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Abstract A comprehensive thermodynamic model, referred to as the Mixed-Solvent

Electrolyte model, has been applied to calculate phase equilibria and chemical speciation

in selected aqueous actinide systems. The solution chemistry of U(IV, VI), Np(IV, V, VI),

Pu(III, IV, V, VI), Am(III), and Cm(III) has been analyzed to develop the parameters of the

model. These parameters include the standard-state thermochemical properties of aqueous

and solid actinide species as well as the ion interaction parameters that reflect the solu-

tion’s nonideality. The model reproduces the solubility behavior and accurately predicts

the formation of competing solid phases as a function of pH (from 0 to 14 and higher),

temperature (up to 573 K), partial pressure of CO2 (up to pCO2
= 1 bar), and concen-

trations of acids (to 127 mol�kg-1), bases (to 18 mol�kg-1), carbonates (to 6 mol�kg-1)

and other ionic components (i.e., Na?, Ca2?, Mg2?, OH-, Cl-, ClO�
4 , and NO�

3 ). Redox

effects on solubility and speciation have been incorporated into the model, as exemplified

by the reductive and oxidative dissolution of Np(VI) and Pu(IV) solids, respectively. Thus,

the model can be used to elucidate the phase and chemical equilibria for radionuclides in

natural aquatic systems or in nuclear waste repository environments as a function of

environmental conditions. Additionally, the model has been applied to systems relevant to

nuclear fuel processing, in which nitric acid and nitrate salts of plutonium and uranium are

present at high concentrations. The model reproduces speciation and solubility in the

U(VI) ? HNO3 ? H2O and Pu(IV, VI) ? HNO3 ? H2O systems up to very high nitric

acid concentrations (xHNO3
� 0:70). Furthermore, the similarities and differences in the

solubility behavior of the actinides have been analyzed in terms of aqueous speciation.
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1 Introduction

Aqueous speciation and solid solubility in actinide systems are of particular interest in

nuclear fuel recycling processes. They are also among the most fundamental issues for

geochemical modeling associated with the safety assessment of nuclear waste manage-

ment. The behavior of the radionuclides in these applications strongly depends on the

conditions at which their chemical forms may change due to hydrolysis, complexation, and

formation of solid phases. In addition, alteration of redox conditions can induce changes in

the oxidation state of actinides that are redox-sensitive, resulting in the change of chemical

and phase behavior that can potentially impact the outcomes of the processes. Detailed

knowledge of the chemical speciation of actinides in solution and the solubility behavior of

actinide solid phases are indispensable for developing efficient technologies in practical

applications. Due to their industrial and environmental importance, actinide chemistry and

phase behavior have been extensively studied for several decades. Although a tremendous

amount of data and valuable insights have been accumulated in such studies, monitoring

the chemical and phase behavior in actual settings involving radioactive actinides inevi-

tably poses serious safety concerns and inherent difficulties. Therefore, a thermodynamic

model that can realistically predict the solubility behavior and speciation can be of great

value. However, the development of such a model is very challenging because the actinide-

containing systems are multicomponent and complex in nature and their chemical and

phase behavior can be affected by a multitude of variables. Extensive reviews of various

chemical features of actinides and compilations of thermochemical properties of various U,

Np, Pu, Am, and Cm species have been published in the literature [1–7].

Critically evaluated thermochemical property data for actinides and fission products

have been published by Phillips et al. [7], Lemire and Tremaine [6] and, more recently, by

the Nuclear Energy Agency (NEA) [1–5]. These data provide a foundation for chemical

equilibrium calculations in thermodynamic modeling. At the same time, experimental

solubility data for actinide systems that were reported in the literature prior to 2005 have

been compiled and evaluated by Hála et al. [8, 9] as part of the IUPAC-NIST Solubility

Data Project. Additional thermodynamic data on solubility and speciation that are not

included in the IUPAC-NIST collection are also available from more recent publications

(see Tables 1, 2, 3, 4 and 5).

In this study, we extend a previously developed speciation-based thermodynamic model

[10, 11] to selected actinide systems that are of importance in nuclear fuel recycling

processes and in nuclear waste management. This model, referred to as the Mixed-Solvent

Electrolyte (MSE) model, was previously shown to reproduce simultaneously vapor–liq-

uid, solid–liquid and liquid–liquid equilibria, speciation, thermal and volumetric properties

of electrolytes in water, organic, or mixed solvents [12–14]. The MSE model has been

designed to be equally applicable to classical aqueous systems, those with more than one

distinct solvent and those in which a given component may continuously vary from being a

solute to being a solvent (e.g., in acid–water mixtures). The MSE model is capable of

representing phase equilibria in multicomponent inorganic systems containing multiple

salts, acids, and bases [12, 15–21] and in ionic liquid systems [22].

The systems analyzed in this work involve Am, Cm, Np, Pu and U. The objective of this

study is to provide a comprehensive thermodynamic treatment on the basis of the available

experimental data. The model is constructed to represent the properties of these systems

with particular emphasis on chemical speciation and solubilities under conditions that are

relevant to both nuclear waste disposal and nuclear fuel recycling processes. For this
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purpose, the effects of acids, bases, carbonates and other salts, as well as CO2, are

investigated as these variables govern the chemical and phase behavior of the radionuclides

in waste repositories and affect the immobilization of radioactive waste effluents under

geological conditions. At the same time, the effects of acids, especially nitric acid, and

temperature are investigated for Pu and U solutes in concentrated acid mixtures as such

systems are of technological importance in nuclear fuel recycling processes. The results

provide a thermodynamic foundation to explain variations in solid formation under

changing conditions, and to evaluate how the properties of natural and industrial fluids may

affect radionuclide behavior in these processes.

Table 1 Literature solubility data sources for aqueous Am(III) systems

System Reference T/K PH range and ionic medium

Am(III)–H–OH–
salt–H2O

Silva [134] 298 pH 7–9.4; 0.1 mol�kg-1 NaClO4

Peretrukhin
et al. [95]

298 NaOH = 1.0 and 5.0 mol�kg-1

Kim et al.
[59, 135]

298 pH 6.5–13.3; 0.1 mol�kg-1 NaClO4

Stadler and
Kim [49, 53]

298 pH 6.3–13; 0.1 mol�kg-1 NaClO4 and 0.6 mol�kg-1

NaCl

Rai et al. [46] 298 pH 7.1–13, 0.0015 mol�kg-1 CaCl2

Runde and
Kim [52]

298 pH 6.6–13.7; 5.6 mol�kg-1 NaCl

Nitsche and
Edelstein
[136]

298 pH 7; 0.1 mol�kg-1 NaClO4

Edelstein et al.
[137]

298 pH 7.8–9.5; 0.1 mol�kg-1 NaClO4

Am(III)–H–OH–
salt–CO2/CO3–
H2O

Bernkopf and
Kim [59]

298 pH 6.2–10.9; 0.1 mol�kg-1 mol�kg-1 NaClO4;
pCO2 = 0–3.2 9 10-4 bar

Felmy et al.
[57]

298 pH 5.5–13; pCO2 = 1 9 10-3 bar and
Na2CO3 = 0.003–0.1 mol�kg-1

Ewart et al.
[61]

298 pH 7–13; CO3(total) = 10-4–10-5 mol�kg-1

Meinrath and
Kim [58]

298 pH 6.1–9.2; 0.1 and 0.3 mol�kg-1 NaClO4;
pCO2 = 0.01 bar, pH adjusted by HClO4 and
Na2CO3

Nitsche [138] 296 pH 5.9–9.6; 0.1 mol�kg-1 NaClO4;
pCO2 = 3.2 9 10-4 bar

Nitsche [139] 298 pH 6 and 8.5, 0.01 mol�kg-1 NaClO4;
CO3(total) = 2 9 10-3 mol�kg-1

Hala [9]; Silva
[140]

298 pH 6.1; 0.1 mol�kg-1 NaClO4; HCO3 = 2 9 10-4

mol�kg-1

Giffaut [50] 293 * 343 pH 6.1–11.5; 0.1 and 4 mol�kg-1 NaCl; HCO3 or
CO3(total) = 10-3–1 mol�kg-1

Robouch [141] 293 pH 8.2–10.4; 3 mol�kg-1 NaClO4;
CO3(total) = 3 9 10-4–0.8 mol�kg-1
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2 Thermodynamic Modeling

2.1 Chemical Speciation and Phase Equilibria

The hydrolysis reaction, as a particular case of complex formation, is the primary common

property of all actinide ions in aqueous solutions. The actinide solubility is largely affected

by the hydrolysis, which is highly dependent on the solution pH. Depending on the redox

state, actinide ions may exist in aqueous acidic solutions as hydrated ions without ligands

(e.g., Pu3? and Pu4?) at lower oxidation states, or as dioxo species (e.g., PuOþ
2 and PuO2þ

2 )

at higher oxidation states. In water solutions, these ions undergo hydrolysis to form

multiple hydroxide complexes whose distribution is dependent on the concentration of the

acid or base. For example, the hydrolysis in aqueous Pu(VI) solutions can be expressed as

PuO2þ
2 þ 2nH2O � PuO2ðOHÞ2�n

n þ nH3O
þ ð1Þ

The actinide ions may also form complexes in the presence of complexing ligands, such as

Cl- and CO2�
3 , e.g.,

Cm3þ þ nCl� � CmCl3�n
n ð2Þ

Cm3þþnCO2�
3 � Cm(CO3Þ3�2n

n ð3Þ

PuO2þ
2 þ nCO2�

3 � PuO2ðCO3Þ2�2n
n ð4Þ

Table 2 Literature data sources for aqueous Cm(III) systems

System Reference T/K Type of data PH range and ionic medium

Cm(III)–OH–
Cl–Na–Ca–
H2O

Neck et al.
[65]

298 Solubility pH 10–15; 5.6 mol�kg-1 NaCl and
1.0–3.9 mol�kg-1 CaCl2

Cm(III)–OH–
Cl–Ca–H2O

Rabung
et al.
[66]

295 Solubility pH 10.2–11.9; 1.0–3.9 mol�kg-1

CaCl2

Cm(III)–Cl–
Ca–H2O

Fanghänel
et al.
[69]

298 Speciation: Cm–Cl
complexes

pH 2; 2.3–6.0 mol�kg-1 CaCl2

Cm(III)–Cl–
Na–H2O

Fanghänel
et al.
[70]

298 Speciation: hydrolysis
constants of Cm(III)

0.01–6.15 mol�kg-1 NaCl

Cm(III)–Cl–
SO4–Na–
H2O

Paviet
et al.
[73]

298 Speciation: Cm–SO4

complexes
pH 2; I = 3 mol�kg-1

NaCl ? Na2SO4

(0.031–0.367 mol�kg-1 Na2SO4)

Cm(III)–ClO4–
SO4–Na–
H2O

Skerencak
et al.
[67]

298–473 Speciation: Cm–SO4

complexes
pH 1; I = 2.0 mol�kg-1 NaClO4;
0–0.365 mol�kg-1 Na2SO4

Cm(III)–Cl–
CO3–Na–
H2O

Fanghänel
et al.
[72]

298 Speciation: Cm–CO3

complexes
pH 5.1–9.4; 1 mol�kg-1 NaCl;
Na2CO3 and NaHCO3–
0.6 mol�kg-1

Cm(III)–Cl–
CO3–Na–
H2O

Fanghänel
et al.
[71]

298 Speciation: Cm–CO3

complexation
constants

0–6 mol�kg-1 NaCl;
pCO2 = 0.1–1 bar or CO3–
0.01 mol�kg-1
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Table 3 Literature solubility data sources for aqueous U systems

System Reference T/K PH range and ionic medium (x = mole fraction)

U(IV)–OH–H–
Na–Mg–Cl–
ClO4–H2O

Ryan and Rai [88] 294 0.045–11.4 mol�kg-1 NaOH

Gayer and Leider
[93]

298 0.039–0.39 mol�kg-1 HClO4 and 0–0.63 mol�kg-1

NaOH

Rai et al. [89] 294 pH 2–12 adjusted by HCl and NaOH

Casas et al. [142] 298 pH 1.0–9.4; 1.0 mol�kg-1 NaCl or 0.008 mol�kg-1

NaClO4

Rai et al. [90] 298 pH 1.9–5; 0.2–6 mol�kg-1 NaCl or 1–3 mol�kg-1

MgCl2

Galkin and
Stepanov [92]

