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Summary. The complexation between uranium(VI) and
malonate in 1.05 mol kg−1 NaClO4 was studied at variable
temperatures (25, 35, 45, 55 and 70◦C). The formation con-
stants of three successive complexes, UO2(OOCCH2COO),
UO2(OOCCH2COO)2

2− and UO2(OOCCH2COO)3
4−, and the

molar enthalpies of complexation were determined by
potentiometry and calorimetry. The heat capacity of the com-
plexation, ∆Co

p,m(ML j ), is calculated to be 96±12, 195±15
and 267±22 J K−1 mol−1 for j = 1, 2 and 3, respectively. Ex-
tended X-ray Absorption Fine Structure Spectroscopy helped
to characterize the coordination modes in the complexes in
solution. UV/Vis absorption and luminescence spectra at dif-
ferent temperatures provided qualitative information on the
temperature effect. The effect of temperature on the com-
plexation between uranium(VI) and malonate is discussed
in terms of the electrostatic model and compared with the
complexation between uranium(VI) and acetate.

Introduction

Significant interest has been stimulated by the recent activ-
ities of the environmental management of nuclear wastes
in the coordination chemistry of actinides in solution, es-
pecially at elevated temperatures. It is estimated that the
temperature of the waste forms in the repository could vary
from 100 to 300◦C [1], while the temperature in the waste
storage tanks ranges from ambient to over 90◦C [2]. Conse-
quently, accurate data on the chemical behavior of actinides
at elevated temperatures are needed to develop the technolo-
gies for waste processing and disposal.

The majority of the available data on the complexation
of actinides are for 25◦C [3]. Though data at other tempera-
tures could be estimated by extrapolation assuming a con-
stant enthalpy of complexation [4], such practice could lead
to large uncertainties [5]. More recent theoretical models,
such as the HKF equation of state [6–8], have been used
to predict the thermodynamic properties of aqueous species
under geothermal conditions. However, application of these
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models to actinides is rare because the model parameters for
actinides currently do not exist. As a result, reliable experi-
mental data on the complexation of actinides in solution at
elevated temperatures are still needed.

To provide such data, we have started investigations on
the complexation of actinides and lanthanides with car-
boxylic acids at variable temperatures. The effect of tem-
perature on the complexation of neodymium(III) [5] and
uranium(VI) [9] with acetate has been studied and dis-
cussed in terms of a Born-type electrostatic model [10].
Results indicate that the complexation with acetate is en-
tropy driven and enhanced at elevated temperatures. The
enhancement was interpreted on the basis of the pertur-
bation in the dielectric properties and the structure of the
solvent – both in the primary hydration sphere and in the
bulk. This paper summarizes the results of the complexa-
tion of uranium(VI) with malonate. This system has been
previously studied at 25◦C [3, 11], but not at elevated tem-
peratures. In the present work, thermodynamic parameters
were determined by potentiometry and calorimetry. Spec-
troscopic techniques, including Extended X-ray Absorption
Fine Structure (EXAFS), UV/Vis absorption and lumines-
cence, were used in conjunction with the thermodynamic
data to establish the coordination modes in the complexes.
These data, while supporting the safe management of nu-
clear wastes, provide insight into the fundamental aspects of
the coordination of actinides, such as the effect of tempera-
ture on the structure and dielectric property of the solvent,
the solvation of both the metal and the ligand, and the ener-
getics of the complexation [12–14].

Experimental

Chemicals

All chemicals were reagent grade or higher. Distilled water
was used in preparations of all the solutions. Sodium hy-
droxide solutions, free from carbonate, were standardized
against 1.005 mol dm−3 hydrochloric acid (Aldrich, ACS
volumetric standard). The standardized sodium hydroxide
solution was in turn used to determine the concentrations of
perchloric acid and malonic acid by potentiometry. Buffer
solutions of sodium malonate/malonic acid were prepared
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by adding calculated amounts of perchloric acid into so-
lutions of sodium malonate. The stock solution of uranyl
perchlorate was prepared by dissolving uranium trioxide
(UO3) in perchloric acid (Aldrich, 70%). The concentra-
tions of uranium and perchloric acid in the stock solution
were determined by EDTA titration complexometry [15] and
fluorimetry [16], and Gran’s potentiometric method [17], re-
spectively. The ionic strength of all the solutions used in po-
tentiometry and calorimetry was adjusted to 1.0 mol dm−3 at
25◦C by adding appropriate amounts of sodium perchlorate.

