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Complexation of neodymium (III) with acetate in 2.2 mol-kg“z NaClOy solution was
studied at elevated temperatures (45 and 70°C) by potentiometry, calorimetry, and
optical spectroscopy. The formation constants of the . consecutive complexes,
Nd(OOCCH 3),2+ Nd(OOCCH 3)3’, and Nd(OOCCH3)3, and the molar enthalpies of
complexation at these temperatures were determined. The stability of the three com-
plexes increases with increased temperatures, because of increased positive entropy
change at higher temperatures, which exceeds the increased values of the positive
(endothermic) enthalpy. The molar heat capacity changes of complexation ACp, muLj)
@ X! -mol‘l) for Nd(OOCCH3 )F ~I inthe temperature range from 25 to 70°C were
calculated to be: 102+13 (j= 16; 122 +19 (j=2); and 239 +27 (j =3). The effect
of temperature on the complexation is discussed in-terms of the electrostatic model.

KEY WORDS: Neodymium; acetate; complexation; formation constant; ent-
halpy; entropy; heat capacity.

1. INTRODUCTION

Although a considerable number of stability constants of lanthanide and ac-
tinide complexes with inorganic and organic ligands have been published, the
coordination chemistry of lanthanides and actinides remains an active and chal-
lenging subject of study at both the fundamental and applied levels. At the fun-
damental level, many aspects concerning the nature of lanthanide and actinide
complexes, including the coordination number, the hydration number, and the
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nature of bonding (e.g., covalent vs. ionic, and inner sphere vs. outer sphere), are
not fully understood.”® At the applied level, recent activities in the environmental
management of nuclear wastes have stimulated significant interest in the studies of
the coordination chemistry of lanthanides and actinides in complicated matrices
and under conditions relevant to nuclear wastes.

Currently, large quantities of nuclear wastes from decades of plutonium pro-
duction are stored in underground tanks. There is an urgent need to develop tech-
nologies to process and dispose of these high-level wastes in a repository in a safe
and economic manner. Lanthanides (from fission) and actinides (from neutron
capture and radioactive decay) are important components in the nuclear wastes,
which exist in an extremely complex matrix of organic materials (e.g., carboxy-
lates and aminocarboxylates) and highly concentrated electrolytes (e.g., nitrates
and nitrites). In addition, the temperature of the tank wastes and the waste forms in
the repository can be significantly higher than the ambient temperature due to the
decay energy of the radioactivity. For example, the temperature in the waste tanks
ranges from ambient to over 90°C®* while that in the waste repository could vary
from 100 to 300°C, depending on waste loading and geothermal conditions.®
Successful development of waste processing and disposal technologies thus relies
on accurate data on the chemical behavior of lanthanides and actinides under these
conditions. However, the majority of the thermodynamic data on the formation of
lanthanide and actinide complexes are for 25°C with very limited information on
complexation at other temperatures. As a result, it is difficult to predict the spe-
ciation of lanthanides and actinides in the storage tanks and in waste processing
where the temperature is significantly above 25°C.

One method to calculate the formation constants at variable temperatures is
based on the integration of the van’t Hoff isochore:©

n

InBr, —In By, = f AHy/(RT*dT (1)

T

where Bt is the formation constant of the complex at the Kelvin temperature T
and A H,, is the molar enthalpy of the complexation. If the expression of A Hy, as
a function of temperature is not available, an accurate calculation of B, by Eq. (1)
is not possible. In this case, one approach of approximation is to assume that A H,
remains constant in the temperature range from 77 to 75. Thus,

Infr, =Inpr, — AHy1,(1/T, —1/T1)/R )

Since the formation constants and molar enthalpy of many complexation
reactions at 25°C are available in the literature,’ Eq. (2) is used to estimate the
formation constants at other temperatures. This approach may provide reasonable
estimates if the dependence of A Hy, on temperature over the range between T;
and T is insignificant. However, it cannot be used if A H,, changes significantly
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as a function of temperature. In particular, the estimated values can be greatly
in error if the temperature range of interest is wide. To provide more reliable
prediction of the speciation of lanthanides and actinides in the waste tanks and in
the waste repository where the temperature is significantly higher than 25°C, there
is aneed either to directly measure the complex formation constants at the specific
temperature or to determine the variation of A Hy, as a function of temperature in
the temperature range of interest.

