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Abstract

The emphasis of this review is on the combination of experimental and theoretical methods to obtain microscopic information on the chemistry
of actinides in aqueous solution. A brief discussion is given of some important experimental methods that provide information on the equilibrium
constants and constitution of actinide complexes in solution, their structure and the rate and mechanism of ligand substitution reactions. The
microscopic perspective is provided by a comparison of experimental data with those obtained using quantum chemical methods; the emphasis
is here on structure and reaction mechanisms. Most of the experimental data refer to the chemistry of uranium, thorium and curium, but this
information can be generalized to other actinides as their chemistry is often very similar in a given oxidation state. The first step in the analysis
of complex formation in solution is based on equilibrium analytical methods; the discussion is here focused on those requiring macro amounts
of actinides, as these are necessary in the methods used to obtain structure (large angle X-ray scattering, extended X-ray absorption spectroscopy
and NMR) and dynamic (NMR, relaxation and stopped-flow methods) information. Finally, some comments are made on how the molecular
understanding of complex formation between UO,?* and small ligands may be of importance in naturally occurring ligands like humic and fulvic
acids and biomolecules, such as amino acids, proteins and nucleotides.

© 2005 Elsevier B.V. All rights reserved.

Keywords: Actinides; Solution coordination chemistry; Structure; Reaction mechanisms; NMR

1. Introduction

The emphasis of this review is on experimental methods that
in combination with quantum chemical techniques can be used
to obtain microscopic information on the chemistry of actinides
in aqueous solution. “Classical” chemical thermodynamics can-
not provide such information by itself; it can only be used for
empirical correlations of thermodynamic data with molecular
concepts. However, quantum chemistry in combination with
statistical thermodynamics starts with microscopic models and
then uses these to calculate macroscopic properties that can be
compared with experiments. We will discuss general principles,
rather than giving a data compilation of which there is abun-
dance.

The general problems dealt with in the solution coordination
chemistry of the actinides are the same as in other fields of chem-
istry: to determine the constitution and equilibrium constants of
complexes including the identification of isomers, i.e. chemical
analysis, to determine their structure and to discuss chemical
bonding and reactivity. We will not discuss the technical details
in the quantum chemical methods but only use their results; in
a recent review, we have given a technical discussion of some
of the important problems encountered when using quantum
chemical methods on actinide systems [1].

Any study of a chemical system must begin with a determi-
nation of its composition, be it pure phases or solution systems.
The analytical methods depend on the system characteristics
and those used to study equilibrium systems are very different
from the ones for pure compounds, as briefly described in the
following section.

2. Equilibrium analytical methods

Equilibrium analytical methods have been described by
Rossotti and Rossotti [2] and more recently by Beck and Nagypél
and Grenthe et al. [3]; all of them require the measurement of
concentrations and accordingly result in the determination of
concentration equilibrium constants. Concentrations can often
be measured directly in spectroscopic methods, but not in poten-

tiometry. In the latter case it is necessary to ascertain that the
activity of the ions participating in the reaction is proportional
to their concentrations when their total concentration is varied.
This is achieved by using an ionic medium, where an “inert”
electrolyte that does not participate in the reaction under study is
present in large excess. In this way the concentration equilibrium
constants are true constants in the given ionic medium, however,
with the provision that the activity coefficients of reactants and
products are defined as unity in the given ionic medium and not
at zero ionic strength. Comparison of concentration equilibrium
constants in different ionic media requires the reference of a
common standard state, usually the pure solvent, as described
in Grenthe et al. [3, Chapter IX].

We will demonstrate the use of two methods, potentiometry
and spectroscopic methods; Rossotti and Rossotti [2] give a more
detailed and complete discussion of these and other methods.
The potentiometric method will be demonstrated by the hydrol-
ysis of Th(IV), while a more general discussion is made of the
spectroscopic methods. We will not discuss liquid—liquid extrac-
tion and ion-exchange methods that both have found extensive
use when studying actinide systems at trace concentration level;
both are extensively described in Ref. [2].

2.1. Potentiometry

Potentiometric methods involve either the measurement of
the free metal ion concentration using a metal-ion selective elec-
trode or the measurement of the free ligand concentration. The
latter can be measured either directly using a ligand specific elec-
trode or indirectly using pH measurements when the ligand is
a weak protolyte. For actinides the free metal ion concentration
can only be measured using reversible redox couples, An>*/An**
and AnO>*/AnO,2*. For the special case of uranium one can
also obtain reproducible redox potentials for the UO,>*/U**
couple because a sufficiently large amount of UO,™ is present
as a mediator for the electron transfer at the inert electrode,
thereby ensuring stable electrode potentials [4]. Most potentio-
metric determinations of equilibrium constants have been made
using measurement of the free ligand concentration, in general
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using pH measurements; some studies of fluoride complexes
have been made using a fluoride selective membrane electrode.
Metal ions are solvated and the coordinated water is a much
stronger acid than the water solvent. Using Th(IV) as an exam-
ple, hydrolysis reactions should therefore be formulated as'

mTh(OH2)w*t = Thy (OH2)pw—n(OH), ™ +nHT. (1)
However, this reaction is more commonly written as
mTh** + nH,0(l) = Th,,(OH),*" " 4+ nHT. )

Egs. (1) and (2) are shorthand notations to describe several
simultaneous and rapid equilibrium reactions. W is the num-
ber of water ligands in the first coordination sphere of the metal
ion. This value is sometimes known from structure determina-
tions, as will be discussed in Section 4; for Th**, W is equal to
9+1.

The stoichiometry and equilibrium constants for reaction (1)
are determined from the known analytical total concentrations of
Th, Thyy, and protons, Hyy, in different test solutions, together
with an experimental determination of the free hydrogen ion
concentration, —logo[H*]. The following equations are used,
where 710 denotes the average number of coordinated OH™ per
Th(IV), equal to the number of protons released per Th(IV) in
Eq. (1). * Bn.m denotes the equilibrium constant for reaction (1);
Ho 1s often a negative quantity.

Thie = [Th**]+ > m[Th,,(OH),]

_ 4+ m*:Bn,m[Th4+]m

= [Th ]+Z—[H+]n : 3)
Hit =[H'] = n[Th,(OH),]

ity e alTht

=[H'] Zi[m]n )
o [Ht] — Htot
ioH = T The ©)

If ipy is independent of Thyy the system is mononuclear, if
not polynuclear complexes are formed. To determine the stoi-
chiometry of the complexes and the equilibrium constants in the
system, it is necessary to vary the total concentration Thyy and
—log[H*] over as large a range as possible, but in this exam-
ple this is limited by the low solubility of thorium hydrous
oxides. It is not possible to decrease the total concentration
below approximately 0.1 mM, because protolytic impurities in
the ionic medium will then results in a large error in 77pg. For
reasons of accuracy, the —logjo[H*] range is limited to values
above 2.5; the upper limit is given by the onset of precipita-
tion of thorium hydroxide/hydrous oxide at about —log[H*]=4,
depending on the Th concentration.

! In cases where one does not know the origin of the released hydrogen ions
one often uses the following notation; some charges are omitted for simplicity:
mM+nH,0 = M,,H_, + nH; for Th(IV) the protons may derive from coordi-
nated water or coordinated hydroxide.
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Fig. 1. (a) Distribution diagram for the Th(IV)-hydroxide system in 3 M NacCl,
using the “best” set of equilibrium constants from Model 3B in Table 1. Note that
many of the complexes suggested there occur in so low concentrations that they
are not seen in the figures. (b) Distribution diagram for the Th(IV)-hydroxide
system from data in 1 M NaClOy4 using data re-analyzed by Hietanen and Sillén
[5].

Rossotti and Rossotti [2] summarize the various methods to
deduce equilibrium constants from experimental data. In current
practice graphical methods have been replaced by least-squares
methods where the calculated data for different chemical mod-
els, in the example 7iog versus —log[H*], are tested against
the experimental data. The chemical model where the agree-
ment between experimental and calculated data is within the
estimated experimental uncertainty and has the smallest least-
squares residual, is selected as the “best” one. The analysis of
experimental data is not an exercise in applied mathematics and
chemical insight is essential, if this is not used one may easily
draw erroneous chemical conclusions, as will be demonstrated
by the Th-example. Fig. 1 shows a speciation diagram of the
concentrations of the different Th-hydroxide complexes as a
function of —log[H*] based on equilibrium constants deduced
by Hietanen and Sillén [5] from experimental data in a 3M
NaCl ionic medium. Table 1 describes the various models tested
and the “best” one has been chosen using statistical criteria
alone. It is noticeable that all models give a good description of
the experimental observations. Several of the suggested species



Z. Szabo et al. / Coordination Chemistry Reviews 250 (2006) 784-815 787

Table 1
The “best” combinations of equilibrium constants for Th(IV) hydrolysis in 3M NaCl [5] as identified by a LETAGROP least-squares analysis; the complexes
Th,,(OH),*" " are denoted n:m

n:m Model 1A Model 1B Model 2A Model 2B Model 3A Model 3B Model 3’A Model 4A Model 4B

1:1 —4.60+020 —4.52+0.13 —477+0.18 —457+0.13 —5.23 —5.144+022 —5.28 —5.044+025 —497+0.16
1:2 - - - - - - —2.64 - -

2:2 —483+0.08 —490+0.06 —474+£0.06 —490+0.08 —475+£0.05 —478+0.04 —478+0.06 —4.74+£0.05 —4.761+0.04
3:2 - - —9.14 —8.68+0.12 —-8.71£0.10 —-8.72+0.08 —8.67+0.10 —8.93 —8.94+0.20
5:2 - - - - 17.32 —17.16+0.14 —17.39 —17.09+0.18 —16.99+0.11
1:3 - - - - —1.354+£023 —1.50+£0.23 - —1.19£0.19 —1.36+0.18
2:3 —4.05 - —3924+024 —4.53 - - - - -

3:3 - - - - —690+020 —-6.86+0.14 —-692+023 —-6.86+0.19 —6.83+0.13
8:4 —20.97 - - - - - - —21.06 —21.114+0.22
9:4 —2426+0.11 —24.224+0.08 - - - - - - -

11:5 - - —28.56+£0.10 —29.61 - - - - -

12:5 - - —32.56+0.13 —32.24+0.10 - - - - -

14:6 - - - - —36.38+0.04 —36.42+0.03 —-36.38+0.04 —36.56+0.13 —36.58+0.10
25:10 - - - - - - - 65.29 —65.35+0.21
o(iog) 0.044 0.030 0.023 0.014 0.015 0.011 0.016 0.013 0.010

Model 1 has m <4, Model 2 has m <5, Model 3 m <6 and Model 4 no restrictions on m. In Models A no systematic errors are taken into account; in Models B
the least-squares refinements have been made by assuming a systematic error in 7ioy. The standard deviation o (7o) is small but systematically smaller for the
models with m < 6; these accordingly represent the “best” set of those investigated. Complexes that are poorly defined in the least-squares analysis have no estimated

standard deviation in log;g * Bum-

occur in very low concentration and some of their proposed
stoichiometries make little chemical sense, e.g. Ths(OH)!!+,
Complexes that occur in small amounts may be artifacts that
represent methodological shortcomings rather than real chem-
ical species. To spot such artifacts it is necessary to use the
deduced equilibrium constants to determine the concentrations
of the different species in the test solutions. In addition to the
mathematical/statistical analysis of the data one must also test if
the proposed stoichiometry is consistent with the known coordi-
nation chemistry of the metal ion and ligand and other chemical
insights. It is also wise to use the “Occam’s razor” principle
and select the simplest model consistent with the experimental
observations.

The mass balance equations (3) and (4) indicate that species
in low concentrations are very prone to systematic experimental
errors, such as protolytic impurities. This is a typical feature
of all experimental methods where the experimental data are
interpreted using a composite quantity like 7oy.

Th(IV) hydrolysis has been studied in different ionic media
and one expects that the same species should be present in all
of them. Hietanen [6], Hietanen and Sillén [5] and Kraus and
Holmberg [7] have studied hydrolysis of Th(IV) in 1 M NaClOg4
and presented equilibrium models that are significantly different
from those in 3 NaCl; these different speciation models are hard

2.2. Spectroscopic methods

Actinide ions are in general colored and some of them have
fluorescence properties; these spectral characteristics depend
on the chemical composition of the first coordination sphere
and can accordingly be used to obtain information on chemical
speciation. We will discuss three methods: spectrophotome-
try using the changes in the UV/vis spectra, measurements of
fluorescence/luminescence properties and NMR spectroscopy.
In the first two cases we will focus on the properties of the
metal ion, even if measurements on the ligand also provide
useful information. As examples we will use uranyl(VI) and
Cm(III) complexes. The NMR method will be demonstrated by
uranyl(VI) and Th(IV) complexes containing ligands with NMR
active nuclei such as 13C, 170 and 1°F.

2.2.1. UVvis spectrophotometry

In these experiments the absorbance is measured as a function
of the total concentrations of reactants. To simplify the notation
we delete charges and assume that only two mononuclear com-
plexes are formed. The mass balance and measured absorbance
are then equal to

Miw = [M]+ [ML] + [ML7]

to reconcile with the fact that both perchlorate and chloride form = [M](1 + B [MI][L] + B>2[M] [L]Z); (6)
no, or very weak, complexes with Th**. The experimental data of
Hietanen and Sillén [5] in 3 M NaCl have later been reinterpreted

o P A = £o[M] + &1 [ML] + e2[MLo; @)

by Baes and Mesmer [8] using a model that includes only three
species Tho(OH),%*, Thy(OH)3>* and The(OH)14!%*, species
that are also prominent in 1 M NaClO4 media (cf. Fig. 1b). How-
ever, note the slight difference in composition of the hexanuclear
complex, The(OH)14'%*, in 3M NaCl and Thg(OH){5>* in 1M
NaClOg4.

Mot and A are the total concentration of the metal ion and
the measured absorbance, respectively, €g, €1 and &, the molar
absorbtivity of metal ion and complexes (one can often find
wave-length regions where the absorbtivity of the ligand is neg-
ligible) and B1 and B, are the equilibrium constants for the
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Fig. 2. The fluorescence emission spectra from the Cm—glycolate system (from
Stumpf et al. [9], reproduced by the permission of the Royal Society of Chem-
istry), where the spectra for three different complexes have been obtained by

peak deconvolution of composite spectra; spectra are scaled to the same peak
area.

formation of ML and ML;. From Eqs. (6) and (7) we have

A Ay = &0 + e1B1[L] + e282[L]?
Mo M7 7 ®)
tot + B1[L] + B2[L]

In addition to the equilibrium constant, one has to deter-
mine the molar absorbtivity, &, for each species; in fluores-
cence/luminescence spectroscopy the molar emissivity of each
fluorescent species and in NMR spectroscopy the scaling factor
between concentration and peak integrals (this has the same
value for all species) for each species containing an NMR
active element. The ease with which this can be accomplished
varies strongly. Peak deconvolution can be used if the absorp-
tion/emission bands of the different species are well sepa-
rated and provides direct information on the number of species
formed; this is the situation in many fluorescence spectra as
exemplified by Fig. 2, showing the fluorescence spectrum of a
Cm(II)—glycolate system. This situation is also at hand in many
NMR spectra, e.g. the 'F NMR spectrum of the ternary system
UO,**—acetate"—F~ shown in Fig. 3.

3L ; UO,F2
UQs(ac)Fs UO;Fs

[ac]= 50 mM
[ac]=75 mM
[ac]= 100 mM
[ac]= 150 mM

U0, (ac)Fz [ac] = 200 mM
[ac]) = 250 mM

165 160155 150145 140 135130 125120 115110 105 100 95
{ppm)
Fig. 3. %F NMR spectra (from Aas et al. [10], reproduced by the permis-
sion of the Royal Society of Chemistry) of different test solutions in the
UO,**—acetate™—F~. The peak integrals give direct information on the con-
centration of the different species.

