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ABSTRACT
Erik Östhols: Some Processes Affecting the Mobility of Thorium in Natural
Ground Waters.
TRITA-OOK 1038. Department of Chemistry, Inorganic Chemistry, Royal
Institute of Technology, Stockholm, Sweden.
Thorium is a useful model element for tetravalent actinides such as U(IV), Pu(IV)
and Np(IV) which are important constituents of spent nuclear fuel. Thorium is
also an important tracer element for particle pathways in natural environments.
In order to correctly model the transport of Th in the environment, it is important to have quantitative models for processes that affect its mobility. Some of
these processes have been experimentally investigated in laboratory studies, and
interpreted with quantitative models where possible.
The carbonate complexation in aqueous solution of Th has been investigated
through solubility studies of ThO2 in carbonate media. It is shown, that thorium
carbonate complexes are likely to be predominant in many natural waters. They
also increase the solubility of the oxide significantly, and hence the mobility of
Th. Carbonate also increases the dissolution rate of thorium oxide. This has been
shown in dissolution kinetics experiments performed in a continuous flow thin-film
reactor. This effect will only be important in environments with a pH and total
carbonate alkalinity higher than those of most natural aquatic environments.
Solubility studies of thorium oxide in phosphate media show that phosphate
does not significantly increase the mobility of Th in aqueous media. The presence
of phosphate may cause the precipitation of sparingly soluble thorium phosphates
which will decrease the mobility of Th. The pentahydroxo complex for Th is shown
to be insignificant up to pH 13.
Potentiometric studies of Th sorption on amorphous colloidal silica indicate,
that pure aluminosilicates will probably not be efficient scavengers of tetravalent
actinides above pH values of approximately 6. In neutral to alkaline solutions,
iron (hydr)oxides are likely to be the predominant sorbents. The Th sorption
on silica has also been studied with EXAFS spectroscopy. The results show that
polynuclear surface complexes are probably not important foi this system. Th
binds to the silica surface through corner-sharing bonds, where Th and Si share
one, but not more oxygen atoms. The likely number of surface sites occupied by
each sorbed Th is two to three. A tentative configuration for the surface complex
is presented.
KEYWORDS: Thorium, solubility, mobility, radionuclides, carbonate, phosphate, sorption, silica, weathering, dissolution, kinetics, EXAFS, complex, surface.

Preface
This thesis is a summary of the five papers listed below, referred to in the
text as paper I-V. The first sections of the thesis contain an introduction
to and motivation for the work. The following sections explain some of the
theoretical and experimental aspects of each paper, and also give summaries
of the results. Finally, each of the papers is included in a separate section.
Stockholm, April 1994
Erik Osthols
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1

Introduction

This thesis is mainly concerned with the behaviour of the actinide element
thorium (Th) in granitic ground waters. Although this may seem like a
narrow subject of research, many of the processes investigated are of general
importance for the transport of metal cations in natural water systems. This,
in turn, is interesting because human activities, industrial and others, cause
the release of metals into the environment. In a time when concern about
the environment is becoming more apparent with every passing day, it is
extremely important to possess accurate knowledge about the environmental
behaviour of substances released by human activities. Once the metals are
released to our environment, we want to know how and to what extent they
will be transported, and in what forms. If we know this, we can also understand to what extent we will be exposed to them in our daily lives, and what
precautions to take in order to minimize environmental damage and health
risks.
One of the most important modes of transport of metals is with water,
whether in rivers, lakes, oceans, vapours or ground waters. If the released
metals are toxic, it is important to know to what extent and how fast the
metals will be transported. It is necessary to know the speciation in the
aqueous phase of the metal, i. e. how and with what the metal ion will be
coordinated in the water, since this will significantly affect the reactivity and
hence the toxicity and general behaviour of the metal.
The main reasons to study thorium, rather than some more common
element, are two. First, thorium is an important model element for other
tetravalent actinides such as U(IV), Pu(IV) and Np(IV). U(IV), in the form
of UO2(s). is the main constituent of spent nuclear fuel, and Pu and Np are
important constituents in radioactive waste [SKB91, 1992, KBS-3, 1983].
Whereas U, Pu and Np have several oxidation states, making it difficult to
control the oxidation state of these elements in the course of experimental
work, Th is almost always present as Th(IV). This greatly simplifies much of
the experimental work compared with other actinides. Although there are no
stable Th nuclides, 232Th is an a-emitter with a very long half life (1.4 - 1O10
years), which makes it easy to work with in laboratory experiments without
difficult and time-consuming safety measures. This sets it apart from e. g.
Pu.
The second reason for studying the behaviour of Th in natural environ-

ments is its importance as a tracer element. Tracer elements are elements
that can be used to investigate characteristic rates of fluxes of e. g. water
and particles between natural water reservoirs such as oceans, lakes and the
atmosphere. Radioactive elements are particularly suitable for tracer applications, since their concentrations are often relatively easy to measure and
because the radioactive decay may help to measure the timescales of the
transport processes.
For an element to be useful as a tracer, it must be able to exclusively
trace the pathways of either a flow of water or of particles. Then the flux
of water or particles can be monitored by simply measuring the concentration of the tracer element, rather than trying to measure and/or calculate
the actual particle or water flux, which is often very difficult. The input
of the tracer to the investigated system must be well known. Because of
its accurately known source terms, long half-life and single redox state, as
well as its strong tendency to associate with particles and surfaces, thorium
has been used as a unique tracer of particle scavenging in water and at
sediment/water boundaries, and for particle remobilization from sediments
[Santschi and Honey man, 1989]. Data on Th content exist for oceans and
lakes in many cases where data for other actinides are not available.
In order for tracer studies of Th to be useful in natural aquatic environments, it is important that the processes affecting its behaviour in these
environments are well known and quantified.
The aim of this thesis is to experimentally investigate and if possible quantitatively model some processes that may be of importance for the mobility
of thorium in natural waters.

2

The General Chemistry of Thorium

Thorium was discovered in 1829 by the Swedish chemist J. J. Berzelius
[Berzelius, 1829], who also managed to produce the element in metal form.
He named it after the ancient Nordic god Tor. It is the 35th most abundant
element in the earth's crust, with a concentration of 0.001-0.002 %. This
makes it roughly three times more abundant than uranium (Ahrland et al., 1973].
It is usually found as monazite ((Ce,La, Y,Th) 3 (PO 4 ) 4 ), thorianite (ThO2)
or thorite (ThSiO4). It is mostly present as a rather small portion of a mineral and in solid solutions with other oxides, silicates and phosphates. Only

seldom is it a major constituent of a mineral [Langmuir and Herman, 1980,
and references therein]. Because of its long half life, 232 Th is present as
a primordial element, i. e. it is emitted from sources essentially created
at the same time as the earth. Other Th isotopes, such as 228 Th (halflife 1.91 yrs), ^ T h (half-life 7300 yrs) and ^ T h (half-life 80000 yrs) are
found mainly as products from the decay of uranium nuclides. According to
[Langmuir and Herman, 1980], reliable data on dissolved concentrations of
Th in natural waters are uncommon, since most authors fail to distinguish
between truly dissolved Th and Th associated with particulate matter. In
a review by [Santschi and Honeyman, 1989], average 232 Th concentrations of
4.7-10"14 M for seawater and 1.2-1O"10 M for lakes and rivers are given.
The commercial uses of Th are few, and only a few hundred tonnes
are produced annually, half of which is used in the production of gas mantles, which improve the luminosity of coal gas flames when used for lighting
[Greenwood and Earnshaw, 1984]. Unless one of the suggested nuclear energy processes which use Th instead of U as the fissionable element becomes
commercially important, this situation is unlikely to change.
Thorium, as well as the rest of the actinides, has a pronounced tendency
to form complexes with other elements. A fair amount of data exists on
complex ion formation in solution, mainly because of the importance of Th
in nuclear energy applications discussed above.
Roughly, the tendency to form complexes for actinides in different oxidation states decreases in the order M<+ > MO?,+ > M 3+ > MO£ [Cotton and Wilkinson, 1988].
This puts Th 4 + at the reactive end of the scale, which is reflected by its documented ability to form fairly strong complexes with a large selection of
ligands.
The relatively large size (the effective "ionic radius" of Th 4+ varies from
0.94-1.21 Å depending on the coordination number [Shannon, 1976]) and high
charge of Th, which leads to high electrostatic attraction, as well as the large
number of valence shell orbitals available for bonding, result in high coordination numbers for Th. Values from 6 to 14 are known [Shannon, 1976,
Cotton and Wilkinson, 1988], but eight-coordination is perhaps the most
common. What sets Th apart from most of the other actinides is its single valence of four, which in turn may be related to the fact that it has no /
electrons in its valence shell (the electronic configuration is 6<P7s2). It also
shows similarities with the lighter elements in group 4 in the periodic system,
Ti, Zr and Hf.