Potentiometry

Potentiometric experiments were carried out at 25, 35, 45,
55, and 70◦C with a variable-temperature titration setup.
Detailed description of the apparatus and the procedures
have been previously provided [5, 9, 18]. The protonation
of malonate was studied by titrating a buffered malonate
solution (0.06 mol dm−3) with HClO4 or a malonic acid so-
lution (0.06 mol dm−3) with NaOH. The complexation be-
tween uranium(VI) and malonate was studied by titrating
a solution of uranyl perchlorate (0.006–0.015 mol dm−3)
with a buffered malonate solution. Multiple titrations were
conducted at each temperature with different concentrations
of uranyl perchlorate. The initial volume of the test solu-
tions ranged from 40 to 95 cm3 at 25◦C. The computer pro-
gram Superquad [19] was used to calculate the protonation
constants of malonate,βj,H, and the formation constants of
uranyl malonate complexes,βj,M, on the molarity scale.

To compare the results at different temperatures, the con-
stants calculated on the molarity scale were converted to the
values on the molality scale, usingβj,m = βj,M × (d298)

j [20],
whered298 (= 1.073 g cm−3) is the density of 1.0 mol dm−3

sodium perchlorate in water at 25◦C [21]. This solution,
equivalent to 1.05 mol kg−1 sodium perchlorate, is chosen as
the reference solution for the calculation of the stability con-
stants on the molality scale.

Calorimetry

Calorimetric titrations were conducted with a computer-
controlled isoperibol calorimeter (Model ISC-4285,
Calorimetry Sciences Corp.). Detailed description of the
instrument was provided elsewhere [9]. The performance
of the calorimeter was previously tested by measuring the
enthalpy of protonation of 2-bis(2-hydroxyethyl)amino-
2-hydroxymethylpropan-1,3-diol at different temperatures
(25–80◦C) [9, 22]. The concentrations of the cup solutions
and the titrants in the calorimetric titrations were similar
to those in the potentiometric titrations, except that the ini-
tial volume of the cup solution was 20 cm3 at 25◦C. The
enthalpy of malonate protonation and complexation with
uranium(VI) were calculated with the computer program
Letagrop [23] as previously described.

Extended X-ray absorption fine structure (EXAFS)
spectroscopy

EXAFS experiments were conducted with three uranyl solu-
tions (I to III). Solution I (pH∼ 1) contains 20 mmol dm−3

uranyl perchlorate and 100 mmol dm−3 perchloric acid so

the uranyl species is UO2
2+ (aq). Solution II (pH= 3.5) con-

tains 13 mmol dm−3 uranyl perchlorate, 38 mmol dm−3 mal-
onic acid and 71 mmol dm−3 sodium malonate. Solution III
contains 5.5 mmol dm−3 uranyl perchlorate, 5.5 mmol dm−3

malonic acid and appropriate amounts of NaOH to achieve
a pH of 5.2. Speciation calculations with the formation con-
stants [9, 11] show that the dominant uranyl species in So-
lutions II and III are 1: 2 and 1: 1 uranyl malonate com-
plexes, respectively. Approximately 2 cm3 of the solution
was sealed in a polyethylene tube (5 mm i.d.) and mounted
on an aluminum sample positioner with Scotch tape for the
EXAFS experiments.

Uranium L3-edge EXAFS spectra were collected at the
Stanford Synchrotron Radiation Laboratory (SSRL) on wig-
gler beamline 4-1 under normal ring operating conditions
(3.0 GeV, 50–100 mA). The EXAFS data were collected in
both the transmission (using argon-filled ionization cham-
bers) and the fluorescence modes (using a four-element Ge-
detector [24]), up tok ∼ 15 Å−1. Eight scans were performed
for each sample. Energy calibration was based on assigning
the first inflection point of the absorption edge for uranium
dioxide (UO2) to 17166 eV. The EXAFS spectra were fitted
with the R-space X-ray Absorption Package (RSXAP) [25],
using parameterized phase and amplitude functions gener-
ated by the program FEFF8 [26] with the reference crys-
tal structure of Ba[UO2(OOCCH2COO)2]·3H2O [27]. Stan-
dard scattering paths, including the single scattering U−Oax

(axial oxygen), U−Oeq (equatorial oxygen) and U−C, and
the multiple scattering of O=U=O (axial oxygens), were
calculated from the reference structure and included in the
data analysis. Full cluster multiple scattering calculations
were tried but were found to have no effect on the best fit
parameters or the overall goodness of the fit.