It is often straightforward to determine the e-values for the
different species when deconvolution can be made and this infor-
mation gives a direct measure of their concentration. This is a
great advantage compared to the potentiometric method where
these concentrations must be deduced from mass balance equa-
tions, with a resulting poor accuracy of the concentration of
minor species. The molar absorbtivity can vary strongly within
a given system as exemplified by the uranyl(VI)-hydroxide
system, where the molar absorbtivity of the two- and three-
nuclear complexes is very high as compared to UO,*. Their
contribution to the measured absorbtivity is thus large, a fact
that improves the accuracy of the corresponding equilibrium
constants. It is difficult to determine the individual molar
absorbtivities if the corresponding absorption bands overlap
strongly; this is often the case for the UV/vis spectra of trivalent
actinides.

Rossotti and Rossotti [2] give an exhaustive description how
to analyze spectroscopic data, but there are also more recent
methods described, e.g. by Lubal and Havel [11,12] and Mein-
rath et al. [13,14]. In many experimental studies of actinide
complexes using spectroscopic methods, the experimental con-
ditions have been arranged so that one equilibrium is predomi-
nating. For this case Eq. (8) is reduced to

e1B1[L] — eopi[L]

Av—e0= " ©

or
1 1 1
= + ;
Ay —¢e e —¢e Piler —eo)L]

the equilibrium constant can then be determined graphically.
From both Egs. (8) and (10) it is obvious that the concentra-
tion of free ligand can only be determined if the complexes
formed are not too strong. When strong complexes are formed it
is necessary to determine the concentration of free ligand using
a separate method, e.g. by measuring the pH if the ligand is
a weak protolyte. The determination of equilibrium constants
for uranyl(VI) and Cm(IIl) complexes using fluorescence spec-
troscopy requires very low metal ion concentrations and one can
then calculate the free ligand concentration from the ligand mass
balance without taking the amount coordinated to the metal ion
into account.

(10)

2.2.2. Fluorescence (luminescence) spectrophotometry
Fluorescence (luminescence) spectrophotometry is an exten-
sively used technique to study chemical equilibria. Since it
has a very low detection limit, the analysis can be made
at very low actinide concentrations. Several actinides such
as U(VD or Cm(II) have a characteristic long-lived lumi-
nescence, that is strongly influenced by the coordination of
ligands, providing additional quantitative information on the
complex formation. The peaks in the luminescence spectra
of Cm(IIl) show relatively large shifts when complexes are
formed and can therefore easily be separated from the sig-
nal of free Cm3* using peak deconvolution (cf. Fig. 2). Kim
et al. [15] used luminescence spectrophotometry to study the
complexation of Cm(III) by carbonate. The well-separated spec-
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100

measured spectrum

Intensity (rel.)

Residuals

40 460 480 500 520 540 560 580 600 620
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Fig. 4. Fluorescence spectrum from a test solution in the uranyl(VI) a-
aminoisobutyrate system. The full-drawn curve is the measured spectrum
and the dotted and dashed lines the deconvoluted spectra of U022+ and
UO,(NH;3*C(CH3),COO™); the inset is the residuals between the measured
spectrum and the sum of the deconvoluted spectra (from [24], reproduced by
permission of Radiochim. Acta).

tra belonging to free Cm>* and the different carbonate com-
plexes allowed a direct determination of the concentration of
each complex and their equilibrium constants. The same type
of analysis was employed to study the Cm(III)-hydroxide,
5-sulfosalicylato, fluoride, chloride and glycolate systems
[16-20].

The peaks in the luminescence spectra of U(VI) are rather
broad (cf. Fig. 4), with often small peak shifts, resulting in
a more complicated deconvolution. However, these difficulties
can be surmounted and luminescence spectroscopy has been
used to determine equilibrium constants in U(VI) systems with
inorganic and organic ligands such as carbonate, sulfate, sili-
cate and a-aminoisobutyrate [21-24]. The characteristics of the
luminescence spectra of curium(IIl) and uranyl(VI) are shown
in Figs. 2 and 4.

In systems where deconvolution is not possible, one
may use time-resolved luminescence methods; an example
is the study of complex formation in the U(VI)-silicate
and U(VI)-a-aminoisobutyrate systems by Moll et al.
[23,24]. They found that the complexes UO,OSi(OH)3* and
UO»(NH3*C(CH3),COO™)?* could not be separated by decon-
volution from U022+. However, the rate of fluorescence decay
obtained from time-resolved spectra was bi-exponential, indi-
cating the co-existence of two different chemical components
with separate lifetimes. The difference between UO,%*(aq) and
UO,(NH3*C(CH3),COO™)?* is large, 1600 and 330 s, respec-
tively, and the luminescence spectra can be separated using
time-gating. However, the determination of equilibrium con-
stants using this method should be used with caution, since
the chemical reaction in the excited state (vide infra) is also
involved in the de-excitation process. If this is the case the
equilibrium constant is different from the one in the ground
state, as discussed by Billard and Liitzenkirchen [25] using the
“double-complexation” Scheme 1 in the ground and excited
states.

The equilibrium constants in ground and excited states are
defined as follows:

_ IMLO) (11a)
M()I[L]
K* = M (11b)
[M*(D)][L]
The time dependence of the luminescence is:
d
$[M*(t)] = —{M + kLM ()] + k-1 [M*L(1)] (12a)
d
5[M*L(t)] = —{A2 + k_1}[M'L(O] + k1 [LIIM*(1)]  (12b)
Integration gives:
[M*(1)] = A exp(A4t) + B exp(A_1) (13a)
[M*L()] = C exp(A41) + D exp(A_r) (13b)
where
1
Ay = —E(M + A2+ ki[L] + k-1)
1[G+ r 4+ kil +k-1)* = 4[( + k1) 14
2\ (u kLD = kik-[L] '

Billard and Liitzenkirchen have used Scheme 1 and the relation-
ships (13a) and (13b) to deduce rate constants k; and kp from
the amplitude of the emission spectra and ground state concen-
trations. These data provide information on ground state and
excited state chemistry. The conclusion from their mathemat-
ical simulation was that the luminescence spectra could only
be used for the determination of ground state equilibrium con-
stants when k1 and k_; << A1 and A, (Case I), but not when k;
and k_; ~ Ay and A, (Case II) or when k; and k_; > A and
A2 (Case III). In Case I, the complex formation in the ground
state can be neglected and Scheme 2 is a good approximation
for Scheme 1.

In Scheme 2, the observed decay curve follows a pure bi-
exponential function that does not depend on the concentration
of any chemical component in the system, and the equilibrium
constant is K= Kapp, Where Ky is directly evaluated from the

Reaction in the excited state

ky
M*+1 = M*L; Excited state
k.
T T A
k>
M+L = ML; Ground state
ko

Reaction in the ground state

Scheme 1. A typical “double-complexation” reaction scheme after excitation.
The chemical exchange reaction in the excited state controls the apparent lumi-
nescence decay [25], where kj/k_; and ky/k_, are the rate constants for the
formation and dissociation of ML" and ML, respectively, and A1 and A, the rate
constants for decay of M* and ML".
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M* +L M*L; Excited state
T

k;

M+L =

k.

Scheme 2. The reaction scheme when complex formation in the excited state is
neglected.

Tl 2

ML; Ground state

luminescence intensity of the deconvoluted signals. This condi-
tion is fulfilled in the studies by Moll et al. [23,24] and in a study
of the UO»2*—S042~ system by Geipel et al. [21], as confirmed
by the numerical calculation by Billard and Liitzenkirchen. In
Case II, Eqgs. (12a)—(14) describe the time-dependence of the
luminescence. When there is mixing in the excited state, the
intrinsic lifetimes belonging to M" or M"L are no longer equal
to the experimental values A1 and A, even though the decay
curve remains bi-exponential. This mixing also contributes to
the luminescence intensity of each component [25]. If this is not
considered the result will be an erroneous interpretation of the
luminescence spectra and an erroneous equilibrium constant.
Cases I and II can be distinguished from the [L] dependence
of the lifetime: in Case I, the experimental lifetime is equal to
the intrinsic one and therefore does not depend on [L], while in
Case 1, it is a function of [L] (cf. Egs. (12a) and (12b)). This
concentration dependence must be checked before any analysis
of the luminescence data can be made. In systems correspond-
ing to Case 1II, the equilibrium constants are no longer obtained
directly from the luminescence intensity, one has to use a numer-
ical treatment together with the experimental data to deduce
them. In Case III, the chemistry in the excited state becomes
the dominating process and the measured equilibrium constant,
Kapp, refers to the excited state instead of the ground state. With
some approximations we have

Kap = K* 2L (15)
P B2
where Ky, is the apparent equilibrium constant obtained from
the deconvoluted luminescence spectra, o and S the molar
absorption coefficients and 71and t, are the lifetimes of M" and
M"L. In this case the observed lifetime often shows a mono-
exponential decay when the concentration [L] is relatively high,
even though two different luminescent components are present
in the spectra; the equilibrium constant in the ground state can
then not be determined, as discussed by Moulin et al. [26] in
their analysis of the UO,**—OH™ system. If the assumption
K" ~ K is correct, the equilibrium constant in the ground state
can be evaluated, but this is never guaranteed; the only case
where the approximation is justified seems to be in the case of
4f-elements. The reason is that the 4f-electrons, which dominate
the photo-excitation process, are not involved in the chemical
reactions [27]. From the broad survey of different experimental
studies, Billard and Liitzenkirchen [25] conclude: U(VI) sys-
tems always correspond to Case I or II, with the exception of the
UO,2*—F~ system [28] that belongs to Case III. However, even
this exception has been questioned; a “Round-robin” test by

several research groups concluded that the UO»>*—F~ system
probably shows multi-exponential decay [29]. The lumines-
cence properties of all studied Cm(III) systems with inorganic
ligands classify them to Case III, and some systems with organic
ligand to Case II [21].

The equilibrium constant of U(VI) complexes may safely
be obtained using luminescence spectroscopy, provided that the
necessary numerical methods are used in Case II. However,
for Cm(III) the experimental equilibrium constants determined
from the luminescence intensity correspond to the reaction in the
excited state, not to the ground state; great care should therefore
be taken when interpreting the experimental results.

The coordination of a ligand often changes the luminescence
quantum yield, which results in quenching or enhancement of
the apparent luminescence intensity. For instance, in some of
U(VI) complexes with organic ligands, the quantum yield is very
close to zero [24,30] and the concentration of non-coordinated
UO,?* in the aqueous phase can then be determined from the
luminescence intensity using the relationship

M] [

- = (16)
Mo Iy

where [M] = [UO»%*] and M the total concentration of UO»2*;
I and I refer to the luminescence intensity in the presence and
absence of the ligand, respectively. The equilibrium constants
can then be calculated in the same way as in potentiometric
methods where the free metal ion concentration is measured by
using a metal selective electrode [2]. For the simple case where
a single complex ML is formed

M+L = ML; 17
we have
_ MLl _ Mg — [M] 1
M][L] M]  {Liot — (Mot — [MD)}

_1=1/I 1
T I/ly {Lot — Mi(1 = 1/1p)}

(I/p) is the only variable in Eq. (18) and provides direct infor-
mation on the equilibrium constant from the measured lumines-
cence intensity. If the experiment is made in the presence of a
large excess of ligand, the concentration of free ligand is nearly
constant and [L] = L. Eq. (18) is then transformed to

1 —(I/1o)

(18)

= (19)
(I/1o) - Lot
Hence,
7\ !
Iy

This is the well-known Stern—Volmer equation; the plot of
(I/IO)_1 versus Ly is linear with the intercept 1 and the slope
K. Moll et al. [24] have used this method to study the complex
formation between UO»>* and a-substituted carboxylates, after
confirming that there was no luminescence from the different
UO»>* complexes (Fig. 5).
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Fig. 5. The luminescence spectra in the uranyl(VI)—a-hydroxyisobutyrate sys-
tem at pH 2 and a total uranyl(VI) concentration of 7 x 10~ M, from Moll et
al. [24] (reproduced by permission of Radiochim. Acta).

If complexes ML,,, n> 1, form, the ratio (Ip)~! (Eq. (20)) is
no longer a linear function of Ly, a fact that can be used to deter-
mine both the stoichiometry and the equilibrium constants of the
various ML, complexes, provided the free ligand concentration
can be determined (at My < Liot, [L]=Lior). By performing
the experiments at different M, one can obtain information
if polynuclear complexes are formed, or not. Measurements at
different total concentrations of protons provide information on
the possible occurrence of ternary complexes involving protons.
In short, the analysis of solution chemical equilibria using flu-
orescence methods is completely analogous to those used in
potentiometry.

The same method can also be used for fluorescent ligands,
e.g. some aromatic ligands turn non-fluorescent on coordination
to metal ions; I/ can then be used to calculate the concentration
of free ligand

(L] 1
Lot 1o

2D

The determination of equilibrium constants using fluorescent
ligands is made in the same way as for luminescent metal ions
using Eqgs. (17)—(20), but changing Ly, to M, and vice versa in
Egs. (18)—(20). This technique has the obvious advantage that
it can be applied to “non-luminescent” actinides or other metal
ion system. Examples on the use of ligand fluorescence is given
by Toraishi et al. that reported a detailed study of this type on the
Ln(IIT)-salicylate system [31] and Geipel et al. [30] that studied
the uranyl(VI)-2,5-dihydroxybenzoic acid system.

In order to obtain precise information on the stoichiometry
and equilibrium constants using the procedure described above,
two conditions must be satisfied: (1) the complex formation
must be the only physical process that results in quenching of
the luminescence and (2) the complexes formed must be non-
fluorescent. However, in many cases both of these conditions
are not satisfied. The latter condition can easily be checked
from the shape of the luminescence spectra, while the former
cannot be confirmed by analysis of the spectra alone. Time-
resolved luminescence decay may offer an alternative when the
effect of other quenching processes than complex formation can

be separated from the experimental luminescence quenching
[31,32]. Several physical or chemical processes, e.g. collision
with other molecules in the system (generally known as colli-
sional quenching) and non-radiative exciplex formation in the
excited state, are often lumped together and referred to as a
“dynamic” process, described by arate constant, k,. For instance,
the non-complexing ClO4~ acts as a quencher for UO»>* lumi-
nescence by forming a non-luminescent exciplex in the excited
state. Billard et al. have discussed details on this phenomenon
[33]. The quenching caused by the formation of non-luminescent
complexes in the ground state is often called “static” quenching
to distinguish it from “dynamic” processes. The experimental
luminescence lifetime, t, is described by three de-excitation
processes, emission, non-radiative decay and dynamic physical
processes withrate constants I”, ky and kg, respectively. Because
the depopulation from the lowest excited state is described by
first-order rate equations for all three processes we have

1

T=— (22)
T+ knr + kg

I/l may depend on the fraction of excited species relative to
the total, which decay by emission. (I/Ip)~" is given by the ratio
of the decay rate in the absence of quencher, (y = I + kyy), to the
total decay rate in the presence of quencher, (y +k4[Q]).