298 0.02–7.7 mol�kg-1 NaOH

Bruno et al. [143] 298 pH 1.7–9.8; 0.5 mol�kg-1 NaClO4

Aguilar et al. [144] 298 pH 7.5; 0.05–4.4 mol�kg-1 NaCl

Fujiwara et al. [91] 298 pH 12–14; 0.5–2 mol�kg-1 NaClO4

Parks and Pohl [85] 373–573 pH 1–10 adjusted by HCl, NaOH or LiOH;
pH2 = 50 MPa

Rai et al. [83] 295 pH 0.22–5.33 adjusted by HCl in 0.01 mol�kg-1

EuCl2

Tremaine et al. [96] 293–573 0.0035 mol�kg-1 and 0.037 mol�kg-1 LiOH

Torrero et al. [145] 298 pH 2–12 adjusted by HClO4 and NaOH;
0.008 mol�kg-1 NaClO4; 1 and 5 mol�kg-1 NaCl

Yajima et al. [86] 298 pH 2–12 adjusted by HClO4 and NaOH;
0.1 mol�kg-1 NaClO4 and 0.01 mol�kg-1

Na2S2O4

U(IV)–OH–CO3–
Na–K–H2O

Rai et al. [98] 298 0.0003–2 mol�kg-1 Na2CO3; 0.3–6.5 mol�kg-1

K2CO3;
0.02–1 mol�kg-1 NaHCO3; 0.01–0.5 mol�kg-1

NaOH

Rai et al. [97] 298 0.0005–2 mol�kg-1 Na2CO3; 0.001–6.3 mol�kg-1

K2CO3

0.02–1 mol�kg-1 NaHCO3; 0.02–1 mol�kg-1

KHCO3; 0.01–0.1 mol�kg-1 NaOH;
0.01–0.8 mol�kg-1 KOH

U(VI)–OH–H–
Na–Cl–ClO4–
H2O

Fujiwara et al.
[117]

298 pH 4–6 adjusted by HClO4 and NaOH; 0.1, 0.5,
1.0 mol�kg-1 NaClO4

Diaz Arocas and
Grambow [116]

298 pH 4–9; 0.5 mol�kg-1 NaClO4, 3 and 5 mol�kg-1

NaCl

Kramer-Schnabel
et al. [121]

298 pH 4.3–5.7; 0.1 mol�kg-1 NaClO4

Bruno and Sadino
[115]

298 pH 6.7–8.8; 0.5 mol�kg-1 NaClO4

Torrero et al. [125] 298 pH 4.3–5.5; 1.0 mol�kg-1 NaCl

Kim et al. [120] 298 pH 5.2–9.8; 0.1 mol�kg-1 NaClO4

Krupka et al. [122] 298 pH 3–12 adjusted by HClO4 and (CH3)4NOH

Gayer and Leider
[118]

298 pH 4–5.2; 0–0.77 mol�kg-1 NaOH; 0–1.0 mol�kg-1

HClO4
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Table 3 continued

System Reference T/K PH range and ionic medium (x = mole fraction)

U(VI)–OH–H–
Na–Cl–ClO4–
H2O

Redkin and Wood
[124]

298 pH 2.7–11; 0.1 mol�kg-1 NaCl

Nikitin et al. [123] 298–473 Solubility of UO2(OH)2�H2O in water

Valsami-Jones and
Ragnarsdottir
[126]

573 Solubility of UO2(OH)2 in water

Fanghänel and
Neck [113]

298 pH 4–10; 0.5 mol�kg-1 NaCl

Gorman-Lewis
et al. [119]

298 pH 4–6.4; 0.1 mol�kg-1 NaNO3

Gaona et al.,
Altmaier et al.
[114, 129]

298 pH 5.7–14.5; 0.5–5.6 mol�kg-1 NaCl

U(VI)–OH–H–
Na–Cl–ClO4–
CO3–H2O

Jang et al. [146] 298 pH 5.9–7.8; pCO2 = 3 9 10-4 bar

Kato et al. [131] 298 pH 3–5; 0.1 mol�kg-1 NaClO4; pCO2 = 3 9 10-4

and 1 bar

Meinrath et al.
[147–149]

297 pH 3–7; 0.1 mol�kg-1 NaClO4; pCO2 = 3 9 10-4,
0.01, 1 bar

Yamamura et al.
[150]

298 0.0018–0.72 mol�kg-1 NaOH;
0.0018–0.19 mol�kg-1 NaHCO3;
0.5–2.0 mol�kg-1 NaClO4

Grenthe et al. [151] 298 pH 3.5–6.2; 0.5–3 mol�kg-1 NaClO4;
pCO2 = 0.1–1 bar

Giammar and
Hering [152]

298 pH 5–9.5; 0.01 mol�kg-1 NaCl; pCO2 = 3 9 10-4

bar

Pashalidis et al.
[153, 154]

295 pH 3–6; 0.1 mol�kg-1 NaClO4; pCO2 = 1 bar

Krammer-Schnabel
et al. [121]

295 pH 3.6–5.5; 0.1 mol�kg-1 NaClO4; pCO2 = 1 bar

Sergeyeva et al.
[155]

298–473 pH 3.2–6.2; pCO2 = 1 bar

Pirozhkov and
Nikolaeva [156]

298–423 pH 4; 0.003–0.03 mol�kg-1 CO2

Blake et al. [157] 299–303 0–3 mol�kg-1 Na2CO3; 1–4 mol�kg-1 NaCl;
0.3–3 mol�kg-1 Na2SO4; 0.5–3.5 mol�kg-1

NaClO4; 0.3–1 mol�kg-1 NaHCO3

Brown and Schmitt
[158]

299 0.28, 0.57 mol�kg-1 Na2CO3; 0–4 mol�kg-1 NaCl;
0–3 mol�kg-1 Na2SO4; 0.5–3.4 mol�kg-1 NaClO4

Korolev et al. [159] 373–673 0–0.38 mol�kg-1 NaHCO3; 0.5 mol�kg-1 Na2CO3;
0.5 mol�kg-1 NaOH, p = 507 bar

U(VI)–H–NO3–
H2O

Marshall and
Slusher [160]

298–623 mHNO3
= 0.001–6.34 mol�kg-1 (UO3–HNO3–H2O)

Lacher et al. [161] 298–332 xHNO3
= 0.003–0.66 (UO3–HNO3–H2O)

Efimova and
Gromov [162]

293, 368 mUO2 NO3ð Þ2 = 0.1–3.5 mol�kg-1 (UO3–UO2(NO3)2–

H2O)

Cordfunke [163] 298 mUO2 NO3ð Þ2 = 0.03–3.5 mol�kg-1 (UO3–

UO2(NO3)2–H2O)
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Table 3 continued

System Reference T/K PH range and ionic medium (x = mole fraction)

Linke and Seidell
[164] and refs.
therein

293, 298 xHNO3
= 0–0.67 (UO2(NO3)2–HNO3–H2O)

Linke and Seidell
[164] and refs.
therein

255–457 Solubility of UO2(NO3)2 in water

Table 4 Literature solubility data sources for aqueous Pu systems

System Reference T/K PH range and ionic medium

Pu(III)–OH–H–
Na–Cl–H2O

Felmy et al. [48] 296 pH 6–13 adjusted by HCl and NaOH

Pu(IV)–OH–H–
Ca–Na–Cl–
ClO4–H2O

Rai et al. [165] 298 pH 3.8–7.9 adjusted by HCl and NaOH;
0.0015 mol�kg-1 CaCl2

Lierse and Kim [103]
(data taken from [84])

298 pH 1.5–11.5 in 1 mol�kg-1 NaClO4

Perez-Bustamante [166] 297 pH 0.5–3.5 in HClO4

Fujiwara et al. [167] 298 pH 4–9 adjusted by HClO4 and NaOH in
1 mol�kg-1 NaClO4

Efurd et al. [168] 298–363 pH 6–8.5

Pazukhin and
Kudryavtsev [104]

293 pH 1.5–10.3 in 3 mol�kg-1 (Na ? H)ClO4

Rothe et al. [169] 298 pH 0.45–0.73 adjusted by HCl in 0.5 mol�kg-1

NaCl

Ewart et al. [61] 298 pH 7.4–13

Peretrukhin et al. [95] 299 0.5–16.7 mol�kg-1 NaOH

Krot et al. [170] in
Delegard [171]

298 0.11–8 mol�kg-1 NaOH

Shilov and Fedoseev
[172] in Delegard [171]

298 0.09–0.9 mol�kg-1 NaOH

Delegard [78] 297 1–17.8 mol�kg-1 NaOH and 1–5 mol�kg-1

NaNO3

Pu(IV)–OH–Na–
K–CO3–H2O

Delegard [78] 297 3.0–5.2 mol�kg-1 NaOH and
0.3–1.1 mol�kg-1 Na2CO3

Yamaguchi et al. [173] 298 0.1 mol�kg-1 KCl; 0.0005–0.05 mol�kg-1

K2CO3; 0.0001–0.1 mol�kg-1 KHCO3

Rai et al. [38] 296 0.1–6.2 mol�kg-1 K2CO3 (0.01 mol�kg-1

KOH); 0.01–1.04 mol�kg-1 KHCO3

Moskvin and Gelman
[174]

293 0.4–4.0 mol�kg-1 K2CO3; I = 7 and
10 mol�kg-1 by KCl and KClO4

Pu(IV)–H–NO3–
H2O

Brunstad [175] 298–373 0.1–0.7 mol�kg-1 HNO3 (Pu(OH)4–HNO3–
H2O)

Rai [176] 295 pH 0.5–4.9 in 1.23 9 1 0-5–0.316 mol�kg-1

HNO3 (Pu(OH)4–HNO3–H2O)
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Formation of complexes in actinide solutions can be experimentally detected, as will be

discussed in the sections that follow. These complexation reactions need to be taken into

consideration simultaneously with the equilibria due to the dissociation of water and CO2:

2H2O � OH� þ H3O
þ ð5Þ

CO2ðaqÞ þ 2H2O � HCO�
3 þ H3O

þ ð6Þ

Table 4 continued

System Reference T/K PH range and ionic medium

Gray and Swanson [79]
in Clark and Delegard
[80]

298, 323 2–7 mol�kg-1 HNO3 (Pu(NO3)4–HNO3–H2O)

Bohm [177] in Clark and
Delegard [80]

298 2–7.5 mol�kg-1 HNO3 (Pu(NO3)4–HNO3–
H2O)

Pugh [81]a in Clark and
Delegard [80]

374–398 2–19 mol�kg-1 HNO3 (Pu(NO3)4–HNO3–
H2O)

Glazyrin et al. [82]a in
Clark and Delegard
[80]

379–394 1–5 mol�kg-1 HNO3 (Pu(NO3)4–HNO3–H2O)

Pu(V)–OH–Na–
H2O

Peretrukhin [95] 298 0.6–16 mol�kg-1 NaOH

Budantseva et al. [178] 298 8.4 mol�kg-1 NaOH

Barney and Delegard
[108]

298 pH 8.3

Pu(VI)–OH–H–
Na–H2O

Pashalidis et al. [179] 295 pH 4.8–6; 0.1 mol�kg-1 NaClO4

Fujiwara et al. [180] 298 pH 4.14–5; 0.1, 0.5, 1.0 mol�kg-1 NaClO4

Kim et al. [135] 298 pH 5.6–12.4 adjusted by HClO4 and NaOH;
0.1 mol�kg-1 NaClO4

Pu(VI)–OH–CO3–
Na–H2O

Reilly et al. [181]b 298 0.1–5.6 mol�kg-1 NaCl and 5.6 mol�kg-1

NaClO4; pCO2 = 1 bar

Wittenberg and
Steinmeyer [182]

297 0–1 mol�kg-1 LiHCO3

Robouch and Vitorge
[183]

293 pH 3.3 and 7.6; 3 mol�kg-1 NaClO4;
pCO2 = 0.3 and 1 bar (solubility product
and solubility)

Pashalidis et al.
[153, 154]

295 pH 3.5–7.9; 0.1 mol�kg-1 NaClO4;
pCO2 = 0.01 and 1 bar

Neu et al. [184] 295 0.1–5.0 mol�kg-1 NaCl; pCO2 = 1 bar

Drabkina [185] 293 0.5–3.5 mol�kg-1 (NH4)2CO3

Gelman et al. [186] 298 0.5–2.6 mol�kg-1 (NH4)2CO3

Pu(VI)–H–NO3–
H2O

Krevinskaia et al. [187] 298 2–20 mol�kg-1 HNO3 (PuO2(NO3)2–HNO3–
H2O)

Siekierski and Phillips
[128] and references
therein

298 0–20 mol�kg-1 HNO3 (PuO2(NO3)2–HNO3–
H2O)

Clark and Delegard [80] 298 3 mol�kg-1 HNO3 (PuO2(NO3)2–HNO3–H2O)

a Boiling point data
b Solubility product of PuO2CO3(s)
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Table 5 Literature solubility data sources for aqueous Np systems