UV/Vis absorption and luminescence spectroscopy

UV/Vis absorption spectra were collected at 25 and 70◦C
on a Varian Cary-5G spectrometer equipped with a 1×1
Peltier automatic temperature controller. Ten mm quartz
cells were used. Luminescence spectra were collected on
a FluoroMax-2 spectrometer (Jobin Yvon-Spex Instruments
S.A., Inc.) with 10 mm quartz fluorometer cells. The emis-
sion spectra of the uranyl solutions (450–600 nm) were ob-
tained from the excitation at 420 nm. A water-jacketed cu-
vette holder was used to maintain the sample solutions at the
desired temperatures.

Results

Protonation of malonate

The calculated protonation constants, Gibbs free energy, en-
thalpy, and entropy of protonation are given in Table 1. The
data for 25◦C are in excellent agreement with the values in
the literature [11]. As is typical of many carboxylic acids [3],
the enthalpies of protonation of malonate are small (a few
kJ mol−1) and more endothermic at higher temperatures. De-
spite that the enthalpy becomes more unfavorable to the pro-
tonation at higher temperatures, the protonation constants
increase slightly when the temperature is increased, largely
due to the increasingly more positive entropy of protonation
at higher temperatures (Table 1).
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Table 1. Thermodynamic parameters of malonate protonation and complexation with the uranyl ion,I = 1.05 mol kg−1 (NaClO4), the error limits
represent 3σ . Data marked ‘∗’ are from Ref. [11].

T , logβj,H logβj,m −∆Go
j,m ∆Ho

j,m ∆So
j,m

◦C or logβj,M kJ mol−1 kJ mol−1 J K−1 mol−1

H+ +L2− = HL− 25 5.10±0.01 5.14±0.01 29.3±0.1 2.07±0.03 105±1
5.09±0.02∗ 2.0∗ 105∗

35 5.15±0.01 5.18±0.01 30.6±0.1 3.12±0.03 109±1
45 5.17±0.01 5.20±0.01 31.7±0.1 4.34±0.03 113±1
55 5.22±0.01 5.25±0.01 33.0±0.1 5.55±0.04 117±1
70 5.29±0.02 5.32±0.02 35.0±0.1 7.08±0.08 122±1

2H+ +L2− = H2L 25 7.69±0.01 7.75±0.01 44.2±0.1 0.43±0.03 150±1
7.68±0.03∗ 0.5∗ 150∗

35 7.82±0.01 7.88±0.01 46.5±0.1 2.58±0.03 159±1
45 7.83±0.02 7.89±0.02 48.1±0.1 4.72±0.03 166±1
55 7.91±0.02 7.97±0.02 50.1±0.1 6.84±0.03 173±1
70 8.00±0.02 8.06±0.02 52.9±0.1 10.06±0.08 184±1

UO2
2+ +L2− = UO2L 25 5.36±0.01 5.39±0.01 30.8±0.1 8.0±0.7 130±2

5.42±0.2∗ 8.7∗ 134∗

35 5.42±0.01 5.45±0.01 32.2±0.1 9.8±0.3 136±1
45 5.56±0.01 5.59±0.01 34.0±0.1 10.7±0.2 141±1
55 5.67±0.01 5.70±0.01 35.8±0.1 11.5±0.2 144±1
70 5.80±0.01 5.83±0.01 38.3±0.1 12.5±0.4 148±1