Having praised the experimental advantages of Th, some of the difficulties should also be mentioned. 232Th has no nuclear spin, and is therefore not susceptible to NMR. It is in any case often difficult to obtain Th
complexes in solution in large enough concentrations to make NMR and
X ray diffraction possible, although the latter has been used in some cases
[Magini et al., 1976]. Most thorium compounds of interest in natural environments are colourless, and have no useful UV-VIS absorption bands.
Fluorescence spectroscope is also of little use, and Th-selective electrodes
are unavailable. This means, that there is a limited number of methods
available for direct determination of specific thorium species in aqueous solution and on surfaces. The analytical methods available for the chemist
interested in thorium chemistry are mainly methods for analysis of total
thorium concentrations in solution, often combined with ion-selective electrode measurements of the ligand in solution [Grenthe and Lagerman, 1991,
Baumann, 1970, Norén, 1969, and many others]. However, liquid-liquid extraction methods have been successfully used in several cases (e. g. [Zebroski et al., 1951,
Engkvist and Albinsson, 1992, Norén, 1969]), often combined with radiochemical analyses of Th which make detection of very low concentrations of Th
possible. Ion chromatography could possibly give interesting results, but to
the author's knowledge nothing has so far been published.

3 Which Processes Affect the Mobility of
Thorium in the Environment?
Many different processes which contribute to the mobilization of radionuclides in the environment have been identified. [Santschi and Honey man, 1989}
give an excellent review of the state of knowledge up to 1989. Modelling the
behaviour of Th in natural environments may seem a hopeless task, given the
many different processes that a priori seem to call for modelling. However,
the crucial question to be asked is always: Which are the really important
processes? It is not very probable, that all the identified processes are affecting the destiny of the actinide to an equal degree. Another important point
is whether there are important processes which have not yet been identified.
How do we identify these processes, and weed out the less interesting ones?
We may start by recalling some basic physical chemistry: thermodynam-

ics vs. kinetics. If a process or reaction is, in some sense of the word, "slow",
its influence can and must be treated with kinetic models. If a process is
"very slow", perhaps we can disregard its influence altogether. The speed
of reaction, and hence its potential importance, will depend on the concentrations of the reacting substances, and the rate constant of the investigated
process. If the reaction is "fast", we can assume that the process will reach
equilibrium, and use thermodynamic models. Again, the importance of the
reaction will depend on the concentration of reactants, and the free energies
of formation of the products.
What, then, is meant by "fast" and "slow" reactions? By nature, these are
relative concepts. To get an overview of the situation, one may make use of
the fact that association with water is by far the most important way in which
Th is mobilized, whether in solution or attached to particles transported
with the water. Fig. 1 shows a schematic picture of some of the major
water reservoirs on earth and the fluxes between them. The picture shows
a dynamic system, where water is constantly moving between the different
reservoirs. The driving processes behind the fluxes are among others rain,
evaporation, runoff from lakes, hydraulic gradients etc. The characteristic
time scale of the different reservoirs will be the residence time of the water
in the reservoir TW, defined as
TW

= —

(3-1)

where Vr is the volume of the reservoir, and Qr is the flux (in volume per
unit time) of water to or from the reservoir. If the characteristic reaction
time of a process is larger, or the characteristic rate of input of one or more
reactants to the water is lower, than the residence time of the water, we
can assume kinetic control of the process. If, on the other hand, the time
needed for a process to reach completion is smaller and the rate of input
of all reactants to the water is higher than the residence time of the water,
we should be able to make use of thermodynamic models. Calculating the
TW of deep groundwater from the data in [Santschi and Honeyman, 1989],
we find a residence time of a few hundred years. Although this figure is
rather approximate, and local and spatial variations occur, it still gives an
indication of the order of magnitude of the time scale of interest.
An important addition to the concept of residence time for water, is the
residence time for particulate matter associated with the water, TP. There is

Figure 1: Schematic picture of the global water cycle. Reproduced from
[Drever, 1988].

no a priori reason to assume that, for a certain aquatic environment, TP and TW
should be the same. Rather, as discussed by [Santschi and Honeyman, 1989],
depending on the characteristic time scales for formation, life times, and size
and weight etc. of particles, they may be significantly retarded with respect
to the transport of the water itself.
The time scale exercises will tell us something about the relative importance of different processes once we have identified and quantified them. It
does not, however, tell us which processes we should look for and try to
quantify. For this problem, there are few remedies except turning to reality
and make field site investigations. For problems related to the storage of
spent nuclear fuel, so-called natural analogues, i. e. places in nature where
occurrences of mineral ores containing unusually high concentrations of radionuclides are found, are particularly interesting as field sites. Examples of
such places are the Pocps de Caldas site in Brazil [Chapman et al, 1991] and
the Oklo site in Gabon [West, 1978]. Once we know what is found in real
systems, we can start thinking about the processes that are responsible for
the findings.
Since the experimental work for this thesis has all been performed in the
laboratory under well defined conditions, and does not include any field investigations, one may ask whether the studies included here are at all relevant to
the modelling of natural waters. Why not concentrate on field studies, which
will directly give important information on what is happening out there in
the not-so-ideal reality of natural environments? The main reason why laboratory studies are necessary, is the very fact that natural environments are
rather complex systems. If we want to quantify a certain process, it is usually impossible to vary interesting parameters in natural systems. Even if we
somehow manage to manipul?te the systems, it may be difficult to measure
the results in an unambiguous way. Because the systems are complex, and
many parameters are interdependent, it will be difficult to figure out the
mechanisms behind the changes in the observed quantities. It will also be
difficult to verify, that all relevant quantities have been measured, and measured correctly. In the ideal case, input from field investigations will prompt
activity in laboratories, which will give rise to models from which predictions
and descriptions can be made. These predictions can then be used to suggest new field investigations to test the predictions, and so on. Finally, one
must not forget that studies of relevance for the migration of radionuclides
in natural environments, far from being isolated from everything else going

on in the fields of chemistry, physics and biology, are a part of the ongoing
scientific development. Hence, to take an example, general investigations on
the structure of sorbed compounds may give insights that will prove useful
for the construction of sorption models for radionuclides etc. If only studies
whose immediate relevance for modelling of radionuclide migration is undisputable were ever conducted, the subject would progress extremely slowly if
at all.

4

An Example Related to Ground Water:
Spent Nuclear Fuel Disposal

As a model system of relevance for the study of processes affecting the radionuclide transport in natural ground waters, we may consider a Swedish
repository for spent nuclear fuel. The problem of spent nuclear fuel disposal
has prompted several thorough investigations of possible disposal sites in
Sweden. According to the present plans [SKB 91, 1992] for disposal of the
spent nuclear fuel from Swedish power plants, the waste will be buried in
a repository in crystalline granite rock at a depth of approximately 500 m.
A schematic picture of the repository situation is shown in fig. 2. The nuclear fuel will not lie "naked" in the repository. Several different barriers for
keeping the fuel from leaking into the surrounding ground water are planned,
among them copper canisters with surrounding clay mineral fillings. These
barriers are very important, but beyond the scope of this thesis and hence
this discussion. Here, we will concern ourselves with what happens to the
Th once it passes the canister and clay fillings and enters the fractures of
the granite rock. This area is usually referred to as the "far field", in the
jargon of spent nuclear fuel researchers. The topography of the surface gives
rise to hydraulic gradients for water permeating the granite rock beneath
the surface. The transport in the rock will take place through fractures of
different sizes. The fracture system? found in the granitic rock are in general
very complicated, and exhibit rather large local variations. This makes it
difficult go give a detailed picture of the hydrology of a specific site. The
overall features may typically look as in fig. 2, where water is transported
into the fracture system in the rock by the local hydraulic gradients. It may
then reach the surface again after contact with the waste repository.

^^BS^^^äSB^S

Figure 2: The placement of a Swedish repository site for spent nuclear fuel
disposal. Modified from [Brohu't et al., 1986].
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The many small fractures usually found in such a system are not shown in
the picture, only two major fracture zones. It is tempting to think that these
larger fractures will be the ones mainly responsible for the water transport.
However, this will depend on how the different fractures are connected in
each local system, and there is no a priori reason to assume that this is so.
It is in any case clear, that the transport of radionuclides will take place in
fractures, whether small or large. From this scenario, it is possible to identify
some major factors influencing the chemistry of the radionuclide transport:
• The composition of the water in the fracture.
• The particle content of the water, and the composition and surface area
of these particles.
• The composition and interface area of the fracture coating minerals in
the fracture zone.
A complete description of the radionuclide migration will include many more
factors, such as hydrology, fracture networking etc. The subject is complicated enough to have employed many brilliant researchers for decades, and
any kind of complete description is clearly far beyond the scope of this thesis. Here we will concentrate on some chemical processes that may affect the
radionuclide transport.
The composition of the ground water is clearly very important. The
groundwaters found in site investigations for Swedish nuclear fuel disposal
are usually mixtures of surface waters, penetrating from above, and saline
deep ground waters, which are very old and geochemical remnants from
times when the Swedish mainland was covered by saline seawater. The composition of a granitic ground water found in the Finnsjön area in Sweden
[SKB 91, 1992] is shown in table 1. The concentration of colloidal inorganic
particles which may be found in the water is not included in the table. The
figure for TOC also includes particulate matter. Studies [Allard et al., 1991]
have found that these particles are not important from a safety assessment point of view, but it is clear from e. g. data available for seawater
[Baskaran et al., 1992, Moran and Buesseler, 1992], that in general the association of Th with particles is an important process. The numbers in table 1
will tell us something about possible reactions in solution for Th, and which
ligands are likely to exert a major influence on the Th speciation. E. g. we
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Species
Depth (m)
pH
Eh (mV)
HCOJ
Ca 2 +
Mg 2 +