System Reference T/K PH range and ionic medium

Np(IV)–OH–H–Na–
Ca–Cl–ClO4–H2O

Moskvin[130] 298 pH 0.5–3; 0.1 mol�kg-1 N2H4

Fellhauer et al.
[188]

295 pH 11–12; 1.02–5.26 mol�kg-1 CaCl2

Neck et al. [189] 296 pH 1.7–3.25; 0.1 mol�kg-1 NaClO4

Ewart et al.
[100]

298 pH 10–13; 10-4–10-3 mol�kg-1 Na2S2O4

Rai and Ryan
[102]

298 pH 6.9–14.2; 0.05 mol�kg-1 Na2S2O4

Rai et al. [190] 298 pH 0.18-–2.42; 0.01 mol�kg-1 NaCl; 0.01 mol�kg-1

CuCl/CuCl2 redox buffer

Eriksen et al.
[99]

298 pH 6–12; pH adjusted by HClO4 and NaOH, under
Ar

Nakayama et al.
[101]

298 pH 5–14; 0.1 and 1.0 mol�kg-1 NaClO4;
0.05 mol�kg-1 Na2S2O4 or Fe or Cu

Np(IV)–OH–Na–K–
ClO4–CO3–H2O

Rai et al. [191] 295 0.01–1.38 mol�kg-1 KOH; 10-3–2.13 mol�kg-1

K2CO3; 0.01–1 mol�kg-1 KHCO3; 0.05 mol�kg-1

Na2S2O4

Kitamura and
Kohara [192]

295 pH 8.5–13; 2 mol�kg-1 NaClO4; 0.005–0.1 mol�kg-1

NaHCO3

Kim et al. [193] 298 pH 9.5–13; 1.3 9 10-3 mol�kg-1 Na2CO3

Np(V)–OH–H–Na–
Cl–ClO4–H2O

Ewart et al. [60] 298 pH 9–13 adjusted by HCl and NaOH

Lierse et al.
[111]

298 pH 7–13 adjusted by HClO4 and NaOH; 1 mol�kg-1

NaClO4

Nitsche and
Edelstein [136]

298 pH 7; 0.1 mol�kg-1 NaClO4

Yamaguchi et al.
[194]

298 pH 6.5–13; 0.1 mol�kg-1 NaClO4

Neck et al. [110] 298 pH 7.3–13.8; 0.1–3 mol�kg-1 NaClO4

Moskvin [130] 298 pH 6.5–6.7; 0.1–0.2 mol�kg-1 NaNO2

Sevostyanova
and Khalturin
[195]

296 pH 6.6–7.7; 0.02 mol�kg-1 NaNO3

Nakayama et al.
[196]

298 pH 7.2–12.5; 0.01 mol�kg-1 NaNO3

Efurd et al. [168] 298–368 pH 6–8.5

Np(V)–OH–Na–Cl–
ClO4–CO2/CO3–
H2O

Neck et al. [112] 298 pH 6.6–10.8; pCO2 = 3 9 10-4–0.01 bar;
0.1–5 mol�kg-1 NaClO4; 5 mol�kg-1 NaCl

Ueno and Saito
[197]

293 0.05–1.6 mol�kg-1 Na2CO3

Maya [198] 298 pH 7–11; 1.0 mol�kg-1 NaClO4;
pCO2 = 0–9 9 10-3 bar; 1.5 9 10-6–
0.093 mol�kg-1 Na2CO3

Meinrath [199] 298 pH 6.5–8.7; 0.1 mol�kg-1 NaClO4; pCO2 = 0.01 bar

Al Mahamid
et al. [200]

295 0.01–1.0 mol�kg-1 Na2CO3; 5 mol�kg-1 NaCl;
0.1 mol�kg-1 KCl
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HCO�
3 þ H2O � CO2�

3 þ H3O
þ ð7Þ

At solid–liquid equilibrium, the precipitation of solid actinide phases is accompanied by

ionic equilibrium reactions, e.g.,

Am OHð ÞCO3ðsÞ � Am3þ þ CO2�
3 þ OH� ð8Þ

PuO2 OHð Þ2�H2O � PuO2þ
2 þ 2OH� þ H2O ð9Þ

When the vapor phase above the solution contains CO2, vapor–liquid equilibrium also

needs to be considered:

CO2ðaqÞ � CO2ðvapÞ ð10Þ

as the dissolved CO2 can affect both the solution pH and the carbonate concentration

(through Eqs. 6 and 7), which will in turn influence the hydrolysis (e.g., Eq. 1) and car-

bonate complexation of actinide ions (Eqs. 3 and 4). Thus, the thermodynamics of the

system can be described simultaneously by the chemical equilibria (e.g., Eqs. 1–7), solid–

liquid equilibria (e.g., Eqs. 8 and 9), and vapor–liquid equilibria (Eq. 10). A complete list

of aqueous actinide species at various oxidation states that are considered in this study is

given in Tables 6, 7, 8, 9 and 10, including the relevant hydroxide, chloride, and carbonate

complexes. Table 11 contains a list of all solid phases. The methodology that is used for

simultaneously solving chemical and phase equilibria in multicomponent systems has been

described in detail in a previous work [23]. This methodology requires calculating the

chemical potentials of all individual aqueous, solid, and vapor species. The chemical

potentials of these species are determined using the MSE model.

2.2 The Mixed Solvent Electrolyte (MSE) Model

Details of the MSE model have been described previously [11, 13] and, therefore, only a

brief summary is given here. The thermodynamic framework combines an excess Gibbs

energy model for mixed-solvent electrolyte systems with a detailed treatment of chemical

equilibria. The excess Gibbs energy is expressed as

Gex

RT
¼ Gex

LR

RT
þ Gex

II

RT
þ Gex

SR

RT
ð11Þ

where Gex
LR represents the contribution of long-range electrostatic interactions, Gex

II

accounts for specific ionic (ion–ion and ion–molecule) interactions and Gex
SR is a short-

Table 5 continued

System Reference T/K PH range and ionic medium

Simakin [201] 298 0.24–0.95 mol�kg-1 Na2CO3; I = 3 mol�kg-1

(NaNO3)

Np(VI)–OH–H–Na–
Cl–H2O

Gaona et al.
[129]

295 pH 7.4–14.6; 0.1–5.6 mol�kg-1 NaCl

Moskvin [130] 298 pH 3.5–8.5

Np(VI)–OH–Na–
ClO4–CO2/CO3–
H2O

Kato et al.
[131, 132]

298 pH 2.8–6.8; 0.1 mol�kg-1 NaClO4;
pCO2 = 3 9 10-4, 1.0 9 10-2, 0.8 bar
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Table 6 Standard partial molar Gibbs energies of formation, entropies, and parameters of the HKF
equation of state for individual ionic and neutral Am(III) species

Species DG
�
f S

� cHKF;1

Am3? -599.417 -199.00a -88.00a

AmOH2? -790.878 -87.90a -13.00a

Am(OH)þ2 -977.203 -122.00a 160.00a

Am(OH)3(aq) -1161.130 -183.00a -509.00a

AmCl2? -735.582 -173.00a 44.00a

AmClþ2 -868.821 -165.00a 190.00a

Am(OH)3Cl
- -1299.506 -126.26 -632.18

AmCOþ
3
b -1177.012 -76.00a 130.00a

Am(CO3Þ�2 -1731.820 0.900a -140.00a

Am(CO3Þ3�3
c -2276.355 137.56 -430.79

Parameters were determined in this study unless otherwise noted. Units: DG
�
f in kJ�mol-1, S

�
and cHKF;1 in

J�mol-1�K-1. Other HKF parameters (aHKF;1,…., aHKF;4, cHKF;2, x) were set to zero due to insufficient

experimental data for evaluating temperature and pressure dependence
a Values were taken from Phillips et al. [7]

b DG
�
f adjusted in this study, S

�
and cHKF;1 estimated using values for Am(OH)3(aq) and Cl-

c DG
�
f and S

�
adjusted in this study, cHKF;1 estimated using values for Am(CO3Þ�2 and CO2�

3

Table 7 Standard partial molar
Gibbs energies of formation,
entropies, and parameters of the
HKF equation of state for indi-
vidual ionic and neutral Cm(III)
species

Parameters were determined in
this study unless otherwise noted.

Units: DG
�
f in kJ�mol-1, S

�
and

cHKF;1 in J�mol-1�K-1. Other

HKF parameters (aHKF;1,….,

aHKF;4, cHKF;2, x) were set to zero

due to insufficient experimental
data for evaluating temperature
and pressure dependence
a Values were set to be the same
as those for Am(III) species
b Values estimated using those
of the constituent ions

Species DG
o

f S
o cHKF;1

Cm3? -596.002 -199.00a -88.00a

CmOH2? -790.069 -87.90a -13.00a

Cm(OHÞþ2 -980.859 -122.00a 160.00a

Cm(OH)3(aq) -1161.512 -183.00a -509.00a

CmCl2? -728.355 -173.00a 44.00a

CmCl2
? -851.013 -165.00a 190.00a

Cm(OH)3Cl
- -1297.166 -126.26a -632.18a

CmSOþ
4 -1362.151 11.72 71.71b

Cm(SO4Þ�2 -2109.297 176.89 78.58b

Cm(SO4Þ3�3 -2851.195 210.37 403.63

CmCOþ
3

-1173.244 -76.00a 130.00a

Cm(CO3Þ�2 -1730.795 0.900a -140.00a

Cm(CO2Þ3�3 -2273.414 71.34 -430.79a

Cm(CO3Þ5�4 -2796.197 147.13 -721.58b

CmHCO2þ
3

-1203.034 -82.49 -123.40b

Cm2(HCO3)2Cl
3? -2572.553 203.81 -369.97b

CaCm(OHÞ2þ3 -1717.808 -239.07b -88.34b

Ca2Cm(OH)3þ4 -2443.021 -257.73b 32.92b

Ca3Cm(OH)3þ6 -3339.531 -287.09b 16.96b
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range contribution resulting from intermolecular interactions. The activity coefficients of

any aqueous species can be derived from the excess Gibbs energy by taking the derivative

of Gex with respect to the number of moles of a given species. The functional form of

activity coefficients is summarized in Appendix 1. The long-range interaction contribution

is calculated from the Pitzer–Debye–Hückel formula [24] expressed in terms of mole

fractions and symmetrically normalized. The specific ion-interaction contribution is cal-

culated from an ionic strength-dependent, symmetrical second virial coefficient-type

expression [11]:

Gex
II

RT
¼ �

X

i

ni

 !
X

i

X

j

xixjBij Ixð Þ ð12Þ

where Bij Ixð Þ ¼ Bji Ixð Þ, Bii ¼ Bjj ¼ 0 and the ionic strength dependence of Bij is given by

Bij Ixð Þ ¼ bij þ cijexpð�
ffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ix þ a1

p
Þ ð13Þ

where bij and cij are adjustable parameters and a1 is set equal to 0.01. The parameters bij
and cij are represented as functions of temperature as

bij ¼ b0;ij þ b1;ijT þ b2;ij=T ð14Þ

cij ¼ c0;ij þ c1;ijT þ c2;ij=T ð15Þ

For most electrolyte systems, these three terms are sufficient for representing the variations

of properties with temperature up to 573 K. Additional temperature-dependent terms and

pressure-dependent parameters have been introduced for a limited number of systems [25]

for which the additional complexity is justified by the availability of data over extended

ranges of temperatures and pressures.

The short-range interaction contribution is calculated from the UNIQUAC equation

[26]. When justified by experimental data, the temperature dependence of the UNIQUAC

energetic parameters is expressed using a quadratic function:

aij ¼ a
ð0Þ
ij þ a

ð1Þ
ij T þ a

ð2Þ
ij T2 ð16Þ

For electrolyte systems encountered in nuclear waste treatment and nuclear fuel

reprocessing, the ionic strength and the concentrations of actinide components can be

large. Therefore, the specific ion-interaction contribution is the most important term for

reproducing the properties of the solutions. When a chemical process occurs in solutions

where undissociated inorganic acids or bases are present in significant amounts, the short-

range contribution is introduced to account for molecular interactions between the

undissociated acid (or base). It should be noted that the Gex
II term can also be applied to

non-ionic mixtures or weakly ionized systems, and has been found to improve the

simultaneous fit to multiple properties in weak and/or associating electrolyte systems when

Bij is introduced between two neutral molecules [25, 27].