UO2
2+ +2L2− = UO2L2

2− 25 9.39±0.01 9.45±0.01 53.9±0.1 11±1 218±4
9.48±0.2∗ 11∗ 220∗

35 9.74±0.02 9.80±0.02 57.8±0.1 13.4±0.4 231±2
45 9.85±0.02 9.91±0.02 60.4±0.1 16.0±0.4 240±2
55 10.05±0.02 10.11±0.02 63.5±0.1 17.4±0.4 246±2
70 10.35±0.01 10.41±0.01 68.4±0.1 19.8±0.5 257±2

UO2
2+ +3L2− = UO2L3

4− 25 11.22±0.06 11.31±0.06 64.6±0.3 11.7±4.0 256±14
35 12.43±0.06 12.52±0.06 73.8±0.4 15.6±0.7 290±3
45 12.72±0.08 12.81±0.08 78.0±0.5 18.7±0.6 304±3
55 13.16±0.12 13.25±0.12 83.2±0.8 20.4±0.6 316±4
70 13.61±0.02 13.70±0.02 90.0±0.1 24.1±0.8 332±3

Fig. 1. Absorption spectra of uranyl malonate solutions at 25 and 70◦C. (a) 200 mmol dm−3 UO2(ClO4)2/600 mmol dm−3 HClO4. (b) 10 mmol dm−3

UO2(ClO4)2/50 mmol dm−3 malonic acid (pH 3). (c) 10 mmol dm−3 UO2(ClO4)2/100 mmol dm−3 malonic acid (pH 3).

UV/Vis absorption and luminescence spectra of
uranyl malonate

Fig. 1 shows the absorption spectra of the three uranyl so-
lutions at 25 and 70◦C. The ratios ofCmalonate/CU are 0,
5 and 10, respectively. The vibronic structure due to the

symmetric stretching vibration of the dioxo cation [28, 29]
is quite similar at 25 and 70◦C. At each temperature,
the spectra were red-shifted asCmalonate/CU was increased.
The shifts at 70◦C (∆λa-b = 6.6 nm, ∆λa-c = 7.4 nm) are
slightly larger than those at 25◦C (∆λa-b = 5.6 nm,∆λa-c =
6.4 nm).
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a

b

Fig. 2. Potentiometric and calorimetric titrations of the uranyl mal-
onate system.I = 1.05 mol kg−1 NaClO4. Titrant: 498 mmol dm−3

CH2(COONa)2 + 348 mmol dm−3 HClO4. 50–70 data points were
collected in each titration (the number of points in the figure is re-
duced for clarity). (a) Potentiometry: The complex formation function
(n) as a function of log[L]. Initial cup solutions (UO2(ClO4)2/HClO4

in mmol dm−3): ( ) 40 mL, 5.57/5.96; ( ) 40 mL, 9.46/10.13;
( ) 40 mL, 13.92/14.90; ( ) 95 mL, 5.00/5.00; ( �) 80 mL, 5.00/5.00;
( ) 80 mL, 12.00/12.00; ( ) 95 mL, 12.00/12.00. (b) Calorimetry:
Total heat per mole of uranium as a function ofn. Initial cup so-
lutions (20 mL UO2(ClO4)2/HClO4 in mmol dm−3): ( ) 5.87/5.98;
( �) 9.46/10.13; ( ) 13.92/14.90; ( ) 9.98/10.17; ( ) 14.67/14.95.

No significant shifts in the positions of the lumines-
cence emission bands (480–580 nm) were observed when
the temperature of the uranyl malonate solutions was in-
creased from 25 to 70◦C. However, the overall intensities of
the bands decreased by about ten times at 70◦C, compared
to those at 25◦C. In addition, the relative intensities of the
individual bands changed significantly when the tempera-
ture was increased.

Thermodynamic parameters for the complexation of
uranium(VI) with malonate

The potentiometric titration data for the complexation of
uranium(VI) with malonate are presented in Fig. 2a, in the
form of n vs. log[L]. n is the average number of malonate
ions bound to each uranyl ion as calculated by the equation:

n = {
CL −[L] (1+β1,H[H+]+β2,H[H+]2

)}
/CM . (1)

CL and CM are the concentrations of total malonate and
uranium(VI) in solution and [L] is the concentration of
free malonate.β1,H and β2,H are the overall protonation
constants obtained from the protonation titration:β1,H =
[HL−]/([H+][L−]) andβ2,H = [H2L]/([H+]2[L−]). Data an-
alysis by the Superquad program indicates that the best fit
was obtained by assuming the formation of three complexes:

UO2
2+ + jCH2(COO)2

2−� UO2(OOCCH2COO) j
2−2j

j = 1, 2 and 3. (2)

The calculated formation constants and Gibbs free en-
ergy of complexation are given in Table 1. Including the
third complex in the fit improves the overall fit, but has
minor effect on the constants for the first and the sec-
ond complexes. The highest value ofn in the experi-
ments was 2.26 and the maximum percentage of the third
complex was about 35%. Using these constants, simu-
lated potentiometric titration curves are calculated and
found in good agreement with the experimental points
(Fig. 2a). The data in Table 1 indicate that the complex-
ation between uranium(VI) and malonate is enhanced by
elevated temperatures. The 1: 1 and 1: 2 complexes at
70◦C are about 2.8 and 9.1 times stronger than those at
25◦C.

The data of the calorimetric titrations are shown in
Fig. 2b, in the form of∆hv vs. n, where∆hv is the total
heat per mole of uranium and calculated by dividing the
net reaction heat with the number of moles of uranium in
the calorimeter vessel. The enthalpy changes of the com-
plexation are summarized in Table 1. The molar enthalpy
of complexation increases monotonously as the tempera-
ture is increased. Again, simulated calorimetric titration
curves were calculated with the values of logβ and ∆Ho

of complexation and protonation constants and enthalpies
in Table 1 and found consistent with the experimental data
(Fig. 2b).

Coordination modes in the uranyl malonate
complexes

Fig. 4 shows the background subtracted EXAFS spectra and
the corresponding Fourier transforms for three uranyl mal-
onate solutions, as well as the results for the uranyl acetate
complexes from the literature [9] for comparison. The best
fit parameters are given in Table 2.

The EXAFS data analysis yields two axial oxygens at
a distance of 1.77–1.79 Å for all the three uranyl malonate
solutions, and five to six equatorial oxygens at distances of
2.34–2.41 Å. Solution I does not contain malonate and the
only uranyl species is the free UO2

2+ (aq) ion. The best fit
indicates that there are 5.5 oxygens (from water molecules)
in the equatorial plane at a distance of 2.41 Å. For Solu-
tion II, which contains dominantly the 1: 2 uranyl malonate
complex by speciation calculation based on the formation
constants in Table 1, the EXAFS data were fitted with ei-
ther one or two equatorial oxygen shells. The one-Oeq-shell
model yields 5.7 equatorial oxygens at 2.37 Å, while the
two-Oeq-shell model yields 4 oxygens at 2.34 Å and 2 oxy-
gens at 2.40 Å (Table 2). Though either of the two models
seems to provide fairly good fit to the experimental spec-
tra, the overall goodness of the fit by the two-shell model is
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Fig. 3. Experimental (dotted lines) and fitted (solid lines) uraniumL3-edge EXAFS spectra (A) and associated Fourier Transforms (B). (a) Solu-
tion I, (b) Solution II, (c) Solution III, (d) UO2(OOCCH3)

+ (aq) [9], (e) UO2(OOCCH3)2 (aq) [9], (f) UO2(OOCCH3)3
−

(aq) [9].

Samples Shell R a, Å N a σ b Å ∆E0, eV

Solution I U−Oax 1.77 1.8 0.0385 −13.69
Uranyl perchlorate U−Oeq 2.41 5.5 0.0871 −13.69
(0.1 M perchloric acid)

Solution II Two U−Oax 1.78 2.0 0.0342 −12.77
1 : 2 uranyl/malonate Oeq-shell U−Oeq1 2.34 3.9 0.0815 −12.77
(pH= 3.5) model U−Oeq2 2.40 1.9 0.0790 −12.77

One U−Oax 1.77 2.0 0.0405 −12.84
Oeq-shell U−Oeq 2.37 5.7 0.0902 −12.84
model

Solution III U−Oax 1.79 2.3 0.0501 −14.01
1 : 1 uranyl/malonate U−Oeq 2.39 5.2 0.0995 −14.01
(pH= 5.2)

