a moderate increasing trend in the saline
groundwater. However, a notable variation of K+ content has been observed in the most
saline samples. The increase of both K+ and Mg2+ in saline waters may originate from
ancient brine seawaters.
The dissolved SiO2 decreases as a function of increasing Cl- (Pitkänen et al. 2004). The
maximum value is reached in shallow waters suggesting the dissolution of silicates to
happen in more acidic and oxic environments near the surface.
Other minor cations, such as iron in the groundwaters at Olkiluoto is discussed in
section 4.4.
Uranium

The highest contents of total U have been discovered in groundwaters in granitic
surroundings, although they rarely exceed 20 g/l (Langmuir, 1997). This is the
situation also at Olkiluoto site as can be seen in Figure 19.
Uranium is much more soluble in the near-surface oxidizing groundwater zone, having
there the oxidation state U(VI) (Pitkänen et al. 2004). The highest U (> 5 ppb  5 g/kg)
concentrations have been observed from groundwater of near-surface zone also at
Olkiluoto site. Compared to sea water of Baltic Sea, in which uranium concentration
fluctuates from 0.15 g/kg to 1.0 g/kg, (Löfvendahl, 1986) the U content of Olkiluoto
groundwater is locally enriched (Figure 18). High levels suggest U dissolution from the
uranium rich rocks (granites and pegmatites) in dilute or brackish HCO3 – type
groundwaters (Pitkänen et al. 2004). The concentration of Utot decreases with increasing
depth in brackish and saline waters. This trend can be considered as indirect indicator of
prevailing reducing conditions in deep groundwaters at Olkiluoto
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Figure 20. Depth distribution of Utot in the Olkiluoto groundwaters (Pitkänen et al.
2004).
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Microbes

As discussed earlier (Chap. 2.4), sulphate - and iron reducing bacteria have been
observed to affect the reduction of uranium. At Olkiluoto site, microbial populations
have been sampled by Haveman et al. (1998, 2000) and Pedersen (2006). Six
physiological groups were determined. These were iron (IRB) and sulphur (SRB)
reducing bacteria, heterotrophic and autotrophic acetogens and methanogens. The
heterotrophic bacteria use organic carbon sources to produce acetate and methane,
whereas their corresponding autotrophies use inorganic carbon sources, such as
carbonate with hydrogen. The most abundant species of Olkiluoto groundwaters were
shown to be sulphate reducing bacteria, which associated particularly with groundwaters
at a depth range of about 250 - 330 m. The populations of potential reducers, SRB and
IRB, were observed to be strong in the transition zone between the SO4 - rich and SO4 poor groundwaters (Pitkänen et al. 2004). Table 2 sums up the vertical variation of the
main parameters at Olkiluoto site.
Synthetic groundwaters simulating the compositions of the natural groundwaters are
used in chemical experiments. Example compositions of such synthetic waters are given
in Appendix 2.

Table 2. Vertical variation of the main hydrochemical parameters and microbes at
Olkiluoto shown against indicative depth ranges modified from Pitkänen et al. 2004,
2007. Microbe populations according to observations by Haveman (1998, 2000) and
Pedersen (2006). MOB, MRB, IRB, SRB are methane oxidation bacteria, and
manganese, iron and sulphate reducing bacteria, respectively.
Depth
(m)

Used
classification

Redox conditions

Cl (mg/l)

pH

Alkalinity

Microbes

0

Fresh HCO3

Post-oxic

<10

5.5

< 0.5

MOB, IRB MRB

Sulphidic

10

7

3

Acetogens, SRB

10
150

Brackish HCO3

2000

7.8

4

200

Brackish SO4

4500

7.5

1

SRB, IRB

2700

8.2

0.4

SRB, IRB,
Acetogens

8000

8

0.2

Methanogens

14000

7.8

50000

7.5

<0.1

Methanogens,
Acetogens

Brackish Cl
450
600
1 000

Saline

Methanic
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4

IRON SOURCES IN THE NEAR – FIELD

Herein, the concept of near-field consists of the deposition hole with the canister and
bentonite buffer including the mineral surface of the bedrock surrounding the deposition
hole.

4.1 Metal iron and corrosion products of the canister
The insert of the copper-iron canister consists of ductile cast iron (Raiko 2005, Vuorinen
et al. 1998). The corrosion of metallic iron is thermodynamically possible in oxygenfree groundwater. The corrosion products are different ferric and or ferrous iron oxides,
Fe2+(aq) and hydrogen gas.
According to the current plans the canister will be flushed with argon gas while loading
(Pastina and Hellä, 2006). After sealing, the atmosphere in canister is assumed to
contain maximally 10 % air and the rest of it is argon. The heat generated by spent fuel
will vaporize the residual water (max. 600 g). Oxygen and H2O will be consumed in
reactions with the iron insert. The corrosion reaction with iron can be written as
Fe + x H2O  FeOx + x H2,

(25)

in which x may vary from 1 (wüstite) to 4/3 (magnetite). Progressive corrosion of a
canister is hindered since it remains intact (Pastina and Hellä, 2006, Werme 2006). An
initially defective canister or the failure of a canister enables the intrusion of water to
the canister and progressive corrosion. The intruding water is expected to be oxygenfree leading hence to anaerobic corrosion and to the generation of hydrogen gas. The
corrosion product is principally assumed to be magnetite (Fe3O4). Magnetite is expected
to form as a thin adherent layer on the iron insert. As the surface film of magnetite
develops, the corrosion rate will decrease. If the availability of water is restricted by a
sufficiently small inflow rate, it will limit the corrosion. Alternatively, the resistance of
the inner magnetite layer to ion transport will limit the corrosion rate, when the water
inflow is larger.
Some research results (Grambow et al. 1996, Wang et al. 2001, Cui and Spahiu, 2002,
Lee et al. 2006) have suggested green rusts to be the main product of anoxic corrosion
of iron/steel materials in certain aqueous conditions. Lee et al. (2006) have investigated
the anoxic corrosion of steel in solutions containing various concentrations (0.1 –
4.0 M) of Na2CO3/Na2HCO3, Na2SO4 and NaCl to simulate an anticipated change in
environment from carbonate-dominated to chloride-dominated groundwater
composition over time. In mixed-anion solutions at lower CO32-/HCO3- concentrations,
green rust covered the surface of the corroding carbon steel. Cui and Spahiu (2002) used
more dilute synthetic groundwater (0.01 M NaCl and 0.02 M HCO3-) in their anoxic
corrosion experiments. The corrosion product, formed on iron surface after three months
corrosion, was identified by powder X-ray diffraction to be carbonate green rust,
Fe4IIFe2III(OH)12CO3.
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Anoxic corrosion studies have also been performed in brines, one in MgCl2-brine
(4.3 M) by Grambow et al. (1996) and the other in the representatives of waste isolation
pilot plant (WIPP) brines by Wang et al. (2001). The main component of both WIPP
brines was NaCl (4 M and 5.3 M) containing minor amounts of other chlorides,
sulphates and bromides, as well as boric acid. In these experiments green rusts were
discovered to be the predominant corrosion product of iron.
Magnetite, Fe3O4, or other iron oxides were also identified to a lesser extent in some of
the green rust experiments (Grambow et al. 1996, Lee et al. 2006). In concentrated
carbonate solutions (Lee at al., 2006), the rapid formation of siderite, FeCO3·H2O, was
observed. Siderite is the third possible option among magnetite and green rusts to be the
product of anoxic corrosion. Generally, different types of green rusts are formed in
oxygen-deficient conditions when water and anions such as Cl-, CO32- and SO42incorporate into the empty interlayers of Fe(II) hydroxide sheets. Incorporation leads to
partial oxidation of the Fe(II) ions from oxidation state 2+ to 3+ (Wang et al. 2001). The
following transformation reactions (26), (27) and (28) give examples, in which Cl-,
CO32-, and SO42- anions are incorporated into the Fe(II) hydroxide (Roh et al. 2000).
4 Fe(OH)2(s) + Cl- Æ Fe3IIFeIII(OH)8Cl +e-

(26)

6 Fe(OH)2(s) + CO32- + 2 H2O Æ [Fe4IIFe2III(OH)12][CO3]·H2O + 2 e-

(27)

6 Fe(OH)2(s) + SO42- + 2 H2O Æ [Fe4IIFe2III(OH)12][SO4]·H2O + 2 e-

(28)

Other versions are also possible depending on the ions available in solution. Based on
the XRD analysis, the main corrosion product of steel in MgCl2-brine is suggested to be
Cl-and Mg-containing hydrous ferrous oxides (Fe, Mg)(OH)2/Fe(OH)3Cl (Grambow et
al. 1996).
If water would intrude into the canister, the galvanic interaction would be possible
between the outer copper canister and the inner cast iron at points, where these two
metals contact each other (Smart et al. 2005). The galvanic corrosion seems to have a
significant influence on the corrosion rate only in oxygen-containing waters. In oxygenfree and reducing waters, the measured corrosion rates have been in the same range as
those measured for cast iron without galvanic coupling to copper (Pastina and Hellä,
2006, Werme 2006, Smart et al. 2005).
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4.2

Iron minerals of bentonite

The major component of bentonite is montmorillonite (Pastina and Hellä, 2006).
Montmorillonite has a 2:1 layer structure consisting of one octahedrally coordinated
sheet between two tetrahedrally coordinated sheets (Figure 21). The cations of the
octahedral sheet are usually Al3+, Mg2+, Fe3+ and Fe2+ (Carlson, 2004). Thus the
montorillonite clay has minor amounts of Fe2+. The structural formula for purified
montmorillonite (MX-80 bentonite) can be given as (Neaman et al. 2003):
(Si3.98Al0.02)(Al1.55, Fe3+0.09Fe2+0.08Mg0.20)O10(OH)2 x Na0.18Ca0.10
Depending on the bentonite type, different iron minerals have been discovered in the
coarse fraction of bentonite, e.g. amphiboles, mica, pyrite, hematite, goethite, siderite
and chlorite (Pastina and Hellä, 2006). Of these minerals, pyrite (FeS2) and siderite
(FeCO3) contain, and micas and amphiboles may contain ferrous iron. (Carlson, 2004)
Table 3 shows the composition of two different bentonites of natural origin from
Wyoming, United States, (MX-80) and from Milos, Greece (Deponit CA-N).

Figure 21. The optional structure of tetrahedral and octahedral layers of
montmorillonite mineral according to Hofmann, Endell and Wilm (1933), (Pusch 2002,
Pastina and Hellä 2006).
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While analysing the total chemical composition of various bentonite types, Fe2+ and
Fe3+ and the Fe2O3 could not be differentiated (Carlson, 2004). The total iron content
among different bentonites ranges from 3.8 to 13.2 %. The differences are mostly due to
the higher proportion of iron oxide or oxyhydroxide minerals hematite and goethite, but
for example Milos bentonite contains a remarkable amount of pyrite, FeS2 (0.5 %).
Table 3. The composition of bentonites in weight % (SKB 2006).
COMPONENT

Wyoming sodium
bentonite (wt.%)

Milos calcium
bentonite (wt.%)

Uncertainty

Calcite + Siderite

0

10

1

Quartz

3

1

0.5

Cristobalite

2

1

0.5

Pyrite

0.07

0.5

0.05

Mica

4

0

1

0.7

1.8 (anhydrite)

0.2

Albite

3

0

1

Dolomite

0

3

1

87

81

3

Na-

72%

24%

5

Ca-

18%

46%

5

Mg-

8%

29%

5

K-

2%

2%

1

0

2

1

0.2

0.2

-

75

70

2

Gypsum

Montmorillonite

Anorthoclase
Organic carbon
*

CEC (meq/100 g)
* Cation exchange capacity

(r wt.%)
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4.3

Iron minerals of bedrock

Iron is the sixth most common element in the average granitic crust of the earth,
covering 1.4 % of the weight of the earth (Vuorinen et al. 1998). Iron minerals in
igneous and metamorphic rocks are the primary sources of iron in bedrock (Langmuir
1997). Generally, in anaerobic conditions, with decreasing Eh, the iron occurs as Fe(III)
oxyhydroxides, the carbonate siderite and the ferrous sulphides.
The rocks at Olkiluoto can be divided into two major groups, high-grade metamorphic
rocks and igneous rocks (Andersson et al. 2007). The division is based on the texture,
migmatite structure and major mineral composition. The minerals in Olkiluoto bedrock
that contain iron in their structure are (Kärki and Paulamäki 2006):
biotite (K(Mg,Fe2+)3(Al,Fe3+)Si3O10(OH,F)2),
hornblende (Ca,Na)2-3(Mg,Fe,Al)5(Al,Si)8O22(OH,F)2,
pyroxene group (XY(Si,Al)2O6, X = Ca,Na,Fe2+, Y = Cr,Al,Fe3+,Mg,Mn,Sc,Ti,V,Fe2+),
chlorite (Fe,Mg,Al)6(Si,AL)4O10(OH)8,
cordierite (Mg2Al4Si5O18),
garnet group(X3Y4(SiO4)3, X = Ca2+,Mg2+,Fe2+, Y = Al3+,Fe3+,Cr3+), and
epidote (Ca2(Al,Fe)3(SiO4)3(OH).
The most abundant iron mineral seems to be biotite. Some members contain also
remarkable amounts of hornblende or chlorite
The average amount of total iron, determined as Fe2O3, ranges from 1.43 to 10.4 wt %
in the main rock types of Olkiluoto (Pitkänen et al. 2001). The two highest average
compositions of iron (8.15 and 10.4 wt %) occur in mica gneisses and in amphibolite
gneisses, respectively.
Mica and veined gneisses contain ubiquitously calcite, sulphides and clay minerals as
fracture minerals (Pitkänen et al. 2004). Iron sulphides have been found in all drill cores
and at all depths at Olkiluoto site, mainly as coatings on calcite grains. The sulphides
occur commonly as small deposits of granural pyrite (FeS2). The thickness of formed
pyrite coatings varies from barely observable to 1mm. It has been estimated that on the
average about 7 % of the surface area of the fractures is covered with a 0.2 mm thick
pyrite layer in the upper 500 m of the bedrock. The other sulphide, pyrrhotite (Fe1-xS, x
= 0-0.2), has been found to associate with graphite. The corresponding estimation for
pyrrhotite states that 0.2 % of the surface area of the fractures is covered with 0.4 mm
thick pyrrhotite layer in the upper 500 m of the bedrock.
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4.4

Aqueous Fe 2+

The corroding iron will affect the water chemistry in the void inside the canister under
disposal conditions (Werme 2006). Small concentrations of dissolved ferrous iron will
be produced. The solubility of iron is dependent on the redox conditions inside the
canister. The calculations performed with the hydrogeochemical equilibrium code,
EQ3/6 (Wolery, 1992), show that the solubility of dissolved iron can scarcely be higher
than 10-7 mol/l. In the groundwaters of Olkiluoto, the dissolved iron is mainly in the
form of Fe2+ at the intended depth of disposal (420 m).
Iron occurs naturally in the surrounding groundwater. Under reducing conditions iron is
mainly mobilized from iron minerals as dissolved Fe(II) (Langmuir, 1997). It exists
usually as uncomplexed Fe2+ ion at pH - values below 7 to 8. At Olkiluoto, ferrous iron
has two concentration peaks with depth (Pitkänen et al. 2004). The amount of dissolved
Fe2+ is low between 250-450 m depth. The concentration of Fe2+ is probably limited by
the solubility of iron sulphides, which are poorly soluble in near-neutral pH conditions.
Ferrous iron and dissolved sulphide show also an inverse distribution in abundance with
depth (Figure 19, p. 35). Ferrous iron concentrations increase in brackish HCO3- and
SO4-rich groundwaters and in deep, S-poor, saline groundwaters. The measured Fe2+
concentrations in Olkiluoto groundwaters are illustrated in Figure 22.

