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Solution Chemistry of the Actinides
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Abstract

The redox and complexation behavior of the actinide jons in aque-
ous solution is reviewed, An equation is offered to calculate the
jonic radii of actinide cations in different oxidation states and co-
ordination numbers. The models for hydration are reviewed with
emphasis on one involving long range ordering of a solvent sheath.
Some selected values for hydrolysis constants reflect the problems
of studying actinide jons in near-neutral or basic solutions.

A simple modified BORN equation is shown to provide values
of the complexation constants in very good agreement with ex-
perimerntal values, Interpretation of the entropy and enthalpy
changes for complexation is discussed in terms of 2 model of de-
solvation plus cation-anion combination. Some general observa-
tions on redox and complexation kinetics are offered to indicate
possible directions for further studies.

L. Introduction

Since the earliest days of the Manhattan Project, much of
the interest in the solution chemistry of the actinide ele-
ments has been directly associated with the separation
science of these elements. Whether dealing with a few
kifograms of plutonium or a few atoms of mendelevium,
the primary motive in most studies of actinide solutions
was the isolation and purification of these elements rather
than expansion of our knowledge about their fundamen-
tal chemical behavior. International interest in nuclear
fuel reprocessing methods, which typically involves acid
solutions, is a continuing motivation for actinide research.
Lately, studies of actinide behavior in neutral and basic
solutions have attempted to provide answers on the fate
of these elements in potential nuclear waste disposal sites
and in the environment. Even beyond these applied con-
cerns, the actinides have a richly diverse chemistry in solu-
tion which provides sufficient justification to the solution
chemist for their continuing study. In this review, the
focus is on the fundamental aspects of actinide solution
chemistry; if well understood, these can serve as the basis
for direction of the studies of a more applied nature.

1. Oxidation states in solution

The actinide ions exhibit an unusually broad range of
oxidation states in aqueous solution — from I to VIL
Following the normal pattern for polyvalent cations,
lower oxidation states are stabilized by more acidic con-
ditions while high oxidation states are more stable in basic
solutions. Of course, this generalization can be negated by
other factors, such as complexing, and these trends in the
relative stability of different oxidation states can be re-
versed. For example, the greater strength of complexing
of M(IV) cations relative to that of M(III) can significant-

ly increase the apparent redox stability of the M(VI) spe-
cies compared to M(III). Pu(lII) is stable to air and water
in acid solutions but in the presence of acetate or EDTA
(pH 3.5), it partially oxidizes to Pu(IV) [1]. Similarly, the
greater tendency to hydrolysis of Pu(IV) causes Pu(1LI)
in aqueous solution to be oxidized to Pu(IV) in neutral
media [E? (III) - (IV) =— 0.98v in 1 M HCIO, vs.
+0.63v at pH 7] [2]. Methods of preparation of the dif-
ferent oxidation states have been discussed recently by
AHRLAND et al. [3] and MYASOEDOV [4].
Disproportionation reactions, leading to several oxida-
tion states simultaneously in solution is a significant aspect
of actinide chemistry, particularly for some IV and V spe-
cies. Such reactions have been discussed also in ref. {3, 4,
and 5]. In the following section, the various oxidation
states found in aqueocus solution for the different actinides
are briefly reviewed.

M(I)

The existence of Md(I) has been reported by MIKHEEVY
and coworkers [6] but studies by other groups [7] have
failed to provide confirmation.

M(I1)

Both Md(II) and No(II) form readily in agueous solution
and No(lI) is the most stable species of that element.
Cf(ID), Es(II) and Fm (I} have been shown to have much
lower stability than the III state [4]. Am(II), Cm(II) and
Cf(II) were produced in acid solution for periods of 10—
100 msec by pulse radiolysis [8, 9].

M (III)

This is the most stable oxidation state in aqueous solu-
tions for the actinides Am-Md and Lw. However, as noted
previously, other states can be made predominant in

basic or in strongly complexing solutions. Pu (III) and
Np{(III} are rather easily obtained although U(IIT) is such
a strong reducing agent that it is difficult to maintain in
solution.

M(IV)

Th(IV) is the common and stable state for that element.
Pa(IV), U(IV) and Np(IV) do not react with water but
are oxidized by Q.. Pu(IV) is stable only in concentrated
acids and at low concentrations of Pu(IV). The IV state
of Am, Cm, Bk and Cf can be produced in alkaline solu-
tions by persulfate oxidation. The presence of potassium
phosphotungstate, K, P, W, ; Oy, , stabilizes these species
by complexation [4]. Am{IV) and Bk(IV) are relatively
stable and can be produced by a variety of oxidation tech-
niques. Am(IV), Cm{IV) and Cf(IV) have also been pro-
duced in agueous solution by pulse radiolysis.
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M(V)

The MO? ion can be formed in solution by the actinides
Pa through Am. This is the most stable state for Pa al-
though if is uncertain whether the better formulation of
the aqueous species is PaO3 or PaO (OH)5 [10]. NpO¥

is stable except at high acidities and high concentrations
under which conditions it disproportionates. UQ; and
PuQj increase in stability as the pH is increased but have
a strong tendency to disproportionate. AmQj is a strong
oxidant, it also disproportionates in highly acid solutions.
There is evidence that PuO} may be the predominant plu-
tonium species in solution in natural waters [111].

