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Abstract

The applicability of spectrophotometry or H*-potentiometry to the studies of the complexation of thorium(IV) in aqueous solutions is limited because Th(IV) does not have characteristic optical absorption in UV/Vis/Near
IR region and H*-electrode is not sensitive in solutions of high acidity that needs to be maintained to prevent the hydrolysis of Th(IV). In the present work, the technique of calorimetric titration was used to determine the
heat of reaction for the complexation of Th(IV) with sulfate in the temperature range of 10-+te--70 °C. The equilibrium constants and enthalpy of complexation were determined simultaneously from the calorimetric data. It was
observed that the enthalpy of complexation is endothermic at 10 °C, and become more endothermic as the temperature is increased. Despite of this, the complexes, Th(S0,)?"* and Th(S0,),(aq), become more stable at higher
temperatures due to the increasingly more positive entropy of complexation that exceeds the increase of enthalpy. The trends in the stability of sulfate complexes with tetravalent actinides (Th**, U**, Np**, and Pu’*) are

discussed in terms of electrostatic interactions that correlate with the ionic radii of the metal cations.
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1 Introduction

Modelling the behavior of actinides under environmental conditions requires a thorough knowledge of the thermodynamic properties of the metal ions involved with a multitude of potential ligands which can influence the

migration of the metal ions into the environment.

Thorium, a member of the actinide family, has a relatively high natural abundance on Earth: about 6000 ppb, three times higher than that of uranium. Like uranium, thorium is also a source of nuclear energy that could be
generated in nuclear fuel cycles based on thorium [1]. In recent years, there has been renewed and additional interest in thorium fuel cycle because of several advantages such as the intrinsic proliferation resistance due to the
presence of 232U and its strong gamma emitting daughter products, and the generation of lesser long lived minor actinides than the traditional uranium fuel cycle.” Fundamental understanding of the behavior of thorium in the used fuel
reprocessing and in environmental transport is critically important to the development of safe and sustainable nuclear fuel cycle based on thorium. Therefore, thermodynamic data concerning the interactions of thorium with various

ligands are needed.



Thorium is found in nature only as tetravalent Th(IV), which can be mobilized through complexation with inorganic and organic ligands. Though inorganic ligands are usually weaker complexants with Th(IV) than organic
ligands, it was estimated that, in the absence of organic complexants and below pH 3, the Th(SO,),(aq) complex is the most important in solutions containing F~, Cl~, PO,*>~, and SO, in concentrations typical of ground waters
(estimated concentration of sulfate could be 250 mg/L or greater). Hence, knowledge of the thermodynamic data for the complexation of Th(IV) with sulfate is important for the modelling of the Th(IV) behaviour in acidic systems such
as mine water and raffinates, acidic sulfate soils, and sulfuric acid leachates from hydrothermal uranium ores. In addition, because the temperature in some of these systems could be significantly higher than the ambient, data

concerning the thermodynamic properties of Th(IV) sulfate complexes at high temperatures are also needed to predict the behaviour of thorium.

Studies of complexation of Th(IV) with sulfate have been recently reviewed [2]. Nearly all past studies used the distribution method, including ion exchange and solvent extraction. The data in the literature clearly show that, at
relatively high acidities and nearly constant ionic strength, Th(SO,)*** and Th(SO,),(aq) are the predominant species in solutions containing Th(IV) and sulfate up to 0.5 M. All the past studies, except the study by Patil et al. [3] at 10,
25 and 40 °C and some solubility studies twenty years ago [4], refer to room temperature. Based on the equilibrium constants at 10-40 °C, Patil el al. estimated the enthalpies and entropies of complexation [3]. In only one case the
enthalpy and entropy of complexation were determined by calorimetry at 25 °C and ionic strength 2 M [5]. No literature data are available at temperatures higher that 40 °C. Therefore, as it is well-known that thermodynamic
parameters could vary significantly with temperature, in this work a microcalorimetric method was used to determine simultaneously the equilibrium constants and corresponding enthalpy of complexation for Th(IV)/sulphate
complexes in 1 M (Na,H)ClO, at different temperatures (10, 25, 40, 55, 70 °C). In order to obtain reliable values for the complexation reactions, the study was extended to the simultaneous determination of the free energy and

enthalpy of protonation of sulphate at the same temperatures and ionic medium.