Figure 22. Depth distribution of Fe2+ in different groundwater types at Olkiluoto
(Pitkänen et al. 2004).
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5

EXPERIMENTAL STUDIES ON THE URANIUM REDUCTION BY IRON

The experimental studies of reduction of uranium in anoxic conditions have many
challenges. First of all, to maintain the anoxic conditions in reaction vessels one has to
exclude the oxidation by atmospheric oxygen. The oxidation should also be avoided
during the sample preparation and transport to analysis.
Although, the removal of uranium from solution by solids can by estimated by solution
analysis, different surface analytical techniques are essential to make a difference
between sorption, coprecipitation and reduction processes (Grambow et al. 1996). For
example, spectroscopic techniques are vital to give unequivocal evidences of the
occurrence of these processes. (Wersin et al. 1994)
Metallic iron and its corrosion products inside the canister are the most essential iron
sources, when the reduction of uranium is concidered in disposal conditions of spent
nuclear fuel. One disposal canister contains an amount of excess of iron to reduce
uranium (see Chap. 3.1). In here, the other minor iron sources in the near-field are
discussed, because they are also potential reductants for uranium. Regardless, in all
probability, the U(VI), that is potentially released from spent fuel, reacts first with
metallic iron or its corrosion products.

5.1 Metallic iron
Metallic iron (Fe0) as a possible reductant of U(VI) has been mainly investigated in the
context of removal of soluble uranium in contaminated groundwaters by reactive iron
barriers. Generally, the permeable iron barriers permit groundwater to pass through
while selectively degrading chlorinated hydrocarbons and precipitating reducible metals
such as uranium. Some reduction studies of uranium are directly related to geological
disposal of the nuclear waste. In both cases, phenomena taking place under anoxic
groundwater conditions are very similar.
The thermodynamics of U(VI) reduction by zero valent iron (Fe0) was discussed in
Chapter 2.3. The reduction reaction was considered to be thermodynamically favourable
under groundwater conditions (p. 23)
Cantrell et al. (1995) performed a study of the reductive precipitation of uranium by
zero valent iron. They conducted kinetic batch experiments to determine the capability
of Fe0 to remove UO22+, MoO42-, TcO4- or CrO42- from groundwater. In the U
experiments, a salt of uranyl was added to uncontaminated groundwater, which was
dominated by Ca, Na and bicarbonate. The initial concentration of U was either 1.9 or
37 M in the test solutions, containing 1 g of metallic iron particles in both cases. A
sufficient volume of the solution was put in the test tubes (50 ml) to eliminate the
volume of head space. The test solutions were not deaerated. The pH value 8.4 was
measured at the end of the batch experiments.
After 2 hours’ reaction time, the concentration of U had decreased from approximately
from 37 to 0.17 M and from 1.9 to 0.008 M in the test solutions. The mechanism of
UO22+ removal was not readily apparent. According to Cantrell et al. (1995), three
removal mechanisms were conceivable. First, the reduction of uranyl by Fe0 may have
caused a formation of sparingly soluble amorphic uranium dioxide, UO2 · xH2O(am).
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Secondly, the adsorption of UO22+ onto newly precipitated iron oxides may have
occurred under the conditions of the experiments. Third, it was possible that these two
mechanisms occurred concurrently. Thermodynamic equilibrium calculations indicated
that the rate of removal of the metals (Cr, Tc, U, Mo) from solutions was proportional to
the difference in pe values between the redox half reaction for the metal of interest and
the Fe0/Fe2+ couple. The rate of removal increased, as the value of pe increased (Cr >
Tc > U > Mo). Thus, the removal mechanism was assumed to be the reductive
precipitation.
Later on, the experimental conditions of tests have been improved by many researchers.
Anoxic conditions have been provided using the purging of test solutions with N2 or Ar,
or working in glove box (or bag) filled/flushed with inert gas (see Table 4 p.59). Surface
analysis techniques (e.g. SEM, XPS, EDX, RIXS) have provided more specific
information about the compounds formed on reactive iron surface. Even the oxidation
state of uranium has been determined with some analysis techniques (XPS, fluorescence
spectroscopy, anion exchange chromatography with ICP-MS). Some have used the
leaching of uranium with Na2CO3 (Gu et al. 1998) from reactive iron surface after
reduction experiment to evaluate the amount of sparingly soluble reduced uranium. The
assumption is that the U(VI) species can be leached with carbonate solution, whereas
reduced U(IV) species remain on the iron surface.
Fiedor et al. (1998) investigated the removal mechanism of soluble uranium from
groundwater by Fe0. The experiments were performed either in anaerobic or in aerobic
conditions. X-ray photoelectron spectroscopy (XPS) was used to determine the
oxidation state of uranium at the surface of Fe0 or iron oxide. Pre-cleaned iron coupon
was placed into 300 ml of surrogate solution placed into 1 l three-neck flask that was
equipped with calibrated electrodes to monitor O2, pH and Eh values in the solution. The
surrogate water (6.02 mg/l Mg, 23.8 mg/l SO4, 50 mg/l Ca, 19.8 mg/l Cl, 12.3 mg/l Na,
7.2 Mg/l K and pH ~ 6.0) was spiked with 0.025-0.034 mM 233U. The aerobic and
anaerobic experiments were purged with O2 and 80% N2 / 20% CO2, respectively. The
purging gases were first bubbled through H2O to maintain ~100 % relative humidity.
The anaerobic experiment was performed within a radiological glove box purged with
N2. After 100 h reaction time, the iron coupon was removed, rinsed with deionized
water (purged of CO2) to remove loosely bound soluble uranium, and placed into a
sealable airtight sample holder to transport to the X-ray photoelectron spectrometer.
Before the XPS measurements of the iron coupons reacted in surrogate solution, a series
of stable U standards (e.g., UO2(NO3)2 · 6 H2O, UO3 and UO2) was measured to obtain
the reference peak positions and peak shapes for the U(IV) and U(VI) oxidation states.
The U 4f XPS spectra of the standard materials and reacted iron coupons are shown in
Figures 23 and 24, respectively. The binding energy of U 4f7/2 peak for U(VI) standard
had a difference of ~1.6 eV to the corresponding binding energy peak of U(IV) standard.
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Figure 23. Overlay of the U 4f binding energy region for three uranium standards. The
top spectrum overlays the U(VI) standards, UO2(NO3)2 · 6 H2O () and UO3 (·). The
bottom spectrum shows the U(IV) standard, UO2 (Fiedor et al. 1998).
Figure 24 C shows the U 4f spectrum for the iron coupon exposed to the surrogate
solution under anaerobic conditions. The 4f7/2 peak position for this sample strongly
correlates with the presence of a U(IV) surface species. However, the curve fitting
results indicated that ~75 % of uranium absorbed on the surface was in the oxidation
state of U4+, while the rest ~25 % was in the U(VI) state. These results were consistent
with the thermodynamic predictions based on the measured Eh and pH values
(-35 mV/6.0). These results were consistent with the thermodynamic predictions based
on the measured Eh (vs. SHE) and pH values (-35 mV/6.0).
The anaerobically reacted iron coupon was removed from the spectrophotometer and
exposed to air for 2.7 h and then re-examined by XPS (Figure 24D) to determine the
rate of reoxidation (Fiedor et al. 1998). The reoxidation rate gives information about the
crystal nature of UO2 species. The moist amorphous phases have been observed to
oxidize quickly in air, whereas the crystalline UO2 hydrate is stable in air for several
days at room temperature (Katz and Rabinowitz, 1951). Partial (~25 %) reoxidation of
U(IV) to U(VI) was observed after short exposure to low humidity air, but no further
reoxidation occurred after 16 h of additional exposure to air.
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Figure 24. U 4f XPS spectra of aerobic and anaerobic samples (A) U sorbed onto Fe3+
corrosion products formed during aerobic solution conditions. (B) U on iron coupon
exposed to the surrogate solution under aerobic conditions. (C) U on iron coupon
exposed to the surrogate solution under anaerobic conditions. (D) U on iron coupon
exposed to lab air (~32% relative humidity) for 2.7 h (Fiedor et al. 1998).
Figure 25 illustrates the relative kinetics for the removal of soluble uranium under the
limiting solution conditions of aerobic and anaerobic conditions. The anaerobic test had
notably slower kinetics for the removal than the aerobic test. The iron oxide (magnetite
and hematite) coated coupon exposed to soluble uranium in anaerobic conditions ()
eliminated the lag phase (~30 h) of removal, which was observed in the case of iron
coupon without oxide phase (). This indicated that the reduction of U(VI) was a
surface mediated effect. The lag period seen in the anaerobic experiment was probably
caused by the formation of sorptive sites. These sites could correlate with the growth of
a thin highly porous layer of iron oxide due to anaerobic corrosion. However, when the
iron coupon reacted in anaerobic conditions passed trough the lag phase, the kinetics for
reduction of U(VI) to U(IV) was similar with the kinetics observed for the oxide coated
coupon. The thin layer of iron oxide did not hinder the partial reduction of U(VI)
species to U(IV).
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Figure 25. Relative kinetics for removal of soluble uranium under the limits of aerobic
and anaerobic conditions: () iron coupon exposed to aerobic conditions, () iron
coupon exposed to anaerobic conditions () iron oxide coated iron coupon exposed to
anaerobic conditions (Fiedor et al. 1998).
Fiedor et al. (1998) concluded, that in their experiments U(VI) was rapidly and strongly
sorbed to hydrous ferric oxide particulates under aerobic conditions, whereas U(VI) was
slowly and incompletely reduced to U(IV) under anaerobic conditions. They assumed
the cementation reaction (UO22+ + Fe0  UO2 + Fe2+) to be the mechanistic pathway by
which the soluble U(VI) was removed from solution in anaerobic conditions. In anoxic
conditions, the pH values may be considerably higher than pH 6 due to the production
of hydroxyl ions from the relatively slow anaerobic corrosion of iron. This is
detrimental to the reduction mechanism because higher pH values (> 8) tend to
disfavour the reduction of U6+ and instead favour the sorption to negatively charged
surface sites.
Farrell et al. (1999) investigated the removal of soluble uranium by zero valent iron.
The main topics of the research were the effects of water chemistry and precipitate build
up on Fe0. In the reduction experiments, a single iron coupon was placed in 450 ml of
test solution, which was either deionized water, 0.4 M NaCl, 0.4 M NaNO3 or one of the
two groundwater samples from the Bear Creek Valley watershed (Oak Ridge,
Tennessee, USA). The solutions were spiked with 50 ml of 3.9 mM uranyl nitrate stock
solution. All solutions were deoxygenated before the experiments. During the
experiment, the anaerobic conditions were maintained by purging the solutions with
nitrogen gas at 20 ml/min. More details of the experimental conditions are given in
Table 4 (p. 59). The analyses for uranium concentrations from filtered and unfiltered
solution samples were performed by gamma counting.
The removal of uranium by iron coupons displayed significantly different kinetics in
two groundwater samples (Farrell et al. 1999). In the first, the removal of uranium was
associated with the formation of a yellow coloured precipitate. The XPS analysis of the
precipitate indicated that it contained uranium in the 6+ valence state and high
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concentrations of calcium. The solution was modelled with MINTEQA2 (1991) and the
results indicated, that the solution was supersaturated with respect to barite (BaSO4),
fluorite (CaF2) and ruthefordine (UO2CO3) at pH values higher than 5.5. The other
groundwater solution showed a rapid initial drop of uranium concentration in the first
hours of the experiment. The modelling (MINTEQA2) suggested that the drop in
solution concentration resulted from the precipitation of schoepite. Comparison between
filtered and unfiltered samples indicated that 21% of total uranium was associated with
suspended particulates after 11 days. When 27 days were elapsed, the difference
between filtered and unfiltered samples was only 1.3 %, indicating the removed uranium
was associated with the iron coupon.
In the simulant waters (NaCl, NaNO3 and deionized water), the removal rate of uranium
was fastest during the first 24 hours of the experiment (Farrell et al. 1999). The first day
rate constants indicated similar rates of uranium removal from all three solutions.
However, the average rate constants during days 2 through 30 indicated a difference
more than factor 10 in uranium removal rates between the NaCl and NaNO3 solutions.
Compared to deionized water, the nitrate solution decreased and the chloride solution
increased the removal rate of uranium as shown in Figure 26.
The effect of chloride and nitrate on the reactivity of iron in anaerobic solutions was
investigated by measuring the open circuit potential of an iron wire electrode placed in
solutions of varying chloride and nitrate concentrations (Farrell et al. 1999). The
measurements indicated that nitrate was acting as an oxidant, increasing the open circuit
potential. Thus, it may inhibit or compete with the reduction of U(VI), and may enhance
the passivation of the iron surfaces by increasing the formation of iron oxides. In
contrast to nitrate, increasing chloride concentrations decreased the potential of open
circuit, which indicated that the iron was more actively corroded. Farrell et al suggested
that this increased the porosity of surface and led to the greater access of uranyl ions to
the reactive surface increasing the rate of uranium removal.

Figure 26. Removal of soluble uranium from 500 ml solutions of 0.4 M NaNO3,
deionized water and 0.4 M NaCl by iron coupons under anaerobic conditions (Farrell
et al. 1999).
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The results of the experiments by Farrell et al. (1999) showed that, the short-term rates
of uranium reduction were similar for all solutions tested, but the long-term rates were
highly dependent on water chemistry. It should be noticed, that the actual U(VI)
reduction to U(IV) was not identified in the experiments. Farrell et al. only referred to
the XPS measurements by Fiedor et al. (1998), in which the partial reduction was
observed.
Gu et al. (1998) studied the effectiveness of zero-valent iron and several absorbent
materials in removing uranium from contaminated groundwater. The attention was paid
to the rates and mechanisms that were involved in these reactions. Herein, the
examination of absorbents materials is not discussed.
The reaction kinetics between UO22+ and Fe0 was studied in batch experiments (Gu et
al. 1998). Four different size Fe0 granules were used as reductants: medium-size Master
Builder iron (0.5-1 mm), Cercona cast iron (0.2-3 mm), medium-size Peerless iron (0.51 mm) and coarse Peerless iron granules (3-12 mm). Additionally, the palladium coated
cast iron was (also) used to evaluate the effect of the galvanic interaction to reduction.
Uranyl nitrate solution (10 mL) was mixed with 2 g of iron granules in glass vials
(12.5 mL). A small headspace was present in reaction vials and the solutions were not
degassed. The mixtures in test vials were agitated on a rotator (~10 rpm) and then
sacrificially sampled at various intervals. The supernatant solution was withdrawn and
filtered immediately. The activity of uranium was analyzed by liquid scintillation
counter. In the case of lower U concentrations, a phosphorescence lifetime analyzer was
used to detect U concentrations as low as 1 ng/L.
In batch experiments, the solution pH increased from 5 to 10 in less than 30 min,
because the solution did not contain any strong buffer, which had counteracted the
electrolysis of water by Fe0 (Gu et al. 1998). Over 97 % of the added uranium was
removed from the solution within 30 min. After 1 h, the amount of uranium was
undetectable. The reaction rates increased as the surface area increased among the
different iron granules. This indicated a surface dependent removal of uranium. Faster
reaction rates were achieved when the iron was coated with palladium. The conclusion
was that the galvanic reaction increased the corrosion rate and produced more electrons
available for the reduction of uranium.
Additional samples were prepared for different spectroscopic studies (Gu et al. 1998).
The samples for x-ray diffraction (XRD), for scanning electron microscopy (SEM) and
for energy-dispersive x-ray (EDX) diffraction analyses were prepared by filtering the
suspended particles from the mixture of Fe0 and uranyl solution under vacuum. The
preparation time was kept at a minimum and the filtered disks were analysed
immediately to avoid the oxidation and possible crystallization of uranium and
corrosion products of Fe0. For fluorescence spectroscopy, 5 g of Fe0 granules and 0.5 g
of iron oxide powder were mixed separately with uranyl nitrate solution (total U 50 mg,
0.2 mmol) and equilibrated for one week. In the fluorescence measurements, the fiberoptic probe was inserted directly to the suspension.
The results from fluorescence, phosphorescence, SEM and EDX spectroscopy indicated
that uranium was reduced on the Fe0 surfaces (Gu et al. 1998). The SEM images
showed a uniform layer of U coating on the iron surface. The EDX spectrum of the iron
grain showed both iron and uranium peaks (Figure 27). The fluorescence spectroscopy
was used to identify the oxidation state of uranium on Fe0 surface and in solution. It is
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generally known, that the reduced U(IV) does not give fluorescence whereas U(VI)
gives strong fluorescence. Thus, the fluorescence spectra were measured for uranyl
solution, for a UO22+ suspension containing powdered hematite and for a UO22+ solution
after the reaction with Fe0. In iron oxide suspension, the fluorescence spectrum of
uranyl was slightly reduced (Figure 28(b)), because the uranyl was adsorbed onto iron
oxide but not reduced. There was still U(VI) species, adsorbed onto hematite or
remaining as UO22+ in solution and thus a quite strong spectra could be observed. The
spectrum measured in the presence of Fe0 and UO22+ is shown in Figure 28(c). It
indicated, that UO22+ was primarily reduced to U(IV) and precipitated on the iron
surface.