The dependency of the enthalpy of complexation on the temperature can be
expressed as

d(AHp)/dT = ACpm €)]

where AC), r, is the difference of the heat capacities of the products and reactants
at temperature T (which can also be a function of temperature). If ACp n of
the complexation is known, the molar enthalpy of complexation as a function of
temperature can be expressed as (Kirchhoff’s Law)©®

T
AHmt = AHp 08 + f ACymdT @
298

Numerical tables of empirical and theoretical expressions of Cy, , for anumber
of substances are available in the literature, allowing the exact integration in Eq. (4)
for the systems involving these substances. However, such information on Cp
does not exist for the complexation of lanthanides and actinides and, consequently,
the complexation of lanthanides and actinides at higher temperatures cannot be
predicted with reliance. :

In recent years, significant progress has been made in the development of
theoretical models to predict the thermodynamic properties of aqueous species
at variable temperatures and pressures.”’ 1% Among these, the conceptual model
developed and modified by Helgeson and co-workers [the Helgeson—Kirkham—
Flowers equation of state'!~1¥] has been applied to geothermal conditions.(!1~19
By this model, the standard partial molal property of an aqueous species is viewed
as the sum of its intrinsic counterpart and contributions by electrostriction collapse
of the local solvent structure and by solvation of the species in solution. The contri-
bution from ion solvation is of electrostatic nature and derived theoretically by the
Born equation,®” while the contributions from the intrinsic and solvent-collapse
terms are determined semi-empirically by regression procedures with available
experimental data at variable temperatures. Using the modified HKF equations of
state, Tanger et al.'> and Shock et al.\'®~1% calculated the thermodynamic prop-
erties of a number of common aqueous species at high temperatures and pressures
and predicted the constants of the equilibria involving these species. The modified
HKF equations of state have considerably improved the accuracy in predictions
of thermodynamic properties of aqueous species in geochemical processes at high
temperatures and pressures. However, these have not been applied to the complex
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system of high-level tank wastes. The parameters for actinide species that need to
be determined by regression procedures with experimental data do not exist. As a
result, reliable experimental data on the complexation of actinides in solutions of
high ionic strength at variable temperatures are still needed.

To extend the thermodynamic database for the complexation of lanthanides
and actinides to higher temperatures, we have initiated investigations on the com-
plexation of lanthanides and actinides with a series of organic ligands by potentiom-
etry and calorimetry at variable temperatures. The ligands include monocarboxylic
acids (e.g., acetic acid) and polycarboxylic acids (e.g., malonic, iminodiacetic, and
oxodiacetic acids). Some of these ligands are present in the tank wastes; others
may not exist in the tank wastes but are of relevance in waste processing and/or
metal transport in the repository. This paper summarizes the results of the com-
plexation of neodymium with acetate at variable temperatures. Complexation of
lanthanides with acetate has been extensively studied at 25°C by various tech-
niques including potentiometry, spectrophotometry, calorimetry, ion exchange,
and solvent extraction, but only a limited number of studies have been conducted
at variable temperatures.'~>¥ Choppin and Schneider determined the formation
constants of the monoacetate complexes of trivalent Ce, Eu, and a few actinides by
solvent extraction in a temperature range between 0° and 55°C.?" Ding et al.??
obtained stability constants of neodymium acetate complexes in 0.1 mol-kg~!
NaCl at temperatures up to 70°C by potentiometry. Wruck et al.*® determined the
stability constants of Nd—acetate complexes in 2.2 mol-kg~! NaClO, from 20 to
70°C by laser-induced photoacoustic spectroscopy. More recently, Wood et al.?¥
determined the stability constants of Nd-acetate complexes in 0.1 mol-kg~! NaCl
from 25 to 225°C by potentiometry and derived the enthalpy of complexation
from the potentiometric titration data. In most of these studies, only the formation
constants are directly determined experimentally. In the present study, the forma-
tion constants of three Nd-acetate complexes, Nd(OOCCHg)}3 =% where j=1,
2, and 3, and the corresponding enthalpy values were experimentally determined
at 45 and 70°C by potentiometry and calorimetry. These data, in conjunction with
the data at 25°C from the literature,:2> allow the calculation of the ACym of
complexation.