2 Experimental

All chemicals are of reagent grade. MilliQ water was used to prepare all solutions. The stock solution of sodium sulfate was prepared by dissolving weighed quantities of Na,SO, in water. The stock solution of Th(IV) was
prepared based on the procedure described elsewhere [6]. The concentrations of thorium and the excess perchloric acid in the stock solution were determined by EDTA titration complexometry and Gran’s potentiometric method [7,8],

respectively. The ionic strength of all working solutions was adjusted to 1.00 mol dm~2 at 25 °C, equivalent to 1.05 mol kg™' at different temperatures, by adding appropriate amounts of NaClO,.

Microcalorimetric titrations were performed at the selected temperatures with a Thermometric 2277 isothermal microcalorimeter. The performance of the calorimeter was validated by measuring the enthalpy of protonation of

tris(hydroxymethyl)-aminomethane (THAM) at 25 °C. The obtained value (—47.6 * 0.3 k] mol~?) is in excellent agreement with the literature data [9]. Detailed description of the calorimeter was described elsewhere [6].

The protonation of sulfate was studied by adding either a solution of sulfate (40-80 mM) to ~2.7 mL of a solution of perchloric acid (20-100 mM) or a solution 100 mM of perchloric acid to ~2.7 mL of a solution of sodium
sulfate (10-200 mM). The complexation of sulfate with Th(IV) was followed by adding a sodium sulfate solution (50 or 200 mM) to ~2.7 mL of a solution of Th(IV) containing an excess of perchloric acid to prevent metal ion hydrolysis.

The concentrations of Th(IV) and H* in the microcalorimeter cup ranged from 1 to 5 mM and from 6 to 25 mM, respectively.

Multiple titrations were conducted at each temperature. For each titration, n experimental values of the heat generated in the reaction cell (Q,y; where j =1 to n) were collected. In order to obtain the net complex formation
heat at the j-th point (Q,,;), the values of Q,,; were corrected for the heat of dilution of the titrant solution (Qy;;), determined in separate runs, and for the heat due to the protonation of sulfate (Q,;), calculated by the minimization
program with the protonation thermodynamic parameters obtained in a separate study. The equilibrium constants and enthalpy of complexation, 5 and AH, were simultaneously obtained by a computer program [10,11] that basically

uses the Letagrop approach [12] to minimize the sum of the error squares on the total complexation heat per mole of Th(IV): Ahy; = 3 Qupy i/ Iy, Where By, is the moles of Th(IV) in the titration cell.

3 Results and discussion
3.1 Protonation of sulfate at 10 to 70 °C

Only the first protonation reaction (described by Eq. (1)) was studied in this work.* Representative protonation titrations are shown in Fig. 1 as the total reaction heat as a function of the volume of titrant added. The protonation
parameters in Table 1 were obtained by fitting the titration data with the minimization program where the values of equilibrium constant and the corresponding protonation enthalpy were optimized simultaneously. The entropy of

protonation was accordingly calculated from the equilibrium constant and enthalpy of protonation, as summarized in Table 1.
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Fig. 1 Total reaction heat (Otot,j) for the protonation of sulfate as a function of the volume of titrant added. Cell solution: ~2.7 mL, ~50 mM Na;SO, in 1.05 m Na(ClO,~, SO42’); titrant: ~100 mM. HClO,. The negative sign stands for an endothermic reaction. Symbols: experimental

data; solid lines: fit.

Table 1 Thermodynamic parameters for the protonation of sulfate and the complexation of sulfate with Th(IV) at different temperatures in 1.05 mol-kg_1 Na(ClO4/SO42_). All errors represent = 30 logp on the

molarity scale and log/ at infinite dilution calculated on the basis of the Specific Ion Interaction Theory (SIT).