M(VID)

U, Np, Pu and Am form MO} ? ions in solution with the
stability decreasing in the order U > Pu > Np > Am. U03?
is the most stable uranium species while AmO3? is a
strong oxidizing agent although it can be formed quanti-
tatively in basic solutions of phosphotungstates.

M(VIY)

In acid solutions, Np(VII) and Pu(VII) are reduced rapid-
ly by water but the reduction is considerably slower in
basic solution. Am(V1l}) is reported to form but is so un-
stable even in alkaline solution that it oxidizes Np(VI)
and Pu(VI) to their VII state in 1 —-2M NaOH [12]. How-
ever, research at Argonne and Los Alamos have failed to
produce Am(VII) under the conditions reported earlier
[12]. The M{VII} species seems to be trinegative, cor-
responding most simply to MO3® but the more likely
correct formulation is MO, (OH);® [14].

The rates of the disproportionation reactions as well
as the rates of many of the redox reactions of the actinides
can be markedly influenced by the chemical nature of the
reactants and the products. For example, the reduction
of M(VI) to M(IV) requires extensive rearrangement of
the primary coordination sphere of MO3}? (i. e. change of
the linear dioxo structure) prior to electron transfer.

This results in an activation barrier such that a dispropor-
tionation reaction such as

3Pu™ + 2H,0 = 2Pu? + PuO}? +4H'

requires about 200 hours in 0.5 M HCI to attain equilibri-
um. By contrast, the reaction:

Np*? +NpO3? = Np™ + NpO3'

is very fast, presumably because it occurs via rapid elec-
tron exchange in two half reactions: Np*3 - Np*4 and
NpQ3;? = NpOj!.

Photochemically induced redox reactions of U, Np
and Pu were reviewed recently by TOTH ef al [15]. For
U(VI) and Pu(VI) the general reaction:
hy

MO3? +R +—> MO +R*

has been found to take place when R is an alcohol, an
aldehyde, hydrazine or hydroxylamine. The MO3 species
disproportionates to M™* and MO% 2 with a rate which is

dependent on acidity and MOJ concentration. The quan-
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tum efficiency in 1 M acid with C, Hg OH present is 50
times greater for U032 (250—600 nm) than for PuO}?
{<350 nm). Direct photochemical reduction occurs in
this same system:

hv

Put* + R == pu*? + gt

Neptunium in the III, IV and V states is oxidized in
sequential one electron transfer reactions to Np(VI) by
absorption of 300 nm radiation in perchloric acid solu-
tions. However, photochemical reduction can occur also
in acid solutions when ethanol is present whereby Np (V1)
is reduced in steps to Np(lil). In HNO, solutions, these
photochemical redox reactions are complicated by the
photolytic reduction of NO3. As a result, Np(V1} and
Np (IV} solutions can be converted completely to Np(V).
The redox photochemistry of the actinides would seem
to be a promising research field for both basic and applied
interest.

Fig. I gives the oxidation potentials for U, Np and Pu
at pH 0 [3] and, as estimated by ALLARD et al. {16], at
pH 8 and 14.

ez ZOO3LY gy 20835 gy 20983 gan
«1.85 £ 0,17 +0.08 £ 8,12 -0.23 0,05
-2.78 20.358 -0.03+£0.24 -0.69 .+ 0.24
+{, 338
-G.07 06,108
-0.36:0.12
+ 0. T3 3
¥p(III) __g.}.‘_s_él__ Np {IV} LNP(W *E.136 Np (V)
~1.13 £0.14 +0.15 0,13 +0.81 : 0.08
-1.88 0,24 -0.09 20,24 +0,38 + 0,24
+0.938
+J. 58 . 0,09
+0.15 6,12
+0.982 v -
puCIrl) 22 Y  pueryy LoITE pugy; *0.918 Puf{vI}
-0,39 + 0,15 +0,70 £ 0,12 +0.60+0.04
-1.04 £ 0,24 +0.52 = 0,24 +0,16 =0.24
+]. 043
+0,03 = U.08
«0.34 20,12

Fig. . Redox potential diagram for U, Np and Pu. The reduction
potentials as listed are for the pH values: pH = 0; pH = 8; pH = 14.

III. Coordination number and radii

The actinide cations are “‘hard acids” - that is, their
bonding in complexes is rather welt described by an elec-
trostatic model and they show strong preference for oxy-
gen donor atoms. There is evidence for some greater
degree of covalency in actinide-ligand bonds than in
analogous lanthanide-ligand bonds, but, for both groups
of metals, the ionic character of the bonding is predomi-
nant. This is true for the metal-oxygen and metal-nitrogen
donor bonds prevalent in complexes in aqueous solution
[17] as well as for the metal-carbon bonds in organometal-.
lic compounds [18]. :
As a result of the ionic nature of the bonding, actinide -
cations do not display the restricted sterochemistry typical
of the d transition elements. The coordination number and
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the geometry of the coordination sphere in the d elements
are strongly influenced by the overlap of the metal and
ligand orbitals. By contrast, in the ionic interactions of
actinide complexes, the number and arrangement of the
ligands are determined primarily by steric and electro-
static factors. This leads to a range of coordination num-
ers from 6 to 12 observed for complexes with simple
actinide cations while for the oxygenated cations, such as
U032, coordination numbers of 2 to 8 are reported.