-1
(’) _rEklOl (k‘f) (0] = 1 + k70l O]
fo 4 Y (23)

Since dynamic quenching is a process which depopulates the
excited state, the lifetimes in the absence (tg) and presence (7)
of quencher are given by

‘[0 = y_l (24)
t=(y+kJlOD7", (25)
and therefore
-1
<T> _ vt kO] =1+ kw0l Q]. (26)
70 14

Egs. (23) and (26) provide an important characteristic of
“dynamic” quenching:

1 -1 t -1
(m) :(ro> ' @7

“Static” quenching takes place in the ground state and is not
involved in relaxation pathways from the lowest excited state.
If this is the only process, T is constant, equal to tg, and the
relationship

!
() = constant = 1 (28)
70

should be satisfied. The variable (t/79)~"' is evaluated from the
time-resolved luminescence spectra, and the effect of “dynamic”
quenching can be subtracted from the measured total lumines-
cence quenching by using the relationship (27) [34].
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2.2.3. To conclude

The examples of the preceding sections demonstrate some of
the characteristics of the experimental methods used in equilib-
rium analysis. The section is not exhaustive and only intends to
demonstrate the characteristics of some important experimen-
tal methods. It is often necessary to use more than one method
before proceeding with the subsequent “microscopic” analysis
of the problem at hand. Care should be taken when discussing
the chemical implications of complexes that are present in low
concentrations according to the experimental data; they may be
methodological artifacts. Fluorescence spectroscopy can be used
in systems with very low total concentrations of actinides, and
thereby offer an important advantage over other methods such
as potentiometry and NMR spectroscopy.

Raman methods [35a,b] have been used to study carbonate
complexes of actinyl(V) and (VI) carbonate complexes and the
hydrolysis in the uranyl(VI) system, but the method requires
fairly high actinide concentrations.

3. Limitations of the ‘“classical” equilibrium analytical
methods

Potentiometric and other “classical” equilibrium analytical
methods cannot distinguish between the different origins of the
protons released in hydrolysis reactions such as Eq. (1), or in
systems where the complex formation takes place with ligands
that are polyprotic acids where the protons may originate either
from coordinated water/hydroxide or from the ligand; this so-
called “proton ambiguity” is demonstrated by the following two
examples:

3U0,>" +5H,0 = (UO»)3(OH)s™ + 5H™; (29)
3U0»>" +4H,0 = (UO»)3(0)(OH)3t +5HT; (30)

U0,%* + HOCH,COO™ = UO,(OCH,CO0) + HT;  (31)

UO,** + HOCH,COO™ +H,0
= UO,(HOCH,COO)(OH) + H™. (32)

In the same way the classical methods, with the exception of
some spectroscopic methods, notably NMR, cannot distinguish
between isomers that have the same stoichiometry. The experi-
mental equilibrium constant for the formation of a complex ML,
which may consist of different isomers, is then

. [ML] . [ML]; + [ML], 4+ [ML]3 + - - -
- [MIIL] [M][L]
—Ki+ K+ K34--- (33)

K

where [ML]; and [ML], are the concentrations of the different
isomers that all have the same stoichiometry; only the sum of
these concentrations is obtained in the “classical” equilibrium
determinations. Fig. 6 shows the 'F NMR spectrum and peak
assignments from a test solution where four different complexes
have been identified, UO,F*, UO,F,(aq), UOz(oxalate)Fzz_
and UO;(oxalate)F(OHj), ™. There are two different (broad)

UOoF*

UO2(0x)F(Hz0)z  UOa(ox)oF™

T,

170 165 160 155 150 145 140 135 130
(ppm)

Fig. 6. The '°F NMR spectrum of a test solution containing the complexes
UOyF*, UO,F;,(aq), UO;(oxalate)F,2~ and UO,(oxalate)F(OH,),~ (from
Szabé et al. [36], reproduced by the permission of American Chemical Soci-
ety). The peak sizes indicates that the two isomers of UO;(oxalate)F(OH),~
have different stability constants; Szabé et al. suggest that the smaller peak at
164 ppm refers to complex 2 and the larger peak at 147.5 ppm to complex 1.

OIO"" O| LOHe Oy_0, ‘0 LOH,
“U—F == o | T
0 P ol\\, >~
a |o| OH, Q U\F
1 2

Fig. 7. Structures of the two possible isomers of UO;(oxalate)F(OH)> ™ (from
Szabd et al. [36], reproduced by the permission of American Chemical Society).

peaks for the latter complex demonstrating that there are two
different isomers present; their structure is shown in Fig. 7.

It is important to consider these limitations in systems where
the ligand contains many donor atoms and where different modes
of coordination are possible. The magnitude of the equilib-
rium constants may be used as an indicator for the mode of
coordination of a ligand, as exemplified by log 8; equal to
2.44 and 2.16, respectively, for the complexes UO,L*, where
L is acetate or glycolate. The fact that the glycolate complexes
with two potential coordinating functional groups (—COO™ and
—OH) are weaker than the corresponding acetate complexes
is a strong indication that the —OH group is not coordinated.
This qualitative type of reasoning has also been extended to
the reaction enthalpy and reaction entropy, where the latter
quantity has been assumed to be an indicator for the num-
ber of water ligands “set free” in complex formation reactions
M(OH,)y + nL(aq) = M(OHy),,L,, + (N — m)H>O; the charges
have been omitted for simplicity. The high stability of chelate
complexes is then seen as a result of the large number of water
ligands that are replaced by the chelating ligand; Vallet et al.
[37] have discussed the chelate effect in some detail.

4. Structure determination of complexes in solution

Structure information on complexes in solution can be
obtained from spectroscopy (NMR, IR and Raman) that
provides information on the mode of coordination of a certain
ligand and the symmetry of complexes with ligands of known
geometry. Large angle X-ray diffraction (LAXS) and extended
X-ray absorption fine structure data (EXAFS) give structure
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information in the form of radial distribution functions that are
one-dimensional representations of the structures. The peaks
in the functions provide information on the distances between
pairs of atoms and their intensity information on the number
of these distances. LAXS data provide information on all pair
distances, but pairs that contain heavy atoms such as actinides
dominate the intensity. It is often difficult to determine the pair
distance between light atoms like oxygen, unless there are many
of them. The radial distribution function in EXAFS provides
information on bond distances between a specific “target”
atom, in this case the actinide, and distances to other atoms
in surrounding “shells”. The bond distance is an average and
the distribution around this average depends on the amplitude
of the vibrational movement of the atoms (the Debye—Waller
factor), but not on the rate of ligand exchange, as this is much
slower than the “interaction time” between the incident X-ray
quanta and the atom electrons.

The accuracy of bond distances is in general about 0.02 A
in both methods, but the determination of the number of a cer-
tain bond distance is much less precise, especially in EXAFS.
Hence, the error in the coordination number is in general is large,
10-20%. The bond distances provide a first guide on the mode of
coordination of a certain ligand, but comparison with models is
needed to select a proper three-dimensional structure. Reviews
by Johansson [38] and Den Auwer et al. [39] give more details
on the methodology.

The combination of LAXS/EXAFS data with quantum chem-
ical methods is a powerful tool for the elucidation of the three-
dimensional structure of complexes in solution as discussed in
recent reviews by Vallet et al. [1,40].

4.1. The structure of actinide aqua ions

4.1.1. The actinide(IIl) ions

The only direct structure information on the solution struc-
tures of the actinide(III) aqua ions has been provided by XANES
[41] data in combination with quantum chemical calculations
[41,42] and EXAFS [43,44]. The experimental coordination
number for Pu3*(aq) from the EXAFS datais 10 + 1, while quan-
tum chemical calculations [42] give values of 8 or 9. Experimen-
tal and calculated Pu*—OH, distances agree fairly well, 2.51 A

versus 2.55 A for nine-coordination [42]. The solid-state struc-
ture of [Pu(OH;)9][CF3S03]3 [45] and the chemical similarity
between lanthanide(IlI) and actinide(IIl) ions provides strong
indications of nine-coordination for the larger ions, but one has
probably the same small difference in free energy between eight-
and nine-coordination as noted among the lanthanides [46]. Evi-
dence for nine-coordination of Cm3+(aq) has been obtained from
measurements of the fluorescence lifetime [47,48].

4.1.2. Actinide(1V) ions

Johansson et al. [49,50] have studied the structure of Th4+(aq)
and U**(aq) in aqueous solution using large angle X-ray scat-
tering and Moll et al. [51] using extended X-ray absorption
spectroscopy. As noted above, there are important methodologi-
cal differences between the two methods, but both give the same
metal-water distance within the experimental errors. The LAXS
data indicate eight-coordination and the EXAFS data a coordi-
nation number of 10+ 1. Ankudinov et al. [41] have studied
the Pu**(aq) ion using XANES and Allen et al. the Np**(aq)
ion using EXAFS [44]; the M**—OH, bond distances are con-
sistent with those from Th** and U**. Yang et al. [52,53] and
Tsushima et al. [54] have provided additional information on the
coordination number of Th** by using quantum chemical meth-
ods. Their results indicate that the energy difference between 9-
and 10-coordination is very small, about 1 kJ/mol, as compared
to about 50 kJ/mol between 8- and 9-coordination [54]. From
these data it seems safe to conclude that the coordination num-
ber is either 9 or 10, and that equilibrium might exist between
the 9- and 10-coordinated ions. The idealized symmetry in 9-
and 10-coordination is shown in Fig. 8a and b. The first is a
mono-capped and the second a bi-capped square antiprism. The
relative energies of U** and Np** ions with 8, 9 and 10 coordi-
nated water indicate that the preferred coordination number for
U* is 9, while there might be an equilibrium between 8 and 9
coordination for Np** [54b].

4.1.3. Actinyl(V) aqua ions

Allen et al. [44] have determined the structure of NpO,*(aq)
by using EXAFS and report a composition NpO,(OH,)s* with
a pentagonal bi-pyramid geometry with the distances Np-Oy,
and Np—OH equal to 1.85 and 2.51 A, respectively. Ankudinov

Fig. 8. The structures of: (a) Th(OH»)9** in C4, symmetry (mono-capped square antiprism) and (b) Th(OHy)jo** in Dyg symmetry (bi-capped square antiprism).

The structures are from Yang et al. [52].
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et al. [41] and Conradson [55] suggest a similar structure for
PuO,*(aq). This geometry is also obtained in a quantum chem-
ical calculation on UO,* by Vallet et al. [56] who suggest a
pentagonal bi-pyramid structure very similar to the one found
in the uranyl(VI) and neptunyl(VI) aqua ions.

4.1.4. Actinyl(VI) aqua ions

LAXS and EXAFS data from solutions provide bond dis-
tances and approximate values of the coordination num-
ber. Quantum chemical calculations [56—60] provide a three-
dimensional model of these structures, where the bond distances
can be compared with experimental LAXS [61,62] and EXAFS
[41,44,55] data, e.g. for the uranyl(VI) aqua ion (cf. Table 2 that
also contains information on the energy difference between aqua
complexes with different coordination numbers), and indicate
that all actinyl(VI) ions have the constitution AnO,(OH,)s2*,
despite a suggestion by Neuefiend et al. [62] that there are
only four coordinated water ligands, or possibly an equilibrium
between four- and five-coordination.

4.2. The constitution and structure of actinide complexes
ion solution

The discussion in this section is based on equilibrium ana-

lytical data and a combination of spectroscopic, LAXS, EXAFS
and quantum chemical information.

Table 2

4.2.1. Actinide(Ill) complexes

The constitution of complexes formed in the
Cm(IIl)-glycolate system has been investigated by Stumpf
et al. [9] using time-resolved fluorescence spectroscopy. By
measuring the fluorescence spectra and the emission lifetime
as a function of the glycolate concentration they showed that
the glycolate ligand is chelate bonded through the COO™
and OH-groups and that the complex at high glycolate con-
centration had the composition [Cm(HOCH;COO)4(H,0)] ™,
complex 1. By increasing the pH in solutions from the range
4.5<pH<6.5 to higher values they found that the single
peak at 602.3nm was gradually replaced by a second peak
at 605.6nm due to the formation of a new species, complex
2, in rapid equilibrium with complex 1; this complex attains
its maximum concentration at pH 9.7 at the same time as
the intensity of the first peak decreases. At pH>9.7, a third
peak from a new species, complex 3, appears at 611.3 nm;
this complex is in slow equilibrium with the other two.
Quantitative analysis of the spectral data indicates that complex
2 is formed from complex 1 by the dissociation of H* and
complex 3 from complex 2 also by dissociation of H*. Complex
2 has the same fluorescence lifetime as complex 1 and its
composition might then be either [Cm(HOCH,COO)4(OH)]*~
or [Cm(OCH,COO)(HOCH,COO)3(OHy)1>~. Slow equi-
librium is a typical feature observed when the OH-group
in coordinated glycolate is deprotonated (cf. Section 6.3).

Experimental bond distances in solution and calculated bond distances for different uranyl(VI) complexes and isomers ((oxalate) denotes a chelate bonded through
one carboxylate oxygen donor from each carboxylate group, (oxalate-uni) a ligand coordinated to a single oxygen donor and (ox-carb), an oxalate coordinated using

both oxygen donors in the same carboxylate group)

Complex Bond distances (A, from EXAFS)

Bond distances (A, calculated using QM)

Relative energy of isomers (kJ/mol)

[UO2(OH2)5** |(H20) U-Oy, 1.77

U-0, 241
[UO2(OH2)4**1(H20),

U-Oy, 1.776 0
U-0,247

U-Oy, 1.774 529

U-0, 241

[UO2(OH;)6>*]

U-Oy), 1.785 11.9

U-0, 4 x 2.48(1) and 2 x 2.64

UO,(oxalate)3*~ U-Oy1, 1.79
U-Ogx, 2.37

U-C, 3.30

UO; (oxalate); (oxalate-uni)

U-Oy, 1.73 37
U-Opy, 2.52
U-C,3.42

U-0y;, 1.73 0

U—-Oyx, 2.43
U_Oox—unia 2.39
U-C, 3.30

UO;(oxalate), F3~ U-Oy, 1.77
U=Oyx, 2.44
U-C, 3.31

U-F, 2.22
UO,(oxalate)(ox-carb)F>~

U-0y, 1.74 0
U-Ogy, 2.43

U-C, 331

U-F, 2.22

U-0y, 1.73 9.2

U—Oyx, 2.40
U-C, 3.28
U—Ocarb, 2.53
U-F, 2.20

Included are also the relative energies at the MP2 level of different isomers. The QM geometry has been optimized either at the MP2 level in the gas-phase in the
case of the uranyl aqua ion or at the SCF level using a PCM solvent model that describes the solvent as a polarizable dielectric continuum with the same dielectric
constant as water. The data for the uranyl aquo ion are from [57,79] and for the oxalate complexes from [84].
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As the equilibrium between complexes 1 and 2 is fast,
the authors suggest that complex 2 has the composition
[Cm(HOCH,COO)4(OH)]>~. The fluorescence lifetime of
complex 3, 295 s, is longer than the lifetime for complexes 1
and 2, 206 ps, but still much shorter than in species without
coordinated water, 1250 ws. This indicates that complex 3
contains OH-groups from coordinated ligands that transfer
the excitation energy. The authors suggest that the stoichiom-
etry is either [Cm(OCH,COO)(HOCH,COO)3(OH)]>~ or
[Cm(OCH,CO0),(HOCH,CO0),(OH,)]>~.

4.2.2. Actinide(IV) complexes

The structure of ThF3+(aq) has been studied using EXAFS
[51] that provides quantitative information on the Th-F and
Th—-OH; bond distances, 2.14 and 2.48 A, respectively, and a
coordination number of approximately 10. Toraishi et al. [63]
studied complex formation in the Th(IV)—glycolate system as
a function of pH and deduced an equilibrium model based on
potentiometric and NMR data. The potentiometric data indicated
the formation of di- and tetra-nuclear complexes and the NMR
data provided information on the amount of coordinated oxy-
acetate, “OCH,COO™. Preliminary EXAFS data suggested a
structure for the tetra-nuclear Th4(OCH,COO)g(OH)4*~ com-
plex containing a cubane like “Th404” core. The corresponding
5-sulfosalicylate system [64] has also been studied in the same
way and the data indicate that the complexes formed are very
similar to those in the glycolate system.