H* + SO,>~ S HSO,~

Reaction
I=1.05 mol'kg~! NaClO, I=0
Ref.
rec log k]-fnljl’l k]-Trﬁ(;Sl"l log B* k]-Anﬁorl kjﬁil
10 0.84 = 0.02 21.8 0.9 264 1.0 1.61 £ 0.07 p-W.
25 1.11 + 0.01 23209 295 * 0.9 1.90 £ 0.07 25.6 £ 0.9 36.4 = 0.9 p-W.
1.98 £ 0.05 [2]
40 1.26 * 0.02 26.0 £ 0.3 33.6 £ 0.4 2.07 £ 0.07 p-W.
55 1.45 + 0.01 28.3 £0.2 374 0.3 2.28 = 0.07 p-W.
70 1.61 = 0.02 30.9 £ 0.6 415 0.7 2.47 £ 0.07 p-wW.
Reaction Th** + SO,*~ S Th(S0,)**
10 3.14 £ 0.01 19.5 £ 0.3 36.5 0.4 6.07 = 0.09 p-w.
25 3.36 = 0.02 22.7*04 419 * 0.5 6.30 = 0.09 32304 68.4 + 0.5 p-W.
20.92 = 0.74 56.14 = 1.97 6.17 £ 0.32 [2]
40 3.54 = 0.02 26.3 £ 0.5 47.5 £ 0.6 6.64 = 0.09 p-W.
55 3.68 = 0.04 29.7 £ 0.3 52.8 £ 0.8 6.86 = 0.10 p-W.
70 3.80 = 0.03 33.0 £ 0.3 58.0 £ 0.7 7.10 £ 0.10 p-wW.
Reaction Th** + 2S0,2~ S Th(SO,),



10 5.13 £ 0.02 38.5 0.7 66.3 = 0.8 9.48 = 0.09 p.-W.
25 5.54 = 0.03 43.5 % 0.7 75.1 £ 0.8 9.99 = 0.10 57.9 £ 0.7 114.91664 = 0.8 p-W.
40.38 £ 1.08 95.69 £ 1.88 9.69 £ 0.27 [2]
40 5.85 = 0.03 51.6 £ 0.8 86.7 1.0 10.45 £ 0.10 p.-W.
55 5.83 £ 0.05 58.2*x 1.5 94.8 £ 1.7 10.56 £ 0.10 JSATA
70 6.20 = 0.04 64.5 + 2.4 105.2 £ 2.5 11.10 £ 0.10 p.-W.

As shown in Table 1, the enthalpy of protonation of sulfate is endothermic and becomes more endothermic at higher temperatures (from 21.8 kJ-mol~* at 10 °C to 30.9 kJ-mol~! at 70 °C). From the enthalpies of protonation in the
temperature range from 10 °C to 70 °C, the heat capacity of the sulfate protonation was calculated to be 169 J-K~!-mol ™.
Despite that the enthalpy of protonation becomes more unfavorable at higher temperatures, the protonation constant of sulfate at 70 °C is about six times higher than that at 10 °C because, as the temperature is increased, the

entropy term (7AS) increases more significantly than the enthalpy and, accordingly, the free energy of protonation becomes more favorable.

It is worth noting that the protonation constants obtained with the present calorimetric study are in excellent agreement with previous results of a very accurate potentiometric study, in which a nine terms empirical equation
was elaborated to obtain the protonation constants of sulfate in a wide range of temperatures (0-250 °C) and ionic media (0-5 mol-kg~! NaCl) [13]. The excellent agreement between the values obtained by two different techniques,

calorimetry in the present work and potentiometry in the literature [13], at the same ionic strength of 1 M (NaClO, in the present work and NaCl in the literature [13]) is shown in Fig. 2.
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Fig. 2 The protonation constants of sulfate in 1 M NaCl [13] (A) and 1 M NaClO,4 (a) (present work) at different temperatures.
In the previous potentiometric study, the enthalpies of protonation were also calculated from the numerical differentiation of the nine terms equation [13]. Considering the different experimental techniques and the difference of
ionic media, the values from Ref. [13] are in fair agreement with the enthalpies of protonation measured by calorimetry in the present work: the latter values are about 10-15% higher than the former. Interestingly, the heat capacity of

sulfate protonation, calculated from the linear correlation of enthalpy with temperature in the two studies, agrees within 4% (176 J-K~!-mol~! and 169 J-K~'-mol~! in Ref. [13] and present work, respectively).