Na +

K+

Fe 2 +

Fe
Mn

s2so*ci-

Br"

rSi
TOC

NH3
NO3-

P05U

Tot. cone.
(mg/1)
169-191
7.7
-320
200
270
36
610
6.5
0.5
0.51
0.37
0.01
150
1300
4.5
0.02
8.3
12
0.34
< 5•lO" 3
1 •lO- 3
13 - IQ"3

Table 1: Composition of a ground water found in the Finnsjön area in Sweden
[SKB91, 1992].
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can see immediately that ligands such as chloride, sulphate and carbonate
are abundant, meaning that it is important to know their influence on Th
speciation.
Figure 3 shows a close-up of a major fracture zone. This particular fracture is found at Äspö in Sweden. It may serve as an example for the discussion. It is obvious from fig. 3, that the mineral composition of the part

Fresh granite

Altered granite

Fracture coating» : CM - 35 vd %
FeO * Fa,O, • 15-35 weight *

, - FeO* 17weighl %

5-10 vol %
-FeO*Fe,O,
- 20 weight %

' - 1 vol % Magnetite

- 0 1 % Pynte

Py « 0.2 %

• -FeO > 0.3 weight %

1-2 % HemaMe

Ca - 30 vol %

i -10 vol % Bdrte

Ep - 13 vol. % • Fe,O, -12-16 %
Fe( III) - oKyhydroxides - 4 %

FeOOH

Clay minerals - 18 %

Figure 3: Fracture zone found at Äspö, Sweden, showing the mineral composition of the host rock, the altered zone close to the fracture and the fracture
coatings. Reproduced from [Banwart et al., 1994]

of the rock which is in contact with water may be quite different from the
bulk composition of the rock. This is something to keep in mind, when, as
a laboratory chemist, one is to choose model compounds to work with. The
specific surface areas of the fracture minerals is also something to be taken
into account when deciding on which minerals will be the most important
for the cation transport, since minerals with large specific surface areas may
constitute a major part of the surface available for interfacial reaction despite
a low content in terms of percentage weight. In the following, the specifics
of the processes of importance for Th transport in natural waters will be
discussed. The granitic ground water will be used as an example, but many
of the processes are general and will apply to the situation in other aquatic
environments as well.
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5
5.1

Solution and Solubility Equilibria
Background and Theory

Solution equilibria of metal cations is a much studied subject. Since the work
of the Danish chemist S. M. Jorgensen (1837-1914) and the Swiss chemist
A. Werner (1866-1919) [Werner, 1905] laid the foundations for what has developed into the modern concepts of coordination chemistry by solving the
structure of "complex" compounds such as [Co(NH3)e]3+ClJ that baffled
their contemporaries, much exper'mental effort has been spent investigating
the complexes between metal ions and various ligands in aqueous solutions.
The study of the stoichiometry of these complexes has been combined
with the elegant framework of chemical thermodynamics introduced by J.
W. Gibbs in the 19th century to form a powerful model for the chemistry of
metal ions in solution. The reason that thermodynamic models have proved
to be so efficient for this purpose is, that complexation reactions of metal
ions in solutions are usually quite rapid. Although the rate constants for
formation of metal ion complexes vary over many orders of magnitude, depending on the metal and ligand involved [Burgess, 1978], even the slower
rates are often enough to bring reactions to completion within hours. Given
that the residence time of ground waters discussed previously are on the order
of hundreds, and sometimes thousands, of years, it is obvious that many complexation reactions in solution will reach equilibrium in these systems. Some
equilibria, however, notably some redox reactions, have very high activation
energies that will inhibit the reaction at low temperature.
The precipitation and dissolution of solid phases is usually, but not always, significantly slower than homogeneous aqueous equilibria. Nevertheless, thermodynamics is an important tool for describing many dissolution/precipitation processes involving principally "simpler" binary or ternary
solid phases. We will get back to the rates of inhomogeneous reactions in
section 7.1. Here we will briefly review the equations ne cessary for describing
the mentioned equilibria. A summary of the notation used in the following
sections is given in tables 2 and 3. In general, omitting charges, we can
write
pMe + q,Li + q2L2 + • • qnLn # Me p (L,) ql (L 2 )• • • (L n ) qn

(5.1)

for the formation of a soluble complex Mep(Li)qJ(L2) • • • (L n ) qn from p metal

|
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Symbol
na
naf
nx
nf

nj/j
nsti
A]'
Afi

F,
cfi
I3x,
(5ylk
Kfi
Ti
7V(t)

Description
The number of soluble components in the system
The number of solid components in the system
The number of soluble complexes in the system
The number of solid phases defined for the system.
This is the maximum number of solids that may appear at
equilibrium,
The number of surface complexes defined for solid component
with index i.
The number of different surface site types for solid component i
Soluble component i of signed charge z
Solid component i
Soluble complex i of signed charge zx
Surface complex j , having signed charge zy, on solid
component i
Solid phase i
"Concentration" of solid phase i defined as moles of solid
present per liter solution
Cumulative stability constant for soluble complex i
Cumulative stability constant for
surface complex k on solid component i
Solubility product for solid phase i
Total concentration in all phases of soluble component i
Total charge concentration (moles of unit charges per
kg solvent or liter solution) of solid component i

Table 2: Notation used for describing the equilibrium system
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Symbol

pffij
7<ij
71,
= Sij
ifrji)

Description
Stoichiometric coefficient of soluble component
i in soluble complex j
Stoichiometric coefficient of soluble component i in
surface complex k for solid component j
Stoichiometric coefficient of soluble component i in
solid phase j
Stoichiometric coefficient of solid component i in soluble
complex j
Stoichiometric coefficient of surface site k in surface
complex j for solid component i
Stoichiometric coefficient of solid component i in solid
phase j
Activity coefficient for soluble component i
Activity coefficient for soluble complex i
Surface site of type j for solid component i
Surface potential for solid component i

Table 3: Notation used for describing the equilibrium system continued
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ions Me and n ligands Li • • • Ln, each with its own stoichiometric coefficient
q;. Making this one step more general, and dropping the distinction between
metals and ligands, making them all reactants or components Ai, each with
a charge Zi, and simplifying the complex notation to Xj for the j:ih complex
forming, we can write
no

Yipxa^^Xi

(5.2)

The cumulative stability constant /3ij for the above reaction is defined by

Square brackets [] indicate concentrations and curly braces {} indicate activities, where the standard state is a solution of unit concentration with no
interaction between species, and the reference state is one of infinite dilution.
Introducing the activity coefficients fXj for the soluble complexes and 70^
for the components, we get

0X3=

nKi([Är*

(5 4)

'

We must also consider the total mass balances for the system, where we sum
up the total concentration 7) for a soluble component .4,:

In the absence of solids, solid components and surface complexation etc. the
equations 5.4 and 5.5 completely define the equilibrium composition of the
system. If we consider the (jij and pzy values to be known quantities, and
the 7 values as determined by the solution composition and known constants,
then, given a set of either 7} or [Ai] values for all components in the system,
we can, by solving these equations, obtain the full speciation of the system.
In case we have access to conditional constants /3i, for the system, we may set
all activity coefficients to 1, thus simplifying the equations one step further.
Looking at the problem the other way, if we can measure both free and total
concentration., or possibly concentrations for the complexes formed, for some
component in a system, we should be able to make deductions about the
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magnitude of the stability constants. To do that, however, we must know
the stoichiometry of the complexes formed. To do that, in turn, we must be
able to independently vary the concentrations of each of the components in
the formed complexes.
In case solids may precipitate, we must expand the set of equations used
to obtain the equilibrium composition. For the dissolution of a certain solid
Fk, still using no solid components, we write

(5.6)

£?
i=\

in analogy with equation 5.2. The solubility pioduct A'/t for this reaction is
given by

which we again rewrite using concentrations and activity coefficients:
i*i)vS'k

(5.8)

1=1

For equation 5.8 to be valid for a certain solid phase k, we must obtain a set
of concentrations [.4,] from equation 5.4 and 5.5 such that
na

(5-9)
We must consider the possibility that some amount of each component A,
may be present in some solid phase, and hence we amend equation 5.5 as
follows:
nx

nf

T, = [A?] + £ J**[*ii + £ Pfikch

(5.10)

The "concentrations" of the solids c//t are defined as the number of moles cf
solid present per liter solvent.
It is sometimes convenient to define a solid phase as a component in
the system. This can be used e. g. in cases where we don't know the true
solubility product of a solid, and want to write all reactions in terms of a
dissolution of a solid.