2. EXPERIMENTAL SECTION
2.1. Chemicals

All chemicals were reagent grade or higher. Sodium acetate from
Aldrich was recrystallized twice from ethanol+H,O in the form of
NaOOCCH3(H;0)3. Sodium perchlorate was recrystallized twice from water.

Distilled and deionized water was used in preparations of all the solutions.
Prior to use, the water was boiled and stored in the absence of air after cooling.
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Preparation of alkaline solutions was performed under a nitrogen atmosphere to
avoid contamination with carbon dioxide. Sodium hydroxide solutions free of
carbonate were prepared from a saturated solution (about 50% by weight). The
sodium hydroxide solutions were standardized with potassium hydrogen phtha-
late (Aldrich, ACS Acidimetric grade). Acetate buffer solutions were prepared by
adding appropriate amounts of NaOH to acetic acid solutions immediately prior
to use. The perchloric acid solutions were standardized potentiometrically with
tris(hydoxymethyl) aminomethane (Aldrich, ultrapure grade). A stock solution of
neodymium perchlorate was. prepared by dissolving neodymium oxide (Aldrich,
99.99%) in perchloric acid. The amount of perchloric acid was in excess with
respect to the stoichiometric ratio of 3:1 ([perchlorate]:[Nd]) to avoid hydroly-
sis of neodymium. The concentrations of neodymium and perchloric acid in the
stock solution were determined by complexometry with EDTA®® and by Gran’s
potentiometric method,?” respectively.

2.2. Potentiometry

The potentiometric and calorimetric measurements were carried out at 45 +
0.1°C and 70 £ 0.1°C. The ionic strength was adjusted to 2.0 mol-dm~> at 25°C
by adding appropriate amounts of the stock solution of sodium perchlorate.

The potentiometric apparatus consists of a 100 cm® glass cell with a lid.
Both the cell and the lid are water-jacketted so that the cell temperature can be
maintained at the desired temperatures by water circulating from a constant tem-
perature bath. The measurements of electromotive force (emf) were conducted
with a Metrohm pH meter (Model 654) equipped with an Ingold 405-60-S7 com-
bination glass electrode (for measuring pH in a temperature range up to 125°C).
The original electrode filling solution (3.0 mol-dm~* KC1) was replaced with a
2.0 mol-dm~3 NaClOy solution to avoid clogging of the electrode frit glass septum
by precipitation of KClO4. The electrode was standardized before each titration
by titrating standard perchloric acid solution with standard NaOH solution. The
calculated hydrogen ion concentrations were used to convert the emf readings to
hydrogen ion concentrations. All the emf data were corrected for a small contri-
bution from the contact junction potential E; y+ of the hydrogen ion. Corrections
for the contact junction potential of hydroxide ion were not necessary in these
experiments, '

The emf data were collected on a computer-controlled potentiometric appa-
ratus at intervals determined by the data collection criterion, i.e., the drift of emf
(AE) is less than 0.1 mV for 2 min.®® Usually, this criterion was satisfied within
5 min after each addition of the titrant. At least three titrations with different metal
or ligand concentrations were conducted for each system. A few titrations were
repeated to check the reproducibility.



6 Zanonato, Di Bernardo, Bismondo, Rao, and Choppin

In the studies of acetate protonation, the potentiometric titrations were con-
ducted in two ways: (1) solutions of HClO4 (0.4—1 mol-dm~3) were placed in
the cup and titrated with sodium acetate; (2) solutions of sodium acetate (0.02
mol-dm™2) and HC1O;4 (0.03-0.04 mol-dm~>) were placed in the cup and titrated
with NaOH. In the studies of neodymium acetate complexation, the potentiomet-
ric titrations were conducted with Nd(C104); (0.01-0.03 mol-dm~3) in the cup
titrated with solutions of either sodium acetate or sodium acetate + perchloric
acid. Multiple runs were conducted at each temperature with different neodymium
or acetate concentrations. The computer program Superquad® was used to cal-
culate the protonation constants Ky of acetate and the stability constants §; v of
neodymium acetate complexes on the molarity scale.