Figure 27. EDX analysis indicating the presence of precipitated U on Fe0 surfaces.
Both Fe and U showed strong signals. The Au signal is an artefact from sample
preparation (Gu et al. 1998).

Figure 28. Fluorescence spectra for uranyl in (a) initial solution (b) after reactions
with ferric iron oxide (hematite) in suspension, and (c) after reactions with Fe0
granules. The initial U concentration was 12.6 mM ((d) Background, aqueous solution
without UO22+), (Gu et al. 1998).
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Results from the additional partitioning experiment were consistent with the ones gained
with spectroscopic methods and in batch experiments (Gu et al. 1998). In partitioning
experiment, only a small percentage of U was associated with suspended particles or the
corrosion products. The majority of uranium was precipitated on the Fe0 surfaces and
only a small amount (< 0.2 %) of the precipitated uranium could be leached with 0.1 M
Na2CO3. This indicated that the reductive precipitation of U(VI) to less soluble U(IV)
on Fe0 was the major reaction pathway. Gu et al. (1998) suggested that, as long as,
reducing conditions are maintained by Fe0, it is likely that the reduced U(IV) will be
retained in the Fe0 media by either coprecipitation or cementation with iron
oxyhydroxides.
Butorin et al. (2003, 2004) reported on the spectroscopic analyses of iron samples
exposed to the soluble U(VI) under anoxic groundwater conditions. Two pieces of
polished Fe foils and an aliquot of U(VI) in the form of uranyl nitrate was added to 100
ml of deaerated synthetic groundwater (modified Allard groundwater, Vuorinen and
Snellman, 1998). The initial concentration of U(VI) in solution was 0.0021 mM. The
experiments were performed under N2 atmosphere in a glove box. Iron foils were taken
for resonant inelastic soft x-ray scattering spectroscopy (RIXS) analysis after the
reaction times of 17 days and 8.5 months. Uranium oxide powders UO2 and UO3 and a
single crystal of UO2 were also analysed with RIXS to gain reference spectra. The total
U concentration in solution was measured with ICP-MS. The redox potential, Eh, was
measured at the end of experimental period of 35 days.
The concentration of U in solution decreased rapidly from 2.1· 10-6 to 2.6 · 10-9 M
within 2 to 3 weeks (Butorin et al. 2003). A black deposit was observed on the surface
of Fe foils after 3-4 weeks. After 8.5 months, the concentration of U in solution was
1.5 · 10-10 M. The measured redox potential under these conditions was very low
(-450 mV).
The RIXS measurements indicated that the U(VI) reduction had taken place at some
areas on the surface of the Fe sample (Butorin et al. 2003, 2004). The results were
similar for the Fe foils after the reaction periods of 17 days or 8.5 months. However, a
comparison of RIXS spectra of the charge-transfer transitions between Fe foil and the
standard UO2 suggested that the U(IV) species on the foil were not necessarily in the
form of uranium dioxide, albeit the layer of black deposit was observed to increase
during experiments. The amount of reduced uranium on the Fe foil was quantitavely
estimated by normalizing the recorded spectra to the characteristic core-to-core
fluorescence lines and by comparison with well defined oxidation states for uranium
standards. The amount of reduced uranium on the foil was estimated to be 73 % after 17
days, and respectively 42 % after 8.5 moths. The reason for this reversed behaviour
might have been a possible peeling off the layers of U(IV) compound from the surface.
In the same report Butorin et al. (2003) also reported the reduction tests of uranium by
iron performed in the active corrosion cell under anaerobic conditions in the glove box
(N2). The reduction of U(VI) carbonate and U(VI) hydroxide complexes were studied in
NaCl-NaHCO3 solution (I = 0.003, [HCO3-] = 1.1 mM) and in 0.1 M NaCl solution,
respectively. The glass cell had an inner polyethylene vessel. The ratio of the Fe surface
area to solution volume (SA/V) was either 19 cm2/300 ml or 38 cm2/250 ml in the tests
in the NaHCO3-NaCl solution and 28 cm2/200 ml in the tests in the NaCl solution. After
one day equilibration time with iron the solution was spiked with U(VI) as a uranyl
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nitrate solution. The initial concentration of uranium was 2.1 or 2.35 M. The
temperature in glove box was 30ºC within the test in NaHCO3-NaCl solution instead of
the normal 25ºC used for NaCl solution. The cell was equipped with electrodes for the
in-situ monitoring of pH, Eh and corrosion potential of iron during reaction. The
evolution of uranium concentration was followed during the reaction. Uranium in
solution was sampled through a sampling port and analyzed with ICP-MS. The
oxidation state of uranium in solution was analysed in selected tests using a method that
is based on the separation of the tetravalent and hexavalent states by anion-exchange
chromatography in HCl medium (Ollila 1996). The uranium concentrations of the
fractions were also measured by ICP-MS.
In NaCl-NaHCO3 solution (with higher SA/V ratio), the Eh decreased to around
-400 mV and pH was 9.1 before the initial U addition (Butorin et al. 2003). The addition
of UO22+ caused a rapid increase of Eh, after which the Eh decreased to the original level
again approximately within 20 h. The initial increase suggested the reaction between
Fe2+ and U(VI) carbonate complexes in solution, leading to the oxidation of Fe2+. The
concentration of uranium decreased from 2.35 to 0.63 M within the reaction time of 55
hours in the test with lower SA/V. In other test, with higher SA/V ratio, the decrease
was much faster. Within 24 hours, the concentration decreased from 2.1·10-6M to
8.4·10-11M (see Figure 29). The faster reaction was probably due to the larger amount of
metallic iron. The uranium oxidation state analyses from the test solution with lower
SA/V ratio showed, that the percentual proportion of U(IV) from soluble uranium
increased from value 16 to 53 %, in samples, which were taken 3 and 49 hours after the
U addition.
Two parallel tests were performed in NaCl solution (Butorin et al. 2003). The pH of the
solution was adjusted to 11.0 before the one day equilibration time with iron strips.
After the addition of the U(VI), the pH measurements with the in-situ electrode gave
inconsistent results. It was probable; however, that pH remained stable. The original pH
value of 11 was checked with a Ross combination glass electrode at the end of the
equilibration periods. The Eh first increased, stayed higher for a while, and then
decreased to the initial level (-460 mV) about 30 h after the addition of U. The parallel
test gave a different result. The Eh stayed at a higher level (-300 mV… -200 mV) to the
end of the experimental time. The concentration of total U decreased from 2.1 to 0.084
M during 8 days (see Figure 29). The amount of the tetravalent U species in NaCl
solution was lower than in NaHCO3-NaCl solution. Only 14 % of the soluble uranium
was in the U(IV) state after 74 hours.
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Figure 29. U concentration in reduction test with metallic iron. The tests were
performed in a corrosion cell under anaerobic conditions (N2), (modified from Oversby
et al. 2003).
The results achieved in chemical/electrochemical measurements indicated that
especially the reduction of uranyl carbonate complexes also took place in the solution in
a system containing corroding iron (Butorin et al. 2003).This system contains soluble
Fe2+ ions and thus the sorption onto the iron/iron oxide surface may not be necessary for
reduction to take place. The reduction of uranyl hydroxyl complexes seemed also to take
place in solution, but at a lower rate.
Qiu et al. (2001) discovered a method for growing uranium oxide films onto iron
substrates from solution. They characterized the films with different spectroscopic
methods. Most of the iron foils, exposed to the uranium, were air dried and then heated
in the vacuum, but also an additional test, in which samples were kept all the time in
anoxic conditions, were performed. Iron foil was allowed to react in 200 ml of a 1 mM
deaerated uranyl nitrate solution at pH 5 for 3 h. The solution was purged with Ar
during the entire reaction. At the end of the reaction time, the pH was measured to be
5.3. To insure that the surface oxidation states were not altered during the sample
transfer from solution to the ultra-high vacuum (UHV) chamber of XPS, a reaction
vessel was originally setup inside a glove bag filled with Ar. The glove bag could be
attached directly to a load door on the transfer chamber, and thus the contact with
atmosphere was avoided.
The measured U 4f XPS spectra for samples transferred to the UHV in glove bag were
similar with the one in Figure 30(a) and indicated that the uranium was deposited from
solution as U(VI) and the reduced species were not formed onto Fe surface during 3 h
reaction (Qiu et al. 2001). The spectra of samples prepared otherwise equally, but dried
in air and then heated to 450 º C in vacuum, showed characteristics of reduced U(IV)
species (Figure 30(b)). Other spectroscopic methods were also used. X-ray diffraction
(XRD), scanning electron microscopy (SEM), Rutherford backscattering spectrometry
(RBS), low energy ion scattering (LEIS) and near-edge x-ray adsoption (NEXAFS)
together with XPS enabled the determination of the physical and chemical properties of
both the bulk and the surface regions of the film on the iron surface. Spectroscopic
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measurements indicated that the as-grown films were a amorphous U(VI) oxide with
incorporated water. After annealing in vacuum the films were reduced to U(IV). Qui et
al. speculated that there might have been a thin film of UO2(s) on the surface of iron in
coupons, which were not heated, but it was not observed in XPS spectra because the
“schoepite film”([(UO2)8O2(OH)12](H2O)) on the top of UO2(s) was too thick.

Figure 30. U 4f XPS spectra obtained from uranium oxide films at various stages, as
indicated in the legend (Qiu et al. 2001).
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Table 4 summarizes the conditions and surface analysis techniques used in U(VI)
reduction experiments by metallic iron. At least a partial reduction of hexavalent
uranium to tetravalent uranium by zerovalent iron was observed in most experiments.
The reaction product on the iron surface was suggested to be either a U(IV)/U(VI)
mixed oxide, or another U(IV) solid phase. Pure U(IV) oxide, UO2(s), could not be
identified in any of the experiments. This may be due to relatively short reaction times
or oxygen contamination. Most studies showed that uranium had precipitated on the iron
suface, but some results indicated that the reduction took place also in solution. This
might indicate that Fe2+ ions in solution also reduced uranium. In some experiments
with longer reaction time, the final concentration of soluble uranium (1.5 · 10-10 M) was
near the solubility of UO2(s)), suggesting the precipitation of this phase.
The rate of reaction/removal was usually fastest in the beginning. Water composition
(e.g. available anions) and pH seemed to have effect on reaction rate. The rate of
removal was increased by galvanic interaction and with increasing iron surface area to
solution volume ratio.

Table 4. The reduction experiments of hexa valent uranium by zero valent iron.
Fe0

[U(VI)]i
(mM)

metallic
Fe particles
<0.42 mm

0.0019
0.037

coupons
 = 1.4 cm
h = 0.2 cm

Atmosphere

Na,Ca,HCO3dominated
natural GW

8.4

min. gas space
in
centrifuge tube

0.025
0.034

simulated GW

6.0

80% N2,
20%CO2
in N2 glovebox

~100 h

XPS

2)

cuopons
 =1.43 cm
h = 0.15 cm

0.39

GW-1, GW-2,
0.4 M NaCl,
0.4 M NaNO3
deionized H2O

5.9,6.8

purged
with N2

7 – 27d

only solution
analysis

3)

4 different
Fe granules
0.2g/mL

4.2

Milli-Q H2O
(I = 12.5 mM)

5…10

small
headspace
no degassing

1h 3w

XRD, SEM,
EDX,
Fluorescence
spectroscopy

4)

8.8 *

N2 in
glove-box

17d or
8.5 month

RIXS

5)

3h

XPS

6)

Fe foil

0.0021
1

Allard GW
deionized H2O
(NO3-)

5

purged with Ar
in glove bag

Duration

Surface
analyses

pH

Fe foils
2 x 3 cm

Solution

ref.
1)

GW = groundwater, i = initial, I = ionic strength, * = theoretical value
1) Cantrell et al. 1995 2) Fiedor et al. 1998 3) Farrell 1999 4) Gu et al. 1998 5)Butorin et al. 2003, 2004 6) Qiu et al.
2001
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5.2 Main corrosion products
Zero-valent iron is unstable in water and corrodes by forming an oxide-type surface
layer. The reaction produces also Fe2+-ions and H2. The dominant anaerobic corrosion
product that is experimentally observed under near-neutral and alkaline conditions is
magnetite (see Chapter 4.1). As the anoxic corrosion proceeds, the reduction capacity of
zero valent iron may gradually be passivated due to the oxidation of zero valent iron and
the accumulation of the layers of corrosion products on iron surface (O’Loughlin et al.
2003).
Corrosion products are very efficient scavengers decreasing the mobility of uranium
both by sorption and coprecipitation, but they may also work as potential reducing
agents for uranium (Grambow et al. 1996, Dodge et al. 2002). Under anaerobic
conditions, where corrosion products contain Fe(II), it is challenging to distinguish
between sorption, coprecipitation and redox processes regarding to the interaction
between uranium and corrosion products.
The potential reducing effects of the main expected corrosion products magnetite and
green rust, formed under anaerobic conditions, are discussed in this section.
5.2.1