18
If we label the solid components Af, and their "concentrations", defined
in the same way as for solid phases above, by [AJi\, and their activities by
{Aft}, equation 5.4 becomes
0xi

=

1

"—^7

(5-H)

Equation 5.8 transforms to
na

TIO/

1

Kfk = JKWhoiY * J[{AfjyJJ>k

(5.i2)

For the solid components, using the pure solid as the standard state, the
following holds for the activities:
i

if [yi/;]>o

(51t3)

Remembering that each solid forming constitutes a new phase, we can use
Gibbs's phase rule to deduce that we will lose one degree of freedom for each
solid precipitated. Assuming constant pressure and temperature, this means
that the free concentration in solution of some component in the solid phase
will be fixed by the solubility equilibrium. This fact can be put to use in
equilibrium experiments.
An important fact to be realized from the above equations, is that unless we are able to directly measure the free concentrations in solution of the
components forming the solid, we are left with measurements of total concentrations in solution of some solid-forming component according to equation
5.10. This means, that if we can't obtain experimental points in a region
where the solid forming component is uncomplexed, we are not able to deduce the solubility constant of the solid according to equation 5-8 directly
from the data. This fact is sometimes overlooked in solubility studies. The
solubility product can still be determined, however, if we can find independent experimental data from which the stability constants of the solution
complexes formed can be determined.
The way to calculate the activity coefficients for ionic species in aqueous
solution of ionic strength higher than around 0.01 M has been the subject
of some debate ever since Peter Debye and Erich Hiickel formulated the
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theory for calculating activity coefficients of ionic species in dilute solutions
in 1923- This debate will not be reviewed here. Among the several models
in widespread use, the one consistently used in papers I-V is the Specific
ion Interaction Theory (SIT). This model was chosen because of its ability
to model solutions over a rather wide range of ionic strengths, its relatively
few empirical parameters and the ease with which these parameters can be
estimated when not known from experimental data. The theory is used as
described in [Grenthe et al., 1992], with the interaction coefficients published
there.
The basic equation for the SIT is

where
D=

Ayfl
r

(5.15)

1 + BaisTl

I is the ionic strength of the solution, defined as
i

'

ni

(

A is a temperature and medium dependent parameter, which is approximately 0.5091 for water at 25° C.
/ represents all aqueous species other than i of opposite charge
B a, is a temperature and ion dependent parameter; the value of this product
is set to 1.5 at 25° C for aqueous solutions
t(i. I) is the interaction coefficient for species i and species 1. This coefficient
is really a function of ionic strength and temperature, but the variation is usually not important for ionic strengths below 3.5 molal and
temperatures below 100° C.
The SIT certainly has shortcomings, such as being useless in brines, but it
is quite useful for the purpose of extrapolating data obtained in laboratory
experiments at high ionic strength to the infinite dilution state, which is
exactly the purpose it is used for in papers I-V.
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Even if the concepts and mathematics behind the equilibrium complexation model are not very complicated compared to what one may find in
many other research areas today, the calculations still tend to be tedious
enough that few people will attempt to do them manually if this can be
avoided. Several computer programs for making these calculations exist, the
first of which started to appear in the sixties [Ingri et al., 1967]. A recently
constructed program [Osthols, 1994] has been -.ised to perform the necessary
calculations for paper I, II, III and V.

5.2

Experimental techniques

Several good experimental methods for exploring equilibria such as the one
in equation 5.1 are available. The early studies were performed using extraction, spectrophotometric, potentiometric, conductometric and polarograhic
methods, among others, while techniques such as ESR and NMR have made
their entry later. A major part of the existing investigations of complex formation in solution have been carried out since the 1940:s. Excellent reviews
on experimental methods have been published [Rosotti and Rosotti, 1961,
Meloun et al., 1988], and data compilations are available [Högfeldt, 1982].
However, as in most field» of science, not every published study is of outstanding quality. This fact has been recognized, and attempts to critically evaluate
existing data have been made [Smith and Martell, 1989]. For purposes such
as safety assessment studies for spent nuclear fuel storage, where it is critically important to have correct thermochemical information, this problem has
become increasingly acute. This has among other things led to efforts such
as the NEA-OECD thermodynamic database project [Grenthe et al., 1992],
which aims to assemble a critically reviewed compilation of thermochemical
data of importance in nuclear waste management studies. It has also led
to the realisation, that although there is a fair amount of thermodynamic
data available for radionuclides, there are still many important gaps in our
knowledge that can only be filled by additional experimental efforts. Unfortunately, these experimental efforts are no longev common. There are several
reasons for this. Reliable data often missing in cases where they are experimentally difficult or very tedious to obtain. Also, equilibrium analysis is no
longer a scientifically "hot" area of research. Still, the problem remains: the
data are needed. Papers I and II of this thesis are concerned with equilibrium
analysis to obtain this kind of missing data.
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For many of the most important inorganic ligands for metal-ion complexes in aqueous solution, such as 0H~ and C03~, potentiometric methods
have proved to be useful. The systems studied have often been explored in
homogeneous solutions in the low pH range, because of the risk of hydroxide precipitation at higher pH. This sometimes constitutes a problem when
modelling the situation in natural waters, where pH values are usually in
the neutral to slightly alkaline range. This problem can be overcome by using solubility measurements, which is the technique used in papers I and II.
Solubility measurements, on the other hand, have the drawback, that the
free concentration of one component, in our case Th 4 + , will be determined
from the equilibrium with a solid phase. We cannot vary this concentration
independently in the experiments. Because of this, we cannot determine the
stoichiometric coefficient of Th in complexes that may form in solution. This
notwithstanding, for an element such as Th which easily forms a sparingly
soluble (hydr)oxide in neutral and alkaline solutions, solubility studies is an
important tool for studies of complexation reactions in aqueous media.

5.3

The Solubility of Microcrystalline ThO2 in CO2 H2O media (paper I)

It is clear from table 1, that carbonate is a potentially important ligand for
Th in granitic ground waters. Also, stud.es [LaFlamme and Murray, 1987] 01
the thorium content in alkaline waters from Soap Lake in Eastern Washington, U. S. A., and Mono Lake in California, U. S. A. [Anderson et al., 1982,
Simpson et al., 1982] have yielded thorium concentrations that exceed those
expected from the solubility of crystalline ThO2(c) by several orders of magnitude. A prominent feature of these lakes is their high carbonate content.
However, very few reliable quantitative equilibrium data on thorium complexation with carbonate are available, and only for high carbonate concentrations [Joäo et al., 1987].
In paper I, the solubility of microcrystalline ThO 2 (act) as a function of
pH has been studied under different partial pressures of CO2 in aqueous
media, in order to obtain qualitative and quantitative information on the
complexation of Th 4+ with carbonate. Microcrystalline ThO2(act) was used
as solid phase because the well crystallized ThOj(c) has very slow dissolution
kinetics and a prohibitively low solubility in the alkaline region. The resulting
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solubility curves were fitted to different thermodynamic models with a newly
written code for estimation of thermodynamic parameters from experimental
observations [Osthols, 1991].
Based on the results of the study, the existence of a mixed thoriumhydroxo-carbonate complex, Th(OH)3COj, as well as a thorium carbonate
complex Th(CO3)f~ were proposed, and their stability constants and the
solubility product of miciocrystalline thorium oxide were determined. The
following equilibrium constants were determined in 0.5 M NaC104 at 25°C 1
atm.:
ThO 2 (act) + 4H+ ^ Th 4+ + 2H2O
logK, = 9.37 ± 0.13
+
ThO 2 (act) + H + H2O + CO^" ^ Th(OH\,CO;
log/3, ,3,1 = 6.11 ±0.19
ThO 2 (act) + 4H + 5CO|" ^ T h ( C 0 3 ) r
logA.0,5 = 42.12 ± 0.32
+

(5.17)
(5.18)
(5.19)

As discussed in section 5.1, it is not possible to determine the nuclearity
of these complexes from the solubility studies. They are postulated to be
mononuclear in part because of the low total Th concentrations in the experiments. Polynuclear complexes are usually not important under these
conditions.
The stability constants for the thorium carbonate complexes were used
together with the solubility product of crystalline thorium oxide estimated
from available thermochemical data to model the solubility of ThO2(c) in
the alkaline lakes discussed above. The results are shown in fig. 4. The
thorium carbonate complexes formed according to equations 5.18 and 5.19
seem to predict the trend in the solubility with increasing alkalinity in the
lakes rather well. The systematic difference between the predicted solubility
and the reported can be corrected by a lowering of the solubility product.
As discussed in section 2, thorium is often found in solid solution with other
elements. If such a solid is treated as an ideal solution, we have for the
activity {ThO2} of thorium oxide in the solid solution
{ThO2} = x T h O j

(5.20)
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Figure 4: Predicted (stars) and measured (filled squares) solubilities of thorium in some alkaline lakes. [CO|~]tot includes all carbonate and bicarbonate
species in solution. pH values for the different lakes vary between 9.1 and
9.8.
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where x-rho2 ' s the mole fraction of TI1O2 in the solid solution. The assumption of an ideal solution in this case is not unreasonable, since for a trace
element like Th, the mole fraction is usually low. The solubility constant Ks
corresponding to reaction 5.17 is defined by
[Th 4+ ]
K

=

For the pure thorium oxide solid, XJHOJ» and hence the activity of thorium
oxide, equals one. For that case the apparent solubility product Kfp, defined
as
Ksapp = Ks{ThO2} = [Th 4+ ][H + ]- 4
(5.22)
equals the "true" solubility constant K5. However, for a solid solution with
XTho2 much lower than one, it can easily be seen from equation 5.22 that
the solubility product will be significantly lowered. However, until verified or
disproved by mineralogical investigations, this explanation for the decrease
of the solubility product remains a speculation.
The thorium carbonate complexes are also quite important for the speciation of Th in sea water, as can be seen in fig. 5.