Little direct evidence can be found on the coordination
number of actinides in aqueous solutions. However, co-
ordination numbers of 8 and 9 are the most likely for tri-
valent lanthanide systems [17], and it is reasonable that
this is also true for trivalent actinides. Even in polydentate
complexes such as AmEDTA‘; , the coordination sphere
of the actinide cation probabiy includes 3 or 4 water
molecules. For tetravalent species, the smaller cation size
ray result in smaller values — 7 and 8.

Directly tied to the question of coordination number is
that of the proper radius to assign the actinide cations.
Solid state structural determinations have been concerned,
for the most part, with CN = 6 compounds, although
other systems such as Th(IV) of CN =6—12 and U(V])
of CN =2, 4, 6—8 have been studied. SHANNON [19] has
published the most comprehensive list of such data and
used them to calculate the “‘effective lonic radii” which
include consideration of coordination number, electronic

spin, covalency, repulsive forces and polyhedral distortion.

These radii are assumed to be independent of the coordi-
nation sphere symmetry and are directly additive (fo the
donor atom radius) for jonic bonds. The values of the ef-
fective radii of SHANNON for CN = 6 are listed in Table 1.

Table 1. Effective ionic radif
Coordination number = 6

Actinide Oxidation state

11 v v Vi
Th - 0.94 - -
Pa 1.04 0.90 0.78 -
U 1.025 0.89 0.76 0.73
Np 1.01 0.87 .75 .72
Pu 1.00 0.86 0.74 0.7
Am 0.975 (.85 - e
Cm 0.97 (.85 - -
Bk 0.96 0.83 - -
Cf 0.95 0.82 - -

These CN = 6 radii, »¢, can be converted to radii for other
coordination numbers, r;, by using the following relation-
ships:

Fa = r6""0.21
ry; = re 006
rg =re +0.12
Fg = Fs +0.17
Fio = s +0.22
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Comparison of the radii derived by SHANNON with those
calculated by these equations show that ry, 77, and 7y
agree to *+ 0.01 A while rq, 714 and 7,5 to £0.02 A,

IV. Hydration and hydrolysis

Several authors have proposed hydration numbers for
trivalent actinides. LEBEDEV [20] estimated values of
qu for the An(I1]) ions, obtaining values in reasonable
agreement with those reported by FUGER and OETTING
from a critical evaluation of the literature values [21]. The
values were used to obtain an estimate of the hydration
number of 7.0 £ 0.1, GOLDMAN and MORSS [22] re-
ported a value of 5.1 from a semiempirical calculation
based on an electrostatic hydration model. Experimental
measurements of the ionic migration velocities in an elec-
tric potential gradient were used with STOKES® Law
equation [23] to calculate values from 13.6 (Am) to 16.9
(Fm). These values agree with the net hydration numbers
(first + second sphere) of trivalent lanthanide cations ob-
tained by various techniques [24]. These numbers are
related to a first sphere hydration of 8 to 10 [25, 26] for
the trivalent cations.

The values of the hydration numbers in the preceed-
ing paragraph are based on calculations which assume that
the experimental data are related to a cation species with
a definite, small number of waters attached in one (or,
at most, two) layers. An alternate model of hydration is
based on the orienting effect of the cation on a larger
volume of water molecules. The structuring imposed by
this cationic orientation competes with that of the normal
3-dimensional hydrogen-bonded order of water {27] to
produce a net hydration effect.

Support for a model of this longer range cationic
ordering effect has been offered for trivalent fanthanides
based on the crystal field splitting of Gd(III)aq [28].
These splittings are attributed to second order crystal
field operators whose coefficients converge slowly with
distance. The conclusion is that the hydration effect on
the water structure extends over a volume as large as 50 A
around each cation. Moreover, the symmetry at the rare
earth cation site is very low and C,  at maximum.

Further support for a model of a long range, more
general structuring effect in hydration of cations is found
in Fig. 2. The correlation of S;’ with the ionic charge
density is consistent with a regnlarly increasing hydratio-
nal structuring as the cationic orienting effect, propor-
tional to Z? /r, increases. Such a model is not inconsistent
with data such as the cationic electromigration velocities
but is not consistent with interpretation of such data in
terms of definite “hydration numbers™.

If the model of large hydrate “icebergs” is accepted,
the correlation in Fig. 2 suggests that the tetravalent
actinides have even larger solvated structures — perhaps
twice as large as the trivalent cations. Also, for MOJ?
species, Fig. 2 suggests that the hydration structure is
smaller than for the M{III) species and the low charge
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Fig. 2. The correlation between — S8 and Z? {r; for the radius, r,

the C.N. = 6 values are used for Na(l), Ca(II} and Puo;2, that of
C.N. = B for Pu{lV), that of C.N. = 9 for Pu{III) and that of
C.N. = 4 for Puo}!.

density of MO} cations has relatively little structuring
effect on the solvent.

The importance of the extensive hydration of the III,
IV and VI species is seen in the values of the thermo-
dynamic parameters of complexation reactions. For many
complexation reactions, the entropy and enthalpy changes
are both positive, but since |AS| > | AH| in most cases,
the result is a favorable (negative) free energy change.

The positive values for AS and AH are interpreted to be
a result of the dehydration which accompanies complexa-
tion, Thus, the thermodynamic driving force for many
actinide complexation reactions is the increased entropy
resulting from the disruption of the hydrate structure
associated with the metal cation when it interacts with a
ligand {17, 29]. These thermodynamic parametess are
discussed more extensively in a later section.