To compare stability data at different temperatures, the constants calculated
on the molarity scale were converted to the values on the molality scale as suggested
by Grenthe et al.?® Since the protonation and complex stability constants at 45
and 70°C are obtained from the potentiometric data referring to the additions,
volumes, and concentrations at 25°C, such conversion can be accomplished by
Eq. (5):

Ku,m = Kumdaos (5a)
Bim = Bim(daog) (5b)

where dyog (=1.149 g-cm™3) is the density of 2.0 mol-dm~3 NaClO, in water
at 25°C.? This solution, equivalent to a solution of 2.2 mol-kg~! NaClOy, is
chosen as the reference solution for the calculation of the stability constants on the
molality scale.

2.3. Calorimetry

The calorimetric titrations were conducted with a variable-temperature titra-
tion calorimeter operated by a computer. The calorimetric apparatus, described
in detail in a previous publication,®) was immersed in a Tronac water bath con-
trolled by a Tronac Model PTC-36 precision temperature controller. The Tronac
bath has a volume of 95 dm® and maintains the temperature to £0.0005 K. The
performance of the calorimeter was previously tested by measuring the enthalpy
of protonation of tris(hydroxymethyl)aminomethane (TRIS) at 45 and 70°C.GD
The values obtained compare very well with those in the literature.

The calorimetric measurements were conducted by incremental additions of
the titrant (0.1-0.5 cm? per addition) to the solution in the reaction vessel. The
titrant solution was allowed to reach the temperature of the experiment by res-
idence in a coiled polypropylene tube (3 m long, 1-mm i.d.) immersed in the
thermostatic bath prior to delivery to the reaction vessel. A Radiometer ABUSO
autoburette was used for delivery. The mass of the titrant solution delivered was
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calculated from the volume of the addition -and the density of the reference so-
lution (2.2 mol-kg~! NaClOy) at the experimental temperature (the densities of
2.2 mol-kg~! NaClO, are 1.138 g-cm™> at 45°C and 1.125 kg-dm~3 at 70°C,
respectively). To determine the enthalpy change of acetate protonation at 45 and
70°C, acetate buffer (0.04 mol-dm™> acetic acid + 0.02 mol-dm~3 sodium ac-
etate) was placed in the cup and titrated with 0.1 mol-dm~2 perchloric acid. Each
titration was repeated three times at each temperature. To determine the enthalpy
change of complexation, titrations were conducted with different neodymium or
acetate concentrations at 45°C (eight runs) and 70°C (seven runs). For each titra-
tion run, n experimental values of the total heat produced in the reaction ves-
sel (Qexj, j =1 to n) were calculated as a function of the mass of the added
titrant. These values were corrected for the heat of dilution of the titrant (Qgjj),
which was determined in separate runs. The net reaction heat at the jth point
(Qr,;) was obtained from the difference: Qj= Qexj — Quilj- The quantity Ahy,
the total heat per mole of proton (in protonation titrations) or metal (in complex-
ation titrations), was calculated by dividing the net reaction heat by the num-
ber of moles of proton or metal in the calorimeter vessel. The enthalpy changes
of the acetate protonation and neodymium acetate complexation were calculated
with the computer program LETAGROP KALLE with Ah, as the error-carrying
variable.323%

2.4. Optical Spectroscopy

Absorption spectra of Nd-acetate solutions were obtained on a Varian
Cary-5G spectrophotometer equipped with a 1 x 1 Peltier automatic temperature
controller. Quartz cells with 1.0-cm optical length were used.

3. RESULTS AND DISCUSSION
3.1. Protonation of Acetate

The acetate protonation constants at 45 and 70°C, determined by potentio-
metric titrations, were used to calculate the enthalpies of protonation from the
calorimetric titrations at the same temperatures . The calculated protonation con-
stants, Gibbs free energy, enthalpy, and entropy are summarized in Table I, together
with the corresponding values at 25°C from the literature.(:2%