5.4

The Solubility of Microcrystalline ThC>2 in Phosphate Media (paper II)

The phosphate concentration of the example granitic ground water in table
1 is quite low, around 10~8 M. Seawater and lake concentrations lie around
10~4 —10"5 M [Stumm and Morgan, 1981]. Because of these rather low concentrations, one might suspect that phosphate complexation would not exert
a large influence on the behaviour of dissolved Th in natural environments.
However, some equilibrium constants published by [Moskvin et al., 1967],
which have found their way into many data bases used for geochemical modelling, indicate that phosphate complexation is so strong that such complexes
would completely dominate the Th speciation in the aqueous phase up to
very high pH values, even in the presence of only small amounts of phosphate. These complexes would also greatly enhance the solubility of ThO2There are some serious problems with the thermodynamic data presented by
[Moskvin et al., 1967], which were derived from studies of the solubility of
a solid thorium phosphate phase in phosphate media. It is not clear how
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Figure 5: Predominance diagram for thorium in seawater conditions at 25°
C and 1 atm. [Th 4+ ] tot < 1CT7 M.
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the solubility product of the solid used was calculated, and the ligand in the
thorium phosphate complexes is postulated to be HPOj". There is no independent experiment to support this conclusion. It is not possible to deduce
the hydrogen ion content of the thorium complexes formed from the data
presented by [Moskvin et al., 1967], since the experiments were conducted
at a constant hydrogen concentration of 0.35 M. The method of preparation
of the solid phase is not described, nor how its composition was determined.
Since the only reliable study of thorium phosphate complexation found in
the literature [Zebroski et al., 1951] was made at very low pH, some studies of the solubility of ThC^act) in the presence of phosphates have been
performed (paper II).
The results from experiments to determine the solubility of ThO2(act) in
phosphate solutions are quite different from the results for carbonates. As
can be seen in fig. 6, the effect of phosphate on the solubility of ThO2(act) is
very limited. The only data for which there is any significant deviation from
the solubility of ThO 2 (act) as predicted in the absence of phosphates, is for
the data in 0.1 M phosphate solutions in the pH range 10.5-13. Here a small
increase in the solubility is found. It was possible to qualitatively model the
data in fig. 6 with the equilibrium
Th 4+ + 4H2O + PO^ v± Th(OH)4PO2- + 4H+

(5.23)

with a log stability constant of —14.9 ± 0.36. The uncertainty represents
three standard deviations. The lines in fig. 6 are the solubilities calculated
from the model. It is clear, that the model is only qualitatively correct, but
no better model could be found. To complicate matters further, SEM microprobe energy dispersive X-ray fluorescence measurements of the solid phase
used in the solubility experiments showed a small but significant phosphate
content. This makes it possible, that a sparingly soluble thorium phosphate
solid is forming in the experiments. If this is so, this solid will have a lower
solubility than at least the microcrystalline oxide, meaning that there will
eventually be a lowering of the Th solubility in the presence of excess amounts
of phosphate. It is in any case clear, that the stability constants determined
by [Moskvin et al., 1967] are wrong. From the data in paper II it seems more
likely that phosphate would decrease the mobility of Th, due to formation of
sparingly soluble thorium phosphate solid phases, than increase it at neutral
and alkaline pH. Fig. 7 shows, that the predominance area of the proposed
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thorium phosphate complex is limited to a narrow region of very high pH
and phosphate concentration.
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Figure 7: Predominance diagram for Th as a function of total phosphate
concentration and pH at 25" C and 1 atm. [Th 4+ ] tot < NT 7 M.
The data in this study have also given evidence that the complex Th(OH)s
which is sometimes proposed [Allard, 1982], is not present to any significant
extent up to pH 13.

6
6.1

Sorption Studies
Background and Theory

The fact that Th is often found associated with particulate matter in natural
aquatic environments [Santschi, 1984, Baskaran et al., 1992] makes it interesting to look at the sorption processes that may be involved. The example
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fracture zone in fig. 3 contains a fair amount of the silicate mineral chlorite,
as well as clay minerals. These minerals all contain silica groups. Also, it is
not uncommon to find colloidal silica particles in natural waters. Hence, in
paper III and IV, the sorption of Th onto a mo'iel silica compound has been
investigated.
The treatment of sorption processes in models used for safety assessment
of nuclear waste repositories is often made with the very simplistic concept
of conditional distribution coefficients R, which are defined as

R =

[Me"+(sorbed)]tot
[Men+(aq)]tot

(<U)

While these coefficients are easy to use, they are also highly conditional and
basically have to be measured for each particular system investigated. If
the solution composition, minerals present or any other chemically relevant
parameters change, so will the R values. Since R values are empirical parameters that don't imply any sorption mechanisms, there is no a priori
way of knowing what will happen if, say, the pH of the water changes. R
values are certainly useful ror practical modelling of existing situations, but
their predictive value is by definition non-existent. This is not unimportant
when making safety analyses for time periods of thousands of years, which is
common for spent nuclear fuel repository safety assessments. The sorption
studies in papers III and IV aim to obtain a more detailed understanding
of sorption processes of relevance for Th in natural waters. The mechanistic
understanding might also be useful for other tetravalent actinides present in
waste repositories.
Models that represent more rigorous approaches to sorption phenomena
started to develop over one hundred years ago. In the first half of this
century, they were complemented through application of exchange equilibrium models. The last few decades have seen the successful combination
of exchange equilibrium models with theories describing the electric double
layer of oxides. These models have been reveiwed several times (see e. g.
[Davis and Kent, 1990]). The (hydr)oxide surface is considered to possess a
finite number of functional groups which have the ability to bind a sorbing
metal ion. In many cases, the presence of suspended metal oxides has been
found to buffer the pH of the solution. This phenomenon has been attributed
to the amphoteric behaviour of the surface functional groups. The reactions
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responsible for this behaviour would then be
= SOH r±= SO" + H +

(6.2)

= SOH + H + # = SOH+

(6.3)

= SOH denotes a surface functional group, consisting of e. g. a Si atom on
the surface with at least one neighbouring oxygen which is not coordinated
with the bulk solid, but instead in contact with the solution. In the above
reaction, the surface site is assumed to coordinate a proton, resulting from
a rearrangement of water molecules sorbed on the surface [Schindler, 1981].
The sorption of a metal ion to these functional groups could then take place
through e. g. the reaction
p = SOH + qMen+ ** (= SO) p H r Me^- p + (p - r)H +

(6.4)

The number of surface sites involved in the reaction, as well as the number
of leaving protons, must then be determined experimentally. For some minerals, there may be several types of surface sites [Davis and Kent, 1990, and
references therein].
It is possible to write general equations for these reactions, similar to
those in section 5.1. A general surface complexation reaction for a surface
complex Yik (surface complex k at the surface of solid component i) can be
written as follows:
nst,

no

EPyfai = 3<i + EmiikA? *> Yik
j=l

(6.5)

1=1

We use the notation = Sij for a surface site of type j on solid component i.
The stability constant for this reaction is then defined by
fy
0Vk

=

\

^

{Ai}, denotes the activity at the surface of a soluble component Ai, meaning
the bulk solution activity {^4,} corrected for the electrostatic work required
to reach the surface layer from the bulk of the solution. In case we disregard
electrostatic effects resulting from charge buildup at the surface/solution
interface, we have

}. = {A,}

(6.7)
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However, charge buildup due to specific ion sorption has been shown experimentally to occur in many cases (e. g. [Wiese and Healy, 1975]). For
the charged surface, according to the diffuse layer theory (see below), an
additional electrostatic term
adds to the expression for chemical potentials. Zi as before denotes the signed
charge of the species i, and 0(s) is the electrostatic potential in volts of the
layer s versus some arbitrary reference potential. If the bulk solution is used
as the electrostatic potential reference, then
{Ai}s = {At} exp(-z,-F0(a)/AT)

(6.8)

(see e. g. the derivation by [Westall, 1987]). This relates the activity of
species i in the bulk solution to the activity of species i in the surface layer
s. If we combine equations 6.8 and 6.6, and use concentrations rather than
activities, we obtain

%l)(s) has been replaced here by 0(i), the surface potential for a certain solid
component i.
It may be argued, that the exponent of the concentration of free surface
sites [= Sy) in expression 6.9 should never be more than one, since the surface
sites are not reacting independently of each other, but rather simultaneously
like a chelating ligand in solution. Then the expression 6.9 is replaced with
the expression

U
(6.10)
No generally accepted theory exists for calculating the activity coefficients
of species such as = SOH, and their values are usually set to one for want of
better approaches.
The surface charge of the oxide material resulting from specific sorption of aqueous ions is balanced by a layer of counterions concentrated close
to the surface. Several models exist which claim to describe this layer,
as reviewed by e. g. [Westall, 1986]. The one adopted in this study is
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the Double Layer Model (DLM) also chosen in the extensive review by
[Dzombak and Morel. 1990] on sorption on hydrous ferric oxide. A simplified
picture of the solid-solution interface for this model is shown in fig. 8. Close

OH;

-o-0M*
-OHj

Gouy-Chopmon
Diffus* Loyer

-A"

Distance

Figure 8: Schematic picture of the solid-solution interface of the
double layer model for surface complexation.
Reproduced from
[Dzombak and Morel, 1990].
to the surface is a layer of specifically sorbed ions which results in a surface
charge a (charges/unit area). This charged layer is balanced by a diffuse
layer of counter ions with a charge o&, giving
a + ad = 0

(6.11)

ai is calculated from the surface potential xp and the concentration of counter
ions in bulk solution according to the Gouy-Chapman theory, which is basically an integration of the Poisson-Boltzmann equation for an infinite planar
surface [Sposito, 1984]. For cases where there is an excess of a symmetrical
background electrolyte, and zifrF <§C RT, the more general expression given
by [Sposito, 1984] simplifies to
ad = {8RTeeoce • l

which is the equation found in [Dzombak and Morel, 1990].
e is the dielectric constant of water (dimensionless, 78.5 at 25° C).