Magnetite

The mixed oxide, magnetite (Fe3O4, FeII/FeIII = 0.5) is assumed to be the main corrosion
product of iron under anoxic conditions (see Chapter 4.1). Thus, the role of magnetite in
immobilizing uranium may be crucial. Because of the semiconductor character of
magnetite, it potentially can function as mediator of electrons in the reduction on iron
surface, leading to the precipitation of more insoluble UO2 (Rovira et al. 2003). In
addition, magnetite contains ferrous iron, which may also be able to reduce U(VI)
species. As mentioned earlier, ferrous iron is a potentially important reductant for
uranium (see Chapter 2.3). However, the Fe(II) coordinated to surface functional groups
is considered to be a more effective reductant than dissolved Fe(II), because the electron
transfer can be accelerated as a result of specific adsorption of the metal cation to the
mineral surface (Missana et al. 2003).
Rovira et al. (2003) studied the interaction of U(VI) in hydrogen carbonate medium
with commercial magnetite as well as with magnetite formed as corrosion product on
the surface of a steel coupon. The attention was paid to the effects of the hydrogen
pressure and the mass of magnetite.
Different amounts of commercial magnetite (0.1, 2, 5, 20 g), magnetite on corroded
steel coupon or fresh steel coupon (30 mm x 30 mm x 1 mm) were allowed to react with
200 ml of 0.01 M NaCl solution containing U(VI). The uranium was added as uranyl
nitrate solution and the initial concentrations of U(VI) in test solutions varied from
7.3·10-6 to 1.1·10-5 M. Depending on the used pressure, the experiments were performed
either in a batch reactor (p = 1 atm) or in an autoclave steel reactor (p > 1 atm). To
create anoxic conditions, the test solution in the batch reactor was purged continuously
with H2 + CO2 or N2 + CO2 gas mixture. The partial pressure of CO2 was kept constant
within the experiment (log pCO2(g) = -3.82). In the autoclave, the experiments were
performed under H2 overpressure (1.3 – 8.6 atm). A continuous bubbling of gas through
the autoclave reactor was not possible. Hence, the solutions were deaerated before the
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experiment, and carbonate was added to the solution as NaHCO3 (5·10-4 or 2·10-4 mol/l).
Solution samples were taken to determine the concentrations of uranium, Fe(II) and
total iron. The uranium concentration was measured by ICP-MS. The ferrous and total
iron concentrations were analyzed with spectrophotometric method. The pH and Eh
were continuously monitored in the experiments conducted at normal atmospheric
pressure. At higher pressures, the pH measurements were performed before and after the
experiment. After the exposure to reaction solution, some magnetite surfaces were
analyzed by XPS. The corroded coupons were measured by XRD before and after the
exposure to uranium solution. The surface composition of corroded coupon was also
investigated by SEM-EDS after the experiment.
Additional samples were prepared for X-ray adsorption spectroscopy (XAS) analyses to
examine the structure and oxidation state of uranium sorbed onto surface of magnetite
(Rovira et al. 2003). The sorption of U(VI) was performed at 25 ºC in a solution
containing 0.01 mM of U(VI). The pH of the solution ranged from 6 to 7 and the
solution was continuously bubbled with N2 or H2.
The parallel experiments, performed under N2 + CO2 or H2 + CO2 bubbling, showed that
removal of uranium by magnetite was slightly more efficient under hydrogen (see
Figure 31). The increase of hydrogen pressure in the system caused a faster decrease in
the uranium concentrations in solutions. The higher pressures were used, the lower final
uranium concentrations were attained. The increase in the mass of the solid caused a
slightly faster decrease of the concentrations of uranium in solution. However, when
large amount of magnetite, 5 g, was used, the decrease was not as fast as expected. Any
clear influence of the mass of the solid was not observed.
The source of carbonate seemed to have effect on the U(VI) removal by magnetite.
Otherwise similar tests, one continuously bubbled with H2 + CO2 gas mixture and the
other with initial NaHCO3 addition (but also bubbled with H2), showed different
evolution of the concentration of uranium in solution (Rovira et al. 2003). In sample
with added NaHCO3 the CO2 was degassed by H2 bubbling and the pH was observed to
increase. Thus the carbonate concentration decreased and the uranium concentration in
solution decreased. However, in the samples with constant pCO2, the concentration of
uranium decreased to a lesser extent. In these samples, the U(VI) was stabilized by
uranyl carbonate complexes impeding the reduction of U(VI) to U(IV). The interaction
of U(VI) solution with magnetite on the corroded steel coupon or with fresh steel
coupon led to lower U concentration in solution than in the case when only magnetite
was used (Rovira et al. 2003). In the case of the magnetite on corroded steel surface,
this was probably due to the presence of iron steel, which decreased the redox potential
of the system. The electronic density of the surface might have increased enhancing the
electron transfer. Thus, the reduction process was apparently more effective.
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Figure 31. Influence of H2(g) and N2(g) pressure on the concentration of uranium in
0.01 M NaCl solution (with logpCO2 = -3.82). N-I =(2 g magnetite,[U]i = 1.05·10-5 M,
1 atm N2) and B-IV =(2 g magnetite,[U]i = 8.1·10-6 M), (Rovira et al. 2003).
Rovira et al. (2003) stated that the actual reductant in their experimental system was not
hydrogen, but magnetite, ferrous iron provided by dissolution of magnetite, or iron in
the case of having steel in the system. More evidences of reduction were provided by
surface analysis and solubility calculations.
The magnetite (5 g) was analyzed by XPS after reaction with U(VI) at 7.5 atm of H2. In
spite of the low concentration of uranium in the solid, the characteristic uranium 4f7/2
peak was recorded. The peak showed a shift from the characteristic peak of U(VI)
indicating the reduction. EDS mappings of corroded steel coupon showed a uniform
distribution of iron, oxygen and uranium. XRD analysis evidenced the presence of
magnetite and lepidocrocite on the coupon surface, but the crystalline phases of uranium
could not be observed.
XAS analyses provided information of the oxidation state of uranium sorbed onto
surface of magnetite. Four different standards (U(VI): UO3·2H2O, U(IV): UO2(s), U(IV)
and U(VI): U3O8(s) and 50% UO3·2H2O + 50% UO2(s)) were used as references. The
XANES spectra of standards were deconvoluted to obtain a calibration curve, which
helped to define the theoretical U(VI)/U(IV) ratios of samples. The sample allowed to
react for the longest time (30 days) had the lowest U(VI) % (~20 %), indicating the
reduction of uranium had proceeded.
If uranium had undergone a reduction due to the presence of magnetite, the most likely
precipitate was UO2(s). Rovira et al. (2003) compared the measured uranium
concentrations to the solubility of UO2(am) calculated in the same conditions with the
experiments. The used pe values correspond to the range of values measured in
experiments. The uranium concentrations agreed well with the solubility of UO2(am)
(Figure 32) suggesting that the reduction took place in the system.
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Figure 32. Comparison between the solubility of UO2(am) ([NaCl] = 0.01 M, logpCO2
= -3.8, pe -2 and -3) and the concentrations measured in the experiments. N-I =(2 g
magnetite,[U]i = 1.05·10-5 M, 1 atm N2) and B-IV =(2 g magnetite,[U]i = 8.1·10-6 M, 1
atm H2), B-V =(20 g magnetite,[U]i = 8.1·10-6 M, 1 atm H2), (Rovira et al. 2003).
Missana et al. (2003) synthesized nanocrystalline (50-200 nm) magnetite to study the
kinetics of the adsorption of U(VI) and the kinetics of the U reduction in the presence of
magnetite. The XPS and XRD analyses confirmed that the synthesized iron oxide was
magnetite. No other mineral phases could be interpreted from the XRD spectrum. The
BET surface area of the synthesized solid was also in agreement with previously
reported values of surface area of pure magnetite.
All the U(VI) sorption experiments were performed in the anaerobic glove box under N2
atmosphere. The magnetite suspensions for batch sorption studies were prepared by
adding 2 g/l of the solid powder of magnetite to the 1 or 2 M NaClO4 electrolyte
solution. The suspensions were placed in an ultrasonic bath for 1 h, after which the solid
and solution were allowed to equilibrate at least one day. An aliquot of the magnetite
suspension and 233U(VI) solution were introduced in ultracentrifuge tubes at two
different pH values (5 or 7). The concentration of U(VI) in the final suspension was
4.4·10-4 mM. The tubes were sealed and they were continuously stirred. After selected
contact time (30 min to 3 months), the tubes were taken out of the glove box and ultra
centrifuged. The uranium concentration of the extracted supernatant was measured by
liquid scintillation counter. A part of the supernatant was used to check the pH. The Eh
of suspension was monitored throughout the duration of the sorption study.
Completely separate samples with higher uranium concentration were prepared for XPS
analysis (Missana et al. 2003). UO2(NO3)2·6H2O was dissolved in a magnetite
suspension (20 g/l) to obtain a final concentration of approximately 1 mM. The pH was
adjusted to 5 or 7. As in the sorption study, the Eh of the suspension was monitored
throughout the study. After the selected contact time, an aliquot of the suspension was
centrifuged. The anoxic conditions were maintained during the experiment and the solid
samples were also dried under N2 atmosphere. After drying, the samples were
immediately analyzed by XPS.
The results from the sorption studies revealed that initial pH affected to the amount of
sorbed uranium in a short time span (1 d) (Missana et al. 2003).Within 24 hours,
approximately 90 % of the uranium in the solution was sorbed at pH 7, whereas the
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percentage of sorption at pH 5 was around 40 %. In longer time span, the decrease of
dissolved uranium was observed in both pH values. The percentage of the adsorbed
uranium was higher than 80 % in both pH values upon two weeks. The effect of the
ionic strength (1 or 2 M) on the sorption of uranium was observed to be negligible.
XPS measurements showed that the uranium on the magnetite surface was never seen as
a pure U(VI), indicating a partial reduction of U(VI) occurred since the first day of the
experiment. The reduction was observed to happen at both pH 5 and 7, but showed
somewhat different behaviour. At pH 7, the uranium speciation in the solid was
practically constant from the first day analysis to the end of the three months experiment
(Figure 33a). Approximately 70 % of the uranium remained at oxidation state U(VI) and
30 % reduced to U(IV) or to the U(IV)/U(VI) mixed phase. At pH 5, the U(IV)/U(VI)
mixed phase was predominant and the proportion of reduced U(IV) species increased
substantially during the experiment (Figure 33b).
The results from batch sorption experiments and XPS analyses indicated fast sorption,
which triggered the quite fast reduction of the uranyl on magnetite surface. The existing
pH conditions seemed to affect on the degree of uranium reduction and its speciation in
the solid. The complete reduction of U(VI) to U(IV) was not observed, but instead the
partial reduction resulting mixed phases was clearly observed.
Missana et al. (2003) considered, if the reduction of dissolved uranium was also
possible in solution. As the equilibrium between magnetite and the anoxic uranyl nitrate
solution was achieved, the Eh settled down to 50-100 mV in the both batch sorption
samples and in XPS sample. A comparison between the measured Eh values and
calculated speciation of uranium suggested, that uranyl ion could be reduced (and
consequently precipitated) in solution at pH 5, under the experimental conditions used.
Missana et al (2003) pointed out, that the equilibrium between magnetite and uranyl
solution was reached at slower rate in the case of XPS sample. They proposed that this
observation was due to the presence of oxidizing species (NO3-) in the XPS sample.

Figure 33. The evolution of uranium species present on the surface of magnetite based
on the results of XPS analysis (a) pH 7 and (b) pH 5 () UO2 (= U(IV)) () U3O8
(=U(IV)/U(VI)) () UO3(=U(VI), (Missana et al. 2003).
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Figure 34. Orientations of magnetite crystal faces (110), (100) and (111), (Scott et al.
2005).
Scott el al. (2005) studied the interaction of U(VI) with natural magnetite. Natural
magnetite crystals were sectioned along 111, 110 and 100 crystal planes (Figure 34).
Achieved 3 mm thick coupons were progressively cut and polished to 3-micron grade.
Before the characterization of crystallographic orientation of the prepared surfaces, the
surfaces were cleaned of fine particles using an acetone wash.
Two sets of the micron grade coupons were exposed to the 20 mL of 0.042 or 0.42 mM
uranyl acetate solution at 20ºC. The pH of the solutions was 4.8 or 4.2, respectively. The
suspensions were placed in individual polyethylene vials for 12, 24, 48 and 168 hours.
In vials, the dissolved oxygen was initially present in solution. After suitable exposure,
each coupon was removed from solution and washed in purified water to remove
unbound uranyl species and dried.
Magnetite samples were then mounted and analyzed under high vacuum in X-ray
photoelectron spectrometer. The untreated magnetite crystal planes and the spinel
mineral (CoFe2O4) were used as standards. Cobalt ferrite is an iron oxide, which has an
otherwise identical structure to magnetite (FeIIFeIII2O4), but it contains Co(II) in places
of Fe(II). Thus the relative concentrations of Fe(II) and Fe(III) at the surface of solid
samples could be determined by the deconvolution of the Fe 2p photoelectron peak
profiles of XPS spectra. In the same manner, the relative surface concentrations of
U(VI) and U(VI) were determined from the U 4f photoelectron peaks. Depth profiles of
different crystal faces of the reacted magnetite were also recorded by using a secondary
ion mass spectrometer (SIMS).
The XPS measurements indicated the presence of nonstoichiometric UO2 at the surface
of all the reacted magnetite coupons (Scott el al. 2005). Spectral fitting of the
photoelectron peaks suggested that the structure was close to UO2.2 or U4O7, and the
relative locations of the satellite peaks in the U 4f spectrum were in close agreement
with those observed for UO2. On the other hand, the secondary peaks corresponding to
the U(VI) oxide phases were also identified. Scott et al. suggested that their results
provided the presence of hyperstoichiometric UO2 on the magnetite surface.
During the course of the experiment, the intensity of primary U(IV) peak relative to
U(VI) was observed to increase gradually (Scott el al. 2005). After 12 h exposure, the
U(IV)/U(VI) ratios were observed to be about 1.0. At the end of the experiment (7 d),
the ratios as high as 4.9 were observed, indicating that U(IV) had become the dominant
valence state for the uranium deposited on magnetite surface. Between the different
crystal faces, the (110) crystal face exhibited the greatest initial U sorption followed by
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the (111) face. However, all the crystal faces showed very similar amounts of deposited
uranium oxide at the end of the reaction period, regardless of the initial concentration of
U in solution.
The relative abundance of Fe(II) and Fe(III) on magnetite surface was determined from
the Fe 2p photoelectron signal of XPS analysis. The Fe(II) contribution to the magnetite
signal rapidly disappeared as a result of the exposure to U(VI) solution, indicating the
oxidation of structural Fe(II) in the surface reaction with U. After 7 days exposure to U
solution, the Fe 2p photoelectron signal for magnetite was still observed. This indicated
that the UO2 layer deposited on the surface was less than 10 nm thick.
SIMS recordings supported the results achieved with XPS. SIMS depth profiling
revealed the presence of uranium oxide film (~3 nm) on the surface of magnetite and
indicated the presence of a maghemite (Fe2O3) film directly at the magnetite sample
surface.
The achieved results suggested that the initial bonding or sorption of uranyl ions at the
magnetite surface was relatively fast and was followed by the surface reduction of
U(VI) to a U(IV) solid. The reduction likely occurred by direct electron transfer from
the Fe(II) ion of magnetite to U(VI) ion. Figure 35 illustrates the surface mediated
reaction at magnetite surface based on the observations by Scott el al. (2005).

Figure 35. Model illustrating the remediation of uranium at magnetite surfaces by
reductive precipitation (Scott et al. 2005).
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Rovira et al. (2007) investigated the interaction of soluble U(VI) with in-situ
anaerobically corroded magnetite on steel. Magnetite on the surface of steel was
identified by XRD. The existence of other amorphous phases could not be excluded. As
comparison, a following batch experiment was performed also with commercial
magnetite.
Commercial magnetite or corroded coupon (30 mm x 30 mm x 1 mm) was placed in
200 mL of 0.01 M NaCl solution at room temperature. The experiments carried out at 1
atm were continuously bubbled with H2 + 0.015% CO2 gas mixture. In the experiment
with H2 overpressure (7.6 atm), carbonate was added as NaCHO3 at the beginning. The
initial uranium concentrations and measured final pH and redox values are given for the
test solutions in Table 5. The solutions were sampled periodically within the reaction.
The samples were immediately filtered (0.22 m) and acidified (HNO3). The uranium
concentrations in solution samples were analysed by ICP-MS. At the end of the
experiments, the solid phases from tests conducted at 1 atm pressure were analysed by
XPS to determine the oxidation states of the uranium on the surfaces. The solid phases
present on the iron coupons were identified by XRD. Finally, the coupon corroded at
p(H2) = 7.6 atm was analysed by using SEM in an attempt to find UO2 particles on the
surface of the coupon.
In the batch experiments, the uranium concentration in solution seemed to decrease first
at a similar rate. However, after 20 days, much lower concentrations were obtained from
the solution reacted with the corroded coupon (Figure 36). Rovira et al.(2007)
suggested, that the presence of Fe0 below the magnetite might have increased the
electronic density at the surface of magnetite. Thus, the electron transfer was facilitated,
causing a preferential oxidation of structural iron compared to the experiment conducted
in an absence of steel. They reminded also that the partial dissolution of Fe0 occurring
underneath the surface of the oxide layer can release iron to the solution, and
furthermore, the aqueous Fe(II) sorbed to a solid surface may drive the reductive
precipitation of uranium from solution (Charlet et al. 1998, see Chapter 5.5).

Table 5. Experimental conditions employed in tests by Rovira et al. (2007).
Solid
Commercial magnetite

[U]0
(M)
7.3 × 105
5

Corroded coupon

1.1 × 10

Corroded coupon

7.6 × 106

pHfinal

pefinal

3.82

Pressure
(atm)
1

8.1

0.8

3.82

1

8.1

1.2

2.5 · 10-4, a)

7.6

7.3

b)

log p(CO2)

a) = [NaHCO3]
b) = Not measured due to the experimental set-up employed.
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Figure 36. Evolution of the uranium concentration vs. initial uranium concentration
ratio as a function of time (Rovira et al. 2007).