The data in Table I indicate that the protonation constant of acetate remains
almost constant in the temperature range from 25 to 70°C, which is the result of
the compensation of changes in the enthalpy (A Hy,) and entropy (T ASp) terms.
As is typical of many carboxylic acids, the enthalpy of protonation of acetate
is small (from zero to a few kJ-mol~!) and changes from slightly exothermic
at lower temperatures (between 25 and 45°C) to slightly endothermic at higher
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Table I. - Acetate Protonation Constants and:Corresponding Thermodynam1c Parameters® I =2.2m
Na(CIO4) :

—AGum  AHym “ASim TASum
TCC) logKum log Kunm (kJ-mol~'y . - (kJ-mol™!) (J-K~!-mol~!) - (kJ-mol~!) - Reference

25 4804001 4864001 27.74+006 —3.01£0.16 829407 24732020 125
45 476+001 4824001 2936006 —274+005 837+04 26.6220.11 This work

4.75 +£0.06 : 23
70  4.82+001 4.8840.01 32.05+0.07 +0.92+0.06 96.1+04 . 32 97£0.13 This work
4.81£0.07 23

%The protonation constant Ky = [HL)/([HT1[L~]), where L stands for acetate. KuyMm and Ky, rep-
resent the protonation constants on the molanty and the molality scales, respectively. All error limits
represent lo.

bValue obtained by interpolation of the data from Ref. 23.

temperatures (70°C). By contrast, the entropy term increases from 24.73 kJ-mol~!
at 25° to 32.97 kJ-mol~! at 70°C. :

Using a modified HKF equation of state, Shock('” calculated the standard
partial molar thermodynamic properties of a series of aqueous carboxylic acids
and predicted their protonation constants as functions of temperature and pressure.
The predicted thermodynamic constants of acetate protonation (log K) by Shock
are 4.76 (25°C), 4.79 (50°C), and 4.85 (75°C), which is in good agreement with
the experimental values from the present study.

3.2. Complexation of Neodymium with Acetate
3.2.1. Formation Constants and Gibbs Free Energy

A representative set of potentiometric titration data at 70°C is shown in Fig. 1
as a plot of /i vs. log[ L] for the neodymium acetate system, where 7 is the average
number of acetate ions bound to each neodymium as calculated by the relation

i={CL—[L](1+ Kuym[H"1)}/Cm (6)

In Eq. (6), CL. and Cy are the concentrations of total acetate and total neodymium
in solution and [L] is the concentration of free acetate. Similar plots are obtained
at 45°C.

The analysis of the potentiometric data by the Superquad program®® indicates
that, at 45 and 70°C, neodymium forms at least three successive mononuclear
complexes according to equilibrium (7).

N@** + j CH;COO™ < Nd(OOCCH;)* ~* i=123 (O

The calculated formation constants and Gibbs free energy of complexation are
summarized in Table II and a potentiometric titration curve calculated with these
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constants shown in Fig. 1. The consistency between the calculated curve and the
experimental points indicates that the potentiometric titration data are accurately
represented by the formation of the three consecutive mononuclear complexes.

Table II shows that the formation constants (81, 82, and 83) increase with tem-
perature, which is consistent with the trend for 8; and B, observed by others.?!=2%
Among the data from the literature, those from Ref. 23 are for Nd(III) and at the
same ionic strength as in this study, allowing direct comparison. As shown in Ta-
ble II, the formation constants of the first two complexes, Nd(OOCCH3)** and
Nd(OOCCHg);, from Ref. 23 are in good agreement with the present data at 45
and 70°C. The data from the present study are consistent with the presence of the
third complex, but this complex was not reported in Ref. 23 in spite of the wide
concentration range of acetate used in both studies. This may reflect that the pho-
toacoustic spectra of Nd(OOCCH;)+ and Nd(OOCCH3); were sufficiently similar
that they could not be resolved in Ref. 23.