While the excess Gibbs energy model is used to calculate nonideality effects on solution

properties, the chemical equilibrium is governed by the chemical potentials of all species

that participate in various reactions, such as precipitation, hydrolysis, and complexation

(cf. Eqs. 1–10). For aqueous species, the chemical potential of each ionic or neutral species

540 J Solution Chem (2017) 46:521–588

123

Author's personal copy



i in the liquid phase (L) is determined by its standard-state chemical potential, lL;o;xi ðT ; pÞ,
and its activity coefficient, cxi , i.e.,

lLi ðT ; p; xÞ ¼ lL;o;xi ðT; pÞ þ RTlnxic
x
i ð17Þ

Here, the superscript o denotes the standard state and the superscript x indicates that the

values of the properties (e.g., lL;o;xi ðT ; pÞ and cxi ) are expressed on the mole fraction basis.

The standard-state chemical potentials are calculated as functions of temperature and

pressure based on the Helgeson–Kirkham–Flowers (HKF) equation of state [28–30] using

the standard partial molar Gibbs energy of formation (DG
�
f ) and standard partial molar

entropy (S
�
) at a reference pressure (1 bar) and temperature (298.15 K), and 7 other

species-specific parameters. The equation and the HKF parameters are summarized in

Appendix 2. The parameters of the HKF model are available for various aqueous species

including selected actinide species [31–33]. The standard-state properties calculated from

the HKF model are based on the infinite dilution reference state and on the molality

concentration scale. To make the equilibrium calculations consistent when the standard-

state properties are combined with the mole fraction-based and symmetrically normalized

activity coefficients, two conversions are performed [11]:

(1) The activity coefficients calculated from Eq. 11 are converted to those based on the

unsymmetrical reference state, i.e., at infinite dilution in water:

lncx;�i ¼ lncxi � lim
xi!0
xw!1

lncxi ð18Þ

where the superscript * denotes the activity coefficient defined on the unsymmetrical

basis and lim
xi!0
xw!1

lncxi is the value of the symmetrically-normalized activity coefficient

at infinite dilution in water, which is calculated by substituting xi ¼ 0 and xw ¼ 1

into the activity coefficient equations and

(2) The molality-based standard-state chemical potentials, lL;o;mi ðT ; pÞ, are converted to

corresponding mole fraction-based quantities, lL;o;xi ðT ; pÞ [11]:

lL;o;xi ðT ; pÞ ¼ lL;o;mi ðT ; pÞ þ RT ln
1000

MH2O

� �
ð19Þ

where MH2O is the molar mass of water. The values of lncx;�i and lL;o;xi from Eqs. 18

and 19 are then used in Eq. 17 to determine the chemical potential of each species

for chemical equilibrium calculations. Thus, the calculations require the availability

of parameters for both the standard-state properties and activity coefficients.

For the species in the vapor phase (g), the chemical potential of species i is given by the

standard relation

lgi ¼ lg;oi ðTÞ þ RTln
pyi/iðT ; pÞ

po

� �
ð20Þ

where lg;oi ðTÞ is the chemical potential of pure component i in the ideal gas state, yi is the

mole fraction in the gas phase, /iðT ; pÞ is the fugacity coefficient, p is the total pressure,

and p� = 1 bar. The lg;oi ðTÞ term is calculated from the ideal-gas Gibbs energy of for-

mation, DGg;o
f , absolute entropy, Sg;o, at the reference temperature of 298.15 K, and heat
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capacity as a function of temperature, Cg
pðTÞ, using standard thermodynamics [34]. For

water, this term was obtained from the equation of state of Haar et al. [35] The fugacity

coefficient was calculated from the Soave–Redlich–Kwong equation of state [36].

In the cases of solid phases (s), the chemical potential of the pure solids, ls;oi ðTÞ, is
calculated as a function of temperature from the solid-state standard-state Gibbs energy of

formation, DGs;o
f , absolute entropy, Ss;o, and heat capacity as a function of temperature,

Cs
pðTÞ.

2.3 Determination of Model Parameters

The MSE thermodynamic framework has been parameterized for actinide systems based

on the analysis of extensive literature data on solubility, speciation, and vapor–liquid

equilibrium. Experimental studies of radioactive actinides face a number of challenges.

One of the challenges stems from the radiolytic effects and radioactive decay of actinides,

which complicate the measurements of their concentrations in solutions and in solid

phases. Also, the precipitates can be difficult to characterize because they are subject to

aging and have variable water contents. In addition, the existence of multiple redox states

can cause problems in designing experiments so that a certain oxidation state can be

dominant under given conditions. For transplutonium elements such as Am and Cm, the

trivalent oxidation state is by far the most stable one under most conditions. However,

multiple oxidation states may coexist in a relatively wide range of conditions for other

actinides considered in this study, especially for Pu [37–39]. This is due to the fact that the

reduction potentials for the Pu4?/Pu3?, PuOþ
2 /Pu

4?, PuO2þ
2 /Pu4?, and PuO2þ

2 /PuOþ
2 cou-

ples lie relatively close to each other, making it easy for multiple oxidation states to co-

exist in solution [1]. Also, redox equilibria may be shifted by complexation, hydrolysis,

and precipitation reactions. In such systems, species in specific oxidation states may exist

only under carefully controlled redox conditions. Rard [40] summarized various challenges

and difficulties in the interpretation of experimental solubility data and discussed the

speciation of Np, Pu, and U in a comprehensive review and critical evaluation of the

literature.

In view of the two application areas considered in this study and taking into account the

complexities of the actinide systems, the model needs to be developed based on a com-

bined analysis of different actinides at the same oxidation state, and, for a given actinide, at

different redox states. Specifically, the analysis is focused on trivalent Am and Cm and the

main oxidation states of Np, Pu, and U for which experimental solubility and/or speciation

data are available, i.e.,

A. Am(III)

B. Cm(III)

C. Np(IV), Np(V), Np(VI)

D. Pu(III), Pu(IV), Pu(V), Pu(VI)

E. U(IV), U(VI)

Considering the nature of the solubility and speciation data that are available, we

analyze the solution chemistry of each of the actinide systems in two steps:

1. The effects of acids, bases, and additional electrolyte components (i.e., NaCl, CaCl2,

MgCl2, NaClO4, and Na2SO4) on the solubility and speciation in CO2/CO3-free

systems;
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2. The effect of CO2 and carbonates {i.e., (K/Na)2CO3, (K/Na)HCO3} with or without

acids/bases and extra salt components.

The first step lays the foundation for establishing the appropriate acid–base chemistry,

the formation of hydroxide complexes, and the dependence of solubility on the solution pH

and salt concentrations. On this basis, the additional effects of CO2 are analyzed in step 2.

As isotopes of plutonium and uranium are the most important fissile materials for

nuclear energy applications, these two actinides have also been investigated in concen-

trated nitric acid and/or nitrate salts mixtures that are encountered in nuclear fuel pro-

cessing. Therefore, in addition to the above two steps, a third step is included for Pu and U:

3. Solubilities in concentrated U(VI)–NO3–HNO3–H2O, Pu(VI)–NO3–HNO3–H2O, and

Pu(IV)–NO3–HNO3–H2O mixtures

Experimental thermodynamic data have been extensively reported in the literature for these

mixtures. These data extend to high concentrations with respect to both the actinides and

the acid (i.e., up to x
0

HNO3
= 0.7, where the prime 0 denotes the mole fraction on a salt-free

basis, or equivalently mHNO3
= 127 mol�kg-1) and provide an excellent foundation to

apply the MSE model. Modeling such systems would be difficult, if not impossible, using

conventional electrolyte models, such as the Pitzer molality-based ion-interaction model

[24], for which the maximum concentration limit is usually 6 mol�kg-1. Tables 1, 2, 3, 4

and 5 summarize the primary literature sources that were used for developing the model,

together with the conditions at which the experimental data were measured including the

temperatures and the concentration ranges of salts, acids or bases.

Due to the presence of various salt components in the actinide solubility or speciation

measurements, it is necessary to account for the effects of these components by incor-

porating the relevant model parameters that provide appropriate activity coefficients for the

background electrolyte. In previous studies, the MSE model parameters have been

established for binary, ternary, and multicomponent Na–K–Ca–Mg–H–NO3–SO4–Cl–CO3/

HCO3/CO2–OH systems to reproduce chemical and phase equilibria for such mixtures

from the freezing point up to 573 K and from infinite dilution to solid saturation or the

fused salt or pure acid/base limit. Parameters that determine the properties of individual

species (i.e., the standard-state partial molar Gibbs energy of formation, entropy, and the

HKF equation parameters) as well as the binary interaction parameters (Eqs. 4 and 5) have

been reported previously [14, 17, 25, 27, 41].

In the present work, we determine the actinide-specific model parameters. In the first

step, solubility and hydrolysis equilibria in CO2/CO3-free systems were analyzed to

evaluate the standard-state partial molar properties (i.e., DG
�
f , S

�
, and HKF coefficients) of

various aqueous actinide hydroxide/oxide complexes and actinide-bearing solids (DGo
f , S�,

and C�
p). Based on the parameters established in the first step, systems with CO2 and

carbonates were examined in the second step and solubility data were regressed. In the

third step, parameters were determined for U and Pu in mixtures with nitric acid. The

parameters that were evaluated in the second and third steps include the standard-state

molar properties for additional aqueous species, especially carbonate complexes, and solids

that precipitate in the presence of CO2, carbonates, nitric acid, and nitrates. They also

include the ion-interaction parameters between the actinide species and the prevailing ions

in these solutions (e.g., CO2�
3 , NO�

3 ). In the presence of other salt, acid or base compo-

nents, ion-interaction parameters have also been introduced between actinides and the ions
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that result from the dissociation of the additional components (e.g., Na?, Cl-, OH-). This

is necessary to reflect the non-ideality of concentrated actinide solutions.

For most systems that were studied in this work, experimental data were reported only

at ambient conditions. Thus, the only standard-state thermochemical property that could be

determined by regressing experimental data was the Gibbs energy of formation (DG�
f or

DG
�
f ). For such systems, the standard partial molal entropy, S

�
, and HKF coefficients for

aqueous species as well as the S� and C�
p parameters for solids were taken from literature

sources [2, 6, 7, 33], or estimated based on the methodology of Shock et al. [31, 42] or

group contribution approaches [43–45]. For systems for which data are available over an

extended range of temperature, the S� (or S
�
) and C�

p (or HKF coefficients) values have

been obtained by evaluating the temperature dependence of the speciation and solubility

data.

The parameters that have been determined in the present work are collected in Tables 6,

7, 8, 9, 10, 11, 12, 13 and 14. These parameters, combined with those determined in our

previous studies [14, 17, 25, 27, 41], provide a complete representation of chemical spe-

ciation and phase equilibria.

3 Results and Discussions

3.1 Trivalent Systems

Although trivalent species exist for all of the actinides studied here, they are prevalent only

for americium and curium under the conditions of natural aqueous environments [46, 47].

Trivalent species of Np, Pu, and U are unstable as they can be readily oxidized and may

exist only under carefully controlled reducing conditions. As a result, literature data are

more abundant for Am(III) and Cm(III). For Pu(III), experimental solubility data have been

obtained only at carefully managed conditions to ensure the stability of Pu(III) during the

measurements [48]. In this section, we analyze the chemistry of Am(III), Cm(III), and

Pu(III) based on the available experimental speciation and solubility data. The analysis is

also supported by the chemical analogies among trivalent actinides and rare earth elements

because marked similarities in various properties have been observed among these trivalent

species. In particular, such chemical analogies have been relied on in the development of

thermochemical databases for missing thermodynamic data in actinide systems [1, 2, 4].

The trivalent actinides are grouped together in the thermodynamic analysis so that general

trends in the chemical and phase behavior can be examined. It can be expected that such

trends may be of interest in the study of other trivalent actinides.

3.1.1 Am(III)

The Am(III) system has been studied fairly extensively in the literature. Table 1 sum-

marizes the reported experimental solubility data. The standard-state partial molal prop-

erties (i.e., DG
�
f , S

�
, and Cp

�
) for Am3? and the complexes of Am3? with hydroxide,

chloride, and carbonate ions are among the properties reported in the compilations of

OECD-NEA [2] and Phillips et al. [7] Thermodynamic analysis has been first performed

for CO2/CO3-free environments, in which americium hydroxide, Am(OH)3(s), is identified

as the solid phase in equilibrium with solutions over a wide range of pH. Considerable
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discrepancies exist between the reported Am(OH)3(s) solubility data. Analysis of the data

has revealed that these discrepancies can be primarily attributed to the preparation

methods, aging of the samples, and levels of crystallinity. In general, if the crystallinity

was not established by means of analytical methods or not indicated by the authors, the

solid is most likely amorphous. Additionally, the scatter of the data may also be due to

radiolysis reactions, which can alter the redox potential of the solution and cause the

oxidation of Am(III). In fact, increased solubilities have been observed for Am at higher

oxidation states [49–51]. Regardless of the uncertainties in the experimental data, solu-

bility products have been reported for two forms of solid americium hydroxide, i.e., the

crystalline Am(OH)3(cr) and the amorphous Am(OH)3(am) [2]. These two forms of solid

Am(OH)3 generally define the limits of solid precipitation. The higher solubility results

from the metastability of the amorphous phase, Am(OH)3(am), which would be converted

into the stable, less soluble crystalline phase, Am(OH)3(cr), if the thermodynamic equi-

librium was reached. Here, we take into consideration both of these solid forms in order to

be able to predict the solubilities of the metastable as well as the stable phases. The

experimental data and the calculated results are compared in Fig. 1 for non-complexing

environments (Fig. 1a) and in the presence of substantial concentrations of Cl- ions, which

induce complexation (Fig. 1b). The lines in these figures are calculated using the model

with parameters listed in Tables 6 and 11. These results also demonstrate how sensitive the

model parameters (e.g., the standard molar Gibbs energies of formation, DG�
f ) are to the

uncertainties of the data from which these parameters were determined. For example, in

Fig. 1a, the differences between the higher solubility defined by the metastable solid

Am(OH)3(am) and the lower solubility defined by Am(OH)3(cr) span nearly two orders of

magnitude, which corresponds to a difference of 2.4 kJ�mol-1 (or ca 0.8%) in DG�
f (cf.