(6.12)
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to is the vaccuum permittivity (8.854 • 10~"C/(V • m))
ce is the concentration of the background electrolyte
Z e is the valence of the symmetrical background electrolyte.
a is calculated from the concentration of sorbed ions at the surface, which will
be determined by the concentrations of surface sites and ions in solution as
well as the strength of the surface complex stability constants /3y. Equations
6.11 and 6.12 are then used to balance the surface charge of a solid component
fi so that, in units of (moles of unit charges)/(liter solution)

E

(6.13)

.7=1

sai is the surface area in unit area per mole solid for solid component i
[Afi] is the "concentration" of solid component i in moles per liter solution.
The above version of the double layer model was chosen because of its documented ability to explain a large selection of experimental data [Dzombak and Morel, 1990],
its relative simplicity and its lack of fitting parameters, such as surface capacitances, whose physical meaning is unciear.
The above equations treat sorption as an equilibrium process. This raises
the question of the typical time scales involved in sorption processes. It is
sometimes observed, that the sorption ssems to take place in two steps, an
initial rapid uptake followed by a slower process [Dzombak and Morel, 1986].
This has also been observed for Th uptake on silica [Rydberg and Rydberg, 1952].
However, for the uptake of Th on the silica, the process seems to reach completion already after 20 h. The idea, that the second step indicates surface
precipitation or solid solution formation is sometimes proposed. It is in any
case clear, that the reversibility of the sorption process must be verified in
order for the surface complexation model presented above to be valid.
When transferring sorption models from well defined laboratory conditions to natural conditions, problems are often found [Honeyman and Santschi, 1988].
These difficulties include anomalous effects of particle concentration, nonadditivity in multiple-adsorbent systems and difficulties in estimating the
wetted surface area. Nevertheless, it is clear that investigations of welldefined model systems will at least serve as limiting cases for some possible
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processes of importance in nature. The speciation calculations and data
fittings for the sorption data have been made with the C-Haltafall and CLetagrop programs [Östhols, 1994, Osthols, 1991].

6.2

Experimental techniques

6.2.1

Wet chemistry methods

The vast majority of investigations of the sorpticn of metal ions on suspended
oxide materials so far have been made using traditional wet chemistry methods combined with potentiometric measurements. Solutions with knov/n total
metal concentrations and known contents of suspended matter are made up
and equilibrated for a certain period of time. Then the pH of the solution
is measured, the solid phase separated from the solution and the total concentration of the metal in solution measured. This is basically the technique
used in paper III. Sometimes the amount of sorbed metal is verified by analysis of the metal concentration after desorption from the separated solid in
strong acids.
This experimental approach will give relevant information on the proton
exchange of the sorption reaction, as well as the amount of sorbed metal ion
per weight of solid material. Analogous to what was said about complexation
in homogeneous solution in section 5.1, unless the concentrations of all the
participating species in the surface complex formation reaction are varied
independently, it is not possible to assess the full stoichiometry of a surface
complexes. In particular, the solid to metal concentration must be varied in
order to determine the number of surface sites involved.
A notable difference between solution and sorption complexation reactions, is the amount of information available on the the surface sites vs. the
complexing ligands in solution. Whereas it is possible to accurately determine the concentration of a certain ligand in solution, this information is not
readily available for surface sites. What is the site density per unit mass of
so'> i: Is there more than one site type? How many sites are occupied by each
so: K.ng metal ion, are they all the same type of sites and will all metals sorb
to the same kind of sites? It is often difficult to get a precise answer to these
questions from solution studies. Attempts to deUrnine the limiting number
of protons or metal ions that can sorb per ":.it mass of solid, often fail due to
interference from undesired dissolution and/or precipitation reactions. Even
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in cases where the maximum surface load per unit solid mass is known, one
is left with the question of whether the BET measurements usually employed
give a good measure of the specific surface area available for sorption etc. In
order to solve these problems, it is necessary to complement the traditional
wet chemistry methods with spectroscopic investigations.

6.2.2

EXAFS

An attempt to obtain spectroscopic information on the surface complexation
of Th on silica is made in paper IV, where Extended X-ray Absorption Fine
Structure (EXAFS) spectroscopy is used. Although the phenomenon has
been known since the 1930's, the structural content of EXAFS spectra was
not fully recognized until the mid-seventies. The application of EXAFS to
studies of solid-solution inteifaces is quite recei;t [Brown et al , 1988].
EXAFS can give interesting structural informatior on both liquids, solids
and pastes. Because it is only sensitive to the local environment of the selected element, it can also be used succesfully for sorptior. samples without
requiring ultra-high vacuum conditions, which sets it apart from many other
surface spectroscopies available. The basic process creating EXAFS oscillations is schematically shown in fig. 9. High-energy X-ray photons are beamed
at the sample at an energy level thai will eject a core level (K or L shell)
electron for the element of interest (Fe in fig. 9). The surrounding atoms then
cause backscattering of the photoelectron waves, which can cause destructive
or constructive interference with the outgoing wave. These interferences can
be seen as small oscillations on the X-ray absorption spectrum in the energy
range 50 - 1000 eV beyond the absorption edge. The diagram on the left in
fig. 9 shows backscattered waves at a position and energy where constructive interference occurs, resulting in amplification of EXAFS oscillations, and
the diagram on the right shows a position at greater energy where destructive interference occurs, resulting in reduction in the amplitude of EXAFS
oscillations.
Using the plane wave approximation [Teo, 1986] the complete EXAFS
spectrum \{k) for the central X-ray absorbing atom i is given by the sum
of all backscattering rontributions of the atomic shells j around the central
atom.
X(k)

= E^Ws
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X-RAY PHOTÖNV

^electron

Figure 9: Schematic picture of the EXAFS process, showing the interference between outgoing and backscattered photoelectron waves produced by
photoelectric absorption of an Fe atom surrounded by four oxygen atoms.
Reproduced from [Brown et al., 1988],
The amplitude Aj{k) is

kr)

(6.15)

0ij is the phase function for the ij interaction, r3 is the the distance between
the central atom and backscattering atomic shell j , Nj is the number of atoms
in shell j , Fj(k) is the amplitude function for backscattering shell j , a is the
Debye-Waller factor, which accounts for thermal and static disorder, and A
is the mean free electron path. After background subtraction, normalization and Fourier filtering of *he peaks of interest, the spectra are fitted with
equations 6.14 and 6.15, using primarily Nj and r, as fitting parameters.
Fj{k) and faj are preferrably obtained from compounds with known structures which are as similar as possible to the investigated samples. The fitting
procedure is discussed at length by e. g. [Teo, 1986].
The observed distances and number of nearest neighbours can be used,
together with auxiliary information on sample composition and crystallographically reasonable conformations, to deduce a plausible structure for the
sample. It is often, but not always, possible to determine the type atoms in
the neighbouring shells when these are not known. Typically, EXAFS gives
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interatomic distances with a precision of plus minus a few tenths of an Å,
depending on the type of sample. The number of nearest neighbours is more
difficult to determine, in particular for samples where thermal and/or static
disorder is important. An error of 50 % is not uncommon for dilute sorption
samples.

6.3

Potentiometric Studies of Th sorption on Amorphous Silica (paper III)

The sorption of Th on amorphous colloidal particles of SiO2 (Aerosil OX 200)
has been studied in perchlorate media in order to obtain quantitative information on the sorption of Th 4+ on silica. Aerosil OX 200 is a non-porous
pyrogenic silica, consisting of spherical particles which are amorphous to
X-rays. The primary particles are essentially spherical, with an average diameter of 16 nm. The specific surface area of the particles in the suspensions
used in the experiments is 169.3 m 2 /g. Most of the particles in suspension
are associated with othsr particles, increasingly so with increasing pH and
ionic strength.
In order to quantify the pH-dependence of the charge of the silica surface,
potentiometric surface titrations of the silica particles have been made. The
results are shown in fig. 10, together with a blank titration of ionic medium
for comparison. No net proton adsorption can be detected from the data
in fig. 10, so no surface site protonation reaction has been considered in the
modelling. The data in fig. 10 could be fitted with gooti accuracy with the
model
= SiOH T± = SiO~ + H +
(6.16)
g

FiÖ]
= -6.9±0.1

(617)

(6.18)

A sorption site density value of 2.6 • 10~6moles/m2 was fitted for the 0.1
M NaCIO4 surface acidity data, and was used in the subsequent modelling
of thorium sorption on the silica surface. The lines in fig. 10 have been
calculated with this model. The electrostatic correction terms discussed in
section 6.1 were necessary to obtain an acceptable fit.
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Figure 10: Experimental data and model prediction of SiC>2 surface charge
titrations.
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Several different reactions for the Th sorption on the silica were tested,
but the only model to give an acceptable fit for all data was
2 = SiOH + Th 4+ + H2O # (= SiO)2Th2+ + 2H +