Since the Nd—-O bonds in the Nd-acetate complexes are expected to be ionic,
the Gibbs free energy of complexation can be expressed by a modified Born
equation®4-36)

AGn = Ne*Z,Z™ /(0.1ed1;) — RTvIn55.51 + RTS In £(I) ®8)

where AGp, is in J-mol~! and the symbols are explained in Ref. 36. Combining

3.0

25

20

1215

10

05

0.0 *
5.0 4.0 3.0 20 1.0 0.0

-Ig L]

Fig. 1. Complex-formation function for neodymium acetate at 70°C. De-
tailed information on the titrations is shown in Table Al in the Appendix. -
The curve was calculated using the formation constants in Table II.
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Table II. Formation Constants and Corresponding Thermodynamic Parameters® for
Neodymium-Acetate Complexation I =2.2 m Na(C104)

: —~AGHnm AHym ASHm TASum
i logBim logBim (kJ-mol~!) (kJ-mol~1) (J-K~!-mol~!) (kJ~!-mol~1) Reference
T =25°C
1 1924004 1984004 1130 +023 7.1+0.03 66.0+04 18.4+0.1 1,25
2.10+0.04 24b
2 3.024005 3.1440.05 17.98+0.28 14.6+0.16 10742 32.6+0.6 1,25
3.76 £0.05 24
3 3.58+0.08 3.76+0.08 21.46+£0.46 18.4+0.46 130+4 399+1.2 1,25
T =45°C
1 2.05+0.03 2.11+£003 129+0.2 9.1+03 69+2 22.0+£0.4 This work
~2.0+£0.03¢ 23
2.18¢ 24
2 340+0.05 3.52+0.05 214+03 17.5+£04 12243 38.9+£0.7 This work
~3.4¢ 23
3.76° 24
3 436+009 454£009 27.74+07 23.6+0.5 163 +4 51+1 This work
T =70°C
1 2244001 230+0.01 1511£0.07 11.7+0.2 78 %1 26.8+£0.3 This work
2.0-2.4 23
2.33 24
2 3.65+003 377003 248+02 201+£04 131+2 449+0.6 This work
36-3.9 23
3.90 24
3 471+0.10 489+£0.10 32.1%£0.7 292+£0.5 1783 61x1 This work

‘Bim= [ML;}/(IM] [LF), where M and L stand for neodymium and acetate, respectively. All error
limits represent 1o.

bData from Ref, 24 are for I =0.1 m NaCl.

“Values obtained by interpolation of the data from Refs. 23 and 24.

Eq. (8) and the empirical expression for & by Gurney®” and Wyman et al.®® -
(e =¢go exp(—T/?), where g9 = 305.7; % =219 K for water), it is possible to esti-
mate the dependence of the complexation constant on temperature:

d(log B)/dT = Ne*Z,.Z_/(0.2303Rd 1)1/ T — 1/8)/(eT) ©)

For a complex formation between a cation and an anion in water, Z, Z_ < 0. Thus,
a(log B)/3dT > 0,if T > #. Since ¥ =219 K and is far below the freezing point of
water, the formation constants of such complexes will always increase as the tem-
perature is elevated in the whole accessible temperature range of aqueous solution.
This is consistent with the trend of the formation constants from this study (Table II)
and others that cover a temperature range up to 500 K.?*3% For the formation
of the first Nd-acetate complex [Z, =3, Z_=—1 and dj; ~ 2.5 x 108 cm®],
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Alog B is estimated by Eq. (9) to be 0.1 (from 25 to 45°C) and 0.25 (from 25
to 70°C). These values are in good agreement with the experimental results in
Table II. '