A significant aspect of actinide hydration is the im-
portance, as the pH increases, of hydrolysis reactions such
das:

MY +mH,0 = MOH)} "~ ") + mH*
The strength of hydrolysis follows the pattern:
M >MO32 > M3 >MO0%

which differs from that in Fig. 2 for the hydration
entropies, L.e.,

Pu™® >Pu3 > Pu0l? > PuO]

The hydrate entropies are related simply to the net posi-
tive charge on the cationic species. However, the hydrol-
ysis reaction is the result of interaction of a water mole-
cule with the metal atom itself — i.e., Pu in Pu0}2. The
hydrolysis order indicates that the charge on Pu in Pu0}?
is actually between +3 and +4 and probably about +3.3.

GREGORY R. CHOPPIN

The variation of the concentration of free (non-hydro-
Iyzed) cation with pH is shown for plutonium in Fig. 3.
These curves are based on estimated values of the hydro-
lysis constants [16] but are of sufficient accuracy to indi-
cate the pH values at which hydrolysis becomes signifi-
cant (e.g., ~ 6—8 for Pu"®, <0 for Pu™®, 9—10 for
PuO; and 4--5 for Pu0}?.

-4 T T (M M

log {Pu]

Fig. 3. The effect of hydrolysis, as a function of pH, on the con-

centration of hydrated Pu cationic species. The initiaf {log [Pu] at

pH = 0) concentrations are those at pH » 8 which correspond to
the Kgp, values of the hydroxide precipitate of each species.

Hydrolysis constants of the actinides reported by dif-
ferent authors are rarely in agreement. Some values which
seem to be the most reliable are listed in Table 2. SULLI-
VAN and coworkers [30] used a technique involving pulse
radiolysis + transient conductivity to obtain their data in
Table 2 while the M(ITI} values were measured by a sol-
vent extraction technique which minimizes the experi-
mental problems encountered in hydrolysis studies [31].
Other estimated and experimental values can be found in
ref. [3, 16, 32 and 33].

Table 2. Hydrolysis constants
An +H,0=An(OH) + H; K;

An pK; Concentration of An Ref.
uot? 52 :0.1 2-5XI07* M (I=0) 30
NpOi2 54 0.1 2-5XI0°*M((I=0) 30
PuO;2 6.3 0.1 2-5XI10°* M(I=0) 30
NpOF 875 3X107* MA(I=0) 30
Npt4 2.3 0.1 2X107 M((E=2.0M) 2
NpOH*3 4.5 2-35x10"* M{(1=0) 30
Amt3 7.84 +0.05 Tracer (I= 0.7 M) 31

The hydrolysis of M*% and MO} ? species follows a
stepwise pattern

M -+ M(OH) = M(OH), - etc.

However, the M** and MO} species are reported also to
form oligomers (i.e., [M(OH);] ). The competition be-
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tween monomer and oligomer is dependent on the actinide
concentration. For example, using the hydrolysis values

of ref. [16], at pH 5 and (UO, )., ~ 0.05 M, the ratio

of Uin (UO; )z (OH);? to that in UQ,(OH)™! isca. 4
while at pH 5 and (UO,).._ . ~ 107* M, the ratio is ca.
0.004.

The hydrolysis of Pu™ can result in the formation of
polymers which are rather intractable to reversal to simp-
ler species. As a result of this irreversible polymerization,
the validity of K values for Pu(OH), ) should be
questioned. For ['i)u(l\/)].r > 107 M, hydrolytic polymers
of a wide range of molecular weights can be formed even
in moderately acid solutions. Initially, such polymers can
be readily decomposed to simple species in solution by
acidification or by oxidation to Pu(VI). However, as the
polymers age, the decomnposition process requires in-
creasingly rigorous treatment. The rate of such irreversible
aging varies with temperature, Pu{IV} concentration, the
nature of the anions present in solution, etc. A reasonable
model would involve initial formation of aggregates with
hydroxy bridging (Fig. 4a) which age to structures with
oxygen bridging (4b). The relative percentage of oxygen
bridges presumably determines the relative inertness of
the polymer. These polymers are sorbed on vessel walls,
ion exchange resins, ete. Their depolymerization depends
on the conditions of formation as well as on their age and
is best accomplished for aged solutions by treatment first
with a strong oxidant {to form Pu(V1}] followed by a
strong reductant jto form Pu(IIE)].

H H
\M/°\M/°\ / \M/°\M/°\ s
N NN WAV
hoooh
{a) {b)

Fig. 4. Possible model for the ‘irreversible’ aging of hydrolyzed
polymers wherein hydroxy bridges (a) are replaced by oxo
bridges (b).

V. Complexation

The limitations on this review present any attempt to
survey in depth the rather extensive literature on com-
plexation reactions of the actinides. Instead, the general
principles involved in the formation of actinide complexes
are discussed with consideration of a few ligand systems as
examples.

Perhaps the most basic aspect of actinide cations is
their *hard acid” property. This means that their bonding
to ligands is well described as electrostatic interaction
with covalency playing a quite minor role. As hard acids,
these cations interact preferentially with hard bases such
as oxygen or flouride atoms rather than softer bases such
as nitrogen, sulfur or phosphorous donors. The actinides
do interact with these soft bases in organic solvents of low
solvating power but, except for nitrogen, do not do so in
aqueous solution where the soft base would have to re-
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place water, which is a hard base. Interaction of actinide
cations with nitrogen donors in aqueous systems usually
occurs when one or more oxygen donor sites are also
present, as in the aminocarboxylates. In these systems, it
is likely that the oxygen donors have produced sufficient
desolvation that the nitrogen donor can interact without
further displacement of H, 0.