(6.19)

ry"< - f(=SiO) 2 Th^[H+] 2 exp(2FV,( S )/RT)
Ql
~
0.5[= SiOH][Th<+]
2 = SiOH denotes a combination of two surface sites on the silica surface
which are close enough to simultaneously bind a sorbing Th 4+ ion.
Ii was not possible to use more than one type of surface site, as proposed
by [Dzombak and Morel, 1990]. Nor was it possible to fit a model involving
a reaction where only one proton is released for each thorium sorbed. No
combination of two thorium surface complexes was found that would give
well defined values for the surface complex stability constants. The fitted
stability constant of the (= SiO)2Th2+ complex was logQ\nt = -1.88 ± 0.36
in 1.0 M NaC104, and -1.98 in 0.1 M NaC104.
The thorium sorption model can be used to explain some data obtained
for Th sorption on vitreous silica surfaces at very low total Th concentrations
[Rydberg and Rydberg, 1952]. The data and the model prediction are shown
in fig. 11. The data qualitatively confirm the interesting prediction that in the
neutral to alkaline pH range, the Th hydrolysis is strong enough to cause the
desorption of the Th from the silica. The speciation for a similar situation
is shown in fig. 12. Although the pH region where Th is predominantly
sorbed on the silica surface will to some extent depend on the ratio of Th
concentration to silica surface, it is clear that Th will rarely be present as
sorbed on silica above pH 5-6. The data by [Righetto et al., 1988] indicate
that alumina sorbs Th in a fashion similar to silica. Hence, it seems unlikely
that pure alumir.osilicates will act as efficient Th scavengers in the neutral
to alkaline pH range. Under these conditions, iron or manganese oxides
are much more likely to be the main sorbents of Th, considering the data
presented by [LaFlamme and Murray, 1987] and [Hunter et al., 1988]. As
pointed out in section 6.2.1, wet chemistry methods can never give a complete
picture of the sorption mechanism. Although a plausible stoichiometry for
the sorption of Th on silica can be proposed from the data in this study,
what kind of and how many surface sites are involved in the sorption process
remains uncertain.
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Figure 11:
Experimental data for Th sorption on vitreous silica [Rydberg and Rydberg, 1952] compared with a model prediction.
[Th 4+ ] tot = 2.4 • 10"8M.
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6.4

An EXAFS Investigation of the Sorption of Th
on Silica (paper IV)

Wet samples of thorium adsorbed on amorphous silica as well as some solid
"model compounds" using fluorescence and transmittance EXAFS on the
Th Liu edge have been investigated in order to obtain structural information
on the thorium surface complex. The Th to solid concentration ratio was
varied over several orders of magnitude, in order to produce varying degrees
of surface coverage.
The Fourier transforms of the sorption samples and some reference samples of known composition are shown in fig. 13. The percentages given refer
to the degree of surface coverage for the samples. The sample marked 230
% is assumed to be covered by approximately two monolayers of Th. These
Fourier transforms yield Modified Radial Distribution Functions (MRDF),
which give atomic density as a function of distance from the X-ray absorbing
atom (Th in this case). The distances and amplitudes are modified by phase
shift and amplitude functions, as discussed in section 6.2.2.
A common feature of all the sorption sample MRDFs is the prominent
peaks at the uncorrected atomic distances 1.8 Å and 2.2 Å respectively.
These peaks are easily identified as originating from Th-0 interactions. The
peaks at 3.6 Å in the sorption sample MRDFs could fiom a structural point
of view as well be Th as Si neighbours, by comparison with the MRDF
for thorite Q — ThSiO4 (see also fig. 14). However, the marked difference
in the amplitude functions for Si and Th makes it possible to identify the
second neighbours as Si atoms. No evidence is found for Th-Th interactions,
meaning that these data do not support the existence of polynuclear surface
complexes such as proposed by [Chisholm-Brause et al., 1990].
When discussing the found Th-Si distances for the sorption samples, it
is worthwhile to compare the structure of thorite shown in fig. 14. Two
distinct kinds of Th-Si links exist in the thorite structure, edge-sharing and
corner-sharing. Edge-sharing denotes a situation where a Th and Si atom
are sharing two oxygen atoms, creating a bidentate link between the two.
This situation is found in thorite for two of the six SiC>4 tetrahedra coordinated with each Th. The other four tetrahedra are corner-sharing, i. e.
sharing only one O atom with the coordinated Th. The only Th-Si distance found for the Th surface complexes in this study is close to that of
the corner-sharing Th-Si distance in thorianite. No shorter Th-Si distances
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Figure 13: Fourier transforms of k3 weighted spectra for sorption and reference samples.
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Figure
14:
Structure
of
a — ThSiO4
(reproduced
from
[Taylor and Ewing, 1978]). Open circles are 0 , shaded circles are Si, and
the black ellipsoid is Th. The primed 0 atoms are forming edge-sharing
links with Th (see text).

were detected, which seems to indicate that no edge-sharing Th-Si binding
is present for the surface complexes. This observation is also consistent with
the observation [Her, 1979] that = Si(0H)2 surface sites, which might form
edge-sharing links with Th, are rarely (if at all) found on the silica surfaces.
One may speculate about a plausible structure for the Th surface complexes. A problem in this context is the lack of regularity of the amorphous silica surface. However, as noticed by e. g. [Brinker and Scherer, 1990],
the density, refractive index and site density of amorphous silica are similar to those of the 111 octahedral surface of the high-temperature silica 0cristobalite. This surface is shown in fig. 15 A likely site for Th sorption on
this surface would be as coordinated with three Si tetrahedra, linked through
the oxygens indicated by the dashed cicles in the figure. One such position
has been indicated in the figure 15. This surface complex structure is consistent with the distances and number of nearest neighbours found in this
study.
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Figure 15: The 111 octahedral face of /3-cristobalite (reproduced from
[Her, 1979]). Large circles, oxygen atoms; small circles, silicon atoms at surface; dashed circles, position of hydroxyl groups on the surface, attached to
the underlying silicon atoms. Atoms not drawn to scale. A possible position
for a sorbed Th has been marked in the figure.
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7

Dissolution Rates of Minerals

7.1

Background and Theory

Although, as discussed in section 5.1, equilibrium analysis is an important and powerful tool for modelling many important phenomena in natural
aquatic systems, there are some cases where it is clearly not applicable. One
such case is the interaction between water and igneous and metamorphic
rocks. These rocks are formed at high temperatures and pressures in the
magma and then quickly quenched when transported to the surface by uplift
and volcanic activities. Since they are not thermodynamically stable, it is
obviously not meaningful to apply thermodynamic theories to them. These
minerals may still influence the waters in contact with them, through slow
weathering reactions. In a more general perspective, the dissolution of many
sparingly soluble minerals, even if they are thermodynamioally stable, may
be slow enough that kim tic models are needed to model their interaction with
aquatic systems at low temperature and pressure. The application of true
chemical kinetics to weathering reactions is rather recent, starting in the sixties (see e. g. review by [Berner, 1981]). The experimental results have lately
been successfully rationalized in terms of solid-liquid interface reactions, as
reviewed by [Stumm and Wollast, 1990]. The dissolution of minerals can be
conceptually divided into 5 steps [Wieland et al., 1988]:
1. transport of solute ligands to the mineral surface
2. surface attachment of the ligands (surface complex formation)
3. various surface chemical reactions (rearrangements)
4. detachment of reactants from the surface
5. mass transport of reactants into the bulk of the solution
Determining which of these steps is the rate limiting process has to be experimentally determined for each system. However, [Berner, 1981] noted that
for many minerals investigated, the tendency was for minerals with low solubilities to have dissolution rates determined by reactions taking place at the
surface of the mineral, rather than by diffusion of reactants and products
to and from the surface. [Wieland et al., 1988] proposed a general scheme
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for the dissolution of sparingly soluble minerals, where the dissolution rate
is determined by the slow detachment of reactants from the surface after an
initial fast attachment of ligands to the surface. The attachment of ligands
creates a conformation that weakens the bonds of a surface atom to the bulk
solid. This conformation can be seen as a precursor to the detachment step.
The dissolution rate is postulated tc be proportional to the probability of
finding an active surface site in a suitable precursor configuration. An active
surface site is an atom on the mineral surface located in a position of high
energy relative to other surface atoms, e. g. where because of defects or for
structural reasons it has fewer bonds to the bulk solid than atoms in other
configurations. The general rate law for the dissolution rate R proposed by
[Wieland et al., 1988] is

B±
dt

sa-Cn

= R=k

(7.1)

where k is a rate constant, xa is fraction of surface sites that are dissolution
active, P is the probability of finding an active site in a the coordinative
arrangement of the precursor, and sd is the total density of surface sites. M
is the element/species whose dissolution kinetics we are studying, sa is the
specific surface area of the solid and Cm is the concentration of the suspension in mass per volume solution. The expression can rewritten in terms of
the concentration of some surface species if the total site density and the
fraction of active sites remain constant during the dissolution. This assumption has found some support in simulation calculations [Wehrli, 1988]. The
probability P of finding an active site in the coordinative arrangement of the
precursor is then proportional to the concentration on the surface of sorbed
dissolution-promoting ligands, which gives

R = M = SL}"

(7.2)

where {= SL} is the surface concentration of sites where the dissolutionpromoting ligand is sorbed, and n is the number of ligands that have to sorb
for each surface atom to create a precursor conformation.
Since the sorption of ligands is assumed to be fast compared to the detachment of the dissolving atom, {= SL} can be determined if the stability
constant Kai, is known for the reaction
= S + L ^ = SL

(7.3)
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{=SL}
{= S}[L]

(7.4)