Although the f—f transitions of lanthanides are usually insensitive to the
nature of the coordinated ligands because of the shielding effect on the f elec-
trons by the outer electrons of the ion, a few absorption bands do exhibit sig-
nificant sensitivity.“0=#" It was proposed that “such hypersensitivity” could be
due to coulombic correlation of dipoles induced in the ligands by the transition
quadrupole moment of the metal ion.*#!=%34® For example, the changes in the
absorption spectrum of Nd(III), the hypersensitive *Iy /2= 4Gs /25 2G, /2 transition,
in particular, have been used to provide insight into the coordination environ-
ment of the Nd3* ion in aqueous solutions.“*>4%3) Choppin et al.*” found that
the “Iy/, — 4Gs,2, Gy, transition of Nd(III) was greatly intensified as the to-
tal acetate concentration was increased. From the experimental data, the oscillator
strengths for this transition were calculated to be 7.9 x 1075 (for Nd**),9.5 x 106
[for Nd(OOCCH3)?*], and 46 x 10~ [for Nd(OOCCHj3)$ ] at an ionic strength of
2.0 M. No information on the third complex, Nd(OOCCH3)3, was obtained be-
cause the total acetate concentration was lower than 0.12 M.“% To extend the study
to higher acetate concentrations, where the third complex becomes significant, and
to variable temperatures, we have collected the absorption spectra of Nd—acetate
solutions (Ciycetate/ Cnd =0, 4, 8, 16, 28, and 40) at 25 and 70°C (Fig. 2). Using
the stability constants in Table II, speciation diagrams corresponding to these so-
lutions were calculated as shown in Fig. 3. As shown in Fig. 2, the *Io /2 —> 4Gs /25
G, /2 transition was significantly intensified as Cacetare/ Cna Was increased from
0to 40, in a similar fashion at 25 and at 70°C. Attempts to deconvolute the spectra
and calculate the oscillator strengths for individual species were not successful.
However, when the peak area (normalized against the peak area in the absence
of acetate) was plotted against Cycetare/ Cnd, OUr data indicated that the intensity
of the *Ig, — *Gs)2, Gy, transition was enhanced by the complexation more
significantly at 70 than at 25°C (Fig. 4a). Based on the generalization by Henrie
et al., 9 this difference implies that there are a greater number of coordinated
acetate ligands around Nd**+ at 70 than at 25°C when the ratio of Cyeerare/ Cna 18
constant. In other words, the difference in the enhancement of intensity between 25
and 70°C suggests that the Nd-acetate complexation is stronger at higher temper-
atures. This is consistent with the trend in the thermodynamic constants obtained
by potentiometry (Table II). Figure 4b indicates that the peak area is proportional
to the average number of acetate ligands around Nd>* at both temperatures.

3.2.2. Enthalpy and Entropy of Complexation

The experimental data of the calorimetric titrations at 45 and 70°C are shown
in Fig. 5. The values of 7i were calculated using the formation constants in
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) 123456 25°C
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0.20
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0.10

0.05 -

0.00 *
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Wavelength, nm
Fig. 2. Absorption spectra of Nd—acetate solutions (the hypersensi-
tive *Io2 — #Gs/2, 2Gy,2 transition) at 25 and 70°C. Optical length:
1.0cm, I = 2.0 mol-dm=3 NaClOy; pH = 4.7, [Nd(IID) Jota1 = 0.025
mol-dm~3, ratios of Cacetate /Cnq for spectra 1-6 are 0, 4, 8, 16, 28,
and 40, respectively.

Table II and the analytical concentrations of Nd(III), H*, and acetate in solu-
tion at each step of the titration. In the calculation of A#h,, the heat due to the
protonation or deprotonation of acetate has been subtracted from the total reac-
tion heat. From these data, the enthalpies of complexation for the three consecu-
tive neodymium acetate complexes were calculated by the LETAGROP KALLE
program®? and are listed in Table IL. To test the reliability of the obtained en-
thalpy and the formation constants, simulated calorimetric titration curves at 45
and 70°C were, in turn, calculated and are shown in Fig. 5. The curves are in
good agreement with the experimental points, reflecting the mutual consistency
of the calorimetric and potentiometric data on the complexation of neodymium
with acetate (Table II), as well as the reliability of the data on acetate protonation
(Table I).
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Fig. 3. Speciation diagram of the Nd-acetate solutions at 25 and
70°C. I = 2.0 mol-dm™> NaClOy4; pH = 4.7, [Nd(ID)]Jiotat = 0.025
mol-dm=3. Solid symbols represent the speciation at Cpcetate/CNd =
4, 8, 16, 28, and 40.

Some regularities concerning the complexation enthalpy and entropy can be
drawn from the data in Table 11 (1) In the temperature range from 25 to 70°C, both
the enthalpy and entropy of complexation are positive, indicating that the complex-
ation is entropy driven. This is consistent with the previous observation at 25°C by
Choppin and Friedman®" that the lanthanide—acetate complexation is stabilized
by the favorable entropy factor predominating over the unfavorable enthalpy effect.
(2) The entropy term T A Sy, increases more significantly than the enthalpy as the
temperature is increased, resulting in larger contributions from the entropy to the
Gibbs free energy AGy, and more stable complexes at higher temperatures. These
regularities are expected for hard acid-hard base interactions®? (T A Sy, is positive
and dominant, while A H,, contributes little or unfavorably to the stability).