UO2(OOCCH3)
+ (aq) U−Oax 1.78 2.0 0.0411 −14.48

U−Oeq1 2.38 4.0 0.0703 −14.48
U−Oeq2 2.50 2.0 0.0920 −14.48
U−C 2.91 1.3 0.0500 −14.48

UO2(OOCCH3)2(aq) U−Oax 1.78 2.0 0.0370 −12.45
U−Oeq 2.42 5.9 0.0888 −12.45
U−C 2.90 2.2 0.0500 −12.45

UO2(OOCCH3)3
−

(aq) U−Oax 1.78 2.0 0.0344 −12.37
U−Oeq1 2.34 1.9 0.0533 −12.37
U−Oeq2 2.48 4.1 0.0482 −12.37
U−C 2.87 2.1 0.0500 −12.37

a: The 95% confidence limits for the bond lengths (R) and coordination numbers (N) for each shell are: U−Oax,
0.01 Å and±15%; U−Oeq, 0.02 Å and±25%; U−C, 0.02 Å and±25%, respectively;

b: σ is the EXAFS Debye–Waller term which accounts for the effects of thermal and static disorder through
damping of the EXAFS oscillations by the factor exp(−2k2σ2).

Table 2. Fitting parameters
for U L3-edge EXAFS (the
data for uranyl acetate com-
plexes are from the litera-
ture [9]).
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better. The value ofR (%) (a measure of the overall good-
ness of the fit in the RSXAP package [25]) was 3.19 and
2.21 for the one and two-shell models, respectively. For So-
lution III, the EXAFS analysis yields 5 equatorial oxygens
at 2.39 Å.

Discussion

Effect of temperature on the complexation

While the UV absorption (Fig. 1) and luminescence spectra
qualitatively demonstrate that the increase in the tempera-
ture affects the complexation, the effect is quantified by the
thermodynamic data in Table 1. Though the potentiometric
titration data yield the constants for three uranyl malonate
complexes, the uncertainty in the constant for the third com-
plex is higher than the first two because it was never domin-
ant under the experimental conditions (< 35%). As a result,
the following discussions are mostly focused on the 1: 1 and
1 : 2 complexes.

The formation constants of the 1: 1 and 1: 2 complexes
increase by 2.8 and 9.1 times, respectively, as the tempera-
ture is increased from 25◦C to 70◦C. Similar effects of tem-
perature were previously observed for a few other complex-
ation systems [5, 9, 30, 31]. For example, the formation con-
stant of the 1: 1 neodymium(III) acetate, Nd(OOCCH3)

2+,
increases from 96±9 (25◦C) to 200±4 (70◦C), a 2-fold
increase [5]. The formation constant of the 1: 1 uranyl ac-
etate, UO2(OOCCH3)

+, increases from 407±27 (25◦C) to
1020±110 (70◦C), a 2.5-fold increase [9]. These observa-
tions have been interpreted by the Born-type electrostatic
model [5, 9] where the temperature effect is expressed as

∂(logβ)/∂T = N e2Z1Z2/(0.2303Rd12)

× (1/T −1/219)/(εT ) , (3)

whereε is the dielectric constant of water and a function
of temperature [32, 33].Z1 and Z2 are the charges of the
two species. Other parameters in Eq. (3) are explained else-
where [34, 35].

Since T is always higher than 219 K in the whole ac-
cessible temperature range for liquid water, the electrostatic
model predicts∂(logβ)/∂T > 0 if Z1Z2 < 0. In other words,
the complexation between species of opposite charges is
strengthened by the increase in temperature. This is consis-
tent with the experimental results for the 1:1 complexes of
neodymium(III) acetate [5], uranyl acetate [9], and uranyl
malonate. In addition, the electrostatic model predicts that
the magnitude of the temperature coefficient,∂(logβ)/∂T ,
is proportional to|Z1Z2|. In other words, the complexa-
tion between species with higher charges is more sensitive
to the change in temperature. The data in Table 3 on three

Reaction Z1Z2 β70/β25 Reference

Nd3+ +CH3COO− → Nd(OOCCH3)
2+ −3 2 [5]

UO2
2+ +CH3COO− → UO2(OOCCH3)

+ −3.2a 2.5 [9]
UO2

2+ +CH2(COO)2
2− → UO2(OOCCH2COO) −6.4a 2.8 this work

a: based on the effective charge on uranium(VI) [34, 35].