Rewriting equation 7.2 yields

= ks(Kait{=S}[L}r

(7.5)

Since the dependence of {= S} on [L] is nonlinear, fractional values of m are
often found for the rate law
(7.6)

7.2

Experimental techniques

Dissolution kinetics can be studied in three basic types of experiments: batch
reactors, mixed flow reactors and column (plug tiow) reactors. The pros and
cons of these reactor types for the purpose of mineral dissolution studies have
been reviewed by [Rimstidt and Dove, 1986]. In their review, they promoted
the use of mixed flow reactors with the solid phase enclosed between porous
membranes. The dissolution kinetics studies in paper V have been performed
using a thin film continuous flow reactor, schematically shown in fig. 16. The

fitters

SOL id

Figure 16: Schematic diagram of the continuous flow thin film reactor,
reactor is a small filter holder, where a thin layer of solid is placed between
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two filters. A feed solution of known composition is pumped through the
reactor at a known flow rate, and the concentrations in the effluent solution
are measured.
The purpose of the continuous flow thin film reactor is to avoid some
of the shortcomings of other reactor types employed in kinetics studies. In
the ideal case, this reactor avoids some of the problems with batch reactors,
such as the indirect nature of the measurements (integrated release rather
than direct rate is measured) and possible precipitation of secondary phases,
as well as with column reactors, since no complicated concentration profiles and diffusion patterns have to be accounted for. Also, the necessity to
vigourously stir the suspension in a batch reactor can affect the properties
of the particles [Johansson, 1968], a problem which is avoided with the thin
film reactor. The problems with initial rapid dissolution of easily dissolved
"disturbed sites" [Petrovich, 1981a, Petrovich, 1981b] and ultra-fine particles
[Holdren and Berner, 1979, Schott et al., 1981] are also alleviated, since this
dissolution will take place in the beginning of an experiment, and the resulting effluent will be "washed away". When the flowrate and composition of
the effluent is known, the rate of dissolution can be calculated as
Ä = Q[M] lot /(aa-m r )

(7.7)

where Q is the flowrate in mass per unit time, [M]tot is the total concentration
(moles per unit mass) of M in the effluent, sa is the specific surface area of
the solid in the reactor and mr is the mass of solid in the reactor. If the
layer of solid is thin enough and the flowrate is high enough compared to
the surface rate of reaction of the solid, there will be no diffusion control of
dissolution in the system. For these situations, there will be no dependence
of the dissolution rate on the flowrate. On the other hand, if the surface rate
of reaction of the solid is fast compared to the flowrate, the rate of dissolution
will depend on the flowrate, since the rate limiting step will be the transport
of reaction products away from the surface. This provides a way to determine
if the dissolution rate is surface reaction controlled or diffusion controlled.
Which mechanism is rate determining will to some extent depend on the
conditions of the experiment. If the flow rate is zero, the reaction rate will
eventually become diffusion limited even if it is very slow. Inversely, if the
flow rate is high enough, surface reactions will always be rate controlling.
Since the rates of the surface reactions will depend on the composition of the
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bulk solution, it follows that the rate limiting process also may change with
solution composition.

7.3

Dissolution Kinetics of TI1O2 in Acid and Bicarbonate Media (paper V)

Because of the relatively low dissolved phosphate and silica concentrations
in most natural waters, and because of the low solubility of ThO2, thorium
oxide can be expected to be the predominant secondary weathering product
of Th minerals in natural waters. Consequently there is a need for kinetic
information on the dissolution of thorium oxide, in order to explain and
predict thorium concentrations found in nature. ThO 2 is also interesting as
an analogue to the main component in spent nuclear fuel, UO2. Carbonate
complexation has already been shown to be a very important processes for
the behaviour of Th in aquatic environments. However, the influence of the
carbonate and bicarbonate ligands on the dissolution kinetics of metal oxides
has received surprisingly little interest in the published literature.
The aim of the study in paper V is to obtain quantitative information on
the dissolution kinetics of ThO2 in contact with aqueous solutions in the presence and absence of carbonates. The dissolution kinetics of microcrystalline
ThC>2 has been investigated using a thin-film continuous flow reactor. The
dissolution rate of microcrystalline thorium oxide is proportional to log[H+]
in the pH range 2.4-3.5, and proportional to log[CO§~] in the log(CO3~] range
-1.7 to -3.7. The dissolution rates were too low to measure in the region where
HCOj is the dominant carbonate species in solution. The experimental data
are and the fitted rate laws are shown in figs. 17 and 18 The dissolution
rates are surface reaction controlled. The following empirical rate law was
fitted to the experimental data in the acid region:

where a = 0.93 ± 0.42 and kH+ = lO" 4 9 * 0 3 9 1 m~2 h" 1 . The predominant
overall reaction under these conditions is
ThO2(act) + 4H+ # Th 4+ + 2H2O
In the carbonate solutions, the empirical rate law
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empirical rate law discussed in the text.
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was fitted to the data, b = 0.88 ± 0.51 and k c o z- = 10"5 4 ± 1 2 I m~2 h" 1 . The
predominant overall reaction in the carbonate solutions is
ThO 2 (act) + 4H + + 5CO^ ^ Th(CO 3 )f'
Using a general isotherm for metal oxide surface protonation, the rate law
for the proton promoted dissolution kinetics can be rewritten in terms of the
concentration of protonated surface sites {= ThOHj} as
rdiss = M = ThOH+r*
where a$ = 4.43 ± 1.95 and k5 = lO 148 * 039 h" 1 . This is consistent with a
mechanism where the rate limiting step is the detachment of a metal ion
from the oxide after a fast initial surface protonation reaction.
As reviewed by [Stumm and Wollast, 1990], chelating ligands such as oxalate often increase the rate of dissolution of minerals. Since carbonate forms
chelate bonds to Th [Voliotis and Rimsky, 1975], one might expect carbonate
chelate bonds to appear on the surface of the thorium oxide. These would
then enhance the rate of dissolution. This is consistent with the proposed
rate law 7.3. Bicarbonate lacks the possibility to form chelate bonds. The
effect is also unlikely to be due to OH~ interaction with the surface, both
because the dissolution rate shows no consistent relation with the hydroxo
concentration of the solution in the different experiments, and because no
such behaviour has been found for UO2 [Bruno et al., 1991]. The value of
b in eqn. 7.3 is fractional. This fact, in connection with the fact that there
is no dependence of the dissolution rate on the flowrate, indicates that the
carbonate promoted dissolution rate may also be governed by a surface reaction. A plausible mechanism might be fast initial adsorption of carbonate,
where chelate bonding of carbonate to the Th surface sites weakens the metaloxygen bonds to the bulk solid, followed by a rate limiting metal detachment
step.
The crystalline oxide, which is the common form in natural environments,
has a much more ordered structure than the microcrystalline material used
in this study, and hence on average more bonds that need to be broken
for the detachment of each metal atom from the solid. This will lead to a
significant lowering of the reaction rates, but the magnitude of the change is
hard to estimate. However, mechanistically this study shows that CO^" has
a pronounced effect on the dissolution rate of ThO 2 , whereas the influence of

}
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of HCO 3 is too small to be detected. Considering the similarities between
ThO 2 and UO2, this means that HCOj is unlikely to enhance the dissolution
rate of spent nuclear fuel, whereas C 0 | ~ will have a significant effect.

8

Conclusions: What Can We Learn?

This thesis treats some processes that are potentially important for the mobility of Th in natural environments. It has been shown, that thorium carbonate complexes are likely to be predominant in many natural waters. They
also increase the solubility of the oxide significantly. This is likely to be true
for other tetravalent actinides as well. Hence, the carbonate content of a natural water is an important factor to consider when predicting the mobility
of tetravalent actinides.
Carbonate also increases the dissolution rate of thorium oxide, and probably of the oxides of other tetravalent actinides as well. However, the effect
is important only for conditions where carbonate, not bicarbonate, is the
predominant species in solutions. Hence, this effect will only be important
in environments with a pH and total carbonate alkalinity higher than those
of most natural aquatic environments.
Phosphate is unlikely to increase the mobility of tetravalent actinides,
both because of the low concentration of dissolved phosphate usually found
in groundwaters, lakes and oceans, and because of the very small influence
of phosphate on the solubility of the oxide. The presence of phosphate may
also cause the precipitation of sparingly soluble actinide phosphates. The
composition and thermodynamic stability of these must be determined, in
order to determine whether they will be of importance, and whether they
will decrease the solubility of the tetravalent actinides in comparison to the
oxide phases.
The pentahydroxo complex for Th has been shown to be insignificant up
to pH 13, meaning that this kind of complex, if it exists, is very unlikely to
ever be important in natural environments.
Pure aluminosilicates will not be efficient scavengers of tetravalent actinides above pH values of approximately 6. In neutral to alkaline solutions,
iron (hydr)oxides are likely to be the predominant sorbents.
In addition, it is clear that more structural investigations of sorption
processes are needed to obtain the information necessary to get a clear pic-
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ture of the sorption mechanisms. This is especially important for tetravalent
actinides, which have a very strong tendency to sorb to mineral surfaces
and particulate organic matter. The EXAFS study presented here has provided otherwise inaccessible structural information on sorption mechanisms.
EXAFS and other modern spectroscopic techniques have already given important contributions to our understanding of the solid-water interface, and
are likely to become increasingly important in the future.
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