Figure 37. X-ray diffractogram of the corroded carbon steel at the end of the
experiment (Rovira et al. 2007).
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The XPS spectra showed a shift of U4f7/2 peak, indicating the presence of a certain
percentage of U(IV) on the surface of the solids (Rovira et al. 2007). The XRD
diffractogram (Figure 37) of corroded steel showed the characteristic peak of the
amorphous UO2 phase. The diffractogram indicated also the presence of magnetite,
lepidocrocite and hematite on the steel surface. The visual identification of very small
UO2 particles in SEM analysis was complicated, because the presence of different iron
corrosion products. However, the uranium mapping by EDS revealed that uranium was
almost homogenously distributed on the surface of the corroded coupon. (Rovira et al.
2007)
The initial removal of U from solution in experiments by Rovira et al. (2007) was likely
due to sorption onto magnetite followed by reductive precipitation. The partial reduction
of uranium onto magnetite surface was supported by both XPS and XRD data. At the
end of the experiment, the residual concentrations of aqueous uranium (5·10-8 – 1·10-7
mol/l) were similar to those previously obtained in amorphous UO2 precipitation
experiments by Giménez et al. (1998).
El Aamrani et al. (2007) investigated the interaction between U(VI) and commercial
magnetite in 0.1 M NaClO4 at acidic pH. They used two different spectroscopic
techniques such as XPS and EXAFS to study the surfaces of the samples. The sample
for XPS analysis was prepared by a following way: one gram of magnetite was put in
0.1 M NaClO4 solution with acidic pH and U(VI) was added to total concentration of
0.1 mM. The reaction was performed in a recirculation reactor under N2 atmosphere
within reaction time of 57 or 85 days. Similar experimental conditions were used for the
samples prepared for extended x-ray adsorption fine structure (EXAFS) measurements,
but the solid (0.2 g) was removed from the reactor after 30 days and prepared in N2
atmosphere in a special polyethylene holder.
The Fe(II)/Fe(III) ratio of magnetite was determined by the deconvolution of the Fe 3p
signal of XPS spectra before the contact with solution, after contact with NaClO4
solution and two times after the exposure to U(VI) (El Aamrani et al. 2007). The initial
Fe(II)/Fe(III) ratio of commercial magnetite (0.49) decreased slightly after contact with
NaClO4 solution, reaching the value of 0.41. The observed decrease was probably due to
preferential release of Fe(II) with respect to Fe(III) at acidic pH. In the presence of
U(VI), the Fe(II)/Fe(III) ratios as low as 0.22 and 0.15 were observed after 57 and 85
days experimental time, respectively.
The position of the highest peak of U 4f7/2 XPS spectra indicated that the uranium
incorporated to magnetite was remained as U(VI). The obtained XPS results were not
conclusive enough to support the reduction of U(VI) on the magnetite surface. EXAFS
measurements were needed to determine the possible reduction.
The EXAFS spectrum was collected for three different samples: synthetic UO2,
synthetic schoepite and the magnetite sample, that had been in contact with the U(VI)
solution. The main difference between UO2 and schoepite spectrum was related to the
axial oxygens. The structural parameters obtained from measured EXAFS spectra
showed some characteristics of both UO2 and schoepite for magnetite sample, indicating
that the uranium on the magnetite surface was a mixture of tetra- and hexa-valent
uranium. This observation gave evidence of the capacity of magnetite to reduce U(VI)
to U(IV).
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The experimental conditions and surface analytical techniques, which were used in
different interaction tests between U(VI) and magnetite, are summarized in Table 6. The
semiconductive magnetite was observed to reduce U(VI) to U(IV) in the absence of
metallic iron. However, the removal of U(VI) from solution was more effifinent, when
the metallic iron was present under the corrosion layer. The reaction product on the
magnetite surface was suggested to be either a mixture of tetravalent and hexavalent
uranium or amorphous UO2. In the experiments by Rovira et al. (2003), the final
concentrations of soluble uranium were between the concentration limits given for
UO2(am).
The reaction/removal rate by magnetite was observed to icrease slightly with the
increasing H2 pressure and with the increasing mass of the solid. The carbonate content
had also influence on the removal rate of U(VI) from solution. The lower carbonate
concentrations seemed to facilitate the removal. At higher carbonate concentrations, the
reaction was probably hindered because the uranyl carbonate complexes tend to
stabilize the U(VI). The pH of the solution influenced on the amount of reduced U(IV)
on the magnetite surface. The lower pH seemed to favour the reduction.

Table 6. The reduction tests of U(VI) by magnetite.
Reductant
Fe3O4 or
Fe3O4 on
corroded steel
coupon
Fe3O4
nanocrystals
50-200 nm
2 g/L
natural Fe3O4
crystals
Fe3O4
or Fe3O4 on
corroded
steel coupon
commercial
Fe3O4
<5m

[U(VI)]i
(mM)

Solution

7.3·10-3  0.01 M
1.1·10-2 NaCl

4.4·10-4

1 M, 2 M
NaClO4

0.042,
0.42

deionized
H 2O

7.6·10-3  0.01 M
7.3·10-2 NaCl

0.1

0.1 M
NaClO4

pH

Atmosphere

Duration

Surface
analyses

ref.

30–60 d

XPS,
XRD,
XAS,
SEM-EDS

1)

anaerobic
(N2)

30 min–3
months

XPS

2)

4.8, 4.2 air
(in vials)

12, 24, 48
or 168h

XPS,
SIMS

3)

H2
7.3, 8.1 1 atm,
7.6 atm

60–100 d

XPS, XRD
SEM-EDS

4)

30d, 57d
or 85d

EXAFS,
XPS

5)

6…7*

5, 7

acidic

H2+CO2, (1atm)
N2+CO2 (1atm) or
H2 (1.3-8.6 atm)

N2

1) Rovira et al. 2003 2) Missana et al. 2003 3) Scott et al. 2005 4) Rovira et al. 2007 5) El Aamrani et al. 2007
* From XAS samples, i = initial
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5.2.2

Green rusts

As mentioned earlier (Chap. 4.1), the green rusts are considered as possible corrosion
products of iron under anoxic conditions. A part of the iron remains at the oxidation
state Fe(II). A part is oxidized to Fe(III), when anions incorporate into the interlayers of
Fe(II) hydroxide sheets. Thus, the green rusts contain ferrous iron, a potential reducing
agent for U(VI).
Cui and Spahiu (2002) investigated the interaction between corroded iron and soluble
U(VI) in 10 mM NaCl (2 mM HCO3-) in anoxic conditions. The corrosion product on
iron surface was identified by powder X-ray diffraction to be carbonate green rust,
Fe4IIFe2III(OH)12CO3, after three months’ reaction period. The interaction tests were
performed as follows.
Six glass reaction bottles (25 ml) containing synthetic groundwater (10 mM NaCl and
2 mM HCO3-) were placed in a test vessel shown in Figure 38. The test vessel contained
an oxygen trap and was flushed with Ar-0.03 % CO2 mixture to obtain anoxic
conditions. After one day flushing, polished iron foils, iron grains or cast iron coupons
were added into reaction bottles through the screw-cap opening. The deoxygenated
U(VI) solution was added to the reaction bottles in the beginning of the batch
experiment or 0.5 or 38 days after start. The solution samples were taken after 44 or 81
days. The uranium concentrations of the acidified samples were analysed by laser
induced fluorescence analyser and the iron concentration by ICP-OES (Inductively
coupled plasma-optical emission spectrometry). The vessel contained also a salt bridge
and Pt-electrode for the redox measurements (see Figure 38). The pH was measured
with combined pH electrode inserted through the screw-cap opening.

Figure 38. Experimental arrangement for the investigation of iron corrosion and iron
uranium redox reaction (Cui and Spahiu, 2002).
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After 3 months experiment, the corroded iron plates, with and without U(VI) in
solution, were removed from test vessel and quickly dried under vacuum. The corrosion
products were scraped off in an Ar-filled bag and transported in Ar-filled desiccator for
X-ray diffraction (XRD) analysis. Scanning electron microscopy-energy dispersive
spectra (SEM-EDS) were used to evaluate the microstructure and elemental composition
of surface species on corroded iron surface.
Cui and Spahiu (2000) compared the removal kinetics of U(VI) from solution to that
measured by Farrell et al. (1999) (p. 51-53). Farrell et al. had obtained slightly slower
reduction speeds than Cui and Spahiu. This was probably due to the difference in the
ratio of iron surface area to solution volume, which was 4 times lower. A different
composition for solution (0.4 M NaCl) was also used in the experiments by Farrell et al.
(1999). In both cases, the uranium removal closely followed pseudo-first order kinetics.
This conclusion was based on the nearly linear relationship between log Ct/C0 and
reaction time (Cui and Spahiu, 2002). The presence of green rust seemed to enhance the
initial U(VI) removal process. The type of iron (pure iron or cast iron) had not a strong
influence on the U(VI) removal.
The XRD analysis of the sample, which was scraped from the surface of iron foil after
corrosion in U(VI) solution, showed the presence of iron carbonate hydroxide,
Fe4IIFe2III(OH)12CO3 (GRc), and uraninite UO2(s) (Cui and Spahiu, 2000). Other iron
minerals were not detected. This referred to redox buffer capacity strong enough to
prevent the oxidation of GRc or/and the semi-conductive properties of GRc. As semiconductive material, GRc might transfer the electrons from metallic iron to the GRc
surface on the metal.
After 3 months corrosion, a big part (~70 %) of iron foil was still light-reflecting i.e. not
significantly corroded (Cui and Spahiu, 2000). The microscopic analysis with SEMEDS showed an uneven layer of GRc (1-5 m) on iron surface and a thin (0.3 m)
uranium-rich layer on the top of GRc. Some UO2(s) (3-5 m) crystals were also detected
on the top of uranium-rich layer. The SEM-EDS measurements indicated that the
uranium was not incorporated to the GRc crystals. If anything, the uranium-rich layer
and UO2 crystals were deposited on the top of GRc. This was consistent with the
observation of the slightly faster initial U(VI) removal by pre-corroded iron. At the end
of the experiments, the concentration of uranium in solution was near the solubility of
UO2(s), 10-8 M.
The green rust layer on iron surface, after corrosion in U(VI) solution, was thicker
compared to the layer formed in the absence of uranium. Cui and Spahiu (2000)
suggested that UO2(CO3)34- might act as an oxidant, producing GRc from the redox
reaction between U(VI) and Fe0 (or Fe(OH)2).
O’Loughlin et al. (2003) investigated the reduction of U(VI) in aqueous green rust
suspension. Synthesized hydroxysulpate green rust (GRSO4) was placed in the glove box
(N2 + 4-6 % H2). There it was recovered by centrifugation and subsequently washed with
deoxygenated, deionized water. In the reaction vessel, the green rust suspension (35 ml)
containing 2 g of GRSO4 was spiked with an aliquot of uranium acetate solution. The
initial pH of the suspension was 7.3. After 48 hours, the pH was measured again and the
suspension was centrifuged. The uranium concentration of supernatant was analysed by
inductively coupled plasma- optical emission spectroscopy (ICP-OES). The remaining
uranium-green rust was resuspended in deoxygenated, distilled deionized water and
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centrifuged. The resuspension procedure was repeated altogether three times to prepare
uranium-green rust pellets. After the final washing, the subsamples of pellets were
removed for analysis with X-ray diffraction (XRD), x-ray absorption fine structure
spectroscopy (XAFS), and transmission electron microscopy (TEM). The effect of
atmospheric oxygen was minimized during the procedure and analyses.
XAFS provided specific qualitative and quantitative information on the local structural
and compositional environment of the absorbing atom (O’Loughlin et al. 2003). Data
were collected for both X-ray absorption near edge structure (XANES) and extended Xray absorption fine structure (EXAFS). XANES provides information about the
oxidation state and coordination geometry of the absorbing atom, whereas EXAFS
provides information on the type and number of atoms surrounding the absorbing atom.
Within 48 h, the concentration of uranium in solution decreased from 4.4 mM to 420
nM (O’Loughlin et al. 2003). In the same time, the pH decreased from 7.3 to 6.7. The
XANES spectra of uranium-GR sample, shown in Figure 39, indicated that the uranium
in suspension was reduced to U(IV). The results of XRD analysis indicated that the
reduction of U(VI) to U(IV) was accompanied by the partial oxidation of green rust to
magnetite. The Fourier transformed EXAFS data indicated that an average local
chemical environment in uranium-green rust sample was similar to that of uranium in
UO2 (Figure 40). However, the Fourier transform amplitude of the sample was smaller
relative to UO2 standard, which indicated a decrease in the average number of atoms
surrounding uranium and/or an increase on the disorder of the average local
environment of uranium in the green rust sample. O’Loughlin et al. (2003) suggested
four scenarios of which one or combination of more could explain this qualitative
observation. The scenarios were: (1) uranium sorption to the iron oxide surface, (2) the
formation of a UO2 precipitate/coating on the iron oxide surface, (3) the formation of
UO2 nanoparticles, or (4) self absorption effects.

Figure 39. Comparison of normalized U LIII-XANES spectra for UO3, UO2, and
uranium in a green rust suspension (O’Loughlin et al. 2003).
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Figure 40. The magnitude of Fourier transformed EXAFS data for uranium in a green
rust suspension and in UO2 (O’Loughlin et al. 2003).
Through theoretical modelling based on crystal structure of UO2 O’Loughlin et al.
(2003) excluded the self absorption effects as an alternative cause for the decrease of
overall amplitude of XAFS signal. The result of modelling was rather in good
agreement with either very thin plating of UO2 on the green rust particles or very small
particles of UO2. Images from TEM measurements (Figure 41) confirmed the formation
of discrete nanoparticles of UO2 primarily along the edges of hexagonal green rust
crystals. The diameter of UO2 particles was determined with the help of dark-field
images. The obtained diameter (2-9 nm) was corroborated by the high-resolution
images. The size of particles was also consistent with the predicted size range from the
EXAFS modelling.
The results by O’Loughlin et al. (2003) indicated that U(VI) was reduced by green rust
to U(IV) in the form of relatively insoluble UO2 nanoparticles. They suggested that
green rust may play an important role in the speciation and mobility of uranium in iron
reducing environments, but stated also, that nanoparticles might be relatively mobile in
some environments. They concluded that more research is needed to determine the
behaviour of UO2 nanoparticles in geological matrices.

Figure 41. TEM-images of U-GR particles. The image on the left is a dark–field image
of U-GR particles made by using arcs of the (111) and (200) diffuse rings of the
electron diffraction pattern of UO2. The high-resolution image on the right shows highly
crystalline UO2 nanoparticles (O’Loughlin et al. 2003).
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In the experiments by Dodge et al. (2002), GR II (Fe6(OH)12SO4) was synthesized in a
presence of U(VI) under N2 atmosphere. The U(VI) solution contained 10 mM uranyl
nitrate and 0.2 M ferrous sulphate hexahydrate. Then, filtered oxygen was bubbled
through the solution (60 ml/min) until the pH reached 8.2. The collected precipitate was
stored as a suspension under N2. For comparison, a green rust sample without uranium
was also prepared. The green rusts samples were analysed by XANES, EXAFS, XRD,
XPS and Fourier transformed infrared spectroscopy (FTIR). The ratio of ferrous iron to
total iron content and the exchangeable amounts of iron and uranium were also
determined for synthesized green rusts. The oxidation state of uranium was determined
from the XANES spectra of the UO2 and UO3 standards, and the GR sample.
The presence of U(VI) decreased the Fe(II)/ total iron ratio of synthesized GR II from
0.73 to 0.62 (Dodge et al. 2002). The amount of exchangeable iron was 2% in the
sample. The amount of exchangeable uranium was under detection limit (< 0.01
mmol/g). In XRD spectra, a shift in the peak positions between samples prepared with
and without uranium was observed. The shift indicated that GR II was converted to a
pure magnetite phase during the addition of uranium i.e. GR II was oxidized. In XPS
spectrum, the uranium in GR II had similar Uf7/2 binding energy to that observed for
UO2 standard, indicating that uranium was reduced to the U(IV) state. The shape and
position of the XANES spectra were also almost identical to the spectra of the UO2
standard, supporting that U was present in tetravalent form. No peak for hexavalent
uranium was observed.
Grambow et al. (1996) first corroded finely grained steel platelets in air saturated
MgCl2-brines at elevated temperatures. The experiments were performed under closed
system conditions in autoclaves. The initial oxygen was assumed to be consumed upon
steel corrosion, creating anoxic conditions in a few days. After 3 to 6 months, the
autoclaves were opened under Ar-stream in an inflatable bag or in a glove box. Samples
were taken for the analyses of the corrosion products by XRD. More than 97 % of
corrosion products were hydrous Fe oxides containing Cl- and Mg2+
((Fe, Mg)(OH)2/Fe(OH)3Cl). Some magnetite (Fe3O4) was also present. The
experiments were continued by adding U(VI) as chloride solution. The initial U
concentration was 1·10-4 M. These experiments were performed at room temperature
either under inert (Ar) atmosphere or in the glovebox (Ar/8 % H2). Within one month
reaction, the solution and solid samples were taken in certain time steps for U and Fe
analyses.
More than 98 % of added uranium was immobilized on corrosion products within one
day. A reciprocal relationship of the solution concentrations of uranium with the
nominal mass of magnetite was observed. Grambow et al. (1996) suggested that
magnetite played a key role in the sorption of uranium from solution. The measured Eh
and pH values indicated that the solutions should haven been oversaturated with respect
to tetravalent uranium hydroxide phases. However, very little U(IV) was found in the
solid phases. The reduction of uranium was mainly observed in the solution phase. The
highest fractions of U(IV) analyzed in solutions were only 50 % of the total uranium (in
solution), which was much less than could have been expected on the basis
thermodynamical considerations. The U(IV)/U(tot) ratios for colloids and particulate
matter were also much higher (31 – 81 %) than corresponding ratios for solid phase (0.2
- 1.3%). Grambow et al. pointed out, that the procedures they used to analyse oxidation
states of uranium needed evaluation and might have caused artefacts.