The limiting carbonato complex of the tetravalent actinides
has the composition An(CO3)s%~ [65-67] and the solid-
state structure of several compounds that contain isolated
Th(CO3)s°~ [68,69] and Pu(CO3)s°~ [67] units are known.
There is also EXAFS data from solutions where the complexes
Pu(CO3)5%~ and U(CO3)5°~ are predominant [67] and the dis-
tances Pu—O and Pu—C are in good agreement with those in the
solid state, indicating the same or very similar structures in both
phases.

4.2.3. Actinyl(V) complexes

The structure information from solution is limited to EXAFS
data for MO»(CO3)3°~, M =U and Np, MO,(CO3)3°~, formed
at high carbonate concentrations and where the composition
has been established by solution chemical methods [70,71].
The complexes are much less stable than the corresponding
actinyl(VI) complexes and the mode of coordination of the lig-
ands is therefore not obvious. The structures of UO2(CO3)3°~
from Docrat et al. [72] and NpOz(C03)35_ from Clark et al.
[73] give strong indication that the carbonate ligands are bonded
through two oxygen atoms, resulting in a structure very similar
to that of UO»(CO3)3*~; Gagliardi et al. [74] have suggested
a detailed structure model by using quantum chemical meth-
ods. The agreement between experimental and calculated bond
distances in [75] is better than 0.03 A, a good indicator for the
reliability of the model.

4.2.4. Actinyl(VI) complexes
Most experimental structure information has been obtained
for uranyl(VI) complexes and we will focus on these data

and begin with a discussion of the number of labile ligands
in the equatorial plane. From solid-state structures [75] it is
well known that there are compounds with four, five and six
equatorial donor atoms, a fact that may result in the forma-
tion of structure isomers. The first example is taken from the
binary uranyl-fluoride and uranyl-hydroxide systems where
the structures of the complexes UO,F4(OH,)%~ [76,77] and
UOQ(OH)42_ [78,79] have been identified in solid state and
solution. The uranyl(VI) cation is a very strong Lewis acid and
accordingly gives strong complexes with fluoride and hydrox-
ide. The limiting complex has in both cases the composition
U02L53’, L=OH™, F; a notable fact is that the equilib-
rium constant for the reaction UO»L4%2~ + L~ :U02L53_ is
small, 0.4 and 0.6 M~! for the hydroxide and fluoride systems,
respectively [80,81]; as a result the U02L42_ complexes are
predominant over a large range of L concentrations. Hydrox-
ide complexes are in general formed by dissociation of a
proton from coordinated water, if this is the case the precur-
sor of UO,(OH)s>~ must be UO>(OH)4(OH;)>~. By com-
bining K=0.4 M~! with the dissociation constant of water,
Kw, we notice that the equilibrium constant for the reaction
UO,(OH)4(OH»)*~ = UO»(OH)5>~ + H* is smaller than Ky,
i.e. coordinated water would be a weaker acid than the water
solvent; this is unlikely in view of the strong inductive effect
of uranium on coordinated ligands. The fact that the stepwise
equilibrium constant for the formation of UO,Ls3~ is very
near the same for fluoride and hydroxide indicates that they
are formed in the same way, that is by coordination of the lig-
and from the solution. Solution EXAFS and quantum chemical
data provide additional information on the constitution of these
complexes. The bond distances for the complex UO,F4%~ (aq)
[77] are only consistent with the composition U02F4(OH2)2’,
that is the complex contains coordinated water. The EXAFS
data from solutions containing UO»(OH)4>~ (aq) [78,79] give
U-OH bond distances in excellent agreement with those in the
solid state; the coordination number is more uncertain and Vallet
et al. [77] prefer the composition UOz(OH)42_, that is a com-
plex with no coordinated water, while Clark et al. [78] suggest
the composition UO,(OH)53~. Quantum chemical calculations
confirm the stoichiometry and structure of [UO,F4(0OH,)%7]
[77,82] and [UOg(OH)42_](H20) [77,83]; the water outside the
square bracket indicates that it is located in the second coordi-
nation sphere.

The relative energy of isomers with different coordination
number is particularly important in mechanistic discussions
where the identification of intermediates with coordination num-
ber different from that of the reactant is essential for mechanistic
assignments. These intermediates are usually present in very low
concentrations and can therefore not be identified by solution
chemical methods.

The '°F NMR spectrum [10] in Fig. 3 provides an example of
the use of NMR methods for the determination of the structure
of a complex in solution. There are two peaks with the ratio 1:2
for the complex UOs(acetate)F32~. The presence of two non-
equivalent fluoride ions in the ratio 1:2 is only compatible with
a structure where both carboxylate oxygens are coordinated (cf.
Fig. 9).
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Fig. 9. Coordination geometry of the complex UO;, (acetate)F32~ [10]. The two
edge fluorides have the same chemical shift, while the central fluoride is dif-
ferent. This indicates a symmetry plane Fentral—~U—C and coordination of both
carboxylate oxygen atoms.

4.2.5. Coordination of multidentate ligands

Equilibrium constants do not provide direct information on
the mode of coordination of multidentate ligands, even if the
magnitude of the equilibrium constant gives an indication if
a chelate is formed, or not; this so-called chelate effect has
recently been reviewed [37]. In this section we will discuss the
mode of coordination of oxalate and malonate in uranyl(VI)
complexes using solution EXAFS data and quantum chemical
calculations.

The complex UO,(oxalate)s*~ is predominant at high oxalate
concentrations where its equilibrium constant has been deter-
mined using equilibrium analytical methods (Ref. [84] and those
cited there). The magnitude of the equilibrium constant
for the reaction UOz(oxalate)z(OHz)z_ + oxalate?~ = UQ,
(oxalate)3*~ is not sufficiently large to indicate if the third lig-
and forms a chelate, or not. A combination of EXAFS data
and quantum chemical structure data suggests that the exper-
imental bond distances are in much better agreement with a
model where the third ligand coordinates to one carboxylate
oxygen, than a model where it forms a chelate. This conclu-
sion is supported by the relative energy of the two isomers,
where the tris-chelated model is 37 kJ/mol less stable than
the other one. The situation is less clear for the two isomers
UOs(oxalate),F>~ and UOs(oxalate)(ox-carb)F3~, where ox-
carb denotes an oxalate coordinated to both oxygen atoms from
one carboxylate group. The experimental bond distances are
in slightly better agreement with the model with two chelate
bonded oxalate ligands; this is also the most stable of the two
isomers.

Vazquez et al. [85] have discussed the mode of coor-
dination of the malonate ligand in uranyl complexes based
on quantum chemical calculations and EXAFS data. Both
methods indicate the formation of a binuclear complex
(UOz)z(malonate)z(OH)gz’ with two hydroxide ions bridg-
ing the uranium atoms and with the malonate chelate bonded
through one oxygen from each carboxylate group.?

2 Geometry optimization of actinide complexes does not always have smooth
convergence behavior (in particular for isomers where a ligand with several
donor groups is coordinated to only one of them); this is probably a result of
several configurations with approximately the same energy. Whenever possible,
the geometry optimization should begin in gas phase and then using this opti-
mized structure as a starting point for the geometry optimization in the solvent.
Non-electrostatic contributions to the solvation energy and energy gradients,
that is dispersion, cavitations and repulsion contributions, should be omitted in
the geometry optimization [86].

5. The rate and mechanism of ligand substitution
reactions

“Mechanism” is defined as the sequence of elementary reac-
tions that transform the reactant(s) to product(s). The different
steps can rarely be studied in isolation, but have to be inferred
from the experimental rate equation and the activation enthalpy,
entropy and volume, AH7, AS* and AV7, respectively; in
addition, the structure and coordination geometry of reactants,
intermediates and products give important clues on the micro-
scopic details of the reaction. The rate equation rarely provides
a unique mechanistic model because it contains only stoichio-
metric information on the rate-determining step and the fast
equilibria that precedes this and no information on the following
elementary reactions.

Most information on rates and mechanisms of ligand substi-
tution reactions in actinide complexes refers to uranium systems,
but this in general only includes information on rate equations,
while the mechanistic discussions are much more speculative.
Lincoln [87] and Tomiyasu and Fukutomi [88] have reviewed
reactions in uranyl(VI) systems in non-aqueous solvents, while
Nash and Sullivan [89] have reviewed the kinetics and mecha-
nism of actinide redox and complexation reactions in aqueous
solution. Vallet et al. [40] have discussed the combination of
experimental and quantum chemical methods for the elucida-
tion of the intimate mechanism of solvent exchange and ligand
substitution in uranyl(VI) complexes.

Substitution reactions of simple unidentate ligands are in gen-
eral very fast and require special experimental methods (temper-
ature jump, and other relaxation methods; stopped-flow; NMR
spectroscopy). Only the uranyl(VI) fluoride system has been
studied in detail [90].

Most of the experimental studies of ligand substitution have
been made using multidentate ligands. These reactions involve
several elementary reactions such as chelate ring opening/ring
closure and ligand dissociation/association steps. In addition,
the ligands are often protolytes and the rate equation therefore
depends on the hydrogen ion concentration. Ligand substitution
reactions with multidentate ligands are conveniently followed
using conventional stopped-flow methods. Experiments of this
type start from a system that is not in equilibrium and its evo-
lution is then followed until equilibrium has been attained. In
many cases the reaction has to be followed by using an indicator
and this introduces additional complications when deducing the
reaction mechanism (cf. Friese et al. [91]).

A more direct method to obtain mechanistic information on
ligand exchange reactions is to use NMR equilibrium dynamics
with 1H, 13C, 170, 15N and 31P as the NMR-active nuclei. 170
enriched UO,2* and ternary complexes containing fluoride have
been particularly useful as the high sensitivity and wide chem-
ical shift scales of these nuclei make it possible to study a very
large range of exchange rates. An example is the exchange reac-
tion UO,(H,0)52* + HyO" = UO,(H,0")s52* + H,0, that was
studied using proton NMR in mixed water—acetone media
by Ikeda et al. [92] and Bardin et al. [93] and by 'O
NMR in water by Farkas et al. [94]. An analogous exam-
ple is the exchange between dimethyl sulfoxide (DMSO)
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and UO»(DMSO0)s%* in DMSO solvent that was studied by
Ikeda et al. [95].

It should be noted that NMR spectroscopy is one of the most
powerful tools to study ligand exchange reactions at equilibrium.
NMR gives information on all reactions that contribute to the
dynamics at the reaction centre and one NMR active ligand can
then provide information on the dynamics of other ligands that
are not NMR active. An example discussed in Section 5.6 is the
use of 'F NMR to estimate of the rate of water exchange in
U0, (oxalate)F(H,0), ~ and UO,(oxalate)F,(H20)2~ [36].

Different experimental techniques can be applied depending
on the system and the rate of exchange (that can vary between
10~2 and 10°s~1); when applied on the same exchange sys-
tem, these techniques often give complementary information.
In systems where the exchange reactions are slow on the time
scale determined by their chemical shift difference (T;-scale)
individual peaks can be observed for the exchanging sites. If the
line shape of the signals is not affected by the exchange (T>-
scale) the kinetic information can be obtained by using one- or
two-dimensional (EXSY) magnetization transfer experiments.
In the intermediate case, where the exchange rate is still slow on
chemical shift scale, but fast enough to affect the line shape of
the signals, the rate can be calculated from the line broadening
caused by the exchange reaction(s). When the exchange is fast
on the chemical shift time scale the rate constants must then be
calculated by using the more complex matrix formalism [90].

The NMR active nuclei may be located in different chemical
surroundings in the same complex allowing studies of intra-
molecular exchange, or located in different species, e.g. the
complex and the free ligand, making studies of intermolecular
exchange possible.

It is often difficult or impossible to use the NMR method to
study the rate and mechanism of the formation of the first com-
plex in systems where strong complexes are formed because
the free ligand concentration is here very small. In these cases
stopped-flow technique is a useful alternative; on the other hand,
NMR spectroscopy is superior when studying the rate and mech-
anism in limiting complexes [36,96].

At best, the experimental methods used in the analysis of
reaction mechanisms provide a chemical consistent mechanism
for the overall reaction, the so-called stoichiometric mechanism.
This is only a first step in the understanding of how the chem-
ical reactions occur, that is the timing of bond breaking and
bond formation and the structure of the activated complex. The
experimental activation parameters provide indicators for the
intimate mechanism; however, they need to be related to a micro-
scopic model in order to provide a firmer basis for mechanistic
assignments. Information of this type may be provided by ab
initio quantum chemical methods (QM) that provide informa-
tion on the geometry and relative electronic energy of reactants,
the activated complex and intermediates at 0 K and molecular
mechanics (MM) and classical trajectory methods from ab ini-
tio theory (QM/MM). In order to have information on reactions
in solution at ambient temperatures from ab initio methods, it
is necessary to use a proper solvent model and to calculate heat
capacities of reactants and activated complexes using the molec-
ular partition functions (vibration and rotation) (cf. Section 5.9).

It is not straightforward to calculate the vibration and rotation
energy levels; however, QM calculations reveal that the structure
of intermediates is often close to that of the activated complex
and one can then use the partition functions and the thermody-
namic data for the intermediate as a first approximation for those
of the activated complex (cf. Section 5.9). When the partition
functions are not known it is often assumed that the electronic
activation energy is close to the activation enthalpy [40]. Calcu-
lations of the activation volume can be made from the geometry
of reactants and activated complexes and are therefore very use-
ful for the assignment of mechanisms; however, the calculated
volume rests on assumptions inherent in the solvent model used.

Intermediates play an important role in mechanistic dis-
cussions; however, they are in general very reactive and can
rarely been identified experimentally. The experimental activa-
tion enthalpy refers to an ensemble average and the ab initio data
to a single “trajectory”; nevertheless, they might be compared
in systems where the ligands are strongly bonded. The MM
model refers to an ensemble of reactant and solvent molecules
that move in a potential field generated by interactions between
them, all of which are described by empirical potential func-
tions that include Coulomb interaction and dispersion terms
(Lennard—Jones potentials) and repulsion contributions. Inclu-
sion of many-body, polarization and charge transfer effects into
these potentials has been investigated by Clavaguéra et al. [97].
So far, very few molecular mechanics or time-dependent MM,
usually referred to as molecular dynamics (MD), simulations
have been performed on solvated actinide ions. Some aqueous
MD simulations using this energy representation have already
been performed in order to model differences in Gibbs energy of
reaction for uranyl(VI) complexes with various ligands in water
solutions [98] or to study solvation of uranyl(VI) in ionic liquids
[99]. Yang et al. [52] used the same type of interaction potentials
to investigate the structure and dynamics of Th** aqua ion. Den
Auwer et al. [100] have used MD simulations to obtain struc-
ture models of uranyl(VI) and neptunyl(VI) aqua ions and of
[NpOg(OH)4]2_ to simulate their core excitation spectrum with
experimental XANES spectra. Molecular dynamics simulations
yield information on the structures of hydrated complexes, on
the thermodynamics of the reactions studied and on dynamics
for systems with reactions that have half-lives in the pico- to
nano-second range. This is the time scale for the water exchange
between the second coordination sphere of Th**(aq) and the bulk
solvent [53]. However, ligand substitution and intra-molecular
reactions in actinide complexes are much slower (with time
scales in the milli- to micro-second range for uranyl complexes)
and cannot be studied by molecular dynamics. Structure data can
be derived from instantaneous snapshots taken at regular time
intervals during the MD simulations [100]. Observed reaction
rates are macroscopic averages over a large number of “chemi-
cally identical systems” passing with different initial velocities
from the reactant valley to the product valley along various tra-
jectories. Thus, to determine the rates, one must either study a
large number of trajectories in an approach based on dynamics
or introduce statistical theories based on ensemble distributions.
Ziegler and Autschbach have discussed dynamic approaches as
well as statistical theories in two recent reviews [101a,b].
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Most of the examples discussed in the present review deal
with the chemistry of actinyl(VI) ions, but some comments will
also be made on the chemistry in other oxidation states. The
chemical properties of the aquo ions are a natural starting point
for discussions of ligand substitution reactions and intramolec-
ular re-arrangements in the coordination sphere. Experimen-
tal and QM studies discussed in Section 4.1 show that the
actinyl(V) and (VI) ions have the stoichiometry MO, (OH,)5*
and MO,(OH,)s>* and very similar geometries. The oxygen
atoms in the actinyl unit, “MO,”, are substitution inert under
most conditions, while the water ligands are labile and located
in, or close to, the plane through M and perpendicular to the
MO;-axis. Stable linear “MO,” aqua ions are only formed for
the elements U, Np, Pu and Am in oxidation states 5 and 6. This
is due to the participation of f-electrons in the M—Oy; bonds that
are part of the valence shell in the pre-curium elements; their
absence in the elements after americium is due to the “shrinking”
of the f-orbitals into the core. These facts result in a chemistry
that is very different from the main-group and d-transition ele-
ments, but also from the 4f-elements.