3.2 Complexation of sulfate with Th(IV) at 10 to 70 °C

The experimental data of the calorimetric titrations are shown in Fig. 3, in the form of Ah,; vs. m,,, where m,, = ([Th(S0,)**] + 2[Th(SO,),(aq)])/[Th],,. In this case, the best fit of titration data was obtained by maintaining the
protonation constant and enthalpy as fixed parameters in the minimization program and changing simultaneously the equilibrium constants and the enthalpies of reaction for the Th(IV)/sulfate complexation. The values of n,, were
calculated using the formation constants and the analytical concentrations of thorium, proton and sulfate present in solution at each step of the titration. Several schemes of speciation, including the formation of Th(SO,);*~ and

Th(SO,),*~ complexes suggested by earlier studies in the literature [2], were tested by the minimization program. In all cases, the best fit was obtained by assuming the formation of only two complexes, Th(SO,)** and Th(SO,),(aq),

according to Egs. (2) and (3).
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Fig. 3 Calorimetric titrations of the thorium sulfate system: total enthalpy changes per mole of thorium as a function of m,,.. /= 1.05 mol kg_1 NaClO,4. Symbols with different color and shape represent multiple titrations with different conditions.

The best-fit parameters are summarized in Table 1. From these data, curves simulating the calorimetric titrations were calculated and shown in Fig. 3. The excellent agreement between the calculated curves and the
experimental points testimonies the quality of the fit and is a direct confirmation of the reliability of the data used to calculate the sulfate protonation heat.

Data in Table 1 indicate that, similar to the trend observed for the protonation of sulfate, though the enthalpy of complexation becomes more unfavorable to the complexation as the temperature is elevated, the complexes are
more stable at higher temperatures because of the increasingly more positive entropy of complexation. With the increase of temperature, the increase of the entropy term (7AS) exceeds the increase of enthalpy (AH), resulting in more
negative Gibbs free energy. The increase of entropy with temperature can be interpreted as a result of the increase of entropy of the water molecules released from the highly-ordered solvation shells of Th(IV) and sulfate ions to a bulk
solvent that, due to the increase of thermal movements, is more disordered at higher temperatures. From the best linear fit of the enthalpies of complexation as a function of temperature, the heat capacities of complexation were

calculated to be: 227 + 2 and 445 * 16 J-K~!-mol~?, for reactions (2) and (3), respectively.

The similarity in the trends of Gibbs free energy, enthalpy and entropy as a function of temperature between the protonation of sulfate and the complexation of sulfate with Th(IV) suggests that the interaction between sulfate
and Th(IV) is dominantly electrostatic in nature. Therefore, the stronger protonation and complexation of sulfate with Th(IV) at higher temperatures could be understood in terms of the change of dielectric constant of water that

decreases by 30% as the temperature is increased from 0 to 100 °C.

3.3 Calculation of equilibrium constants and enthalpy of protonation and complexation of sulfate with Th(IV) at infinite dilutior
The equilibrium constants of protonation and complexation of sulfate with Th(IV) at infinite dilution (logB°) were calculated with the Specific Ion Interaction Theory (SIT) [14-16], using Eq. (4),

log f° = log f,, — AZ>D + Ael,, (¢))

where B, is the equilibrium constant (in molality)® at the ionic strength of 7, AZ? is the difference between the sums of the squares of product and reactant ionic charges in reactions 1, 2, and 3, D is the Debye-Hiickel term used

in the SIT method (D = A I,,'*/(1+ Ba, I,,'/*). Parameters A and Ba, in D are temperature-pressure-dependent constants and are available in the literature [14-16] (A4 = 0.509 kg'? mol~* and Ba, = 1.5 kg'? mol~? at 25 °C and 1 bar). The

specific ion interaction terms, A¢ at 25 °C for reactions 1, 2, and 3 are calculated with Egs. (5)-(7), respectively, using the interaction parameters* from the literature [2].
Ae(l) = g(Na*,HSO;) - 5(H+,CIOZ) - g(Na*,SOi‘) = —(0.05+0.02) )
Ae(2) = &(ThSO2*,CIO;) — (Th**,CIO;) — e(Na™,S0%7) = —(0.22 +0.12) (6)

Ae(3) = —(Th*,CIO}) — 26(Na*,SO27) = —(0.33 £ 0.1) %)