76

Table 7 summarizes the conditions and surface analysis techniques in experiments, in
which the green rusts were observed to reduce uranium. Hexavalent uranium was
reduced by green rust in the absence of metallic iron in most experiments. The Fe(II)
content of green rust decreased after the contact with U(VI) solution, suggesting the
oxidation of iron(II). Either an uneven uranium rich layer with some UO2(s) cystals or
UO2(s) nanoparticles were observed to form on to the surface of green rust. At the end
of the experiments the uranium concentration reached values (~ 10-8 M) near the
solubilty of UO2(s).The formation of nanoparticles awoke a question of the mobility of
these uranium particles in geolocigal matrices.
The removal of U(VI) by green rust was approximated to follow pseudo first order
kinetics. Factors like solution composition and surface area to solution volume ratio
have probably an influence on the reaction rate of uranium removal by green rusts, like
in the cases of previous reductants, metallic iron and magnetite.

Table 7. The reduction tests of U(VI) by green rusts.
Reductant

[U(VI)]i
(mM)

Solution

GRCO3 on
Fe surface

0.042
0.0042

GRSO4
2 g/ 45 ml

4.4
(U-acetate)

deionized H2O

GR II
(GRSO4)

10
(uranyl
nitrate)

0.2 M
ferrous sulphate
hexahydrate

(Fe,Mg)(OH2)/
Fe(OH)3Cl
on carbon
steel surface

10 mM
(U(VI)chloride)

10 mM NaCl +
2 mM HCO3-

MgCl2-brine

pH

Atmosphere

Duration

Surface
analyses

ref.

8.5

Ar
(0.03 % CO2)

3 months

XRD,
SEM-EDS

1)

7.3

N2
(4-6 % H2 )

48 h

EXAFS
XANES
(XAFS)
(XRD,TEM)

8.2

N2

90 min

XRD, XPS
EXAFS,
XANES
FTIR

6.5…7.5

Ar
~ 30d

XRD,
SEM-EDX,
(BET),
anion
exchange

Ar(8 % H2)

i = intinial, 1) Cui and Spahiu 2002 2) O’Loughlin et al. 2003 3) Dodge et al. 2002 4) Grambow et al. 1996

2)

3)

4)
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5.3

Other iron minerals

These minerals occur either in bentonite or in the surrounding bedrock. In the case of
the groundwater ingress to the canister due to canister failure, uranium(VI) from the
surface of spent fuel may migrate and get in contact with these minerals. This is
possible, if uranium is not retained inside the canister or bentonite intrudes into the
canister.
5.3.1

Goethite

Moyes et al. (2000) investigated the uranium uptake from aqueous solution by
interaction with four different minerals: goethite (-FeO(OH)), lepidocrocite ( FeO(OH)), muscovite (KAl2(AlSi3O10)(F,OH)2) and mackinawite (Fe2+0.75Ni0.25S0.9).
The surfaces, exposed to uranyl nitrate solution, were analysed by x-ray absorption
spectroscopy (XAS) to study the local environment of uranium on the surfaces, and thus
understand the binding mechanisms.
In the cases of goethite and lepidocrocite the uranium uptake occurred by the surface
complexation of U(VI), as bidentate inner-sphere complexes and was ceased when the
surface was saturated (Moyes et al. 2000). The reduction of uranium was not observed.
Instead, in the case of mackinawite XAS results suggested that the partial reduction of
uranium took place on its surface.
Dodge et al (2002) prepared goethite in the presence of U(VI). The incorporation of
uranium to the structure of goethite was shown to occur as bidentate inner-sphere
complexes by the EXAFS analysis. The reduction was not observed. The uranium was
present in a hexavalent form.
5.3.2

Pyrite

Iron sulphides, predominantly pyrite (FeS2), are common fracture minerals in bedrock.
Pyrite, which mainly occurs as coatings on calcite grains, has been found in all drill
cores and at all depths also at Olkiluoto site (see Chap. 4.3). The other source of pyrite
in the repository is the coarse fraction of bentonite (see Chap. 4.2). As a redox sensitive
mineral, pyrite controls reducing conditions in bedrock, and can react with many
oxidizing species (Eglizaud et al. 2006, see Ch. 3.2.1). In theory, both elements of
pyrite, iron and sulphur could be potential reducers for uranium.
The interaction of U(VI) with pyrite in varying anoxic water conditions has been studied
by Wersin et al. (1994), Cui and Eriksen (2000), Eglizaud et al. (2006) and Aubriet et
al. (2006). Wersin et al. (1994) added pyrite as powder or fragments to uranyl nitrate
solution (0.2 mM) in vials in a glove box purged with nitrogen. Experiments were
performed at the room temperature (20 ± 2 ºC). The pH varied between 5 and 6. In the
case of powdered pyrite, the suspensions in vials were stirred. The concentrations of
dissolved U and Fe were detected by liquid scintillation counting and by atomic
adsorption spectroscopy, respectively. After six to nine days exposure, the filtration and
drying procedure was performed in the glove box prior to analyses with Auger Electron
Spectroscopy (AES), Scanning Electron Microscopy (SEM), X-ray Photoelectron
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Spectroscopy (XPS) and Fourier Transformed Infrared (FTIR) Spectroscopy analyses.
More details of the experiments are given in table 8.
The uranium uptake by pyrite appeared to be pH dependent having a maximum uptake
above pH 5.5 in these experiments. The immobilization of soluble uranium was
assumed to happen as consequence of the adsorption of uranyl, reduction of sorbed
uranyl, and precipitation of a mixed U(VI)-U(IV) oxide. The AES showed a patchy
distribution of uranium on pyrite surface. Uranium associated mainly with oxidized
surface species of S and Fe indicating the partial reduction of uranium. Results from
XPS gave insight to redox processes. In the pH range of 5.1-5.3, the presence of mixed
U(VI)-U(IV) oxide and polysulphide could be interpreted from the XPS spectra of
pyrite surface, but there was no indication of Fe(III) on surface. At higher pH (> 5.5),
the U 4f, S 2p and Fe 2p lines of spectra showed considerable broadening towards
higher binding energies, a feature which increased with increasing pH. Broadening
indicated increased amounts of polysulphide and contribution of U(VI) and U(IV)
components. In contrast to samples with lower pH, a significant Fe(III) component was
exhibited at pH > 6. The IR data supported the XPS results indicating the partial
reduction of U(VI) to U(IV). FTIR results suggested that uranyl was bound to pyrite as
an inner-sphere complex, and that the proportion of U(VI) component was higher at
higher pH. Wersin et al. (1994) estimated the U(VI)/U(IV) ratios to range from 2 to 1.5
on the basis of the curve fitting computations of XPS spectra. They suggested that the
product of reduction reaction was metastable, poorly crystalline mixed U(VI)/U(IV)
oxide resembling the structure of U3O8. The rate of reduction was observed to be fast
relative to precipitation.
Eglizaud et al. (2006) have further investigated the rate and mechanism of the
interaction between pyrite and uranium(VI) in anoxic conditions in the glove box
(O2 < 1 ppm). Subsequently, pyrite was ground and the 50-150 m fraction was used in
the tests. Powdered pyrite was added to the uranium(VI) solution (2 mM U, 10 mM
NaNO3) in high-density polyethylene (HPDE) vials in the glove box. The pH was
adjusted to 3.1, 4.2, or 6.1. After the contact time of one hour, the suspension was
filtered (0.22 m) and the total concentrations of sulphur and iron were determined by
ICP-AES (Inter Coupled Plasma – Atomic Emission Spectroscopy). Pyrite was rinsed
with distilled water and dried in the glove box before the solid analysis by XPS.
The pH values of the test solutions with the initial pH 4.2 and 6.1 showed evolution
during experiment. They first increased and then decreased after U addition to final pH
3.6. The test with the initial pH 3.1 showed no evolution. The Eh remained between
0.53 V/SHE (standard hydrogen electrode) and 0.63 V/SHE. The measured Eh value
was high compared to the expected value around -0.2 V/SHE in the presence of
reducing pyrite. This suggested that either there were difficulties measuring redox
potentials in suspensions, or that the measured potentials were out of equilibrium. The
solution analyses showed that the amount of dissolved pyrite increased with the initial
pH (3.1, 4.2, or 6.1).
The XPS analyses showed oxidised species of iron on the surface of pyrite. The
contribution of Fe(III) increased with the initial pH of the test. The oxidized species of
sulphur could not be observed at the pyrite surface. If sulphur oxidized, oxidation
products probably dissolved in the supernatant. The amount of sorbed U increased also
with initial pH. The main component of uranium 4f spectra was consistent with a uranyl
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precipitate (UO2(OH)2 · x H2O) or an absorbed uranium(VI) species. The XPS Spectra
showed another peak, which was consistent with UO2(s). Regardless, the bonding
energy suggested, that the oxidation state of the reduced uranium was rather between 4
and 6. Thus the reduced uranium was either sorbed or precipitated as UO2+ x(s)
(0 x < 2). Eglizaud et al. (2006) suggested, that the reduction reaction was possibly
accompanied by the precipitation of iron(III) (oxo) – hydroxides and reduced uranium
solids or by the oxidation of sulphur.
Aubriet et al. (2006) founded their experiments also to the ones previously done by
Wersin et al. (1994). They studied the thermodynamics of the redox interactions
between U(VI) and pyrite using different solid/liquid (s/l) ratios in experiments. In
addition, they considered the galvanic interactions caused by the simultaneous presence
of pyrite and galena (PbS2) in reaction medium. Natural pyrite was ground (40 and 80
m), and the absence of oxidation products was tested with XPS analyses. Sorption
experiments were performed under argon atmosphere at room temperature. The
containers were stirred in dark. The solution pH was daily adjusted to 6.0. Three
different s/l ratios (1.0, 0.2 and 0.1 %) were used for pyrite suspensions. The initial
concentration of UO2(NO3)2 was 0.2 mM (for s/l = 1 %) or 1 mM (for s/l = 0.1, 0.2, 1
%). In the experiments with the lower s/l (0.2 or 0.1 %), colloidal suspensions formed in
solution; the corresponding particles were collected and characterized. After the reaction
time of 8 to 15 days, the pyrite grains were washed and filtered before characterization.
The characterization was performed with Raman spectrophotometry, SEM and XPS
analyses.
Raman spectrum of the sample with 1 mM UO22+(s/l = 1%) had bands which were
attributable to uranium phases (U3O8 and UO2(OH)2). On the surface of other pyrite
samples, the thickness of the uranium oxides was too small to show any signals
corresponding to uranium species. Moreover, the XPS gave a very weak U 4f7/2 signal.
However, the mapping of the pyrite surface with SEM showed a heterogeneous uranium
deposit to be present on the surface. The information about the nature of the uranium
species was available only by the voltametric characterization. The uranium species
were discovered to be a mixture of U3O8 and U(VI) compounds. The presence of
different iron oxide and hydroxide phases was demonstrated with Raman spectroscopy
or XPS.
The collected colloidal particles showed two bands assigned to UO3 and UO2(OH)2 in
the Raman spectra. The band attributed to UO2(OH)2 became stronger as the amount of
U(VI) increased in solution.
Aubriet et al. (2006) suggested the following reaction pathway: a redox reaction
occurred with U3O8 formation in the case of the 0.2 mM 1% and 1 mM 1% samples.
When pyrite was conditioned at lower s/l, both the redox reaction and the precipitation
of UO3 and shoepite (UO2(OH)2) occurred. The reaction of U(VI) with pyrite led first to
the formation of U3O8, sulphate and iron oxides, after which U3O8 and shoepite
adsorbed/precipitated on the surface of pyrite as the U(VI) occurred in excess. The
maximum amount of fixed uranium sorbed on pyrite surface was 0.4 mmol/g in the
precence of an excess of U(VI).
In a presence of both galena and pyrite (50:50 (w:w)) galvanic reactions took place.
Galena was first oxidised and covered by PbO followed by U(VI) reduction at the pyrite
surface, where U3O8 was deposited. Once the minerals were covered with certain
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amount of insulating oxides, there were no more galvanic interactions and each sulphide
mineral reacts individually.
Cui and Eriksen (2000) investigated the migration behaviour of uranium at the natural
analogue site, Palmottu U-Th deposit in Finland. The Natural Analogue Study at
Palmottu focused on processes that may affect radionuclide migration and retardation in
fractured metamorphic rocks similar to those which will host Finnish and Swedish
repositories. The research by Cui and Eriksen (2000) concentrated on fracture-filling
materials as uranium sinks and sources. In this context, ferrous minerals and their
capacity to take up uranium were also studied. The elements and the mineral
composition of fracture-fillings and host rock reference were identified with SEM, XRD
and Instrumental Neutron Activation Analysis (INAA). 238U/233U isotope exchange
method was applied to determine the fraction of exchangeable U in minerals. In addition
to the investigation of natural fracture-filling minerals from site, batch interaction
experiments were performed under anoxic conditions between U(VI) and pyrite, Fe(II) chlorite or magnetite. A mineral sample (0.5 g) containing Fe(II) was placed in 2 ml of
synthetic groundwater having the U(VI) concentration of 0.02 mM. More experimental
details are given in Table 8.
The uranium concentration in solution decreased to 50% of the initial concentration
during ten months reaction time with pyrite in anoxic conditions. No changes were
observed in the U(VI) solutions that had been in contact with Fe(II) - chlorite and
magnetite. According to Cui and Eriksen (2000), the depletion of uranium in solution
might be explained by the reduction of U(VI) to U(IV) by pyrite.
A few observations were done concerning the interactions between iron and uranium
from the elemental and mineral mappings of fracture-filling samples (Cui and Eriksen,
2000). The correlation between uranium and iron contents of uranium rich mineral
particles and aggregates was observed, although Fe(II)/Fe(III) ratio could not be
defined. The correlation could be probably explained by the reducing effect of Fe(II) in
the minerals. The measured Th/U ratios indicated that these mineral aggregates are sinks
for the dissolved uranium of groundwater, but not for colloidal uranium originating
from the uranium ore located below 300 m depths. The results from isotope exchange
indicated that the large fraction of uranium in fracture fillings was not easily
exchangeable. The amount of 238U released to the air-saturated synthetic groundwater in
the experiment was too high to be explained by reversible U(VI) sorption, but could be
explained by the oxidative leaching of U(IV) from the fracture-filling.
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The experimental conditions and surface analytical techniques, which were used in
different interaction tests between U(VI) and pyrite, are summarized in Table 8.
Reduction of hexavalent uranium to tetravalent uranium was observed in the interaction
tests with pyrite The uranium on the surface of pyrite was suggested to be a partially
reduced U(IV)/U(VI) oxide, or a mixture of U3O8 and U(VI) compounds. The uranium
on the pyrite surface showed a patchy distribution. In the test by Cui and Eriksen
(2000), the uranium concentration in the solution decreased to 50 % of the initial
concentration during ten months reaction time with pyrite.
It is possible that the active reductant in pyrite is iron or sulphur or both. Depending on
the pH, both elements were observed to oxidize in the pyrite/uranium interaction
experiments. Polysulphides identified on pyrite surface indicated, that sulphur
functioned as a reductant at lower pH values. At pH values higher than 6, only oxidized
iron species were identified on the pyrite surface. The proportion of Fe(III) on the pyrite
surface increased with the initial pH. Reported natural analogue studies from Palmottu
showed a correlation between the uranium and iron in uranium rich mineral particles
and aggregates suggesting that structural Fe(II) had a reducing effect on uranium.