The actinides are “hard” acids using the Pearson terminol-
ogy and form strong complexes with hard Lewis bases, many of
which are also strong Bronsted bases and one must therefore in
all ligand substitution reactions consider not only the competi-
tion between the different Lewis acids (metal ion and proton),
but also proton catalysis.

Fluoride and hydroxide are the only simple ligands that form
strong complexes with actinides; strong complexes are also
formed with ligands with oxygen donors (sulfate, carbonate,
phosphate and organic ligands with—COO™ and OH— functional
groups) and nitrogen donors (organic ligands with aliphatic and
aromatic nitrogen donors). The number of donor atoms that can
bind to the metal ion in a certain ligand depends on geometrical
constraints imposed both by the geometry of the ligand and the
preferred coordination geometry of the metal ion; geometrical
constraints are therefore important both for the thermodynamic
stability of complexes and their reaction mechanisms.
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Ligand substitution reactions are categorized as dissociative,
D, associative, A, or interchange, I, depending on if intermedi-
ates can be identified or not. The D-mechanism is characterized
by an intermediate with a lower coordination number than the
reactant and the A-mechanism by an intermediate with a higher
coordination number. Reactions where no intermediates can be
identified are classified as I. The relative energy of the geometry
in the ground state and in the intermediates is very important for
the mechanistic discussion.

5.1. Mechanisms for water exchange in actinyl(V) and (VI)
ions

The rates and the activation parameters for the water
exchange in actinyl(VI) aquo ions have been measured experi-
mentally using 'Hand 'O NMR spectroscopy [92-94]. Because
of the high rate, the proton NMR data had to be obtained at very
low temperature that required the use of a mixed water—acetone
medium [92,93]; the 170 data were obtained using a water sol-
vent in the temperature range from —5 to 60 °C [94]. There are
no experimental determinations of the rate of water exchange
in actinyl(V) ions. Quantum chemical calculations using a
continuum model (PCM) for the solvent show that the D-
intermediate [MO»(OH,)42*](H20), has a much higher energy
than the A-intermediate, [MO,(OH,)g2*], and the ground state
[M02(0H2)52+](H20) for all actinyl(VI) aquo ions [56]. The
activation energy for the D-mechanism is also much higher
than for the A- and I-mechanisms, both of which have nearly
the same value. The calculated electronic activation energy for
U(VI) has an estimated uncertainty of about 10 kJ/mol and is in
fair agreement with the experimental value. Scheme 3 illustrates
the different reaction pathways for the actinyl(VI) aquo ions.

The reaction mechanism for the uranyl(V) aquo ion can only
by studied using quantum chemical methods; in this case there
is no stable A-intermediate and therefore the exchange most
likely follows a dissociative pathway (Table 3). The energy dif-
ference between the ground state [UO,(OH»)s*](H,0) and the

Reactant * ¥
.~ OH, OH, Product
S OH, . "
[UO,(H,0),[*". — [UOMH,0),)*. = — [[UOH0)]*,
*OH, *OH e
. z *,
Trans. state Intermediate Trans. state OH,
D
=
7 _~OH,
[UO,(H,0),]*". H,0* UO,(H,0),2 ~._ |UO,(H,0),H,0*|*", H,0
*OH,
Trans. state
A4 + "
/“OH2
[UO,(H,0),0H,]* [UO,(H,0),*OH,? [UO,(H,0),*OH,|*
OH,
Trans. state Intermediate Trans. state -

Scheme 3. The possible reaction pathways for the exchange between coordinated water in UO,(0OH,)s2* and solvent water as modeled by QM [57]. The scheme
shows schematic representations of the reactant, intermediates and transition states in the dissociative (D), associative (A) and interchange (I) pathways. The water

in the second coordination sphere is located outside the square bracket.
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Table 3

The electronic activation energy, AE7, and the electronic energy, AE], of the D- and A-intermediates relative to the precursor for the water exchange in MO, (OH3 )5 o

M=U, Np, Am and UO,(OH;)s* from Vallet et al. [56]

Complex D A I

AE# (kJ/mol) AE; (kJ/mol) AE# (kJ/mol) AE; (kJ/mol) AE7 (kJ/mol)
UO,(OHy)52* 74.0 61.8 18.7 15.8 212
U0, (OHy)s* 36.4 27.0 - - -
NpO,(OH,)s5%* 70.0 68.3 30.0 28.5 -
AmO,(OHy)s>* - 67.7 - 22.6 -

intermediate [UO2(OH)4*](H20), is 27 kJ/mol as compared
to 62 kJ/mol for the corresponding uranyl(VI) complexes; the
corresponding activation energies are 36 and 74 kJ/mol. The
lower activation energy for the D-pathway and the instability
of UO,(OHy)¢™ are presumably a result of a weaker UV-0OH,
bonding. We can speculate on the rate constant for the exchange
of free and coordinated water in UO,(OHy)s*. The reaction
is dissociative and one therefore expects positive activation
entropy. Hence, the Gibbs energy of activation (and the rate con-
stant) for the uranyl(V) and (VI) ions may not be too different,
indicating a rate constant of the order of magnitude 10%s~!.

5.2. Mechanisms for fluoride exchange in UO2F,>™"
complexes

The rate and mechanism of ligand exchange reactions in the
binary uranyl(VI)-fluoride system has been studied by Szabo
et al. [90]. The complexes formed are strong and the free lig-
and concentration in equilibrium with the different complexes
is therefore small, at least in the concentration range where the
complexes UO,F* and UO,F;(aq) are predominant. In equilib-
rium systems it is therefore only possible to study the reactions

UO,F, 2" +*F~ = UO*F,> " +F, (34)

for n > 3, while exchange reactions involving HF can be studied
for all complexes.

UO»F,> " + H'F = UO,*F,> " + HF. (35)

The fluoride ion is small and large steric interference in the
different exchange reactions is therefore not expected. Hence,
this system is a suitable starting point for a mechanistic discus-
sion before proceeding to ligand substitution reactions in ternary
fluoride complexes that also contain large multidentate ligands.
The fluoride ion is a moderately strong base and the substitution
reactions are therefore proton catalyzed. From the experimen-
tal rate equations it is not possible to decide on the role of the
solvent in the reactions studied; this is a serious drawback when
deducing reaction mechanisms as will be apparent in the fol-
lowing. We will discuss the experimental data for the following
exchange reactions:

1. UOSFs +°F~ U0y Fs* +F~ (36)
36—
that follows the rate equation

v = kops[UO2Fs]. 37

2. Exchange between UOanz_”, n=3-5, and free fluoride,
exemplified by the reaction

2— _k3g4+ 3—
UOyF4(OHy)"™ +F k\:\ UOyF5”™ 4+ H70, (38)
38—

that follows the rate equation
v = kobs[UO2F, > "][F 1. (39)

3. At low concentration of fluoride there is exchange between
the different complexes UO,F,,2>~", as exemplified by

UOF3™ + UOz*F42_ = UOy*F3~ + U02F42_; (40)

the rate equation is given by Eq. (41) and a similar expression
for other complexes:

v = kops[UO2F3 ~1[UO2F427]. (41)

4. The fluoride ion is protonated at low pH, making it possible
to study exchange reactions:

UO,F,> ™ + H'F = UO»*F,> " +HF, n= 0-4 (42)
As an example we will discuss the reaction
k
U0, + HFk:+U02F+ +H* (43)

The stoichiometric mechanism of the different exchange reac-
tions is deduced from the rate equation and the activation param-
eters [90]; in addition, QM methods have been used to obtain
information at the microscopic level [80].

The equilibrium constant, K5, for the reaction (38) is equal
t0 0.60 £ 0.05 M~ [80] and will be used to discuss the fluoride
exchange for the reaction (36).

The line broadening of UO;,Fs 3~ in Eq. (36) is independent of
the concentration free F~, indicating a dissociative mechanism
with the rate constant k3e4 = 6.5 x 10° s~ at —50 °C. Vallet et al.
[80] have shown that the line width of the free fluoride signal in
the test solutions used to study reaction (36) is a linear function
of the concentration of UO,F4(OH»)?~ and the rate constant for
this pathway is k3g; =3.65 x 103M~!s~!. The ratio k3g,/k3es
is equal to 0.56 M~!, very close to the equilibrium constant for
reaction (38), indicating this is an elementary reaction and that
the exchange (36) is water assisted; additional details are given
in [80].

The exchange of fluoride between different complexes is
exemplified by reaction (40) with the rate equation (41).
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The rate equation is consistent with the fast formation of an
outer sphere complex [UO,F3~]---[UO,F42] followed by flu-
oride exchange. Szabd et al. [90] have analyzed these reactions
using the Eigen—Wilkins mechanism that describes the stoichio-
metric mechanism for many ligand substitution reactions. Based
on the observation that ks was of the same order of magni-
tude as the rate constant for water exchange in UO,(OH,)s2*,
Szabd et al. suggested that the rate-determining step in the fluo-
ride exchange reactions [90] was the dissociation of water from
one of the reactants, followed by fast fluoride transfer through
a bridge linking the two complexes. It has not been possible
to identify a fluoride-bridged intermediate experimentally, but
Macak [102] has explored this by using QM methods on the
simplest of these exchange reactions:

U*02(OH,)s** + UO,F(OH)4
= [U*02(0Hy)s*" - -UO,F(OH)s M 1*
= [U*02(OHy)s*"-F-UO,F(OH,)4 "]
= U*0,F(OH,)4>" + U0, (OHy)s ™. (44)

Fig. 10 obtained from this study illustrates how quantum
chemical methods can be used to explore mechanis-
tic pathways. Fig. 10a shows the precursor complex
[UO,(OH,)52*[UO,F(OH,)4*], and the associative inter-
mediate in the exchange reaction (44) (Fig. 10b). The U-U
distance changes from 6.60 A in the precursor to 4.62 A in the
intermediate.

The dissociation of fluoride in ternary complexes is in general
slow (cf. Table 4) and it is therefore less likely that the fast
exchange reactions in the binary fluoride systems is the result of
simple fluoride dissociation from UO,F(OH)4*.

The simplest exchange reaction involving HF is

k
U022t + HF§U02F+ +HT, (45)
that has been studied both experimentally [90] and

using QM methods [103]. The rate constant at 25°C is
ky=3.2x10°M~!s7! and the activation enthalpy 38 kJ/mol;
the rate constant is larger in D>O (5.8 x 10° M~!s~1). Both
the rate constant and the activation energy are compatible
with a mechanism where U-OH; bond breaking is important.
The reverse kinetic isotope effect indicates that the forma-
tion/dissociation of H-F is important either in the precursor or
in the activated complex. This suggestion has been explored in

(a)

a QM study of reaction (45) using the following model [103],
where [HF, (H>0),] denotes the second coordination sphere

[UO2(OHy)s*"1(H20);, + HF
= [UO2(OH,)s*T1[HF, (H,0)s]. (46)

A rapid equilibrium reaction leads to the formation of an outer
sphere complex that is followed by arate-determining step where
HF enters the first coordination sphere and then transfers a proton
to water in the second coordination sphere

[UO2(OHy)s**1[HF, (H20),]

slow

—>[UO2(OHy)s - - - (FH)**][(H20),]

fas

~ [UO;F(OHy),> M[H307, (H>0),] 7)
This mechanism is consistent with the observed reverse isotope
effect as the equilibrium constant for the outer sphere equilib-
rium in reaction (46) is larger in DO than in H,O as a result of
stronger hydrogen bonding.

5.3. Mechanisms for fluoride exchange in ternary
uranyl(VI) complexes

Fluoride exchange using 'F NMR line broadening has been
studied in a number of different ternary complexes with the com-
position UO2(X N Y)F3 and UO(X N Y),F that in addition to
fluoride contain bidentate ligands, X N'Y, like carbonate, acetate,
oxalate, glycolate, a-hydroxyisobutyrate, different substituted
pyridine-5-carboxylates and glycine. Some data have also been
obtained with the multidentate ligand glyphosate. Most of these
reactions can be described by the following mechanistic schemes
that involve parallel pathways for the F~ and X N'Y exchange
reactions (cf. Table 4).

The rate of fluoride exchange in UO,(CO3 Y33~ is indepen-
dent on the free carbonate concentration, which is a clear exper-
imental evidence for two parallel pathways. Schemes 4 and 5
show the possible pathways for the exchange of fluoride and
bidentate ligands XNY, in UO(XNY)F3; and UO2(XNY),F
(charges omitted). Scheme 5 shows that the intermolecular
exchange of X N'Y involves a chelate ring opening that is fol-
lowed by the dissociation of the ligand, where both steps can
be water assisted. In general, it is not possible to decide if
water participates or not, but there are exceptions, e.g. reac-
tion (36) and the intermediate “UO,F3™” formed by disso-

Fig. 10. Structures of the precursor complex [U02(0H2)52+][UOzF(OH2)4+] (a) and the intermediate (b) in an associative fluoride exchange reaction
U"05(aq)s5>* + U0 F(aq)s* = U0, (aq)** + U"0,F(aq)*. The data are from an ongoing study of Macak [102].
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Table 4
Rate constants and activation parameters for the intermolecular exchange between free and coordinated X N'Y and F~ in the binary and ternary uranyl-X N Y—fluoride
complexes
Complex Exchanging ligand Rate constant Activation parameters Reference
AH7 (kJ/mol) AS# (J/(K mol))
UO,(acetate)F32~ Sac” ke=13x103s71k_=25x10*M 157! - - [10]
oF- ~1557! - - (101
UO,(acetate); ~ &ac™ ky=28x103s"1k_=3.8x10°M!s~! 22 (for +) —61 (for +) [10]
UOz(picolinate)F32_ Spic” 475! 56.2 -16.3 [104]
SF- 24.4% 12.8° 57! 61.4 14.6 [104]
UO,(NO»-picolinate)F32~ < N-pic™ 55571 59.4 11.3 [104]
SF- 16.0s~1 60.3 14.6 [104]
U02(i—pent—picolinate)Ff* & i-pic” Fast - - [104]
SF- 18.22,13.9 5! 59.7 10.4 [104]
UOs(oxalate)F32~ “ox2™ 6.257! 70.2 23.1 [104]
SF- 21.657! 58.9 12.4 [104]
UO,(oxalate), F3~ Sox*~ 875! 429 -73.3 [104]
SF~ 123571 40.8 —74.8 [104]
UO;(oxalate), 2~ Sox2 1.6 x 103571 31 —-56 [10]
UO,(—OCH,CO0™ )2~ &(HL)® 567M~ 57! - - [124]
UO,(~OCH,COO™ ), 3~ S(HL)E 1257} 55.8 —42.1 [124]
SF- 12571 458 —55.8 [124]
(UO,(HO-IBA)F32)d <(HO-IBA™)! k9=250s"1 k. =31 x 10* M~ 157! - -
UO,(NH,CH,COO~)F32~ &NH,CH,CO0~ kK=23x10""Ms 90 120 [124]
sF 48571 - - [124]
U0, (CO3)F33~ ©C03% 575! - - [36]
SF- 142571 53.7 —15.7 [104]
U0, (CO3)34 &C032- 13571 82 50 [105]
Pu0,(CO3)3*~ &C03% 34 31 [106]

2 Central fluoride.
b Edge fluoride.

¢ This refers to exchange between coordinated “OCH,COO™ and free HOCH,COO™.