Table 11) between these two solid phases.

In Fig. 1b, the solubilities of Am(OH)3(s) in NaCl concentrations up to 5.6 mol�kg-1

[49, 52, 53] are shown. These data were used for modeling the effect of the chloride ion on

the solubility and for determining the properties of the Am(III)–Cl- complexes. The

Am(OH)3(s) solubility is shown to increase with the chloride concentration as a result of the

Am(III)–Cl- complex formation (Fig. 1b). This is illustrated by the differences between

the baseline solubility in the absence of Cl- (cf. the lowest line in Fig. 1b) and the

solubilities in 0.6 and 5.6 mol�kg-1 NaCl. This behavior is accurately reproduced by the

model. The accelerated increase in the baseline solubility (i.e., in 0.1 mol�kg-1 NaClO4)

with decreasing pH at pH\ 6 causes it to converge with the solubility at 0.6 mol�kg-1

NaCl. This is most likely due to activity coefficient effects for the different anions (e.g.,

Cl- versus ClO�
4 ) in that region; such an increase appears to be consistent with the trend of

Table 14 Binary parameters
(Eqs. 14–16) for species pairs in
the HNO

3
? H

2
O system

Parameters were determined
based on experimental data in a
temperature range of 225–554 K.
Values of b1;ij and c0;ij - c2;ij are

set equal to zero for all pairs

a Values of a
ð1Þ
ij and a

ð2Þ
ij are set

equal to zero

Species i Species j b0;ij b2;ij a
ð0Þ
ij

HNO3(aq)
a H2O -3.228640 1942.850 5334.530

N2O5(aq)
a H2O -3.228640 1942.850 5334.530

HNO3(aq) N2O5 (aq) 0 508.5590

HNO3(aq) NO�
3 1.548040 -1081.110

HNO3(aq) H3O
? 1.548040 -1081.110

N2O5(aq) NO�
3 1.548040 -1081.110

N2O5(aq) H3O
? 1.548040 -1081.110

NO�
3 H3O

? 3.211300 -2127.870
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the experimental data shown in Fig. 1a. The DG
�
f values for the aqueous species (Table 6)

and DG�
f for the two (crystalline and amorphous) solids (Table 11) were determined by

regressing the literature solubility data (Table 1) while the S� and C�
p values were taken

from the literature [2, 7]. A mixed complex, Am(OH)3Cl
-, has been introduced as it plays

a key role in alkaline solutions at high Cl- concentrations. In general, at high ionic

concentrations, ambiguity exists between the formation of a physical entity (such as a

complex) and the physical interactions between two (or more) species when they interact in

close proximity. In this case, better results are obtained by explicitly considering this

complex because the very small Am(III) concentrations in alkaline solutions render the

physical interactions between Am(OH)3(aq) and Cl- insufficiently significant to reproduce

the increase of solubility with increasing chloride concentration.

In the presence of carbonates and/or CO2, solid–liquid equilibrium becomes more

complicated due to the formation of additional Am–carbonate complexes and the
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Fig. 1 Solubilities of Am(III) in
the Am(III)–H–OH–Na–Cl–H2O
system: a in 0.1 mol�kg-1

NaClO4; b in 0.6 and
5.6 mol�kg-1 NaCl. All results
are at or near 298 K. The
literature data are from the
sources listed in Table 1 as
indicated in the legend; the lines
are calculated using the model
with parameters listed in
Tables 6 and 11

J Solution Chem (2017) 46:521–588 549

123

Author's personal copy



precipitation of multiple solids. At least three Am-bearing carbonate solids have been

identified in the literature. Depending on conditions, the solubility in CO2 or CO2�
3

-containing systems may be controlled by the formation of Am(OH)CO3(s), Am2(CO3)3(s),

or NaAm(CO3)2�xH2O [51], in addition to Am(OH)3(s). Standard-state thermochemical

properties have been reported in the literature for all these solids [2, 7]. However, while the

solubility data for Am(OH)CO3(s) and Am2(CO3)3(s) have been reported, the DG�
f value for

NaAm(CO3)2�xH2O that is reported in the OECD-NEA compilation [2] is based on

measurements that are not publicly accessible. Thus, the actinide–lanthanide analogy has

led us to investigate the NaAm(CO3)2�xH2O solubility on the basis of the available data for

NaNd(CO3)2�6H2O [54]. Therefore, a solid phase in the form of NaAm(CO3)2�6H2O has

been considered in the present work. Based on the literature solubility data listed in

Table 1 and those reported for an analogous solid, NaNd(CO3)2�6H2O [54], the standard-

state thermochemical properties have been determined for the three Am carbonate solids,

i.e., Am(OH)CO3(s), Am2(CO3)3(s), and NaAm(CO3)2�6H2O. The values of S� for these

solids have been evaluated based on the solubility data at elevated temperatures [50].

These standard-state property values are listed in Table 11. Figure 2 shows how the model

represents the literature solubilities at various partial pressure of CO2 (Fig. 2a) and at

different total carbonate concentrations (Fig. 2b). Both the experimental data and the

calculated results indicate that an increase in pCO2 causes a shift of the solubility curve

toward lower pH. Similar trends have also been observed for lanthanide and other actinide

systems [55, 56]. While the experimental identification of the solid phases can be cum-

bersome for these systems, the calculated results show clear trends. At higher pCO2 (i.e.,

pCO2 C 0.1 atm), the solid phase Am2(CO3)3(s) precipitates whereas Am(OH)CO3(s) forms

at lower pCO2 (i.e., pCO2 B 0.01 atm). Increased pH favors the precipitation of

NaAm(CO3)2�6H2O. In the presence of a carbonate salt (e.g., in 3 9 10-5 and 7 9 10-2

mol�kg-1 Na2CO3 [57]), it is the Am(OH)CO3(s) phase that precipitates at relatively low

pH (e.g., pH\ 11) whereas Am(OH)3(s) is the stable solid at elevated pH (i.e., pH[ 11).

The data of Meinrath and Kim [58], which were measured at pCO2 = 10-2 bar show

considerably higher solubilities and are shifted toward higher pH values compared to the

data measured at pCO2 = 10-3 atm by Felmy et al. [57] and at atmospheric pCO2 (i.e.,

10-3.5 bar) by Bernkopf and Kim [59]. Thus, the Meinrath and Kim data are closer to those

measured under CO2-free conditions and are inconsistent with the trend that is evident for

Am(III) and other actinides and lanthanides [56]. Further analysis of these experiments

indicates that the equilibrium time in the solubility measurements of Meinrath and Kim

was only 2–3 days whereas Felmy et al. measured the solubilities from both oversaturation

and undersaturation with an equilibration time up to 66 days. It has been noted that 36 days

are about the right amount of time to reach equilibrium [46, 57] as prolonged equilibration

time may result in a significant decrease of pH due to radiolysis-induced acidification of

the samples. Also, the solid phase in the Meinrath and Kim experiments was identified as

Am2(CO3)3(s) based on the XRD, DTA and TGA analysis performed on solid samples

obtained from the Nd(III)–CO3 system under similar conditions whereas Felmy et al.

confirmed the solid phase to be Am(OH)CO3(s) from direct XRD analysis of the Am-

bearing solid samples. Although Nd(III) provides a reasonable analogue for the analysis of

Am(III) data, Meinrath and Kim [58] may have used insufficient equilibration time to

precipitate the thermodynamically stable solid. Therefore, these data were not included in

the determination of model parameters but are shown in Fig. 2a for comparison. In Fig. 2,

the computed results for CO3/CO2-free systems are also plotted as a baseline to show the

solubility trends in the limit of pCO2 = 0. The lower (dashed) curve in the CO3/CO2-free
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system represents the thermodynamically stable crystalline Am(OH)3(cr) phase while the

upper (solid) one denotes the amorphous Am(OH)3(am). In the case of the data of Ewart

et al. [60, 61] (Fig. 2b), an improved fit may be obtained if mixed complexes (e.g.,

Am(OH)2CO
�
3 , AmOH(CO3Þ2�2 , etc.) are introduced, as in the work of these authors.

However, considering the large discrepancies in experimental data among various sources

(even from the same authors) within a range of comparable CO2/CO3 conditions, we

omitted such mixed complexes and consider our model to represent the experimental

results within their uncertainty. The results shown in Fig. 2 are consistent with those

obtained by other authors [51, 62–64].
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Due to low solubilities, only the standard-state thermochemical properties of the

Am(III) aqueous species and solids are necessary to reproduce experimental results in

Figs. 1 and 2. No ion interaction parameters have been introduced to model the Am(III)

systems.

3.1.2 Cm(III)

Compared to Am(III), much less extensive solubility data have been published for Cm(III).

The only available solubility data have been recently reported in alkaline solutions con-

taining concentrated NaCl and CaCl2 [65, 66]. These data have been measured in con-

junction with spectroscopic studies of Cm(III) solutions. Compared to the solubility data,

relatively extensive spectroscopic studies of Cm(III) solutions have been published,

including measurements at temperatures up to 473 K [67]. Specifically, time resolved laser

fluorescence spectroscopy (TRLFS) was used to investigate aqueous complexation and

speciation of Cm(III). TRLFS has been proved to be highly sensitive and selective for

studying the speciation of Cm(III) and enables the Cm(III) species concentrations to be

measured at the trace level, which is not assessible by any other method [68]. The majority

of the TRLFS studies have been reported during the past 20 years by Fanghänel and

collaborators [67, 69–73] and are of great value in the development of the thermodynamic

model for Cm(III) solutions.

As noted earlier, the solubilities of the hydroxides of Am(III), Pu(III), and Nd(III) are

similar, resulting in similar solubility products and hydrolysis constants [74]. In view of the

lack of comprehensive Cm(III) solubility data, chemical analogies between actinides and

rare earth elements [75] have been utilized in conjunction with the TRLFS speciation

results to establish hydrolysis equilibria for Cm(III) over a wide range of pH. The

Cm(OH)3(s) solubility data at higher pH [65] show trends as a function of pH that are

consistent with those for Am(OH)3(am) at lower pH values [76], when measured under

otherwise identical conditions (e.g., all in 5.6 mol�kg-1 NaCl solutions). Thus, the Cm(III)

model parameters have been developed based on a combined analysis of (1) Cm(III)

speciation results from TRLFS measurements, (2) Cm(III) solubility data, which are

limited to the alkaline range at high chloride (e.g., NaCl and CaCl2) concentrations, and (3)

solubilities estimated from those for Am(III) solutions, including values computed using

the Am(III) parameters for the CO2 effect, which has not been investigated for Cm(III).

The TRLFS results provide the necessary speciation input for determining the standard-

state thermochemical properties of the Cm(III) species. The solid phases are considered to

be similar to those in the corresponding Am(III) systems, i.e., Cm(OH)3(s), Cm(OH)CO3(s),

Cm2(CO3)3(s), and NaCm(CO3)2�6H2O. The reported Cm(III) solubility data have been

attributed to the formation of colloidal Cm(OH)3(am) particles [65, 66], and thus only a

single form of solid Cm(OH)3(am) is considered in this work. The standard-state ther-

mochemical properties for aqueous and solid species are listed in Tables 7 and 11.

Additionally, the complex solubility and speciation behavior at high salt concentrations

necessitates introducing the ion-interaction parameters for Cm(III) species. These

parameters are listed in Table 12.

Figure 3 compares the experimental speciation with that calculated using the model.