Table 8. The reduction tests of U(VI) by pyrite.
Reductant
(particle size)
I) FeS2 crystals
II) ground powder
(< 45 m)
10… 40 g/L
ground FeS2
(50–150 m)
8 g/L
ground FeS2
(40–80 m)
s/l = 0.1, 0.2, 1 %
FeS2 ,
250 g/L
(0.5 g/ 2 ml)

[U(VI)]i
(mM)

Solution

pH

Surface
analyses

ref.

~ 0.2

H 2O

5…6

6…9 d

N2 glove
box

AES/SEM
XPS,
FTIR

1)

2

10 mM
NaNO3

3.1…6.1

1h

glove box
O2 < 1 ppm

6.0

8… 15 d

Ar

7.5

10
months

anaerobic *

XPS,
XRD,
SEM
HRXPS
Raman
SEM
only
solution
analysis

0.2, 1

deionized
H 2O

0.02

synthetic
GW
I = 0.01 M **

Duration Atmosphere

i = initial, s/l = solid/liquid, I = ionic strength, GW = groundwater
*) not specified
**) 2.0 mM HCO3 -, 0.5 mM Ca2+, 0.2 mM Mg2+, 0.1 mM K+, 3 mM Na+ and 0.2 mM H2SiO4
1) Wersin et al. 1994 2) Eglizaud et al. 2006 3) Aubriet et al. 2006 4) Cui and Eriksen 2000

2)

3)

4)
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5.3.3

Ferrous micas

Ferrous micas are one of the largest reservoirs of ferrous iron in the Earth’s crust. They
can be important sorbents for uranium in granitic terrain (Ilton et al. 2004, 2005). Ilton
et al. (2004) studied whether these Fe(II) - bearing sheet silicate minerals could reduce
aqueous U(VI) to U(IV). In addition, they considered the effects of alkali cations (Na+,
K+) in solution, mica composition and crystal form on the reduction of U(VI).
Tree different mica specimens were used as (1.5 x 0.5 x 0.3 cm) blocks in tests. The
micas included low- and medium-Fe biotites, as well as nearly pure biotite (annite;
KFeII3AlSi3O10(OH,F)2). The blocks were originally sectioned from mica books. The
initial concentrations of U(VI) in test solutions varied from 0.5 M to 0.5 mM. The pH
was between 4.5 and 9.5. The experiments were performed in reaction containers in a
glove box filled with Ar. The test duration was 1, 3, 5 or 20 hours.
The results from the surface analyses with XPS, XAS and TEM indicated that U(VI)
was reduced on mica surfaces (Ilton et al. 2004). The heterogenous reduction was
observed to be dependent on mica composition, crystal form and the type and
concentrations of alkali cations present in solution. The total sorption-reduction was
highest around pH 6. However, the reduction efficiency (U(IV)sorbed/U(VI)sorbed) seemed
not to be significant function of pH. For low fluorine, high Fe-biotite, the reduction was
observed at U(VI) concentrations as low as 0.5 M. For micas with higher F and lower
Fe than the annite, higher U(VI) concentration 0.5 mM was needed to show reactivity.
XPS analyses indicated that the reduction occurs rather on edge sites than basal plane
surfaces. Na+ ions present in solution promoted, whereas K+ ions seemed to hinder
reduction reactions.
Nano-scale uranium-rich zones in the interlayer region were detected from TEM records
for those mica specimens, which had a relatively high uranium adsorption. The
oxidation state of these zones could not be detected. However, both XPS and XAS
studies indicated a coupled sorption-reduction of U(VI) by structural Fe(II) of micas.
Ilton et al. (2004) concluded, that the reaction may not be such an important process in
groundwaters that contain appreciable amounts of K+ or on micas that contain high
fluorine contents and the Fe/(Mg+Fe) ratio less than about 0.5. Generally, the reduction
of U(VI) by Fe(II) adsorbed to mineral surfaces seems to require circum- neutral to
basic pH. (Liger et al. 1999) Thus ferrous micas and other structural Fe(II) silicates
could be especially important providing reduction pathways for aqueous U(VI) at pH
values less than neutral (Ilton et al. 2004).
The XPS results of the U(VI) interaction experiment with annite were modelled by Ilton
et al. (2004, 2005). In this experiment, macroscopic single crystals of annite were
allowed to react at 25 qC with argon-purged NaCl solution (0.5 M – 25 mM)
containing 5 M U. The pH was varied from 4.5 to 9.5.
XPS spectra for sorbed U on annite edge orientations were fit with three components
representing U(VI), U(V) and U(IV), see Figure 42a (Ilton et al. 2005). The valence
state of U was determined from binding energies (BEs) and satellite structures
associated with the 4f7/2 and 4f5/2 levels and the 5f intensity. Ilton et al. (2004) had
previously modelled the XPS spectra of U 4f level for sorbed U with only two
components (Figure 22b). The satellite structures and fine structures of the primary
peaks could not be included in this model. The fitting with three components showed
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the characteristics of U(VI), U(V) and U(IV) including also their primary peaks and
satellite structures (Figure 22). For greater details on modelling see Ilton et al. (2005).
The most abundant valence state of sorbed species seemed to be U(V) at least up to 3 h
reaction time at pH range 5-9.5. Thus, Ilton et al. (2005) suggested that U(V) dominated
sorbed species by polymerization with co-sorbed U(VI) and U(IV) species. The
polymerization could be possible a mechanism for U(V) to circumvent the rapid
disproportionation of aqueous U5+. The results suggested that the role of U(V) can be
more important than thought in low-temperature chemistry of uranium in reducing,
heterogeneous aqueous system, and that the reduction pathway might be possible to
other reductive minerals and reductants.

Figure 42. U4f XPS of annite edge orientations reacted with 5 M U(VI) at pH 9.5 and
25 mM NaCl for 3 h. (A) spectrum modelled with U(VI), U(V) and U(IV) components
(B) Same spectrum modelled with only two components (Ilton et al. 2005).
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In addition to biotite also the reducing effect of chlorite ((Fe,Mg,Mn)2Al4Si2O10(OH)4)
has been studied. The experiments by Cui and Eriksen (2000) showed that Fe(II)chlorite was not able to reduce uranium in synthetic groundwater. Gogolev et al. (2006)
reported also that Fe(II)-chlorite did not reduce U(VI) their experiments in carbonate
solution under anaerobic conditions. They suggested that the reaction was kinetically
hindered because of the low mobility of Fe(II) in the chlorite mineral.

5.4 Aqueous Fe 2+
Although the dominant mechanism for the reduction of U(VI) to U(IV) in iron metal
systems is believed to be the direct transfer of electrons from zero valent iron to uranyl,
the role of Fe(II) species may become significant in aqueous environments in long-term
(O’Loughlin et al.) The reduction of uranyl by aqueous Fe(II) is thermodynamically
feasible (Liger et al.1999, see also Chap. 2.3).
Liger et al. (1999) did a homogenous reduction experiment of UO22+ with dissolved
Fe2+ ions in 0.1 M NaNO3 solution under Ar atmosphere. The experimental details are
given in Table 9. They did not observe any changes in U concentration the course of a
short-term experiment of 3 days.
Gogolev et al. (2006) studied the reduction of U(VI) by Fe2+ ions in 3 M KHCO3 and
0.1 M NaHCO3 solutions saturated with Ar. They first found that U(VI) was not
reduced in the reaction with Fe2+ ions in a homogenous solution of 3 M KHCO3 even
when exposed to radiation of mercury lamp. The reaction did not occur either in 90 mM
NaNO3 solution.
In dilute 0.1 M NaHCO3 under similar conditions (Table 9), the reduction reaction did
occur even at room temperature. The dark green precipitate, most likely U(IV)
hydroxocarbonate complex, was formed in the reaction solution. When the solution was
heated at 120 ºC for 12 hours, a black-brown precipitate with disseminations of redbrown films was formed. X-ray diffraction analysis of this compound showed the
presence of low-crystalline UO2 and FeOOH.
Rovira et al. (2003) studied the response of redox electrodes (Pt and Au) to the
Fe(II)/Fe(III) and U(VI)/U(IV) system. The reduction experiment was performed in a
batch reactor under H2 (1 atm). The iron solution with 1mmol/l Fe(II) and 0.01 mmol/l
Fe(III) was equilibrated for the first 30 days of the test. The pH of the solution was 2.1.
Iron analysis of the solution showed that Fe(III) concentration increased and was
accompanied by an increase of pe. After 30 days, the system was disturbed by adding a
0.087 mmol pulse of Fe(III). The addition led to the increase of pe and the system
reached steady state when 85 days had elapsed from the start of the test. Next, the
platinum electrode was substituted by a black palladium catalyst. The system responded
with a rapid diminution of pe coupled with a Fe(II) increase and Fe(III) decrease in
solution. The response was likely due to the catalytic effect of the palladium black
catalyst on the Fe(III) reduction by H2.
Finally, 11 days after the addition of the Pd catalyst, the uranium was added to the
solution (Rovira et al. 2003). At the initial U(VI) concentration of 2 mM the pH was
adjusted to 2.3 with HClO4. The addition of oxidant caused a sudden increase in pe
(appr. from pe 2 to 3.5) followed by a subsequent diminution of pe. The evolution of
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uranium concentration and the redox potential are shown in Figure 43. The
concentration of uranium decreased as a function of time. The yellow colour of the
U(VI) solution was observed to change to green (U(IV)). This process was also
followed qualitatively. UV-VIS (Ultraviolet-visible) spectrophotometer was used to
measure the absorbance of the U(VI) and U(IV) peaks at 414 nm and 648 nm,
respectively. The redox potential first decreased, as if it were responding to an increase
of reducing species in the system. After 5 days, the uranium concentration was still
decreasing, however the redox potential was found to increase accompanied by the
appearance of a black precipitate in the solution, likely to be UO2(s). The final measured
concentration of uranium was in agreement with the calculated solubility of UO2(am) at
the experimental conditions.

Figure 43. Uranium concentration and measured pe as function of time in uranium
redox test (Rovira et al. 2003).
Table 9. The conditions for U(VI) reduction experiments by dissolved Fe(II).
[Fe(II)]0
(mM)

[U(VI)]i
(mM)

0.16

0.5 x 10-3 0.1 M NaNO3

Solution

pH
7.5

20

3

0.1 M NaHCO3

9.1

1
(and 0.01
Fe(III))

2

Fe(II)/Fe(III)
with Pd
catalyst

2.3

i = intial 1) Liger et al. 1999

Atmosphere

Duration

Analyses

ref.

3d

solution
analyses

1)

12 h

XRD

2)

8d

UV-VIS,
Eh

3)

Ar
(reaction vessel
or glove box)
Solution
saturated
with Ar
reactor with
permanent
H2 bubbling

2)Gogolev et al. 2006 3) Rovira et al. 2003
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5.5

Fe2+ on catalytic surfaces

There are three different papers (Charlet et al. 1998A, Charlet et al. 1998B, Liger et al.
1999) describing a similar surface catalytic reaction between uranyl ion and Fe(II)
adsorbed to the hematite (-Fe2O3) surface. The last one (Liger et al. 1999) gives the
most detailed information about the acid - base properties of nanoparticulate hematite,
adsorption of Fe(II) and U(VI) on hematite and the reduction kinetics of U(VI) on
hematite surface. The surface complexation was also modelled with computational
methods.
In the experimental part, the adsorption of Fe(II) and UO22+on hematite were tested
prior to the examination of U(VI) reduction kinetics by Fe(II) on hematite surface.
The kinetics of uranyl reduction was investigated with the following procedure. The
hematite suspensions were degassed with purified argon for one hour and the pH was
adjusted to the desired value (6.0 or 7.5). After the addition of Fe(II) as FeSO4, an
aliquot from stock solution, the pH was readjusted. In the course of the experiments, pH
was monitored and kept constant. The kinetic experiment was started with the addition
of an aliquot of U(VI) stock solution (UO2(NO3)2). The amounts of solid hematite and
the initial concentrations of Fe(II) and U(VI) and are given in Table 10. Alongside the
heterogeneous experiment, a homogenous experiment with dissolved U(VI) and Fe(II)
and without hematite nanoparticles was also carried out. During the experiment, aliquots
of the reaction medium were periodically sampled and immediately filtered (0.05 m).
The amount of U(VI) in filtrates was measured with laser induced fluorescence. The
filter membranes were carefully washed with a 0.5 M NaHCO3 to extract U(VI)
adsorbed on hematite particles. The U(VI) concentration in the leachates was measured
with laser induced fluorescence.
The reduction mechanism was studied with a distinct experiment. Uranyl was added to a
nanoparticulate hematite suspension (0.53 g/l). After this, the suspension was
equilibrated with 0.16 mM Fe(II) in 0.1 M NaNO3 solution (pH 7.5, 25º). A
comparatively high initial U(VI) concentration of 0.16 mM had to be used to produce a
sufficient absorption signal for diffuse reflectance FTIR measurements. Samples from
the hematite suspension were collected 10 min, 30 min, 2 hr and 24 hr after the addition
of U(VI). Before FTIR measurements, the suspensions samples were filtered through
0.05 m pore diameter membrane and dried for 1 h in a desiccator flushed with argon.
The results achieved in the Fe(II) absorption experiments by potentiometric titration
were consistent with the formation of two surface complexes: FeIIIOFeII+ and
FeIIIOFeIIOH0. The contribution of the hydroxo complex FeIIIOFeIIOH0 became
significant at pH 6.5. At pH 8, this complex was the predominant Fe(II) surface
species (Appendix 3). The U(VI) was assumed to absorb onto the surface either as an
unidentate or as a bidentate complex according reactions 29 and 30 (where FeOH
symbolizes a surface reactive site)
FeOH + UO22+ + H2O 

FeOUO2OH + 2H+

2( FeOH) + UO22+  ( FeO)2UO2 + 2H+

(29)
(30)
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The FTIR spectra measured for the samples from these experiments (Liger et al. 1999)
exhibited a shift reflecting the distortion of coordination environment of uranyl ion as it
forms an inner-sphere complex on the hematite surface. Besides, the EXAFS
spectroscopic studies (Manceau et al. 1992, Waite et al.1994) have provided evidence
for the formation of a bidentate uranyl complex at the surface of hydrous ferric oxides.
In the kinetic experiments, the concentration of U(VI), that was extractable by NaHCO3
from hematite particles, steadily decreased on a time scale of hours (Fig. 44). The
concentration of dissolved U(VI) in the filtrates remained under detection limit
(2 x 10-10 M) from the first minute of the experiment to the end of it. This indicated an
instant removal of U(VI) from solution reflecting very fast adsorption kinetics. The
kinetics of reduction was quantified by measuring the decrease in the adsorbed U(VI)
extractable by NaHCO3. The results from suspensions with different Fe(II)initial
concentrations and pHs indicated that the rate coefficient increased with the increasing
Fe(II)initial and increasing pH.