There is strong evidence that the entropy of complexa-
tion of actinide cations primarily reflects the desolvation
of the cation [34]. Fig. 5 shows the relationship between
the measured entropy for Am(III) chelation and the num-
ber of carboxylate groups in the ligand. Although the data
for Am (111} is limited,the fact that the trend for Am(ILI)
parallels that of the more extensive data for Sm(III} sup-
ports the same interpretation for both, i.e., the same
degree of dehydration of the cation by each of the car-
boxylate groups of the ligands. The nitrogen in the amino-
carboxylate ligands seems to play no role in the AS value
[35]. However, the enthalpy values show no such correla-
tion for the aminocarboxylate complexation and are more
exothermic than expected from carboxylate complexation
atone, indicating the effect of actinide-nitrogen interaction.
Further evidence for Ln—N bonding in aminocarboxylate
complexes is provided by NMR spectra [36] which, by
implication, also argues for An—N bonding in actinide
complexes.

4
- 3000
I:“ 4
N
'E i
— 200/~
-
—
w)
100~
H i1 | | 1
o 1 2 3 4 5

Fig. 5. The correlation of A S, the entropy of complexation [35],

and n, the number of carboxylate groups in the ligand: ® =Sm(III};

x = Am(I1I); 1 = acetate; 2 = a-picolinate; 3 = malonate; 4 = dipico-
linate; 5 = NTA; 6 = HEDTA; 7 = EDTA.

While optical spectroscopy and magnetic measure-
ments have been of great value in the study of transition
metal complexes, they are much more limited tools for
the actinides since the f—f transitions are much less sen-
sitive to the effect of complexation. There is a class of
spectral bands — the “hypersensitive bands™ — which do
show more significant perturbations upon complexation
and some use has been made of these spectral transitions
[37,38,39].
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The radioactive nature of the transuranium elements
places limitations on the technigues which can be used to
study complexation in solution since the radiolysis ac-
companying macroscopic concentrations of the cations
can perturb seriously the measurements. Consequently,
many complexation studies have used tracer concentra-
tions with a two-phase distribution technique such as ion-
exchange or solvent extraction.

In studies where different oxidation states of an acti-
nide have been complexed by the same ligand, the se-
quence of complexing strength most commonly observed
is that discussed for the hydrolysis reactions; i.e.:

M*4 >MO01? > M >MO}!

The sequence M™* > M"? is expected from the ionic
nature of the M*” - - X™ ™ interaction which should in-
crease with n for constant m. The observation that the
complexing strength of the MO3 2 cations is greater than
the M*3 cations can be understood by assuming that the
central metal atom, M, in the linear [0-M-0O]"2 cation has
an effective charge that is greater than +3. It is this effec-
tive charge that determines the strength of complexing
since the ligand binds in the equatorial positions about
the linear MO} 2. WADT [40] recently analyzed U032 by
the relativistic core potential method and obtained a value
of +2.4 for the atomic charge on the uranium. However,
the effective charge in the equatorial plane would be ex-
pected to exceed this value and an estimate of an effective
charge of +3.3 (£0.1) was obtained from analysis of com-
plexation by F~ anions [41]. Similar evaluation of the
stability constants for NpO, F and Np0,S0;* lead to an
estimated effective charge on the Np atom in the linear
NpO3 species of 2.3 2 0.2.

The free energy

The ionic nature of actinide complexes is supported by
the correlation between the experimental free energy of
complexation and that calculated by an equation which is
based on electrostatic interaction between cation and
anion. MUNZE [42] proposed the use of a modified BORN
equation which included a temperature dependent di-
electric constant. In our laboratory we use this equation
but with an empirical dielectric constant which is depend-
ent only on the cationic charge. For the complexation
reaction:

MX+(21 _Z'z)

+Zl
M +X, {ag)

(aq) (aq)

the equation has the form (AG inkJ-m™!):

ag oo (1387 10%)Z, Z,

D edl 2 (n
D, = effective dielectric constant
Z,, —Z, = ionic charges of cation and anion
v =—1

GREGORY R. CHOPPIN

d, = internuclear distance in the ion pair M—X in
A(mr +7,)
—A7? 2
Sinf = AZ 0.5111 i _ M2 —pI
1+ Bal /2
- _ (72 2
Azl (Z7+23)

B 20.33, C=075D=—-0.015a=43

The second term {RTvln 55.5) accounts for the effect of
two species reducing to one (‘cratic effect’) and the final
term corrects for the ionic strength of the solution. The
correlation of experimental values with the calculation
of —AG, by equation 1 for fluoride complexation
(Z,=1 O) is shown in Fig. 6 [41] where D, = 80 for

M*2 cations, 57 for M*3 and 41 for M**, -

80—
70—
60—
Zfr
50— uH\{ °
R
-_ a-4)
y uo
£ 30 = —2
o Lu
=2 Gd\Y/ I
- A
o go"
<] Le//e\\ﬂk
' 10— Al CM Clu Mg
Fe o
B Cao -
u\.o \op-';'sgzzn
o Mn O—Nij
O / I
Sr o
-10
Pl EPEPUEN EENTUN AT STUN T ATV AT AT TN AFSETErE SN AP
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Fig. 6. The correlation of experimental values of ~ AG for forma-

tion of MF complexes with the values calculated by equation (1).