Figure 3a depicts the distribution (in mole fractions) of uncomplexed Cm3? and various

carbonate complexes as a function of the overall carbonate concentration. Figure 3b

illustrates the distribution of Cm3? and its chloride complexes as a function of CaCl2
concentration. For the results shown in Fig. 3b, the pH of the solution has been adjusted to

approximately 2 to avoid the hydrolysis in the determination of Cm–Cl complexation.
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The Cm(OH)3(s) solubilities are shown in Fig. 4, which compares the experimental data

(solid symbols) and calculated results (solid lines). These solubilities were obtained in

solutions containing concentrated NaCl or CaCl2. In 5.6 mol�kg-1 NaCl solutions,

Cm(OH)3(am) solubilities were reported at high NaOH concentrations at pH[ 14 (cf. the

solid triangles in Fig. 4). These results appear to be a continuation of the solubility curve

for Am(OH)3(am), which was determined at lower pH values at the same NaCl concen-

tration (cf. the hollow triangles in Fig. 4). The speciation results that are listed in Table 2

and illustrated in Fig. 3 have been used, together with the solubility data, to determine the

standard partial molar properties of Cm hydroxide (Cm(OH)3�n
n , n = 0–3) and Cm chlo-

ride (CmCl3�n
n , n = 1, 2) complexes. These complexes affect the solubility over wide

ranges of pH and Cl- concentration. As with Am(III), a mixed complex, Cm(OH)3Cl
-, has

been assumed to account for the solubility in the alkaline range.

For the solubility data measured in concentrated alkaline CaCl2 solutions (at pH 10–12),

there is a substantial increase in the solubility with increasing pH. Such an increase is not

observed in the NaOH–NaCl solutions and, thus, cannot be attributed to the formation of

strong Cm(OH)2�n
n complexes. Examination of analogous systems of the type Ca–M–OH

{M = Zr(IV) and Th(IV)} at similar CaCl2 concentrations revealed the formation of

ternary complexes of the stoichiometry Ca3[Zr(OH)6]
4? and Ca4[Zr(OH)8]

4? as deter-

mined by EXAFS [66, 77]. Therefore, three mixed complexes Ca[Cm(OH)3]
2?,
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Fig. 3 Comparison of
experimental and calculated
distribution (in mole fractions) of
Cm(III) species: a Variation of
Cm(III) and its carbonate
complexes with carbonate
concentration in aqueous
solutions with equal molalities of
Na2CO3 and NaHCO3 at the ionic
strength of 1.0 mol�kg-1 (NaCl).
Experimental results were
obtained at pH 9.03–9.44 and the
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chloride complexes with CaCl2
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mol�dm-3. All results are at
298 K. The literature data are
from Fanghänel et al. [69, 72];
the lines are calculated using the
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Ca2[Cm(OH)4]
3? and Ca3[Cm(OH)6]

3? have been proposed for the CaCl2–NaOH–Cm(III)

mixtures [65]. These complexes are also included in the present model to represent the

solubility behavior of Cm(OH)3(am) in the presence of concentrated CaCl2 in alkaline

solutions. With these complexes, the model accurately represents the solubility trends as

illustrated in Fig. 4. The Cm–Cl complexation causes an increase in solubility with CaCl2
concentration. The effect of chloride concentration on the solubility of CmOH)3(am) can

be put into perspective by comparing the results obtained for concentrated NaCl and CaCl2
solutions with a baseline calculated for a 0.1 mol�kg-1 NaCl solution, in which com-

plexation is negligible (cf. the lowest, dashed line in Fig. 4). The chloride complexation

effect is similar to that observed for Am(III) solutions (cf. Fig. 1b). An additional com-

parison between trivalent actinides is included in Sect. 3.1.3.

3.1.3 Pu(III)

The only available solubility data for Pu(III) are those reported by Felmy et al. [48] at

298 K, measured under carefully controlled reducing conditions to ensure that Pu(III) is

stable. The standard-state thermochemical properties of aqueous and solid species that are

reported in the literature [2, 6, 7] were used as initial values in modeling the hydrolysis and

solubility behavior of Pu(OH)3(am) as a function of pH. For a quantitative representation

of the solubility data, the values of DGo
f have been adjusted for aqueous Pu(III) hydroxide

complexes and for solid Pu(OH)3(am). The final values of these properties are given in

Tables 8 (aqueous species) and 11 (solids). Figure 5 compares the data of Felmy et al.

(open squares) with the model calculations (dotted line). To analyze the similarities in the

solubility behavior of trivalent actinides, the solubilities of Am(OH)3(am) (dashed line and

crosses) and Cm(OH)3(am) (solid line), all determined in 0.1 mol�kg-1 NaClO4 solutions,

are also shown in Fig. 5. The calculated solubilities of these three actinide hydroxides fall

in a relatively narrow concentration band, which is essentially within the scattering of

experimental data.

1.E-11

1.E-10

1.E-09

1.E-08

1.E-07

1.E-06

1.E-05

1.E-04

1.E-03

1.E-02

6 7 8 9 10 11 12 13 14 15

An
(II

I),
 m

ol
. k

g-
1

pH

Am(OH)3, 5.6 m NaCl, Runde & Kim 1993 [52]
Cm(OH)3, 5.6 m NaCl,  Neck, et al. 2009 [65]
Cm(OH)3), 5.6 m NaCl, calc.
Cm(OH)3, 1.02 m CaCl2, Neck 2009 & Rabung 2008 [65,66]
Cm(OH)3, 2.68 m CaCl2, Neck 2009 & Rabung 2008 [65,66]
Cm(OH)3, 3.91 m CaCl2, Neck 2009 & Rabung 2008 [65,66]
Cm(OH)3, 1.02 m CaCl2, calc.
Cm(OH)3, 2.68 m CaCl2, calc.
Cm(OH)3, 3.91 m CaCl2, calc.
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Fig. 4 Solubilities of
Cm(OH)3(am) in the Cm(III)–H–
OH–Na/Ca–Cl–H2O system. All
results were obtained at 298 K.
The solid symbols are the Cm(III)
data; the hollow symbols are the
Am(III) solubilities in
5.6 mol�kg-1 NaCl solutions.
The literature data are from the
sources listed in Tables 1 and 2
as indicated in the legend, where
m denotes the molality in
mol�kg-1; the lines are calculated
using the model with parameters
listed in Tables 7, 11, and 12
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3.2 Tetravalent Systems

Solubility data have been extensively reported in the literature for Np(IV), Pu(IV), and

U(IV). For all of these tetravalent actinides, the effects of pH and varying concentrations of

acids, bases and chloride, perchlorate and carbonate salts have been experimentally studied

(cf. Tables 3, 4 and 5). In addition, solubilities were measured for Pu(IV) in nitrate salt

solutions and in nitric acid up to high concentrations [78–80]. Although the majority of

literature data were measured at ambient conditions, solubility data at temperatures as high

as 373 K for Pu(IV) and 573 K for U(IV) have also been reported (cf. Tables 3 and 4).

Boiling point data have also been reported for Pu(NO3)4 in concentrated nitric acid

solutions [80–82]. The data at elevated temperatures, when combined with those measured

at ambient conditions, make it possible to determine the temperature dependence of the

thermodynamic parameters.

3.2.1 U(IV)

Standard-state partial molar properties of uranium species have been published based on a

comprehensive analysis of literature data including solubilities [33]. These properties

provide an excellent basis for the determination of model parameters for uranium(IV). Two

solid forms of U(IV), i.e., UO2(cr) and UO2�xH2O, have been identified [83] and solubility

data have been reported for these phases [8]. However, a comparison of data from different

sources reveals large discrepancies of nearly four orders of mangnitude at all pH values. As

discussed earlier, the sources of such discrepancies may include inadvertent oxidation that

may result in spuriously high solubilities. Also, a contributing factor may be a failure to

distingush between UO2(cr) and UO2(am). As noted by Neck and Kim [84], the solubilities

reported in the literature for UO2�xH2O (e.g., U(OH)4(am)) most likely refer to a range of

solid phases with different thermodynamic stabilities. In addition, errors may be due to

measuring solubilities near the analytical detection limits and to difficulties in achieving

reducing conditions.

For model development, data from solubility measurements under rigidly controlled

redox conditions and with a careful characterization of solid phases using structural

identification tools such as XRD are preferred. In general, considering various sources,
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parameters listed in Tables 6, 7,
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such data show a solubility difference of approximately 1–2 orders of magnitude between

UO2(cr) and UO2�xH2O at a fixed pH, with UO2(cr) being the stable (less soluble) phase.

Based on the published standard-state thermochemical properties of aqueous U(IV) species

and solids, the solubility behavior can be predicted for U(IV) solutions as a function of pH,

chloride concentration, and temperature. However, large discrepancies between the pre-

dicted and experimental solubilities are obtained using the published thermochemical

property values. In the paper of Neck and Kim [84], the solubility of UO2(cr) was esti-

mated using a Ksp value derived from the standard state Gibbs energy of formation,

DG�
f (UO2(cr)). With this Ksp value, the calculated solubility at neutral pH is several orders

of magnitude (*10-15 mol�kg-1) lower than the experimental data (10-10–10-8

mol�kg-1) [83, 85, 86]. In Neck and Kim‘s analysis of the data reported in neutral to

alkaline solutions at 100–300 �C by Parks and Pohl [85], it was concluded that the solu-

bilities obtained in these measurements did not refer to UO2(cr), but rather to an amor-

phous surface layer. While this can be a possibility, we note that the Ksp value used in the

work of Neck and Kim was derived from a DG�
f (UO2(cr)) value that was calculated from

the standard molar enthalpy of formation, DH�
f (UO2(cr), and standard molar entropy,

S�(UO2(cr)), which were obtained from the calorimetrically determined enthalpy of oxi-

dation of UO2(cr) to U3O8(cr) and low-temperature heat capacities of the solid UO2(cr) [3].

The derivation from these data (i.e., the enthalpy of oxidation and heat capacity) to obtain

DH�
f (UO2(cr)) and S�(UO2(cr) requires some numerical steps, including the integration of

the heat capacity with respect to temperature, that may introduce additional errors besides

those present in the direct measurements. It has been noted that calorimetric data often fail

to reproduce the solubility products of many solids, with relevant examples given in a

recent study of hydrothermal mobilization and mineral deposition of lanthanides, a group

that is analogous to actinides [87]. The disagreement has been attributed to either erro-

neous values of the standard enthalpy of formation of the solids, or to a low accuracy of the

determination of the entropy, or to both. Faced with a choice between the indirectly

determined Ksp based on calorimetric data and the directly measured solubility data, we

have decided to use the solubility data to establish the model parameters and to determine

the values of DG�
f (UO2(cr)) and S�(UO2(cr)).

To achieve the optimum representation of solubility data, the thermochemical property

values have been re-evaluated by regressing the experimental results. In this study, the

UO2(cr) and U(OH)4(am) solid phases have been considered. Among the various sets of

experimental measurements for U(IV) under CO2/CO3-free conditions, the solubility data

of Ryan and Rai [88], Rai et al. [89, 90], and Fujiwara et al. [91] for U(OH)4(am), and of

Rai et al. [83], Yajima et al. [86], and Parks and Pohl [85] for UO2(cr) were used in the

parameterization of the model because these measurements were performed under care-

fully controlled reducing conditions and used extra measures to remove or minimize

carbonate contamination (e.g., under inert gas or by treating alkaline solutions with

Ba(OH)2 or BaCl2). The solubilities from these sources are in general agreement for the

corresponding solid phases. These data are shown as solid symbols in Fig. 6 as indicated in

the legend. In chloride solutions, a chloride complex, UCl3?, has been taken into con-

sideration as it has been identified in the literature [3]. This complex has been found to be

most prominent in acidic environments, e.g., in aqueous HCl solutions when hydrochloric

acid is used for pH adjustment whereas measurements at higher pH values reveal little

effect of chlorides on solubility over wide ranges of chloride concentrations [90].