Table 3. Temperature effect on the formation
constants of three 1: 1 complexes.

1 : 1 complexes seem to support this prediction. However,
more studies of diversified complexation systems covering
a wider range of|Z1Z2| are needed to allow further tests of
the prediction.

The electrostatic model predicts that the complexation
with a neutral species should be insensitive to the change in
temperature (|Z1Z2| = 0, then∂(logβ)∂T = 0). The step-
wise formation of the 1: 3 uranyl acetate complex and 1: 2
uranyl malonate complex belongs to this category:

UO2(OOCCH3)2
0 +CH3COO−� UO2(OOCCH3)3

−
,

(4)

UO2(OOCCH2COO)
0 +CH2(COO)2

2−�
UO2(OOCCH2COO)2

2−
. (5)

The data on reaction 4 indicate that, indeed, the formation
constant of reaction 4 remains unchanged in the tempera-
ture range from 25 to 70◦C [9]. However, the data from this
work indicate that there is a 3-fold increase in the forma-
tion constant of reaction 5 when the temperature is increased
from 25 to 70◦C. This disagreement may reflect that elec-
trostatic interactions should not be completely ignored in the
complexation involving a neutral species due to the charge
distribution and/or inductive effect. Besides, other factors
in addition to electrostatic interactions may play important
roles in the energetics of the complexation. More detailed
and quantitative discussions on this subject will become
feasible when a wider range of complex systems are studied
at variable temperatures.

Data in Table 1 show that, in the temperature range from
25◦C to 70◦C, both the enthalpy and entropy of com-
plexation are positive. The complexation is entropy-driven,
characteristic of the interaction between the “A-character”
cations and anions [13]. As the temperature is increased,
the entropy term (T∆So

m) increases more significantly than
the enthalpy, resulting in even larger contributions from the
entropy to the Gibbs free energy (∆Go

m) and more stable
complexes at higher temperatures. The increase of entropy
with the temperature could be the consequence of a more
disordered bulk water structure at higher temperatures due
to the perturbation by thermal movements. In the process of
complexation, the solvating water molecules are released to
an already expanded and more disordered bulk solvent [12].
As a result, the net gain in the complexation entropy is larger
at higher temperatures.

The molar enthalpy of complexation as a function of tem-
perature can be fitted with linear equations, the slopes of
which correspond to the heat capacity of the complexation,
∆Co

p,m(ML j )
. In the temperature range from 25◦C to 70◦C,

values of∆Co
p,m for the 1: 1, 1: 2 and 1: 3 uranyl malonate

complexes are all positive and independent of temperature
(96±12, 195±15 and 267±22 J K−1 mol−1, respectively).
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Coordination modes and thermodynamic trends

Coordination modes

The coordination of a carboxylate group to metal ions could
take different modes, including unidentate [9, 36], biden-
tate [9, 37], bridging or “pseudobridging” [38]. The uniden-
tate and bidentate modes of acetate have been identified in
solution [9, 39] and shown to impact the thermodynamics of
the complexation [9].

For the complexation of uranium(VI) with malonate,
crystal structure data indicate that, while malonate “glob-
ally” forms bidentate complex with uranium(VI), each car-
boxylate group is unidentate with only one oxygen coordi-
nating to the metal center [27, 40]. In this mode, the dis-
tance between the uranium and the malonate oxygens ranges
from 2.32 to 2.36 Å. The best fit of the EXAFS spectra of
Solution II (1 : 2 uranyl malonate complex) indicates that
there are four oxygens at 2.34 Å and two oxygens at 2.40 Å
(Table 2), consistent with two “globally” bidentate mal-
onates and probably one or two water molecules in the equa-
torial plane. The EXAFS data on Solution III are not conclu-
sive in defining the structure of the 1: 1 complex, showing
five equatorial oxygens at 2.39 Å. Probably this oxygen shell
consists of one bidentate malonate and three water molecules
and they are not distinguished by the EXAFS data.