The solid lines show the calculated values as a function of 1/d g
(ref. [41)).

Equation 1 has been found to be useful also for calcu-
lation of the free energy of complexation by organic
ligands. In these systems, the value of Z,, is set proportio-
nal to the acid constant of the donor sites (or to EpKa“

for polydentate ligands). Fig. 7 is the relation between
Z, and ZpK, which we obtained by using equation (1)
n

— RTvln 55.5 + RT 1y with experimental free energies of protonation, holding

all values constant except Z.,. These values of Zz, in turn,
were used with equation (1) to estimate the AG, of com-
plexation of Am(III} and Np{IV) by aminocarboxylate
ligands, of Am(lIl) and Th(IV) by acetate and of Th(IV)
by malonate. The comparison of experimental and cal-
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2pKan

Fig. 7, The variation of Z, and £pKaq for organic ligands used in
equation (1).
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Fig. 8. Comparison of the A G calculated by equation (1) and the
AG from experiment: © = Am(11I); x = Th(IV); o = Np(IV). The
solid line repzesents AG (cale) = AG (exper.).

culated values is shown in Fig. 8. The value used for D,
was 57 for Am(III} and 50 for Th(IV) and Np(IV); for all
the ligands, r, = 1.55 A while r, was obtained from

Table 1 (2 N = 8) The calculated and experimental values
for UO with acetate and malonate show similar agree-
ment when Z,(U03?)=3.2and D, = 55. For NpO,Mal™ !
when Z (NpO*) 2 3and D, = 65 the calculated AG
agreed with the experimental value.

All of the polydentate ligand systems which showed
agreement between experimental and calculated AG val-
ues involved 5 or 6 membered chelate rings. By that
criterion, poor agreement between the calculated and
experimental value [35] for UQ,NTA™! indicates that
the experimental value is probably incorrect. The experi-
mental values for complexes of chelate rings of 7 or more
members were progressively lower than the calculated val-
ues as the ring size increased.

Enthalpy and entropy changes

The thermodynamic parameters (i.e., AG, AH, and AS)

AH®&I-m™D
: Q
2

<]
i
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of complexation of trivalent actinide cations are similar

to the analogous data for the trivalent lanthanide com-
plexation. Since the models developed from the lanthanide
data are based on ionic interaction, it is not surprising to
find that they also explain actinide data rather satisfactori-
ly. In general, the enthalpy and entropy changes on com-
plexation of the actinide cations are associated largely with
changes in the hydration of these cations and of the anion-
ic ligands. Complexation results in a decrease in the hydra-
tion of the ions which provides a positive entropy con-
tribution as a result of the increase in the randomness of
the system. This dehydration makes an endothermic {posi-
tive) enthalpy contribution as a result of the breakage of
the ion-water and water-water bonding in the hydrated
species. Generally, the joining of cation and ligand in the
complex results in an enthalpy and an entropy centribu-
tion that is negative in both instances since such complexa-
tion forms cation-anion bonds { AH = — ) and decreases
the randomness of the system (AS = —). The.observed

net changes, positive or negative, reflect the relative ex-
tent of the opposed contributions of dehydration and
cation-ligand combination.
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Fig. 9. Correlation of AH and AS of formation of 1 : I actinide-
figand complexes.

Fig. 9 shows the linearity of the relationship between
the enthalpy and entropy of complexation for a variety
of monoligand complexes. It has been proposed that such
a linear relationship between AH and AS is evidence
that the major factor{s) determining the value of these
terms has a common base, thereby leading to a systematic
variation [43]. In actinide complexation, the common
factor is most probably the dehydration step. This cor-
relation of AH and AS has also been described in terms
of a compensation effect. For the net complexation reac-
tion, two steps can be written:

1. M(H, 02" + X(HZO)g_ = M(H,0)2" + X(HZO)g‘
+(n—m+p—q}H,0
2. M(H,00% + X(1,0)0 " = MX(H,0)5, 0
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Denoting step {1) as d (= dehydration) and step (2) as
¢ (= complexation}, we can write:

~AG=-AGY - AG® = —AHY— AH® + TAS? + TAS®

The compensation effect assumes -AG9=0 (since all the

hydrated systems remain in equilibrium with bulk solvent
[44]), thus

AH? ~ TASY

Moreover, since AH and AS are positive for most com-
plexation reactions,

|AHY | > AH| and | AS9|>|ASC].

This leads to the interesting situation in which the entropy
and enthalpy changes are reflective primarily of step (1),
{the dehydration), while AG is related almost completely
to step (2), (the complexation). This model also explains
why eq. (1) is so successful even though it seemingly ig-
nores the dehydration part of the reaction.

Inner vs. outer sphere formation

EIGEN [45] has proposed that the formation of com-
plexes proceeds sequentially as:

Mo +X e 0) XT < M(E. O)X
(aq) ¥ Raq) T M(H;0), X] 0, = IM(H, 0)X]
(3)
=22 MK

(aq)

The first step is diffusion controlled while the second re-
presents the formation of an “outer sphere” complex in
which the metal ion and the ligand are separated by at
least one molecule of water. In the final step, this outer
sphere complex ejects the water and forms an “inner
sphere” complex in which the metal and ligand are direct-
ly associated. Some ligands cannot displace the water and
complexation apparently terminates with the formation
of the outer sphere complex. Actinide cations form both
inner and outer sphere complexes.