As shown in Table II and Fig. 6, the formation of all three neodymium~
acetate complexes is endothermic and becomes increasingly endothermic as the
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Fig. 4. Normalized peak area for the *Io/2 — 4Gs2, 2Gy2 transition of NA(III) vs. Cacetate/ CNa

(Fig. 4a) and 7 (Fig. 4b) at 25 and 70°C.

30.0

25.0

20.0

15.0

Ah, [kJmol*

10.0

5.0

0.0 0.5 1.0 1.5 20 25 3.0

n
_Fig. 5. Total enthalpy changes per mole of neodymium as a function of 7. De-
tailed information on the titrations is shown in Table AIl in the Appendix. The
curves were calculated using the formation constants and the molar enthalpies

in Table I
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Fig. 6. Thermodynamic functions (open symbol: A Hp,, left y axis;
solid symbol: T ASy, right y axis) for neodymium acetate com-
plexation at variable temperatures (A A: ML; O®: ML,; COl:
MLs3). The slopes of A Hy, vs. T are: (102, 122, 239) J-mol~1-K~!
for j = 1, 2, and 3, respectively. Error bars (==10) smaller than
#1 kJ-mol~! are not shown in the figure.

temperature is elevated. The molar enthalpy for the formation of all the three
complexes can be fit with linear equations, the slopes of which correspond to the
changes in the heat capacity of the complexation ACp movrj). In the temperature
range from 25 to 70°C, values of ACp, (J-K~!-mol™!) for the three complexes
are all positive and independent of temperature (102 £ 13, 122 + 19, and 239 + 27
for ML, ML, and ML, respectively). It is noteworthy to point out that ACp mau,)
is significantly larger than ACp maur,) and ACp mmL,), implying that the reactions
where a complete charge neutralization occurs are most affected by a temper-
ature change.

Data in Table II indicate that the entropy of complexation also becomes
increasingly positive as the temperature is increased. As shown in Fig. 6, the
increase in the entropy term T A Sy, is more than enough to compensate the increase
in the enthalpy, resulting in a more negative free energy of complexation and
more stable complexes. The increase of entropy with temperature could be the
consequence of a more disordered bulk water structure at higher temperatures due
to perturbation by thermal motion. In the process of complexation, the solvating
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water molecules are released to an already expanded and more disordered bulk
solvent.>3 As a result, the net gain in the complexation entropy is larger at higher
_ temperatures.

APPENDIX
The Appendix contains detailed information on the experimental conditions

of the titrations shown in Figs. 1 and 5.

Table Al. Representative Potentiometric Titrations (Fig. 1) of Acetate
Complexation with Nd(IIT) at 70°C (lonic strength =2.0 M)

Initial cup solution

Symbol V(ml) [Nd(ClO4)3], mM [HCIO4], mM Titrant
O 30 10.67 20.05 1.054 M NaAc
v 30 17.78 20.05 1.054 M NaAc
< 30 18.20 17.23 1.489 M NaAc/
0.511 M HAc

Table AIL. Representative Calorimetric Titrations (Fig. 5) of Acetate
Complexation with Nd(III) at 45 and 70°C (Ionic strength = 2.0 M)

Initial cup solution Titrant

Symbol V(ml) [Nd(ClO4)3], mM [HCIO4], mM [NaAc], M [HAc]l, M

T =45°C
A 50 30.47 11.24 1.489 0.511
O 50 9.75 3.46 1.489 0.511
v 50 30.47 11.64 0.531 0.531
O 50 20.11 8.68 0.531 0.531
<& 50 9.75 6.77 0.531 0.531
A 50 30.30 1.76 0.0513 0.0513
| 50 20.06 1.65 0.0513 0.0513
o 50 12.12 1.31 0.0513 0.0513

T =70°C
O 50 10.66 11.77 1.489 0.511
A 50 21.33 13.81 1.489 0.511
<& 50 3047 20.81 1.489 0.511
m} 50 10.66 552 0.531 0.531
v 50 21.33 10.63 0.531 0.531
[ J 50 10.66 . 090 0.0513 - 0.0513
] 50 21.33 0.88 0.0513 0.0513
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