Several solubility data sets were reported in aqueous NaOH solutions up to concen-

trations of ca. 11 mol�kg-1 [88, 92, 93]. These data, from different sources, show a
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consistent solubility increase with OH- concentration. Measurements reported by Fuju-

wara et al. [91] in the pH range of approximately 12–14 also show a strong solubility

increase with pH. The solubility results of Gayer and Leider [93] and Galkin and Stepanov

[92] are significantly higher compared to other measurements [88, 91], which has been

attributed to the oxidized U(VI) species [8, 84]. Although the increase in solubility with

OH- concentration has been suspected to be due to U(IV)–carbonate complexation [88],

no details were provided to quantify such effects. At the same time, the increase in the

solubility of U(IV) and a similar actinide, Pu(IV), with pH has been explained by the

formation of hydrolyzed anionic species in a number of studies [91, 94–96]. In our data

analysis, we have attributed such increase to the formation of the hydrolyzed anionic U(IV)

species. The strong correlation between the solubility and the hydrolysis of the U4? ion are

represented by the formation of five hydroxide complexes, i.e., UOH3?, UO2?, HUOþ
2 ,

UO2(aq), and HUO�
3 . In alkaline solutions, it is the anionic species HUO�

2 that plays a key

role in the increased solubility at pH[ 12. It should be noted that the forms of the

hydrolyzed species are taken from Shock et al. [33], and can be reconciled, if necessary,
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with the conventional forms, U(OH)4�n
n , by adding an appropriate number of moles of

H2O. The differences in the thermodynamic properties between these species and their

conventional forms can be determined by the addition of an appropriate number of moles

of water, multiplied by the molar thermodynamic properties (e.g., DG�
f ) of pure water,

which are well known [35]. At higher temperatures, solubility data are reported for only the

crystalline phase, i.e., UO2(cr) [85, 96]. The solubilities shift toward lower pH values as the

temperature increases. Among the two available sets of high-temperature measurements,

the data of Tremaine et al. [96] are substantially higher than those reported later by Parks

and Pohl [85]. The differences between these data have been analyzed in the latter study

[85]. The model results at higher temperatures agree better with data of Parks and Pohl.

Figure 6 compares the experimental and calculated solubilities of UO2(cr) at 298, 373,

473, and 573 K and those of U(OH)4(am) at 298 K.

The effects of carbonates on the U(OH)4(am) solubility have been examined in the

second step of the analysis. A substantial increase in the U(IV) solubility with carbonate

concentration is observed. This increase has been attributed to the formation of carbonate

complexes [97, 98]. Although carbonate complexation has been reported in the literature,

the composition of the complexes has been subject to debate [3]. In the present study, a

complex of the form UO(CO3Þ4�3 has been assumed and its standard-state thermochemical

properties have been determined based on the analysis of experimental solubility data in

carbonate and bicarbonate solutions [97, 98]. Since the data cover a substantial range of

carbonate concentration, it was necessary to introduce ion-interaction parameters between

the U(IV) species and the carbonate ions. These interactions parameters are listed in

Table 13 and the relevant standard-state thermochemical properties are collected in

Tables 9 and 11. The results of calculations for carbonate and bicarbonate systems are

presented in Figs. 7 and 8, respectively, and are in a reasonable agreement with experi-

mental data. For comparison, these figures also include the solubilities of other actinide

hydroxides, i.e., Np(OH)4(s) and Pu(OH)4(s) in similar environments (cf. Sects. 3.2.2 and

3.2.3, respectively).

3.2.2 Np(IV)

All data that are available for this system have been reported at ambient conditions (see

Table 5). Thus, the standard-state entropies and heat capacities (i.e., S� and C�
p) of Np(IV)

species have been taken from the literature [7]. Only the values of the Gibbs energy of

formation, DG
�
f or DG�

f , of the aqueous and solid species have been adjusted to give the

best fit to the experimental results. These properties are listed in Tables 10 and 11.

The calculated and experimental solubilities of Np(OH)4(am) are compared in Fig. 9 as

a function of pH in CO2/CO3-free systems. To minimize the complexity of the plot,

literature data from different sources are not distingushed. In this system, the effects of

different conditions (e.g., using different background electrolytes and/or reducing agents

for maintaining the tetravalent oxidation state) can be ignored compared to the scattering

of the data. Figure 9 also compares the results for U(OH)4(am) and Pu(OH)4(am) in order

to illustrate the solubility trends among tetravalent actinide hydroxides under similar

conditions. Compared to U(OH)4(am) and Pu(OH)4(am), the Np(OH)4(am) solubility

plateaus after the pH reaches ca. 7. No substantial solubility increase was observed in the

alkaline region up to pH 14 as shown by several independent measurements in the pH 7–14

region [99–102] where solubilities from various authors are in general agreement.

Although the data reported at high NaOH concentrations (0.5–16 mol�kg-1) by Peretrukhin
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et al. [95] show an increase in solubility with NaOH concentration, these data are sig-

nificantly higher than those reported by Rai and Ryan [102] in an overlapping range

(0.5–2.1 mol�L-1) of NaOH concentration. In their measurements of the solubilities of

hydroxides of Np(IV) and Pu(IV), Peretrukhin et al. [95] noted that Np(IV) was less

stable with respect to oxidation compared to Pu(IV) in alkaline solutions and that the

ineffectiveness of the reductant (hydrazine) and the poor purification from oxygen in their

Np(IV) experiments had resulted in the oxidation of Np(IV) to the more soluble

Np(V) species, leading to the appearance of Np(V) in the solid phase. Their data are thus

considered unreliable and were not included in the parameterization in the present work.

The plateau of the solubility over a wide range of pH is primarily controlled by the

properties of the uncharged hydroxide complex, Np(OH)4(aq). Although the anionic

complex Np(OH)�5 has been included in the model, it plays only a minor role in deter-

mining the solubility in the pH range around 14, where experimental data show a very

slight and somewhat uncertain increase. The DG
�
f value for Np(OH)�5 , which has been

determined in this study based on the experimental data within the pH range up to ca. 14, is

significantly less negative (-1578.07 kJ�mol-1) than the literature value [7]

(-1607.00 kJ�mol-1) and predicts a solubility increase at a considerably higher pH

compared to the U(IV) and Pu(IV) systems. Nonetheless, the DG�
f values determined for

the aqueous hydroxide complexes as well as for the solid Np(OH)4(am) provide reasonable

solubility predictions that are within the uncertainties of the data as shown in Fig. 9.

Despite the overall similarity in the solubility behavior of the An(OH)4(am) hydroxides

(where An denotes Np, U, Pu), some differences can be expected due to the inherent

differences in the properties of the cations. Compared to U(OH)4(am) and Pu(OH)4(am),
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Fig. 7 Solubilities of
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the solubility data for Np(OH)4(am) are less extensive, especially in highly alkaline

solutions. The data of Peretrukhin et al. [95], which were measured at high NaOH con-

centrations, are not adequate to provide quantitative support for the extrapolation of the

model in the highly alkaline region, making it difficult to unequivocally confirm the

reported solubility trends, which are used as the basis for model development. Clearly,

more reliable experimental measurements are needed to further validate the model and to

guide the extrapolation of the solubility in the range beyond pH 14.

As with U(IV), the presence of carbonates results in an increased solubility of

Np(OH)4(am). A detailed analysis of Np(IV)–carbonate complexation can be found in the

reviews by Lemire et al. and Guillaumont et al. [1, 2]. Depending on experimental con-

ditions, various forms of the Np(IV)–carbonate complexes have been proposed. The sol-

ubility behavior in carbonate and bicarbonate solutions appears to be consistent with the

presence of two carbonate complexes, Np(OH)2ðCO3Þ4�3 and Np(CO3Þ
6�
5 , with the former

being more significant at higher pH in carbonate solutions, and the latter being more

prominent in bicarbonate solutions at relatively low pH (e.g., pH * 8). Introducing these

complexes enables the model to reproduce the solubility over wide ranges of carbonate and
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bicarbonate concentrations. The experimental and calculated solubilities in the

Np(OH)4(am)–MHCO3 (M = Na, K) systems are compared in Fig. 8. This figure also

includes analogous comparisons for U(OH)4(am) and Pu(OH)4(am). The results shown in

Fig. 8 further illustrate the similarities between the actinides at the same oxidation state.

The bicarbonate has a similar impact on the three actinide systems by causing their

solubilities to increase with similar slopes versus the HCO�
3 concentration. Similar

behavior is also shown in Fig. 7 for U(IV) and Pu(IV) in carbonate solutions.

3.2.3 Pu(IV)

Compared to U(IV) and Np(IV), data for Pu(OH)4(am) show a deeper solubility minimum,

which is approximately two orders of magnitude lower than those for Np(OH)4(am) and

U(OH)4(am) (Fig. 9), with three sets of measurements (Lierse and Kim [103], Rai et al.

[38], Ewart et al. [61]) being consistent in the pH range where the solubility minimum is

shown (pH 8–12, half-filled sqaures). Notwithstanding the inherent uncertainties due to the
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very low solubilities that may approach the detection limit, this seems to indicate that

Pu(OH)4(am) is the most stable actinide tetrahydroxide solid in the moderately alkaline

range (pH 8–12). As with U(OH)4(am), considerable discrepancies in the solubility data

are seen over the entire pH range. Critical evaluations of the published solubility data for

Pu(OH)4(am) have been provided by Hala and Miyamoto [8] and by Neck and Kim [84].

Several possible reasons have been identified [84] for the large discrepancies including the

questionable redox states of the dissolved Pu species due to disproportionation and oxi-

dation of Pu(IV) and different solid phases obtained in various measurements due to

differences in particle size, degree of crystallinity or water content of the hydrated solids,

thus affecting the Gibbs energy and solubility. The existence of Pu(IV) colloids also affects

the measured solubilities if saturated solutions are not properly purified and filtrated,

causing erroneously high Pu concentrations. This effect has been noted [8] in the Pazykhin

and Kudryavtsev [104] data (cf. the open squares in Fig. 9), which are significantly higher

than data from other sources, especially for pH[ 7. These data are therefore excluded

from the model parameterization.

The solubility of Pu(IV) hydroxide has been measured in highly alkaline solutions up to

NaOH concentrations as high as ca. 18 mol�kg-1 [78, 95]. The increased solubility of

Pu(OH)4 with increasing OH- concentration has been explained by the formation of

anionic hydroxide complexes, Pu(OH)�5 and Pu(OHÞ2�6 , although the identification of these

complexes by spectrophotometric measurements was unsuccessful because of their low

extinction coefficients [95]. Thermochemical properties of Pu(OH)�5 have been reported

[6, 7]. In this work, both hydroxide complexes have been included in the model and their

thermodynamic properties (i.e., DG
�
f and S

�
) have been taken from the literature, estimated

from constituent ions, or adjusted (DG
�
f ) to reproduce the solubility data in highly con-

centrated NaOH solutions, as shown in Fig. 9 (upper right).

The effects of carbonates and bicarbonates on the Pu(OH)4(am) solubility are shown in

Figs. 7 and 8. As discussed in Sect. 3.2.2, similar trends as a function of carbonate/

bicarbonate concentration are evident in the tetravalent actinide systems. In general, the

agreement between the experimental and calculated results is within one order of mag-

nitude. Compared to the experimental data, which span up to 2 orders of magnitude (from

the same authors) or more (from different authors) under the same conditions due to factors

such as different sample preparation and aging of the samples, the calculated results

represent the solubility within the experimental uncertainties.

Solubilities of Pu(OH)4(am) have also been studied in relatively dilute nitric acid

solutions (0–0.7 mol�kg-1) at temperatures up to 373 K (Table 4). As shown in Fig. 10, a

significant decrease in the solubility with increasing temperature is observed from the

ambient temperature to 373 K. At a given temperature, solubility increases with the acid

concentration. The dependence of the solubility on temperature and acid concentration is

accurately reproduced by the model. The behavior of plutonium(IV) nitrate solubilities in

nitric acid up to high concentrations were also studied. Experimental data have been

reported for such systems at HNO3 concentrations up to ca. 8 mol�kg-1 [80]. These data

are shown in Fig. 11 together with the calculated solubilities of plutonium nitrates.

Although multiple solid nitrate phases have been reported in the literature [80], the

available amount of quantitative data is limited and would not justify determining the

properties of all of these solids. The observed solubilities are consistent with the precip-

itation of two solid phases, i.e., Pu(NO3)4�5H2O and Pu(OH)(NO3)3�5H2O, with

Pu(NO3)4�5H2O being favored at higher nitric acid concentrations and the basic salt

Pu(OH)(NO3)3�5H2O being stable in less concentrated nitric acid [80]. By considering
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these two solid phases, the model represents the solubilities within the scattering of

experimental data, as shown in Fig. 11. This figure further compares the solubilities of

nitrate-bearing Pu(IV) and Pu(VI) species, which will be discussed in Sect. 3.4.2.
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3.3 Pentavalent Systems

For pentavalent actinide systems, solubility data have been reported for Pu(V) and

Np(V) (Tables 4 and 5). However, Pu(V) is unstable, especially in acidic solutions and

undergoes disproportionation in dilute acids or oxidation in concentrated oxidizing acids.

Only very few solubility data points have been found for Pu(V). More extensive solubility

data have been reported for Np(V) as pentavalent neptunium is the most stable oxidation

state in aqueous solutions [105, 106].