It is interesting to compare the EXAFS results for uranyl
malonate with those for uranyl acetate. Unlike malonate
in which each carboxylate group can only be unidentate
to the uranyl ion, acetate can coordinate to uranyl ion
in bidentate (RU−O ∼ 2.45–2.48 Å) or unidentate (RU−O ∼
2.35 Å) modes. EXAFS can differentiate the two modes by

Fig. 4. Comparison of the thermo-
dynamic parameters for the formation
of UO2(H2O)3(OOCCH2COO) ( ), and
UO2(H2O)2(CH3COO)2 ( ) [9].

the difference inRU−O and the identification of the carbon
atom in the bidentate mode (RU−C ∼ 2.85–2.88 Å) [9, 39].
As shown in Fig. 3, the Fourier Transforms for the solutions
of uranyl acetate (curves d, e, f) show systematic changes
in the region around 2 Å. These spectra have suggested one
unidentate and two bidentate acetates in the third complex
and helped to interpret the thermodynamic trends in the
complexation of uranyl ion with acetate [9].

Comparison between the overall formation
of UO2(OOCCH3)2 and UO2(OOCCH2COO)

Both UO2(OOCCH3)2 and UO2(OOCCH2COO) involve
two carboxylate groups but the latter is a chelate complex.
Based on the EXAFS results in the literature [9] and the best
fits for the EXAFS data in this work, the structures of the
two complexes are suggested as shown in Fig. 4. The overall
complexation reactions are postulated as

UO2(H2O)5
2+ +2CH3COO−�

UO2(H2O)2(CH3COO)2 +3H2O , (6)

UO2(H2O)5
2+ +CH2(COO)2

2−�
UO2(H2O)3(OOCCH2COO)+2H2O . (7)

The thermodynamic parameters for reactions 6 and 7 are
also compared in Fig. 4. The trends in the enthalpy and en-
tropy are: 1) Both∆Ho andT∆So for UO2(OOCCH2COO)

are smaller than those for UO2(OOCCH3)2 at all
temperatures; 2)∆Ho and T∆So for UO2(OOCCH2COO)

are less sensitive to the temperature change than those
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for UO2(OOCCH3)2. These trends could be rationalized in
terms of the perturbation by the complex formation in the
primary hydration sphere and the bulk water, and the degree
of desolvation of the metal and ligand associated with the
complexation.

For hard acid-hard base interactions, the enthalpy term
largely reflects the energy required for dehydration. Re-
actions (6) and (7) indicate that less energy for the dehy-
dration of the uranyl ion is required in the formation of
UO2(H2O)3(OOCCH2COO) than UO2(H2O)2(CH3COO)2.
Additionally, the dehydration of the ligands could differ be-
tween reactions (6) and (7). As shown in Fig. 4, each car-
boxylate group in the malonate ligand is unidentate, with one
oxygen pointing toward the secondary hydration sphere or
the bulk water, but all the oxygens in the acetate groups in
the uranyl acetate complex are bound to uranium. This means
that the malonate ligand is less dehydrated than the acetate
in the complex. The difference in the dehydration of both the
metal and the ligand results in the observed trend that the
∆Ho for reaction (6) is larger than the∆Ho for reaction (7).

Similarly, the trend in the entropy (theT∆So for reac-
tion (6) is larger than theT∆So for reaction (7)) can be
interpreted based on the structural information of the uranyl
acetate and malonate complexes. The cratic term (ν = 1, the
change of the number of species) [33] is the same for reac-
tions (6) and (7), suggesting that the gain in the translational
entropy is similar in both reactions. However, the change
in the degree of disorder in the bulk solvent could be quite
different. With the non-coordinating oxygens pointing out-
ward, the uranyl malonate complex is more “hydrophilic”
than the 1: 2 uranyl acetate complex (Fig. 4), so that the
former has a stronger structuring effect on the bulk solvent
through hydrogen bonding. Consequently, the overall en-
tropy change in reaction (7) is less than that in reaction (6).
The stronger structuring effect of the malonate complex on
the bulk solvent could also be responsible for the smaller
temperature effect of both∆Ho andT∆So for reaction (7),
because a more ordered solvent structure is expected to be
less susceptible to the thermal movements caused by higher
temperature.
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