For the labile actinide complexes, it is often quite dif-
ficult to distinguish between inner and outer sphere com-
plexes. This situation is complicated further by the fact
that formation constants for some of these complexes
when determined by optical spectrometry are often lower
than those of the same system determined by other means
such as potentiometry, solvent extraction, etc. This has
led some authors to identify the former as “inner sphere”
constants and the latter as “total” constants. However,
others have shown that such assignments cannot be cor-
rect [46, 47] even if the optical spectra of the solvated
cation and the outer sphere complex are indistinguishable
while that of the inner sphere complex is different. In all
these techniques, the “total” stability constant should be
obtained and, as yet, no explanation can be given for the
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different values by different techniques. Based on the
previous discussion of the thermodynamic parameters,
AH and AS values can be used, with caution, to obtain
insight into the outer vs. inner nature of actinide com-
plexes. For inner sphere complexation, the hydration
sphere is insufficiently disrupted and the net entropy and
enthalpy changes are usually positive. This is particularly
true for polydentate chelation. In outer sphere complexes,
the dehydration sphere appears to be only partially dis-
rupted, since the net enthalpy is exothermic. The cor-
responding entropy change is also negative due to the
ordering of {onic charges without a compensating dis-
ordering which could result from extensive disruption of
the hydration sphere.

2.0} /
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Fig. 10. Relationships between log fy514) (experimental),
10g Binner (calculated) and log Bgyyer (calculated) and the
pK, for the ligands Cl,,CH3..,CO3! (n=0-3).

These considerations lead, for trivalent actinides, to
assignment of a predominant outer sphere character to
the halide, nitrate, sulfonate and trichloroacetate com-
plexes and an inner sphere character to the fluoride,
iodate, sulfate and acetate complexes. The complexes
of Cl, CH,_, CO7 ligands were studied by '3° La(III)
nmr spectroscopy [48] and the estimated fraction of inner
sphere complexation agreed well with that calculated
using a value of f{inner) obtained with equation (1). For
Am(IIi), the log §; (i = inner) calculated by eq. (1) al-
lowed estimation of log §_ (o = outer) from: B (experi-
mental} = 8, + §_. The curves in Fig. 10 are based on the
B, and § so calculated and indicate that for monobasic
ligands with pK_ < 2, outer sphere complexation is
dominant for trivalent actinides while for pK, 2 2, an
inner sphere nature is expected. A similar study of com-
plexation by these same ligands of other actinide cations
[49] indicates that the change from predominantly inner
sphere to predominantly outer sphere complexation is as-
sociated with ligand pK as follows:

cuter sphere PR, inner sphere
M{IV): <~10>
MO32: <~ 17>
M(II): < o~ 2>
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Since the | AH | and | A S| values for inner sphere com-
plexation are larger than for outer sphere formation, the
experimental values would be likely to be endothermic
for systems in which both types of complexes are present
unless the inner sphere complex is present to less than
10-30% of the total complexation.

Cation-cation complexes

A rather unique aspect of actinide solution chemistry is
the formation of “‘cation-cation™ complexes. SULLIVAN
et al. [50] first reported the existence of complexes be-
tween pentavalent actinides, MO, *1 and multiply charged
cations such as Cu(II}, Fe(lID), Th(IV) as well as oxy-
genated species like UO;Z. A recent study using Raman
spectroscopy [51] confirmed the existence of these com-
plexes as well as demonstrating the presence of NpO}
dimers in acidic solutions. These dimers are not sensitive
to pH and, obkusiy, are not hydrolytic polymers of the
type formed in MO solutions.

Two models for these cation-cation complexes have
been proposed:

O O 0
i I L.
0 =M(V)= O— M(VI) M(V ) - \)M(V D
I RSP
0 0 0
1 It

Model I has been supported by SULLIVAN [52] and
VADAVATOV [53]. The second structure is that proposed
in solution and in the solid for the hydrolytic dimers of
MOJZr2 species where L =0H™ or [1,0. However, the ex-
perimental data, including recent studies by wide angle
X-ray scattering [54], do not provide a firm basis to choose
either model.

V1. Kinetics
Redox

Generally, redox reactions of actinide species have, for
discussion of kinetic effects, been divided into two groups
~ those which involve electron transfer only (e.g. Pyt
—Pu*4} and those which also require formation and/or
rupture of metal-oxygen bonds (e.g. Pu’™* - PuO";l). In
most systems studied, the first group of reactions of
simple electron exchange are fast. By contrast, these redox
reactions which also involve metal-oxygen bond changes
tend to be slower. These are, indeed, generalizations and
reactions observed in the first group (e.g. Pu*> + PuO;'2

>putt + PuOJz'l) can be slower than some in the second

group (e.g. U™ + NpO32 = UO} + NpO3). The wide
variation in rates within the second group can be illustra-
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ted by the dlsproportion reaction 2 MO+ >M™+ I\-/.IO?;2
in 1.0M acid: UOJ, k =4 x 10%; Npo“, k=9%107°

PuO3, k =3.6 % 10‘ [55, 56, 57).