Figure 44. Reduction kinetics: natural logarithm of the relative concentration (C/C0)
for U(VI) vs. time, [U(VI)]0 = 5 · 10-7 M, Fe(II)0 = 1.6 · 10-4 M, 0.53 g/l hematite and at
pH 7.5, 0.1 M NaNO3, 25 ºC, (U(VI) = amount of NaHCO3 extractable uranium,
homogenous solution = without hematite), (Liger et al. 1999).
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Compared to the heterogeneous system, no changes were observed in U(VI)
concentration due to Fe(II) in homogenous solution without hematite particles during a
three day period. Thus the heterogeneous experiments showed evidence of the
accelerated redox reaction between adsorbed U(VI) and Fe(II) on hematite surface
(Figure 44). Liger et al.(1999) concluded that the surface complex, FeIIIOFeIIOH0, was
the rate controlling reductant species. The reduction of U(VI) by Fe(II) in the presence
of hematite nanoparticles depended linearly on the concentration of these hydroxo
surface complexes. In this complex, the electron transfer kinetics is enhanced by the
coordination of the oxygen atoms at the surface lattice to Fe(II), as well as by the release
of a proton from the hydration sheath of the absorbed metal cation
Redox potential was measured during the experiments (Liger et al.1999). For example,
the measured Eh was -210 mV in the hematite solution (0.53 g/l) with the Fe(II)initial
concentration of 1.6 x 10-4 M. This potential should provide highly reducing conditions
for U. In these conditions, the stable form of uranium is assumed to be crystalline
uraninite UO2(s). FTIR data confirmed the reduction of U(VI) by Fe(II) as the
mechanism responsible for the decrease of extractable U(VI). The appearance of the
absorption band at 800 cm-1 indicated the oxidation states of uranium lower than +6,
although UO2(s) or U(IV) species could not be identified directly from the spectra.
Behrends et al. (2005) concentrated in their experiments on the competition between
direct enzymatic reduction and abiotic reduction by Fe(II) on catalytic surface. Hematite
nanoparticles were used as catalytic surface in the experiments, which were conducted
at relatively low U(VI) concentration compared to concentrations of iron. The
experiments were performed in argon filled glove box at 25 ºC. The initial
concentrations and solution in the abiotic experiment were similar to those used in
experiments of Liger et al. (1999) (Table 10). The pH was kept constant at 7.5 and the
consumption of base was monitored.
The competing reaction, the reduction of U(VI) in the presence of bacteria (Shewanella
putrefaciens) was studied with two different strains (Behrends et al. 2005). These
bacteria can use both Fe(III) and U(VI) as electron acceptors for respiration. The
experiments were carried out in hematite – bacteria suspensions. The conditions were
similar to the abiotic experiment, expect the lactate solution (20 mM lactate, 5.6 mM
KCl, 19 mM NH4Cl, 14 mM Na2SO4, 1.4 mM CaCl2 and 0.43 mM MgSO4) was used
instead of 0.1 M NaNO3. Control experiments omitting either hematite or bacteria were
also performed. Fe(II) was added only to a number of control experiments, otherwise
the ferrous iron was to be produced by the dissimilatory reduction of Fe(III) by bacteria.
The effect of bicarbonate addition on the reduction of iron and uranium was also
investigated (Behrends et al. 2005). Bacteria were added to the suspension containing
hematite (2.0 g/l), lactate (20 mM) and either NaHCO3 (45 mM) or NaCl (45 mM).
Controls lacking either bacteria or hematite were also carried out in this case.
The proportion of U(VI) was leached from hematite suspension with 0.5 M NaHCO3.
The leachate was filtrated (0.2 m) and acidified (HNO3). The concentration of uranium
was determined by ICP-MS. The concentration of ferrous iron in the samples was
determined photometrically (method described in Behrends et al. 2005).
In the presence of metal reducing bacteria and colloidal hematite, the surface catalyzed
reduction by Fe(II) seemed to be the dominant pathway. Reduction kinetics of U(VI)
was similar to that in the abiotic controls to which Fe(II) had been added. The favour of
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the abiotic pathway was justified with the stronger adsorption of U(VI) to hematite than
to the bacterial cell walls.
The addition of dissolved bicarbonate markedly slowed done U(VI) reduction in control
experiments (Behrends et al. 2005). The inhibition of the enzymatic U(VI) reduction
and abiotic, surface catalyzed U(VI) reduction by the bicarbonate additions was
consistent with the formation of aqueous uranyl-carbonate complexes. However, the
effect of the bicarbonate addition was different in suspension containing both bacteria
and hematite. Surprisingly, more U(VI) seemed to be reduced. The formation of
biogenic magnetite observed in the experiments, probably enhanced reduction. The
possibility, that some U(VI) removal was due to structural incorporation into the newly
forming magnetite, could not be excluded.
The experimental conditions used in the studies of the surface catalytic reaction between
Fe2+ ion and uranyl ion on hematite surface are described in Table 10. The analyses with
FTIR suggested that the oxidation state of uranium was lower than U(VI) on the
hematite surface at the end of the reduction experiment. The leaching of U from the
hematite surface with NaHCO3 suggested that the uranium was reduced. However
UO2(s) or U(IV) could not be indentified directly from IR spectra. The concentration of
dissolved U(VI) was under detection limit (2 · 10-10 M) from the first minute of the
experiment (by Liger et al.1999).
The results suggested that the specific adsorption of uranyl and ferrous iron to hematite
accelerates the redox reaction between U(VI) and Fe(II). This reduction reaction of
U(VI) by ferrous iron requires a source of soluble Fe(II), mineral surfaces catalyzing the
electron transfer process and a near-neutral pH range. The other experiments showed
that the abiotic surface catalyzed reduction by Fe(II) is competitive with the direct
enzymatic reduction by bacteria and should even outcompete it. This abiotic reaction is
likely to be a major pathway of uranium immobilization in natural environments.
Further studies are needed to evaluate the competing U(VI) reduction pathways in more
complex heterogeneous systems, because solution and surface complexation reactions of
U(VI) and Fe(II) can be expected to modulate the competition arrangement.

Table 10. Conditions at surface catalyzed reactions: U(VI) reduction by Fe(II) on
hematite surface (Bold values were used in the experiments of reduction mechanism).
[U(VI)]i
(mM)

[Fe(II)]
(mM)

Solution

Fe2O3 nanoparticles
0.16
size 10-12 nm
0.5 · 10-3
0.53 or 0.08 g/l

0.16
2.0 · 10-2
2.0 · 10-3

0.1 M
NaNO3

0.16

0.1 M
NaNO3

Catalytic surface

Fe2O3 ,size 8 ± 2
nm,

0.53 g/l

0.5 · 10

-3

pH

Atmosphere

Analyses

7.5 or Ar in flushed solution
reaction vessel analyses,
6.0
or glove box
FTIR
7.5

Ar in
glove box

solution
analyses:
ICP-MS,

photometry

i = initial 1) Liger et al. 1999 2) Charlet et al. 1998A 3) Charlet et al. 1998B 4) Behrends et al. 2005

ref.
1),
2),
3)
4)
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6

SUMMARY

This study is a literature survey on the reduction of uranium by iron under the disposal
conditions of spent nuclear fuel. It covers discussions on the basics of the reduction and
the concept of the redox potential (Eh), and the dominating oxidation states and
complexes, as well as solubilities for uranium and iron in groundwater environment.
The main focus in the report is on the reduction reactions between U(VI) and metallic
iron from different iron sources in the engineered barrier system of the spent fuel
repository and the near-field rock. The main reductants are expected to be the metallic
iron of cast iron insert of the disposal canister and its corrosion products. Additional
considered reductants are the iron minerals in the bentonite buffer or near-field rock.
The review of U(VI) reduction studies was concentrated on the experimental studies, in
which the reduction was observed to take place in interaction with iron phase under
anaerobic conditions.
At the considered spent nuclear fuel disposal site Olkiluoto the groundwater is slightly
alkaline pH (~8), has a low redox potential (-300 mV), and low dissolved sulphide, and
tolerable salinity (10-20 g/l) at the intended repository depth (-420 m). The natural Utot
has the highest concentrations (> 5 g/kg) in near-surface oxidizing groundwater zone,
after which it decreases with increasing depth. The low concentration of carbonate and
anoxic groundwater conditions are favourable for maintaining low uranium
concentrations.Similar microbial populations, which have been proved to affect the
reduction of uranium, have also been observed at Olkiluoto at the depths of 200-450 m.
As long as the canister containing the spent fuel remains intact, no water is available.
The residual H2O and oxygen are consumed in the corrosion reaction inside the canister.
In the case of initially defective canister or canister failure the progressive corrosion and
solution reactions will become feasible.
In interaction experiments between metallic iron (Fe0) and U(VI) solution, the higher
pH values (pH > 8) were observed to favour the sorption of U(VI) over reduction. The
composition of water was suggested to have a considerable effect on the
removal/reduction rate of uranium by metallic iron in the long run. Compared to
deionized water, the removal rate of uranium was increased in the chloride solution..
The supposed reduction reaction was also faster in tests with a higher surface are to
solution volume ratio (SA/V). The reaction rate increased, when iron was coated with
palladium. The galvanic interaction between these metals probably produced more
electrons available for the reduction of uranium.
The reduction reaction of uranyl by zero valent iron seemed to be quite slow in
anaerobic conditions. Most of the results suggested that the U(VI) was partly reduced to
a U(IV)/U(VI) mixed oxide, or that U(IV) solid phase were not in the form of UO2(s).
The results of partition experiments suggested that uranium was mainly on the iron
surface, indicating that the reductive precipitation onto the iron surface was the reaction
mechanism. On the other hand, results obtained from electrochemical experiments
indicated, that the reduction took place also in solution in the systems, where metallic
iron was present.
The main corrosion products of Fe0, magnetite and green rust, have a semi-conductor
character. Thus, they both are able to transport electrons for the reduction reactions from
metallic iron to the surface of corrosion products. Both, magnetite and green rust have
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also been observed to reduce U(VI) in the absence of Fe0. The removal of U(VI) from
solution by magnetite was more efficient, when Fe0 was present under the corrosion
layer. Both minerals showed a decrease in the Fe(II) content after the contact with
U(VI) solution, suggesting the oxidation of iron in solid phase took place.
The removal of U(VI) by magnetite was observed to increase slightly with the
increasing pressure (H2) and with the increasing mass of the solid. The carbonate
content had also influence on the removal rate of U(VI) from solution. The lower
carbonate concentrations seemed to facilitate the removal/reduction. At higher carbonate
concentrations, the reaction was probably hindered because the uranyl carbonate
complexes tend to stabilize the U(VI). The pH of the solution influenced on the amount
of reduced U(IV) on the magnetite surface. The lower pH seemed to favour the
reduction. In these tests, the resulting U concentration was near the solubility of
UO2(am). The XRD spectra of the surface showed also the characteristics of UO2(am).
Some of the reported results suggested that the uranium on the magnetite surface was a
mixture of tetra- and hexavalent uranium.
The removal of U(VI) by green rust has been approximated to follow pseudo first order
kinetics. The uranium formed either an uneven uranium-rich layer with some UO2(s)
crystals or UO2(s) nanoparticles on the surface of green rust. The formation of
nanoparticles awoke a question about the mobility of these particles in geological
matrices.
The bentonite buffer, surrounding the canister, contains iron minerals with Fe(II), which
may be able to reduce U(VI). Montmorillonite, the major component of bentonite,
contains structural Fe(II). Other iron minerals; amphiboles, mica, pyrite, goethite,
hematite, siderite and chlorite, have been discovered in the coarse fraction of bentonite.
Of these minerals, pyrite and micas have been observed to reduce U(VI) to some extent,
whereas, hematite can function as a catalytic surface in the U(VI) reduction by sorbed
Fe(II). In the case of the canister failure, uranium(VI) may get in contact with these
minerals. This is possible, if bentonite intrudes into the canister, or if uranium is not
retained inside the canister and thus it migrates further.
Depending on the pH, both structural Fe and S, were observed to oxidize in the
pyrite/uranium interaction experiments. Polysulphides identified on pyrite surface
indicated, that S functioned as a reductant at lower pH values. At pH values higher than
6, only oxidized species of iron were identified on the pyrite surface. The contribution
of Fe(III) increased with the initial pH. The uranium on pyrite was suggested to be a
partially reduced U(IV)-U(VI) oxide, or a mixture of U3O8 and U(VI) compounds. The
uranium showed a heterogeneous distribution on pyrite surface. Reported natural
analogue studies from Palmottu showed a correlation between the uranium and iron in
uranium rich mineral particles and aggregates suggesting that structural Fe(II) had a
reducing effect on uranium.
The reduction by micas was observed to be dependent on mica composition and
crystallography. Biotite with high Fe and low F content was the most efficient reductant.
The reduction seemed to occur rather on edge sites than basal plane surfaces. The total
sorption-reduction varied with pH (4.5-9.5) having maximum at around pH 6. However,
the proportion of reduced uranium seemed not to be a significant function of pH. The
type and concentrations of alkali cations in solution clearly effected the reduction of
uranium. Na+- ions present in solution promoted, whereas K+- ions seemed to hinder
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reduction. The XPS spectra of the surface of the annite sample after the interaction test
with U(VI) suggested U(V) to be the dominant form of the sorbed U species. The
polymerization with co-sorbed U(IV) and U(VI)species possibly helped U5+ to
circumvent the disproportionation. The results suggested that the role of U(V) can be
important in low-temperature chemistry of uranium in reducing, heterogeneous aqueous
systems. In conclusion, ferrous micas and other structural Fe(II) silicates can be
important providing reduction pathways for aqueous U(VI) in acidic conditions.
The surface catalytic reduction of U(VI) by ferrous iron seemed to require a source of
soluble Fe(II), mineral surface (e.g hematite) catalyzing the electron transfer process
and a near-neutral pH. The surface complex FeIIIOFeIIOH0 was probably the rate
determining reducing species. This complex seemed to enhance electron transfer
kinetics by the coordination of the oxygen atoms at the surface lattice to Fe(II), as well
as by releasing a proton from the hydration sheath of the absorbed metal cation. The
abiotic surface catalyzed reduction of uranium by Fe(II) on magnetite surface was
competitive with the direct enzymatic reduction by bacteria and even outcompeted it.
If U(VI) gets in contact with the bedrock surrounding the deposition hole, the
interactions with ferrous minerals and the dissolved Fe(II) in groundwater may become
significant and decrease the mobility of uranium. Many iron minerals in the bedrock,
pyrite, mica gneisses and biotite among others, might also immobilize uranium by
reduction.
After water intrudes into the canister, dissolved Fe(II) is available inside the canister due
to anaerobic corrosion of the cast iron insert. Later on, the U(VI) might get in contact
with the dissolved Fe(II) of groundwater outside the canister. The reduction of uranium
by Fe2+ has been observed in a homogenous solution in some experiments. These
experiments were conducted either at elevated temperatures or in acidic pH conditions.
The reduction of uranium is a very challenging phenomenon to investigate. Solely the
reduction of uranium by iron phases is difficult to study. Various surface and solution
analytical techniques are needed e.g to measure the oxidation states. Experimental
arrangements are usually challenging because anaerobic conditions are required through
experiment. The sorption and the complexes of the reactive species affect the overall
reaction in most cases. Even in the homogenous experiments, the oxidized Fe(III) may
form sparingly-soluble ferric oxohydroxides, which adsorb U(VI) or can act as a
catalytic surface for the reduction by Fe(II).
Further studies are needed to evaluate the competing U(VI) reduction pathways in more
complex heterogeneous systems, because solution and surface complexation reactions of
U(VI) and Fe(II) can be expected to modulate the competition arrangement. The
application of these phenomena to the disposal of the spent nuclear fuel generates more
challenges. The role of aqueous Fe(II) as possible reductant for uranium under alpha
radiolysis conditions on the surface of spent fuel is important. The long-term aspects
and the effects of possible interactions with other materials in the near-field should also
be considered.
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APPENDICES
APPENDIX 1:

Dissolved gases in Olkiluoto groundwaters

The content of dissolved gases (ml gas/l water at NTP) with depth in Olkiluoto
groundwater samples a) total dissolve gases, N2, He, and O2 and b) CO2, H2, CH4
and higher hydrocarbons (CnHn), (Pitkänen et al. 2004).

104

105

APPENDIX 2:

Synthetic groundwater compositions

Table is originally from K. Ollila (1999). References in Table are found therein.
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APPENDIX 3:

Adsorption of Fe(II) and U(VI) on hematite

(a) Adsoption edge: the percentage of total Fe(II) absorbed to the hematite nanoparticles
is plotted as a function of pH. The symbols in the graph are measured values; the full
line is computed based on the proposed surface complexation model, plus the surface
stability constants. and specific capacitance obtained from fitting the titration data (b)
calculated distribution of surface bound Fe(II) species (c) Absoption edge:
corresponding graph for U(VI) as (a) for Fe(II) (d) calculated distribution of aqueous
and surface bound U(VI) species (Liger et al. 1999).