4 a-Hydroxy-isobutyric acid.

¢ The measured rate constant; this and the activation parameters do not refer to an elementary reaction (cf. Eq. (54) and Scheme 8).

ciation of glycine from UO,(NH,CH,COO)F3%~ and CO3%~
from UOZ(CO3)F33_, where “UO,F3;7” is not identical with
UO;,F3(0OH»); ™ as discussed by Szab6 and Grenthe [10,104].
Some other examples based on quantum chemical data will be
discussed in Section 5.4.

The line broadening of coordinated fluoride depends on all
dynamic processes in the coordination sphere of uranyl(VI) and
can accordingly be used to deduce the dynamics and the reaction
mechanisms of these processes. Intra-molecular exchange can
only be studied if the chemical surrounding of the coordinated
fluoride is different, as in complexes with asymmetric chelating
ligands like substituted pyridine-5-carboxylates. Many of these
reactions involve the opening/closure of the chelate ring formed
by XNY.

The rate equation for the exchange between free and coordi-
nated fluoride in these complexes depends only on the concen-
tration of the complex and is independent of the concentration
of free ligand, indicating a dissociative mechanism, still with
the provision that there is no experimental information on water
participation.

5.4. Chelate ring opening/ring closure reactions

Fig. 11 shows the structure and '°F NMR spectrum of
UOs(picolinate)F3%~, an example of how to use NMR data to
obtain information on the rate and mechanism on chelate ring
opening/ring closure reactions.

The line broadening indicates a rate of exchange between
A and B with the rate constant 300s~!, much faster than the
exchange between free and coordinated fluoride and picoli-
nate, 13 and 4.7s!, respectively. Hence, the reaction must be
inter-molecular. The narrow peak for the central fluoride, which
displays spin—spin coupling (a doublet of doublets) between C
and the two terminal fluorides, shows no evidence of such fast
exchange. This observation is only consistent with a “rotation” of
the picolinate ligand that results in exchange of A and B, but not
of C; this rotation is the result of chelate ring opening followed
by ring closure. The rate constant for the chelate ring opening
depends on the stability of the chelate complex and decreases
with increasing stability of the complex. This is confirmed
by substitutions in the aromatic ring, an electron withdrawing
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Scheme 4. The scheme shows the two parallel pathways for dissociation of flu-
oride and X N'Y and the consecutive reactions in the exchange between free and
coordinated X N'Y (from Szabé and Grenthe [104], reproduced by the permis-
sion of American Chemical Society).

—NO; group in the 4-position results in decreased stability of
the complex and increased rate constant, ki, =2060 s~! for the
intermolecular reaction, while the electron donating 4-(3-pentyl)
group in the same position results in a more stable complex and
a smaller rate constant, kipe =90s~!, cf. Table 5. This indicates
that the chelate ring opening takes place at the N donor. The com-
plex UO(NH,CH,COO)F32~ is an example of a chelate ring
opening that is followed by a fast dissociation; this is discussed
in Section 6 (Fig. 19 and Scheme 8). The chelate ring open-
ing cannot be studied experimentally in symmetric ligands like

Scheme 5. Parallel pathways for the exchange of oxalate in U0, (oxalate), F3~
with free oxalate (from Szabé and Grenthe [104], reproduced by the permission
of American Chemical Society).
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Fig. 11. The 'F NMR spectrum of UOs(picolinate)F32~ at —5 °C with peaks
for the three different fluorides (from Szabé et al. [36], reproduced by the per-
mission of American Chemical Society). There is no visible spin—spin coupling
in the exchanged broadened peaks for fluorides A and B. Spin—spin coupling, a
collapsed doublet of doublets, is evident in the narrow peak C.

oxalate; however, quantum chemical methods have been used
by Vallet et al. [84] to estimate the electronic activation energy,
AE# =63 kJ/mol (it was not possible to make the corresponding
calculation in the picolinate systems, because of computational
resources). This value is close to the experimental activation
energy for the exchange between free and coordinated oxalate,
indicating that the oxalate ring opening is the rate-determining
step (cf. Fig. 15).

In the previous sections we have pointed out that experimen-
tal data rarely provide information if the reactions studied are
water assisted, or not. It is also difficult to use QM methods to
decide on this if a reaction is water assisted, or not. The rea-
son is mainly technical; two imaginary modes describing the
entering water and the leaving ligand donor have to be identi-
fied. As an alternative, the choice of mechanism can be based
on the relative energy of the corresponding intermediates, where
the preferred mechanism is the one for which the energy of the
intermediate is closer to that of the precursor. However, to be
confident about the choice, the energy difference between the D-
and A-intermediates should not be too small. Vallet et al. [40]
have compared the energy of the intermediates [UO;(oxalate-
uni)F33~](H,0) and [UO;(oxalate-uni)F3(OH;)3~] and found
that the former is 8 kJ/mol more stable than the latter, indicat-

Table 5
Rate constants and activation parameters for chelate ring opening reactions in
uranyl(VI) complexes

Complex Rate constant Activation parameters
—1
6 AHF AS*
(kJ/mol) (J/(Kmol)

UO;(picolinate)F32~ 300 40.1 —46.7
U0, (NOz—picolinate)F32’ 90 46.8 —-32.8
UO;,(picolinate),F~ in CD;0D  1.44 x 10 26.9 —82.9
U02(i—pent—picolinate)F32’ 2060 49.6 33
UO,(NH,CH,COO™)F32~ 129 -

UO,("OCH,COO™)F33~ Lessthan 12  — -

The data refer to —5 °C and are reported in [104].
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(@)

(b)

Fig. 12. Perspective view of the: (a) D-intermediate and (b) A-intermediate in the water assisted ring opening reaction in [UO, (oxalate)F33~1(H,0) [40].

ing that the ring opening might take place without assistance
of entering water; the two structures are shown in Fig. 12.
Another example, the intramolecular exchange of oxalate in
UO;(oxalate)s*~, will be discussed in the following.

Chelate ring opening/ring closure reactions are important for
exchange reactions between structure isomers as exemplified
by the UOx(picolinate),F~ complexes in Fig. 13a. The rate
of exchange between them is fast and can only be studied in
CD3OD at low temperature; as the rate of exchange between free
and coordinated fluoride is slow the exchange between the dif-
ferent isomers cannot be a result of fluoride dissociation and re-
entry at adifferent site. The situation is different in UO;(acac), L,
where acac is the enolate, CH3;C(O™)CHC(O)CHj3, of acetylace-
tone and L an uncharged ligand like dimethylsulfoxide [92]. In
this complex '*C NMR data indicate exchange between the non-
equivalent methyl groups in the complex that is much faster than
the rate of exchange between free and coordinated acetylacetone.

This is the result of dissociation of coordinated L and re-entry
opposite its original location, resulting in a change of the chem-
ical surrounding of the methyl groups (Fig. 13b). The high rate,
as compared to that in fluoride complexes, is presumably a result
of different bonding strength of L and F~.

As indicated in previous sections, equilibrium thermodynam-
ics gives no information on the presence of isomers in solution;
isomers have in some cases been identified using NMR but in
cases where this method cannot be used, QM methods may be of
assistance. Vallet et al. [84] have studied intra-molecular ligand
exchange in the complex UO;,(oxalate), (oxalate-uni)*~ with the
structure shown in Fig. 14. Possible exchange pathways and
intermediates for reactions that are not water assisted are shown
in Scheme 6.

Mechanism B is the one with the lowest (electronic) activa-
tion energy and should therefore be the preferred one. However,
the authors have not explored the pathways where the chelate
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Fig. 13. (a) Structure isomers in the complex UO;(picolinate),F~ and exchange pathways between them (from Szabé et al. [36], reproduced by the permission
of American Chemical Society). (b) Mechanism for the apparent intra-molecular exchange between the two methyl groups in UOj(acac),, where acac denotes
acetylacetonate. The exchange takes place by dissociation—re-entry of the ligand L; this is an uncharged ligand like dimethylsulfoxide (DMSO), containing an oxygen

donor [96].
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Fig. 14. The most stable structure of the different structure isomers of the com-
plex UO;(oxalate)3*~ [84].

ring opening reactions take place with water participation. From
the geometry of the complexes it is obvious that mechanism
A is the one where water participation may be important and
Vallet et al. [40] have therefore compared the relative energy
of the intermediates [UO,(oxalate)(oxalate-uni)>*~](H,0) and
[U02(oxalate)(OHz)(oxalate—uni)f’], where the latter is
80kJ/mol more stable than the former; this strongly indicates
a much lower activation energy for the water assisted mecha-
nism A, that might even be lower than in the non-water assisted
pathway B. There are no experimental data to corroborate these
modeling results; the example is intended to demonstrate how
QM may be used to assist the experimentalist when suggesting
reaction mechanisms.

(A)

Structure 2

5.5. Inter-molecular exchange between free and
coordinated chelate ligands

The experimental data given in Table 4 for different exchange
reactions can be discussed using Schemes 4—6; they involve two
steps, first a chelate ring opening and then the exchange with free
X NY. We will use Scheme 4 as an example. As no ring-opened
intermediate could be identified Szabd and Grenthe [104] used
the steady-state approximation to obtain the following rate equa-
tion:

kik kik
22 100X N Y)F327] = 222 [U0,(X N Y)Fs2 .

= k_1+ ko k_1
(48)

For the picolinate system k; =300 s~ and ki/k_;<0.05
(the equilibrium constant for the ring opening), hence
k_1=6x103s7!. The steady-state approximation gives
ky =90s~!, that is k_ > kj >k, indicating that the approx-
imation is reasonably good. The activation enthalpy for the
picolinate exchange (Tables 4 and 5) is larger than that for the
chelate ring opening, indicating the importance of the second
step for the overall reaction.

Fig. 15 is a schematic representation of the energy-reaction
coordinate diagram for picolinate and oxalate ligand exchange.
In the first system the rate-determining step is the dissociation

o
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Scheme 6. Possible mechanisms for the exchange of free and coordinated oxalate in UO,(oxalate);*~. Schematic structures of the various intermediates and transition
states are given (from Vallet et al. [84], reproduced by permission of American Chemical Society).
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UO,F, + oxalate

E [kJ/mol]
E [kd/mol]
ring-opened
intermediate
ring-opened
intermediate
UO,F, + pic
40.1 |34.5 56.2
UO,(oxalate)F,
(@) | YoupicF, (b)

Fig. 15. Potential energy-reaction coordinate diagrams for the intermolecular exchange of: (a) picolinate and (b) oxalate. The activation energies in
UO;(picolinate)F32~ are experimental values and demonstrate that the slow step in the reaction is the dissociation from the ring-opened intermediate. The electronic
energy (Vallet et al., unpublished QM results) of the ring-opened intermediate, 34.5 kJ/mol, is close to the value of the activation energy for the chelate ring opening
as one expects for an intermediate with so short lifetime that it cannot be identified experimentally. In the UO,(oxalate)F33~ the experimental activation energy for
the total reaction, ring opening and dissociation of oxalate, is 59 kJ/mol. As the calculated activation energy for the chelate ring opening, 63 kJ/mol, is very close to
this value, Vallet et al. [40] suggest that the chelate ring opening is the rate-determining step in the intermolecular oxalate exchange.

of the ring-opened intermediate; in the second it is the chelate
ring opening as suggested by the fact that the calculated activa-
tion energy for the oxalate ring opening, 63 kJ/mol, is close to
the experimental value for the exchange between free and coor-
dinated oxalate, 59 kJ/mol. The lifetime of the intermediates is
determined by the magnitude of the surrounding activation bar-
riers; these are small, about 5 and 15 kJ/mol in the picolinate and
oxalate systems, respectively. The corresponding lifetimes are
in the nano-second range [57, Eq. (15)] and can therefore not be
identified by the experimental method used.
The ligand exchange for the reaction

MO, (CO3)3*™ +C03%~ = MO2(*CO3)3*™ +CO3>~;

M = UandPu (49)

has been studied by Briicher et al. [105] and by Clark et al. [106]
and both groups conclude that the reactions follow a dissociative
mechanism. A strong support for this conclusion is obtained by
comparing the activation parameters for reaction (49) with the
enthalpy of reaction for (50)

MO,(CO3)*™ + CO3%~ = MO,(CO3)3*. (50)

For reaction (49) we have: AH#(U)=82kJ/mol and
AH75(Pu) =34 kJ/mol; for reaction (50) AH.(U) =—57.7 kJ/mol
and AH;(Pu)=—11.6kJ/mol. The decrease in activation
enthalpy between U and Pu for the exchange reaction is
numerically very close to the decrease in the enthalpy of
dissociation of carbonate in reaction (50).

The ligand exchange in the ternary acetate system and the
glycolate system at low pH presents some additional mechanistic
features. The acetate system can be used as a model and we will
discuss the reactions using Scheme 7.

The acetate and fluoride exchange in UO;(acetate)F32~ fol-
lows separate pathways as in the other investigated ternary
systems; however, the acetate exchange is much faster than the
fluoride exchange, while the reverse is the case in the other sys-
tems studied. Therefore, the '°F line broadening depends on
contributions from both pathways (1) and (2) in Scheme 7.

The rate constant for the direct pathway (1) is 155!, in the
range of the values found in many other ternary systems; the rate
constant for the acetate dissociation is 1300s~!.

5.6. Water exchange in uranyl(VI) complexes

Direct experimental determinations of the water exchange
in uranyl(VI) complexes have only been made for the aquo ion
as described previously. An indirect experimental determination
has been made using the line broadening of '°F in the complexes
UOs(oxalate)F,(OHy )2~ (Fig. 6) and UO;(oxalate)F(OH)>™
(Fig. 16) with the structures given in Figs. 7 and 17.

The line broadening is a result of an intra-molecular fluoride
exchange. This is not a result of ring opening/ring closure of the
oxalate as “rotation” of this symmetric ligand does notresultin a
site exchange of the fluorides; it is also not aresult of dissociation
of oxalate or fluoride as these rate constants are much smaller
than that for the intra-molecular site exchange, ki, = 1600 s~
The only other exchange mechanism that can result in fluoride
site exchange is dissociation and re-entry of water; the observed
rate constant refers to this reaction. The exchange mechanism
is the same between the isomers in UO;(oxalate)F(OH3)>™
and the corresponding rate constant is 1800s~!. The rate con-
stant is about 250 times slower than the rate of exchange in
UO2(OHy)s**.