The simple electron exchange reactions would be ex-
pected to show no rate dependency on hydrogen ion con-
centration. However, in some reactions studied, it seems
probable that the activated complex involves a bridged
hydrolyzed species, e.g. [M*3 (OH), Fe*3] — which could
have some dependency on the pH of the medium. For the
second type of redox reactions, if formation of a metal-
oxygen bond occurs, a negative dependency on (H ) is
expected. Such a reaction would be:

Np** + Fe™ + 21,0 = NpOj + Fe*? +4H"
for which the rate expression is found to have a (H")"3
term [58]. By contrast, reactions in which M—O bonds
are broken are found to have rate expressions in which a
term for hydrogen ion concentration occurs with a positive
exponent as, €.g.,

NpOj + Fe*2 +4H" = Np** + Fe™ +2H,0

whose rate expression has a (H")™! term [58].

In the presence of complexing anions an acceleration
of the reaction rate is observed. The degree of acceleration
is found to follow that of the tendency to form complexes,
Le.:

Clo, < - < 80;?% < c,0;?

The complexation of reactants would facilitate the forma-
tion of binuclear bridged activated complexes (e.g.,

M3 ql-- MOﬂ) by reducing the catlon cation electro-
static repulsion, thereby lowering AG" and increasing the
forward rate. In weakly complexing systems such as per-
chlorate, hydroxy! bridging accomplishes this. Complexa-
tion of the products also would increase the net rate of the
forward reaction by decreasing the reverse reaction.

It has been shown that a correlation exists between
AGO (standard reaction free energy) and AG? (activation
free energy) when formation or rupture of MO bonds are
involved in the redox reaction {59]. However, no such cor-
relation exists for simple electron exchange reactions.
However, for both groups of reactions, there is a strong
“compensation” effect between AH' and AS * Asa
result, AG* does not vary greatly for the majority of the
actinide redox systems studied. This relative constancy of
AG* is important as it means that various competing reac-
tion mechanisms are likely to have similar values of AG ¥
(and, hence, similar rates). A set of similar values of AG ¥
explains the fractional exponents often observed for vari-
ous terms in actinide redox rate equations as any particu-
lar system may have several paths, each contributing signif
icantly to the total rate. Also, reactions which are ap-
parently similar may have quite dissimilar rates if the pos-
sible paths are influenced dszerently by relatively “minor”
effects (the rate for Np*3 + Np03? is almost 10 times
greater than that for Pu*3 + NpO*z) This possibility of




52

several competing paths and of significant variation in the
contribution of each in apparently similar systems makes
the study and interpretation of actinide redox reactions
complicated indeed.

The formation of the cation-cation complexes discussed
earlier no doubt plays a role in the redox reactions of such
systems but this role remains to be explored and defined.

Complexation

The rate determining step in the EIGEN mechanism for
the formation of complexes is assumed to be a transition
from outer sphere to inner sphere. Although problems of
radioactivity, etc., make it very difficult to verify the
validity of this mechanism for formation of actinide
complexes of simple ligands, it is reasonable to assume
such validity since the lanthanides seem to follow this
mechanism [60, 61].

The kinetics of slower systerns have been studied in a
few cases. A tracer method was used to study the reaction
621

An}  + EuEDTA

1
(ag)

where An = Am, Cm, Bk and Cf.

The exchange of An(HII) with EuEDTA™ is a first-
order reversible reaction and the forward and reverse rate
constants each contain an acid-dependent and an acid-
independent term:

+Euf3

- -1
AnEDTA (aq)

(aq)

. = IEuEDTA”] [An*31[H']
F A [EU3+]
+ ky [FuEDTA™ [[An*?]
kg = ko [H'][AnEDTA™ }+kp [Eu*3] [AnEDTA"™ |

may be represented schematically as follows (where EDTA
is represented by Y):

EuY+An = Bu= ¥Y—An Eu=Y=An

Eu + AnY = Eu—Y=An

The lines between Y and the cations indicate the number
of carboxylate groups which are bonded to each metal
ion (ionic charges have been omitted). For the acid-cata-
lyzed mechanism it was proposed that the first step is a
rapid equilibrium in which one of the carboxylate groups
of the EDTA complex is protonated. The slow step is
either (1) the dissociation of a second carboxylate group
from the metal ion or (2) the transfer of a proton from
the carboxylate oxygen to the nitropen. The ligand is
then able to dissociate rapidly from the metal ion. In
either case the free europium and actinide ions compete
for the free, protonated EDTA. Schematically this mecha-
nism is given by:

EuY +H = HEuY = *HEuY = Eu+H Y+ An

I
AnY +H = HAnY = *HAnY
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Maeroscopic level concentrations of Am{IIl} were used to
study the rates of formation and dissociation of AmDCTA™
(DCTA = trans, 1,2-diaminocyclohexanetetraacetate),
respectively, by stopped-flow and conventional spectro-
photometric methods [63]. A mechanism was proposed
which involves coordination of Am(IIl) to three acetate
groups of H  (DCTA)" “% to form the relatively long-

lived intermediate *AmHDCTA which subsequently loses
a proton. The slow step of the formation reaction was
postulated to be associated with the formation of an ameri-
cium-donor nitrogen bond.

VIIL. Conclusions

This review has attempted to provide some understanding
of the diversity and complexity of actinide solution chemis- -
try. It is obvious that significant progress has been made in
all areas of this field but it is equally obvious that much re-
mazins to be done. The problems of working with radio-
activity unfortunately has limited the number of laborato-
ries which study these elements. Nevertheless, continuing
and vigorous research programs in actinide solution chemis-
try are needed to further our fundamental knowledge and
to answer the questions in applied areas.

The preparation of this review was supported in part by
contracts with the U.S.D.0.E. Offices of B.E.S. and H.E.R.
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