For the calculation of logB° at temperatures other than 25 °C, the following approaches were adopted: (1) using logB (molarity) in Table 1 as logB (molality) without correction because the correction is smaller than the
magnitude of experimental uncertainties; (2) using the values of 4 at different temperatures from the literature [16], and a constant value of Ba; = 1.5 kg'’? mol~'2 for all temperatures as recommended by the NEA review [16]; (3) using
the values of As at 25 °C (Egs. (5)-(7)) for all temperatures, because the values at other temperatures were not known and the errors thus introduced are probably quite small.’ Besides, the values of (9e/a7), for the reactants and
products may balance out each other so that Ae for many reactions remains approximately constant up to 100 °C [17]. The calculated values of log3° are summarized in Table 1. The values for the protonation and complexation of sulfate

with Th(IV) at 25 °C agree with those recommended by the NEA review within the error limits.

The enthalpy of complexation can be corrected to infinite dilution by the method described in the literature [18]. For a system studied at tracer concentrations, the correction can be expressed by Eq. (8), where A H,, and A.H,°
are the enthalpies of reaction at ionic strengths of 7, and zero, respectively; L, is the relative partial molar enthalpy of water and ris the stoichiometric coefficient of water in the reaction involved; 4; is the Debye-Hiickel parameter for
the enthalpy (4; = 1.986 kJ-kg®3-mol~1® at 25 °C and 1 atm); AZ? is the difference between the sums of the squares of product and reactant ionic charges in the reactions; m is the concentration of the background electrolyte in molality
(for a 1-1 electrolyte such as NaClO,, I, = m); Ag, is an ion interaction term and equals to v (i), wherey, is the stoichiometric reaction coefficients (positive for the products and negative for the reactants) and & = (9¢/07),,.
3AAZ z)m
4 (1+1.54/1,)

The value of L; in a 1-1 ionic medium (e.g., NaClO, in the present work) can be expressed by Eq. (9):

My [ 34, 1
Ly~ — |- t—2Int — -
: 1000[ 2(1.53)( " f>] @

AH, —rL; = AH + — RT?mAg;, ®)

where ¢t = (1 + 1.51,%%). At I, = 1.05 mol-kg™}, the value of , is small. Also, because no water molecules are involved in reactions (1), (2), and (3), r= 0. As a result, the second term on the left side of Eq. (8) can be neglected.

In addition, the third term on the right side of Eq. (8) can be neglected because (9¢/d Dnpis small and the values of (se/o N, for the reactants and products may balance out each other [17]. As a result, the difference between A H,,

and A H,° is determined by the second term on the right side of Eq. (8), an ionic strength term depending on I, and AZ2.

It should be noted that the complexation of Th(IV)/sulfate studied in the present work is not a system with the reactants and products at trace concentrations. Therefore, the applicability of Egs. (8) and (9) to the present work
may be limited. However, on the assumption that the ionic strength term in Eq. (8) is still the dominant correction term, it is estimated that, at 25 °C, the values of A.H,, should be corrected by -(0.6 x AZ?) k]-mol~! to obtain A H,° for
the system in the present study (I = 1.05 mol-kg~?). The enthalpies of reaction at 25 °C for reactions (1), (2), and (3), with AZ> = -4, —16, and —24, respectively, were accordingly corrected to infinite dilution and listed in Table 1, together

with the corresponding values of 7AS°.

3.4 Trends in complexation of sulfate with Th(IV), U(IV), Np(IV), and Pu(1V)

The similarity in the trends of Gibbs free energy, enthalpy and entropy as a function of temperature between the protonation of sulfate and the complexation of sulfate with Th(IV) suggests that the interaction between sulfate
and Th(IV) is dominantly electrostatic in nature. Therefore, across the actinide series from Th**, U**, Np**, and Pu** as the ionic radii are decreased, the stability of the sulfate complexes is expected to increase and a linear correlation
could exist between the thermodynamic functions and the ionic radii. Fig. 4 shows the plots of Gibbs free energy, enthalpy, and entropy of the monosulfate complexes of the tetravalent actinide cations (at 25 °C and zero ionic strength)
as a function of the ionic radii. The data for Th** are from the present work. The values of logs® for U**, Np** and Pu**, and the value of AA° for U** and Np** are all from two critical comprehensive reviews on these elements [14,15].