Szabd et al. [90] have discussed the mechanism for the
exchange reactions in binary uranyl(VI) fluoride complexes
using the Eigen—Wilkins mechanism (cf. Section 5.2), and find
that many of the experimental rate constants are consistent
with a rate of water exchange slightly above 107 s~!; this is
somewhat less than the rate of exchange in U02(0H2)52+,

] ()
k(obs) , k(obs) ¢

U0, (ac)F , * U0, F; - UO,F, =

ﬂ

k(obs) 1,

\k:obS) AD k(obs)
1 F

Scheme 7. Reaction pathways for the exchange of acetate and fluoride in
UOs(acetate)F32~ (from Aas et al. [10], reproduced by the permission of the
Royal Society of Chemistry).
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Fig. 16. The NMR spectrum of UO;(oxalate)F(OH;),~ at: (a) —5°C and (b)
25 °C (from Szabd et al. [36], reproduced by the permission of American Chem-
ical Society). The three peaks at 130, 134 and 141.5 ppm correspond to a total
of three different fluoride sites in the two isomers in Fig. 17.

kex=1.3 x 10°s~1. The same mechanism has also been used
in a discussion [10] of the acetate exchange in the reaction

k.
UO;(acetate); k:JrUOg(acetate)z + acetate ™, (&28)

where k_=(3.840.1) x 100M s Using a value of
Kos =0.3, the equilibrium constant for the outer sphere complex
in the Eigen—Wilkins mechanism they find a rate constant for
the water dissociation equal to 1.3 x 10%s~! at —5°C, slightly
larger than the value for the water exchange in the penta-aquo
ion at the same temperature, 4.1 x 107 s~!. Similar results are
also obtained for the exchange reaction

UOo,(X N Y)F327 = UO;F3(OHy); +X N Y™, (52)

where XNY is acetate and a-hydroxyisobutyrate. The rate
constant for the water exchange based on the Eigen—Wilkins
mechanism is here 3.4 x 10> and 4.2 x 10° s~!, respectively.
These experimental findings suggest that the uranium—water
bond breaking is important in the intimate mechanism.

In view of the large chemical similarity of actinide ions
in the same oxidation state, many of the conclusions from
the uranyl(VI) data ought to be applicable also for the
other actinyl(VI) ions, with the important exception of their
redox properties. Frei and Wendt [107] have also used the
Eigen—Wilkins mechanism to explain the rate of formation the
complexes UO;NO3* and UO,SCN*.

OH

n

’r.,, ‘Ul'_‘__—F < ,,
<IN, /H\
0]

Fig. 17. The two isomers for UO;(oxalate)F,(OH,)?~ and their exchange mech-
anism [36].

5.7. Reaction mechanisms in actinyl(V) complexes

Vallet et al. [56] have studied the mechanism for water
exchange using QM methods and suggest that it is dissociative,
rather than associative/interchange as in actinyl(VI) aquo ions.
They relate this to the lower effective charge of the actinyl(V)
ion, making the M—OH, bonds weaker. Vallet et al. [56] also
noticed that the charge of the actinyl(V) oxygen atoms is more
negative than in actinyl(VI) ions, making them stronger Lewis
bases. This is consistent with the observations that actinyl(V)
ions can form cation—cation complexes with other ions, such as
UO,2+, Cr3t, etc

The rate and mechanism of exchange between free and
coordinated carbonate in UO»(CO3)3°~ have been stud-
ied by Mizouka et al. [108]. The rate equation is v =
kobs[UOZ(C03)35_] with a rate constant kops =1.13 x 103 87!
at 25°C and the activation parameters AH* =62kJ/mol and
AS#=22]/(Kmol). The rate constant is much larger than
that in the corresponding uranyl(VI) system (kobs =2.3 s7h
where the mechanism is also dissociative. The activation
enthalpy is 20 kJ/mol lower than in the corresponding uranyl(VI)
system indicating a weaker bonding of the carbonate lig-
and. This is consistent with the equilibrium constant for the
reaction UO»(CO3)3°~ = UO»(CO3),*~ +CO3%~ that is about
three orders of magnitude smaller than for the corresponding
uranyl(VI) reaction. These observations provide strong support
for the proposed dissociative mechanism [108].

5.8. Reaction mechanisms in actinide(1V) and actinide(IIl)
aquo ions

The rate and mechanism of water exchange reactions have
been studied for the U**(aq), Th**(aq) and the UF?*(aq) ions.
The rate constant for the water exchange is >5x 107 s7!
for Th**(aq) and 5.4 x 10°s~! for U*(aq) and UF**(aq);
the activation parameters for the two uranium ions are
AH7 =34+ 3 and 36 & 4 kJ/mol, respectively, and AST=—-16
and 3 J/(K mol), respectively; the error in the experimental acti-
vation entropy is large, about 15J/(Kmol). The coordination
number of the aquo ion is 10 % 1; eight-coordination can be
excluded according to Yang et al. [53]. This suggests that the
water exchange is associative or interchange if the coordina-
tion number is 9 and dissociative if it is 10 [52]. The computed
activation energy for the A and D reaction paths for the Th(IV)
systemis 15.1 and 12.6 kJ/mol, respectively, are not too far from
the experimental value for U**. It is also of interest to note that
the rate constant for the water exchange decreases significantly
between Th** and U**; a similar change is observed also in the
early part of the lanthanide(III) series.

The chemistry of the actinide(II) is very similar to that of
the lanthanide(III) elements.

5.9. Entropy changes in chemical reactions
The experimental activation entropy is often used as a mech-

anistic indicator; positive activation entropy suggests a D-
mechanism, and a negative value an A-mechanism. There are to
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our knowledge no accurate theoretical estimates of the activation
entropy for reactions in solution. Intermediates for which the sur-
rounding activation barriers are small (as is the case for reactive
intermediates) have structures and thermodynamic properties
that do not differ much from the corresponding activated com-
plexes and they may therefore be used as approximations for the
activated complexes. For this reason Vallet et al. [37] have used
QM to determine the entropy of reaction between the precursor
and the intermediate to investigate if this can be used as a mech-
anistic indicator; they find that the entropy change is negative
for chelate ring closure reactions such as

[U02(0xalate)(0xalate—uni)2]4_

= [UO,(oxalate), (oxalate-uni)|*~, (53)

that result in an increase in the coordination number. This is
an associative reaction for which the standard texts [109] sug-
gest negative activation entropy. Vallet et al. [37] have also used
quantum chemical data to discuss the entropy of reaction and
especially the so-called “chelate effect”. The large stability of
chelate complexes is a result of large positive entropy of reac-
tion. The microscopic “explanation” is that the larger the number
of coordinated donor groups, the larger the number of water lig-
ands “released” from the first coordination sphere, a process that
has been ascribed to result in a large contribution of the transla-
tion entropy. The QM study of Vallet et al. [37] shows that this
cannot be the explanation; the translation entropy does not even
in gas-phase give the main contribution to the chelate effect and
they conclude that there is no simple explanation of the high
stability of chelate complexes; it is a result of both enthalpy and
entropy contributions that vary from one system to the other.

6. Ligands of biological interests

Metal ions in biological systems are able to coordinate to a
variety of biomolecules, e.g. to proteins (especially to the het-
eroatoms located in their side chains (N, O and S) or to the amide
bond), to nucleic acids (in many different ways, to phosphates, to
base N-donor atoms or to sugar O-atoms) and to carbohydrates
or lipids (C-O and P-O groups) [110,111]. The great variety
of coordinating sites in these large molecules makes it difficult
to describe the complex formation using “classical” solution
chemical methods. In vivo systems are in general not equilib-
rium systems and the reaction between metal ions and ligands
is part of a complex system of equilibria, transport and storage.
Duffield et al. have made a short review of some aspects of the
biochemistry of actinides [112].

Even though the actinides are not essential elements in liv-
ing systems, some of them are known to have multiple target
organs or tissues in which the specific effect and mode of action
depend on interactions with biomolecules [112,113]. The inter-
action between actinide ions and the surrounding neighbours
(ligands) in biological systems may have a large effect on other
biological processes, both natural ones and those induced by
human activities (e.g. pollution and cleaning). Although there
are well-documented examples, the modes of action of actinide
ions at the molecular level are still poorly characterized.

The behavior of actinides in the biological systems cannot be
separated from their fundamental chemistry; hence, the use of
small molecules as model compounds is a widely used approach
in the study of these systems. The purpose of these models is not
necessarily to duplicate natural properties but to focus on spe-
cific questions such as the elucidation of fundamental aspects
of structure, bonding and chemical reactivity. There have been
relatively few studies on the interaction of actinide ions with lig-
ands in biological systems and of the thermodynamic stability of
their complexes. The reason for this is the experimental difficul-
ties due to the radiotoxicity of the transuranium elements. Most
of the studies have therefore been made using uranium(VI) and
thorium(IV) to predict the chemistry of other actinides with the
same oxidation state.

6.1. Amino acids, peptides

We begin the discussion with a short overview of the possible
coordination modes of the amino acids and peptides, and then
give an example of the ligand exchange dynamics for glycine
studied in the uranium(VI)—glycine—fluoride system.

It is well known that amino acids exist in the “zwitter”-ionic
form (Fig. 18). Amino acids and peptides possess a number of
different functional groups, e.g. carboxyl, hydroxyl and amino
(or amido) groups, that can be used for complexation with
actinides. In addition, there are amino acids with other func-
tional groups, for example, serine (R: —CH>—OH) or aspartic
acid (=CH,—COO™). All functional groups are both Lewis and
Brgnsted acids/bases and the mode of coordination is therefore
pH dependent; the log K values for the protonation equilibria
of the amino and carboxyl group are approximately 9 and 2,
respectively. Accordingly, potentiometric data show that the
protonation of the amino group prevents chelate formation at
lower pH (2—4) and the amino acids are then coordinated only
via the carboxylate oxygens, in the case of uranium(VI) in
a bidentate fashion [114]. At higher pH the amine nitrogen
is deprotonated and chelates are formed with N, O coordi-
nation. In cysteine (R: —CH,—SH) the mercapto group is not
involved in the complex formation, only the a-amino acid moi-
ety is coordinated, reflecting the “hard” acceptor character of
the uranyl ion and the preference of nitrogen over sulfur donors
[115]. Similarly, there is no evidence for the coordination of
aliphatic hydroxyl group, either in serine (R: CH,—OH) or in
threonine (R: —CH(CH3)—OH) [115]. In case of aspartic acid
(R: =CH,—COO7), a chelate is formed by the coordination of
the carboxylate oxygens instead of the amino group as indi-
cated by 13C NMR chemical shift changes of the ligand upon
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Fig. 18. The “zwitter”’-ionic form of amino acids.
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coordination with uranium(VI) [116]. On the other hand, the
higher stability constant of thorium(IV) complexes with aspar-
tic acid indicates a tridentate coordination via both carboxylates
and the amino group [117]. Several factors affect the stabil-
ity of the complexes, such as the size of the chelate ring, the
steric and inductive effects of the substituent at the a-carbon
[118-120]. For example, the stability constant for the complex
with the six-membered ring formed in the binary uranium(VI)-
B-alaninate (HyN-CH>—CH>—COQO™) system is two order of
magnitude larger than that for the corresponding complex with
the five-membered ring with glycine (R: —H) [121]. Potentio-
metric and calorimetric studies show that at lower pH only the
carboxylate end of a dipeptide (glycylglycine) is coordinated to
uranium(VI) [122]; however, the results on the structure of the
chelates formed at higher pH are contradictory and it can be
questioned if the nitrogen or the oxygen of the peptide group
is involved in the ring formation beside the carboxylate end
[123]. Huang et al. have recently studied the coordination of ura-
nium(VI) to certain peptides in blood serum [124]. They used
various spectroscopic methods (UV-vis, IR, fluorescence and
NMR spectroscopy) to study the interaction between peptides
and triscarbonato-uranium(VI), UO, (CO3)34’, which s the pre-
dominant uranium(VI) species in blood serum under physiologi-
cal conditions. According to their results, one carbonate ligand in
this complex can be replaced by a carboxylate group of the stud-
ied peptides to form ternary uranium(VI)-carbonate—peptide
complexes. The association constants of these peptides to the
uranyl bis-carbonate complex are approximately the same as
the binding constant of amino acids coordinated by only the
carboxylate end to the uranyl ion; infrared spectra confirm
this mode of coordination of the peptides. These results indi-
cate a non-specific binding of uranium(VI) to carboxylate
group(s) in the presence of carbonate and this model is plausi-
ble also for the interactions between the uranyl ion and peptides
in vivo.

Szab6 and Grenthe have studied the ligand exchange dynam-
icsin the ternary uranium(VI)—glycine—fluoride system by NMR
spectroscopy [125]. As mentioned before, I°F is an excellent
NMR nucleus with very large chemical shift differences between
the signals for the coordinated sites in uranium(VI) complexes.
Fluoride can very easily replace water molecules in the first
coordination sphere, and prevent hydrolysis and the formation
of hydrous oxides, which could lead to precipitation at higher
pH. At the same time the spectral parameters of the '°F NMR sig-
nals (chemical shift, intensity and coupling constants) provide
information about the coordination mode of the third ligand in
a ternary system, in the present case about the coordination of
glycine.

As shown in Fig. 19 (spectrum B), the appearance of three
fluorine signals with equal intensities recorded in the ternary
uranium(VI)—glycine—fluoride system indicates the formation of
one major ternary species and proves unambiguously the biden-
tate coordination of glycine at pH 8 via the amino group and
one of the carboxylate oxygen in a complex with pentagonal
bi-pyramid geometry.

In case of a bidentate carboxylate coordination of glycine one
would expect only two fluorine signals with the intensity ratio

o
S

1275 1260 124.5 123.0 121.5 1200 1185 117.0 1155 114.0
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Fig. 19. Measured (B) and calculated (A) 19 NMR spectra (from Szabd and
Grenthe [125], reproduced by the permission of American Chemical Society) of
the complex UOz(glycine)F3z’ (10mM UO»2*, 300 mM glycine and 200 mM
fluoride, pH 8.5). The free fluoride signal at around 0 ppm is not shown.

of 1:2 as observed in the corresponding ternary fluoride—acetate
uranium(VI) complex discussed in Section 5.5.

The line width of the coordinated fluorides is the same,
indicating the same dynamics at each fluoride site. The line
shape is affected by both the intermolecular fluoride and glycine
exchange reactions. This is important, as 'H NMR spectroscopy
cannot be used in this system to study glycine exchange because
the methylene signal of the coordinated glycine coincides with
the solvent water signal. Hence, all dynamic information must
be based on '°F NMR experiments. The exchange reaction with
free fluoride and the internal exchange between the coordinated
fluorides was studied by one-dimensional magnetization trans-
fer experiments. The rate constants for the exchange between
free and coordinated fluoride and the intra-molecular exchange
between the different fluoride sites were obtained by inverting
the free fluoride signal (not shown in Fig. 20) and each fluoride
signal in the complex. Two pseudo-first-order rate constants for
the reactions were obtained from a non-linear fitting of the time
dependence of the signal intensities. The rate constant for the
exchange between free and coordinated fluoride was 48 s~!; the
second rate constant 70 s~ ! is the sum of the exchange with both
external fluoride and external glycine. The identical line width
of the fluorine signals can be explained as follows: if the glycine
chelate ring opening is followed immediately by the dissocia-
tion of the glycine then the reverse reaction, the coordination of
glycine, results in a site exchange between the fluorides with-
out F—U bond breaking. Site exchange between the fluorides
due to the internal rotation of the glycine can be excluded as
this would result in line broadening of only two fluoride sites as
observed in the ternary uranium(VI)—picolinate—fluoride system
for the picolinate ligand [36]. The agreement of the line widths
in the measured and the calculated spectra (Fig. 19, spectrum
A) using the rate constant above confirmed the results of the
magnetization transfer experiments.

In order to have a deeper insight of the mechanism of the
glycine exchange, the pH dependence of the rate was studied in
both H,O and D, O in a relatively narrow pH range between 6.5
and 8.5. The line width of the coordinated fluorides increased
with decreasing pH in both solvents. In this pH range the external
fluoride exchange rate is practically independent of the hydro-
gen ion concentration; hence, the increase of the line width is
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Fig. 20. 3'P NMR spectra measured at pH 9.5 in the binary uranium(VI)~AMP system. The triplets indicate the coupling with the neighbouring CH,-protons. The

signals for the: (A and B) 6:4 complexes and (C) 3:3 complexes [144].

aresult of a fast proton catalyzed glycine exchange. A possible
mechanism of the exchange is shown in Scheme 8.

The dissociation of fluoride takes place along a separate path-
way with the rate constant k4. As the coordinated amino group
cannot be protonated, the first step in the glycine exchange is the
ring opening with arate constant k1. From this ring-opened inter-
mediate the glycine can dissociate without or with protonation
of the amino group, followed by the dissociation of the “zwitter-
ion”. A mechanism where the first reaction is much slower than
the proton-assisted reaction results in a rate law (Eq. (54)) that
is in agreement with the experimental one

kiksK[H']

k_i +ksK[H*] o

kobs =
A plot of 1/kgps versus 1/[H*] is linear with an intercept 1/k; and
aslope k_1/k1 k3 K. From these quantities the following constants
were obtained: k; =129+ 3 and 143 +£2s~ ! and for k_1/k3 =K
(2340.1) x 107" Ms and (0.1440.02) x 107" Ms, in H,O
and D> O, respectively, cf. Table 5. This indicates that the rate
constant for the ring opening, k1, is independent of the solvent
and of the same magnitude as found in the picolinate system.
However, the large reverse isotope effect on the subsequent steps
in the mechanism is a clear indication of H*/D* bonding to the
“free” NH;-group.

6.2. Nucleotides

The information-carrying DNA and RNA and related
molecules, like nucleotides, are polydentate ligands, with var-

F 0 F 0
AEF B Y
/\ K,
NH,

M
J HN

,F-nk_l-o—*F' +H* K

- H, F/ H.N

P F
(0] O 0 0O
\ ~ \ K,
F—M F—M — -
N +

ious potential binding sites, including nitrogen and oxygen
donors on the bases, hydroxyl groups on the ribose sugar
and negatively charged oxygen atoms in the phosphate group.
Depending on external conditions (e.g. pH) and on the size and
nature of the metal centre, monodentate or multidentate coordi-
nation is possible.

Adenosine, guanosine, cytidine and thymidine are the four
most important nucleosides found in nature. They consist of
a sugar moiety bound to a heterocycle and are converted to
nucleotides upon phosphorylation as shown in Scheme 9.

There are several experimental studies of the interaction
between uranium and nucleotides and nucleic acids. A num-
ber of them have focused on the application of uranium(VI) as
catalyst in the synthesis of 2'-5'-linked oligonucleotides with
high regio- and stereoselectivity [126—131]. The UO,2*-unit
polarizes the coordinated ligands strongly, and may enhance the
nucleophilicity of the OH groups in a sugar moiety. The coor-
dination of the deprotonated group to uranium will organize the
ligands in such a way that inter-nucleotide bond formation from
activated nucleotides is promoted and thereby acts as a very
effective catalyst in oligonucleotide synthesis.

Another intensively studied field is the application of the
uranyl ion as photochemical agent for cleavage of nucleic acids
[132-137]. Uranyl-mediated photo-cleavage of nucleic acids is
an important method to probe the tertiary structure of DNA and
RNA. Although the mechanism of these processes has not yet
been fully elucidated, the coordination of the phosphate group
to the uranyl ion and the coordination geometry of the formed
complexes are of key importance in these reactions.

B F | _
0 0
e
(slow) FoM (aq) + j

F H,N

_ . _ )

(0] (@]

F HRN*

Scheme 8. Reaction pathways for the exchange of glycinate and fluoride in UO,(glycinate)F32~ with the free ligands (from Szabé and Grenthe [125], reproduced

by the permission of American Chemical Society).
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Scheme 9.

The physiological importance of the uranyl-adenosine
triphosphate complex was shown 50 years ago [138]. The cellu-
lar metabolism is inhibited when uranium replaces Mg(II) from
the active ATP—-Mg(II)-hexokinase complex, which can there-
fore not phosphorylate glucose. This observation served as the
base for the first study of the complex formation of uranium(VI)
with adenine nucleotides by Agarwal and Feldman in the middle
of the 1960s [139]. In their pioneering work '"H NMR spec-
troscopy was used to study the composition and the structure of
the complexes formed in various adenine nucleotide systems.

They suggested the formation of three complexes with
adenosine-monophosphate (AMP) at pH above 8: one dimer
with uranium to ligand ratio of 2:2 and two others with the ratio
4:2. Later, they re-investigated and modified their originally pro-
posed structure to the one shown in Fig. 21(a) [140].

This proposal has served as a model for other metal—
nucleotide complexes with, e.g. molybdenum, and was later
cited as “sandwich-type” or “Feldman-complex” [141]. In the
middle of 1980s, two research groups re-investigated the ura-
nium(VI) system, using 'H and 3'P NMR spectroscopy. Both

U=U02
R = nucleobase

confirmed the formation of three uranium(VI)-AMP complexes
but one group [142] reported the same structures proposed by
Feldman, while the other group proposed the formation of two
tetranuclear and one octanuclear complex with hydroxo bridges
between the uranyl units [143].

In order to solve the conflict between the different structural
proposals Szabd et al. have recently re-investigated the complex
formation of uranium(VI) with four nucleotides, adenosine-
monophosphate, guanosine-monophosphate (GMP), uridine-
monophosphate (UMP) and cytidine-monophosphate (CMP) in
the alkaline pH range (8.5-12) by multinuclear NMR spec-
troscopy [144]. They have found that only two complexes are
formed with all ligands in the investigated pH region, indepen-
dent of the total uranium(VI) and ligand concentrations. The
two complexes are inter-converting with pH, and at higher pH
(11-12) only one of them exists. Although the coordination of
the 5'-phosphate group and the 2’- and 3’-hydroxyl groups of
the sugar unit to the uranyl ions are similar to that proposed ear-
lier (“Feldman-complex”), the number and the structures of the
complexes are different as determined by a systematic variation

0
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Fig. 21. Structure of the complex formed in the uranium(VI)~AMP system proposed by Feldman (a). The general structure of the complexes formed in the various
uranium(VI)-nucleotide monophosphate systems identified by Szabd et al. (b). (U=U0,%*, charges are neglected for simplicity.)
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of the ratio of two ligands in ternary uranium(VI)-nucleotide
systems. The uranium to nucleotide ratio is 3:3 in one of the
complexes as shown in Fig. 21(b), and due to the symmetry
gives only one signal in the 3P NMR spectrum as shown in
Fig. 20 (signal C).

In the other complex the uranium to ligand ratio is 6:4. It
contains two symmetric phosphorous sites, with two phospho-
rous atoms in each site, which appear as two 3!P signals in the
NMR spectra (Fig. 20, signals A and B). In the earlier stud-
ies, the latter signals were assigned to two different molecules.
However, diffusion NMR measurements confirmed that the two
signals arising from phosphorous atoms are located in the same
molecule.

6.3. Hydroxycarboxylates

Finally, we will discuss the interaction of actinides with lig-
ands containing carboxylate and alcoholic or phenolic hydroxyl
groups found in various biological systems. These ligands show
high complex forming affinity towards the hard actinide ions.
A well-known example is the strong polynuclear complex for-
mation of uranium(VI) with citrate. Citric acid is a common
constituent of soils and can also be found in living systems, its
complexes with actinide ions can significantly contribute to the
speciation and the transportation of these metals in aqueous sys-
tems at physiologically or environmentally relevant pH values.

Complex formation with large molecular weight biopolymers
possessing these functional groups, like humic and fulvic acids
in natural waters, are of key of importance for the migration
and immobilization of actinide ions in the environment [145].
Due to the complexity of the structure of the different humic
acids the study of their interaction with metal ions is difficult
and their complex formation behavior has not been completely
understood at the molecular level. The stability constants mea-
sured for a given actinide often vary significantly depending

Table 6
log B values for the complexes shown in Scheme 10 where the uncertainty is
equal to 30; the data are from [125]

Complex Glycolate a-Hydroxyisobutyrate
1 2.38¢ 3.324+0.02
2 3.95% 5.25+0.02
3 5.16% 6.95+0.03
4 —1.26+0.07 <=2
5 0.194+0.09 0.5940.03
6 —4.17+0.04 —5.23+0.04
7 10.36 +0.09 10.96 +0.04
8 11.894+0.10 12.96 +0.06
9 5.140.10° -

10 11.09£0.10 -

11 —2.40+£0.07 -

 Literature values.
b Based on NMR data.

both on the method of preparation, the ionic strength and the
experimental technique [145]. Even though several site-binding
models exist in the literature, it is generally assumed that car-
boxylate groups are the primary coordination sites at pH below
8. Nevertheless, other functional groups can also be involved in
the complex formation, resulting in different chelate structures
as discussed in the following two examples.

Pompe et al. have studied the complex formation behavior of
the uranyl ion with natural and chemically modified synthetic
humic acids by the aid of time-resolved laser-induced fluores-
cence spectroscopy [146]. The authors have proved that steric
hindrance of the phenol hydroxyl groups by methylation results
in a decrease of the degree of the complexation with humic acids;
consequently, these groups in humic acids must contribute sig-
nificantly to the complex formation with uranium(VI) even at pH
4. The authors assumed that the OH groups remain protonated in
the complex due to their high pK values. It is well known how-
ever that aromatic hydroxyl groups can be deprotonated when
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Scheme 10. Structure models of binary and ternary complexes in the uranyl(VI) glycolate and a-hydroxyisobutyrate systems (from Szabd and Grenthe [125],
reproduced by the permission of American Chemical Society). M: U0, X: -CHp— (glycolate), -C(CH3)2— (a-hydroxyisobutyrate).
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coordinated to actinide ions, e.g. in complexes with simple phe-
nol ligands; therefore, deprotonation of the aromatic hydroxyl
groups in more complicated systems cannot be excluded.
Actinide ions can be mobilized by complex formation
with low molecular weight organic compounds, like o-
hydroxymonocarboxylates, which can be found in nature as
degradation products of humic acids or other organic macro-
molecules. The alcoholic hydroxyl groups are much weaker
acids than aromatic hydroxyl groups, with a pK value in the
range 17-20. Examples of deprotonation of the aliphatic OH
group upon coordination with metal ions are scarce, with the
first example in lanthanide glycolate complexes [147] and a sec-
ond in uranium(VI) complexes studied by Kakihana et al. [148].
The formation of complexes of this type is expected to have large
effects both on the stability constants and the ligand exchange
dynamics and on the mobility of actinide ions in natural waters.

Experiments related to the complex formation of Cm(III) and
Th(IV) with glycolate have been discussed in Section 2.2. Other
examples are provided in a recent study of the complex forma-
tion of uranium(VI) with two a-hydroxycarboxylates (glyco-
late and a-hydroxyisobutyrate) [125]. Based on potentiometric
data and various multinuclear NMR spectra the complexes in
Scheme 10 could be identified in the studied binary and ternary
uranyl-fluoride—a-hydroxycarboxylate systems.

The stoichiometry and the equilibrium constants of the dif-
ferent complexes were determined by potentiometry. Exceptions
are the data for UOz(OCHZCOO)F33’ and the complexes in the
glycine system, which were based on '°F NMR integrals. The
equilibrium constants given in Table 6 refer to the following
reactions:

UO,*" + pL™ = UOy(H-_1),L,> 77+ ¢qHT (55)
U022+
1,2,3
pH= 3.0

4,5

4.8

7.0

1130 1128 1126 1124

1122

1120 1118 1116 1114

(Ppm)

Fig. 22. pH dependence of the 7O NMR spectra measured in the binary U(VI)—glycolate system (54.2 MHz, [UO»>*]= 10 mM, [glycolic acid] =50 mM, at 268 K,
[Na*]=1M) (from Szab6 and Grenthe [125], reproduced by the permission of American Chemical Society). The numbers refer to the structures of the different

complexes in Scheme 10.
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and

nU0,%* + pL™ +7rF~
= (UO2)u(H-1)gL,F, 2" P07 + qH (56)

where L™ denotes glycolate or a-hydroxyisobutyrate; for nota-
tion see footnote 1.

A comparison of stability constants for the glycolate com-
plexes 1 and 4 indicates a very large increase in the pK-value
for the dissociation of the a-hydroxy proton, from 17 or higher
in free glycolate to 3.64 on coordination to uranium(VI), an
increase by at least 13 orders of magnitude. At the same time,
one can see that the binary a-hydroxyisobutyrate complexes
are more stable than the corresponding glycolate complexes at
pH <5 as a result of the inductive effect obtained by replacing
the methylene protons in glycolate with methyl groups.

As mentioned before potentiometry cannot distinguish
between deprotonation of the OH group in the ligand and from
co-ordinated water. This information can be obtained using
NMR methods. Such experiments indicate clearly that the o-
hydroxycarboxylates are coordinated by only the carboxylate
end at lower pH in complexes 1-3, 5, 7 and 8. However, at higher
pH separate narrow peaks can be observed for complexes 4-6,
in which the a-hydroxycarboxylates are chelated. The narrow
line widths of the "H and !7O NMR peaks for the chelated com-
plexes in the binary system (4—6) indicate that the coordination
and deprotonation of the hydroxyl groups result in a dramatic
decrease of the ligand exchange rate, cf Table 5. In complexes in
which the glycolate is coordinated by the carboxylate end only
(1-3) the glycolate exchange rate is much higher and close to
the value measured in the acetate system. For these complexes
only one exchange averaged 'O NMR signal can be observed
indicating a fast exchange between them (Fig. 22).

In the ternary system the '°F NMR spectra indicate the same
large decrease of the ligand exchange rate by increasing the
pH. Broad signals can be observed for complexes 7 and 8 as
a result of fast glycolate exchange, while narrow peaks appear
for the chelate complexes 9-11. For complex 11, three struc-
tural isomers with different thermodynamic stability have been
identified; the same observations were made in the correspond-
ing picolinate complex (see Fig. 13a). The dimer structure of
complex 10 has also been confirmed in solid state by X-ray
crystallography [149].

The glycolate exchange reactions have been studied for com-
plexes 6 and 11 using 'H NMR spectroscopy. The proton signal
of the binary complex showed a linear dependence on the free
glycolate concentration, from which the second rate order con-
stant of 567 & 13M~Ls~! can be calculated. In complex 11,
the increase of concentration of the free glycolate had no effect
on the signal of the coordinated ligand; therefore, magnetiza-
tion transfer experiments were used to determine the exchange
rate and found to be 1.2s~!. The fluoride exchange rate is also
independent from the free fluoride concentration and the rate
measured by magnetization transfer, 125!, is practically the
same as found in other ternary systems. These indicate that the
fluoride and glycolate exchange in complex 11 follow two par-
allel and independent pathways (Scheme 4) as was found in the

corresponding ternary oxalate fluoride complex. The experimen-
tal data in the glycolate system indicate that a proton catalyzed
ring opening is more plausible than a ring opening followed by
protonation as observed in the glycine system (Scheme 8). The
coordinated oxoacetate has electron pairs available for proton
attack and in addition it is a much stronger base than the corre-
sponding glycine complex.
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