The value of enthalpy for Pu** is taken from a recent publication [19]. The values of ionic radii are for the tetravalent actinide cations with coordination number of 8 and are taken from the literature [20].
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Fig. 4 Thermodynamic parameters for the formation of monosulfate complexes of tetravalent actinide ions at infinite dilution vs. ionic radii. The open circles represent the values of AH°® and TAS® for USO42+ complex suggested by the present study on the basis of the correlation.

Fig. 4 shows very good linear relationships between the thermodynamic functions of complexation and the ionic radii of tetravalent actinide ions, except U%*. Evidently, the Gibbs free energy for USO,* fits well with the
correlation but the value of enthalpy for USO,2* is significantly off from the correlation, which accordingly results in the entropy term (7AS°) that is also off from the correlation. This observation strongly suggests that the stability
constant (and so the Gibbs free energy) recommended for USO,%* by the review [14,15] is reliable, but the value of enthalpy (and so the entropy) recommended for USO,2* by the review (8.0 * 2.7 kJ-mol~! [14,15]) prob-ably needs re-
evaluation. It should be noted that this value was calculated by the review [14,15] using the temperature dependence (10, 25, and 40 °C) of the equilibrium constants (U** + HSO,” s USO42+ + H™*) measured by solvent extraction [21].

We recommend using calorimetric measurements similar to those for Th(IV)/sulfate in the present work to determine the reaction heat and re-evaluate the enthalpy of complexation for U(IV)/sulfate.

Data in Fig. 4 also shows that the enthalpy (AA°) and entropy (AS°) of complexation between sulfate and the tetravalent actinide cations increase as the ionic radii decrease along the An** series from Th** to Pu**. These trends
could be due to the stronger interactions between water molecules and smaller An** ions that make the hydration sphere around Pu** “tighter” and more organized than that around Th**. As a result, upon complexation with sulfate,
more energy is required to dehydrate Pu** than Th** (more positive enthalpy for the former), and higher degree of disorder is created in the system of Pu** than Th** (more positive entropy for the former) because the more ordered

water molecules from Pu** are released into the bulk water.

5 Conclusion

In the temperature range 10-70 °C, Th(IV) forms two mononuclear successive sulphate complexes in aqueous solution of 1 M NaClO,. The stability of the complexes increases as the temperature is increased. The complexation
reactions (Th** + ¢S0,>~ 5 Th(SO4)q(4’2‘7”, where ¢ = 1 and 2) are endothermic and become more endothermic at higher temperatures. Despite of this trend in the enthalpy, the formation of Th(IV)/sulfate complexes is favoured at high
temperatures because the entropy term (7AS) also increases with temperature and the increase in 7AS exceeds the increase in AH as the temperature is increased. Excellent linear relationships exist between the thermodynamic
functions for the complexation of sulfate with tetravalent actinides (Th**, Np**, and Pu**) and their ionic radii, reflecting the prevalently electrostatic nature of the complexes. The deviation of the data for U** from the linear

correlation suggests that the values of enthalpy of complexation for U**/SO,?~ complexes in the literature are questionable and should be re-evaluated when calorimetric data become available.
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Footnotes

TThe high gamma radiation associated with the short lived daughter products of 232U is also a disadvantage of the thorium fuel cycle because it necessitates remote reprocessing and refabrication of fuel.
*The second protonation (H* + HSO,~ S H,S0,) is very weak and can be ignored in this study.

S$The constants in molarity, By, are converted to those in molality, B,,, according to the literature [16].

**(Na*t, HSO,”) = —(0.01 + 0.02), (H*, ClO,") = 0.14 + 0.02, (Na*, SO,%>7) = —(0.184 * 0.002) (omitting the , term), (ThSO,**, ClO,”) = 0.3 = 0.1, (Th**, ClO,”) = 0.7 = 0.1 [2].

T'I'The values of (9e/d Dp are usually =0.005 kg'rnol’LK’1 for temperatures below 200 °C [14].
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Highlights

¢ Complexation of Th(IV) with sulfate is enhanced at higher temperatures.
¢ The enhancement is mainly due to the-increasingly more positive entropy of complexation-that-exeeeds-the-inerease-of-enthalpy.

¢ The-enthalpyof Thih/sulfate-complexationfromthis-werkData suggests re-evaluation ofthat the enthalpy of U(IV)/sulfate in the literature-my-reed-to-bere-evaluated.
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