3.3.1 Pu(V)

There is very little information on the hydrolysis of PuOþ
2 and on the solubility of PuO2

OH(am). The standard molal thermochemical properties (e.g., DG
�
f , S

�
, and Cp

�
) for PuOþ

2

have been reported and those for PuO2OH(aq) and PuO2OH(am) have been determined

from the equilibrium constant for the formation of the neutral complex PuO2OH(aq) and the

solubility product of PuO2OH(am) [1, 2, 6, 7]. Alkalization of a solution containing the

PuOþ
2 ions can lead to the precipitation of the hydrated oxyhydroxide PuO2OH�xH2O. The

amphoteric character of this compound is confirmed by the existence of salts such as

MePuO2(OH)2�xH2O or Me2PuO2(OH)3�xH2O [107]. In alkaline solutions, the increase in

solubility has been attributed to formation of anionic hydroxide complexes, such as

PuO2ðOH)�2 , PuO2ðOH)2�3 , or PuO2ðOH)3�4 [78, 107–109]. Unfortunately, there is a lack of

data on the stability of these complexes and on the solubility of the oxyhydroxide in alkaline

solutions. The solubility of PuO2OH(am) was reported in a slightly alkaline solution [108].

Peretrukhin et al. [95] reported solubility data in concentrated NaOH solutions prepared

starting from the salt Na2PuO2(OH)3�xH2O. The solid phases that are in equilibrium with the

solution were not identified, but were postulated to be Na2PuO2(OH)3�xH2O and

NaPuO2(OH)2�xH2O [95, 108]. The oxidation states in both the solution and the solid phases

have been spectrophotometrically determined to be consistent with Pu(V), although pos-

sible disproportionation of Pu(V) at NaOH concentrations below 6 mol�L-1 has been

indicated [95]. The disproportionation of Pu(V) can generally be represented by

2PuO2ðOHÞ1�n
n þ 2H2O � PuðOHÞ4�n

n þ PuO2ðOHÞ2�n
n þ 4OH ð21Þ

The reduction of Pu(V) also leads to the formation of PuO2�xH2O [78, 109], i.e.,

PuO2ðOHÞ1�n
n þ xH2O þ e� � PuO2 � xH2O þ nOH� ð22Þ

The extent of Pu(V) disproportionation has been shown to decrease with increasing NaOH

concentration [109]. This information has provided a basis for the development of the

Pu(V) model.

To quantify the solubility behavior in a relatively wide range of alkaline conditions, two

fixed-composition sodium salts of Pu(V) in the form of NaPuO2(OH)2 and Na2PuO2

(OH)3�2H2O have been considered in this work in addition to the hydroxide PuO2OH(am),

which precipitates in weakly alkaline solutions when Pu is controlled to be at the pen-

tavalent state. In the aqueous phase, the base species PuOþ
2 and its hydrolyzed forms

PuO2OH(aq), PuO2ðOH)�2 , and PuO2ðOH)2�3 have been taken into account. The standard

molar thermochemical properties (e.g., DG
�
f , S

�
, Cp

�
) for the aqueous species, PuOþ

2 and

PuO2OH(aq), and those (DG�
f , S�, C�

p) for the solid PuO2OH(am) have been taken from the

literature [2, 6, 7]. These standard molar properties for aqueous species, PuO2ðOH)�2 and
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PuO2ðOH)2�3 , and solids NaPuO2(OH)2 and Na2PuO2(OH)3�2H2O, were determined by

regressing the solubility data [95]. These property values are listed in Tables 8 and 11. The

parameters that quantify the temperature and pressure dependence in the HKF equation of

state (i.e., a1 to a4, c1, c2, and x) for the aqueous Pu(V) species have been estimated based

on Shock et al. [31, 42]. The values of S� were either taken from the literature [7] or

estimated using those of the constituent ions. For the solids, the values of S� and C�
p were

taken from the literature or estimated [7, 43–45].

As redox equilibria become important for the Pu(V) system due to disproportionation,

the model parameters have been determined by taking into consideration the redox equi-

libria, i.e.,

PuOþ
2 þ 4H3O

þ þ e� � Pu4þ þ 6H2O ð23Þ

PuOþ
2 � PuO2þ

2 þ e� ð24Þ

Calculations have also been performed by considering only the pentavalent state. Results

with and without redox equilibria have been then compared to reveal how the redox

equilibria affect the solubility. The results of these calculations for the Pu(V)–NaOH–H2O

system are shown in Fig. 12 as a function of pH. The pH values in the NaOH solutions

have been calculated at the experimental NaOH concentrations using the activity coeffi-

cients determined from the model, thus leading to very high pH values at high NaOH

concentrations. The solubility results are shown in Fig. 12a. The results obtained by

including redox equilibria are represented by dotted lines whereas those obtained without

redox are shown by dashed lines. Clearly, the solubility of Pu(V) in acidic solutions

and up to low NaOH concentrations (less than 0.1 mol�L-1, or pH B 12) is governed by

the reductive precipitation of Pu(OH)4(am) (i.e., Eqs. 23). At higher pH, solids with

the formula of NaPuO2(OH)2(s) (at pH 12–15.2, which corresponds to NaOH =

0.1–7 mol�kg-1) and Na2PuO2(OH)3�2H2O (for pH[ 15.2, which corresponds to

NaOH[ 7 mol�kg-1) are in equilibrium with the solution. In the entire range of pH, the

solutions are dominated by the Pu(V) species. This is illustrated in Fig. 12b. At the same

time, when only pentavalent Pu is considered in the calculations, the calculated solubilities

(dashed lines in Fig. 12a) are much higher and are controlled by the precipitation of

PuO2OH(am) below ca. pH 12. In this region, the calculated solubilities of PuO2OH(am)

are close to those of NpO2OH(am), which are also shown in Fig. 12a as the solid line. At

higher pHs, the sodium salts of Pu(V) precipitate. As pH increases to ca. pH 13.5, the

results with and without redox equilibria are identical, indicating that Pu(V) dispropor-

tionation becomes insignificant in more concentrated NaOH solutions, a result that is

consistent with the spectrophotometric studies of Pu(V) and Pu(IV) [109]. The solubility

data point reported at pH 8.3 [108] was not included in the parameterization, as no

experimental details are provided with regard to the redox state in either the solution or the

solid phase. This point is consistent with the model in which redox equilibria are not

included. When only the pentavalent state is considered, the solubility in the pH\ 12

region is determined by the standard molar thermodynamic properties (e.g., Gibbs energy

of formation) of PuOþ
2 , PuO2OH(aq), and solid PuO2OH(am), which are taken from the

literature [2, 6, 7]. The model reproduces the experimental data, especially in highly

alkaline solutions, with a good accuracy. It should be noted that when redox equilibria

were included, all model parameters pertaining to oxidation states other than Pu(V) were

kept unchanged in the process of determining the Pu(V) parameters.
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In Fig. 12, the solubility results for the Pu(V) system are further compared with those

for the Np(V) system without considering redox equilibria, as Np(V) is the most

stable oxidation state in solution. This is discussed in the following section.

3.3.2 Np(V)

Solubility data for Np(V) in CO2/CO3-free system are reported in a number of sources (cf.

Table 5). Although the experimental results are scattered, two extensive data sets by Neck

et al. [110] and Lierse et al. [111] show a general agreement with each other and have been

used as primary sources in model development. These data (cf. the open symbols in

Fig. 12) cover an ionic strength range from 0.1 to 3.0 mol�kg-1 and a pH range from 6.8 to

13.7. Within this pH range, only the solubilities of the amorphous NpO2OH(am) phase

were measured. Standard-state thermochemical properties for the dioxo species, i.e.,
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NpOþ
2 , NpO2OH(aq), and NpO2ðOH)�2 , as well as for the NpO2OH(am) solid phase, have

been reported in the literature [2, 7]. However, these values do not yield accurate solubility

predictions. Thus, the DG�
f values have been determined based on an analysis and

regression of the experimental data. A comparison between the experimental and calcu-

lated NpO2OH(am) solubilities is shown in Fig. 12. The thermochemical properties that

have been used to generate the calculated results are given in Tables 10 and 11. In view of

the large uncertainties in the experimental data, the model provides reasonable solubility

predictions over a wide range of pH. It is noteworthy that there is little effect of the ionic

strength (varied via NaClO4 concentration) on the experimental results and the curves

calculated at the ionic strengths ranging from 0.1 to 3 mol�kg-1 nearly fall on top of each

other over the entire range of pH. Therefore, Fig. 12 shows the calculated results only at

the ionic strength of 1.0 mol�kg-1. Also, Fig. 12 compares the Np(V) results with those for

Pu(V). Within the pH range in which the Np(V) data were measured (i.e., pH 6–14), the

solid phases that are in equilibrium with the solutions are NpO2OH(am) and PuO2OH(am).

The solubility trends shown for these two pentavalent actinide systems reflect the simi-

larities between Np(V) and Pu(V) with respect to both solid formation and aqueous spe-

ciation. Such similarities may be useful for analyzing other, similar systems for which

experimental data are missing.

In the presence of CO2 and carbonates, extensive Np(V) solubility data have been

reported near 298 K over wide ranges of pH, ionic strength, carbonate concentration, and

pCO2. The solid phases that have been identified in the carbonate systems are NaNpO2

CO3(s), Na3NpO2(CO3)2(s), and their hydrates. The solubilities of these solids are affected

by the concentration of carbonate ions due to the formation of carbonate complexes.

The Np(V) complexation reactions are considered to be restricted to the formation of

three complexes, i.e., NpO2CO
�
3 , NpO2ðCO3Þ3�2 , and NpO2ðCO3Þ5�3 [112]. Based on the

experimental data, two solids are considered: NaNpO2CO3�3.5H2O and Na3NpO2

(CO3)2(s). In contrast to the CO2/CO3-free systems, the ionic strength has a marked effect

on the solubility under otherwise identical conditions (i.e., at the same pH and pCO2).

Solubility results at varying ionic strengths (i.e., NaClO4 concentrations) of 0.1, 1.0, 3.0,

and 5.0 mol�L-1 [112] are shown in Fig. 13. Under the atmospheric CO2 partial pressure

(i.e., pCO2 = 10-3.51 bar), NaNpO2CO3�3.5H2O is found to be the stable solid phase over

the whole carbonate concentration range (up to 0.03 mol�kg-1) in 0.1 mol�L-1 NaClO4

solutions. However, at higher NaClO4 concentrations, i.e., in 1, 3 and 5 mol�L-1 solutions,

Na3NpO2(CO3)2(s) becomes the stable solid at higher pH, which requires higher carbonate

concentrations at the fixed pCO2. At these higher ionic strengths, NaNpO2CO3�3.5H2O

precipitates only at lower pH values and lower carbonate concentrations. It may continue

to precipitate at carbonate concentrations as high as 0.5 mol�L-1 (pH[ 10) but has been

found to convert to the less soluble solid Na3NpO2(CO3)2(s) after equilibrium is reached.

In 1.0 mol�L-1 solutions, such conversion occurs at pH[ 9.5 where the carbonate con-

centration exceeds ca. 0.01 mol�L-1. As the NaClO4 concentration increases to 3 and

5 mol�L-1, the conversion of NaNpO2CO3�3.5H2O to Na3NpO2(CO3)2(s) occurs at

somewhat lower pH and carbonate concentrations. In Fig. 13, the hollow symbols and thin

lines represent the solubilities of NaNpO2CO3�3.5H2O; metastable extensions of the sol-

ubilities of NaNpO2CO3�3.5H2O to higher pH values are also shown as dashed lines. In the

region of higher pH, the stable solid is Na3NpO2(CO3)2(s) as represented by the solid

symbols and thick lines. The thermodynamic model reproduces the solubilities of both the

stable and metastable solids as illustrated in Fig. 13. The effect of pCO2 on the
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Np(V) solubility is similar to that observed in the Am–CO3 system. Specifically, the

solubility curves shift toward lower pH values with increasing pCO2.

3.4 Hexavalent Systems

Hexavalent actinides are usually predominant under aerated conditions or in the presence

of oxidizing agents. Extensive solubility data have been reported for Pu(VI), U(VI), and

Np(VI). Literature values for the standard-state thermochemical properties of individual

aqueous species and solids [2, 6, 7, 33] and the available solubility data (Tables 3, 4 and 5)

provide a broad foundation for parameterizing the model.

In addition to the environments containing common acids, bases, and salts (i.e., those

involving the H3O
?, OH-, Na?, Cl-, ClO�

4 , and CO2/CO
2�
3 species), the behavior of

U(VI) and Pu(VI) has also been studied in concentrated nitric acid and nitrate salts.

Solubility data in nitric acid environments are more extensive for hexavalent U(VI) and

Pu(VI) than for tetravalent actinides, including the Pu(IV) system discussed in Sect. 3.2.3.

The hexavalent uranium and plutonium are the most stable oxidation states in the presence

of nitric acid due to the strongly oxidizing nature of the acid.

3.4.1 U(VI)

Hexavalent uranium has been extensively investigated in the literature. In CO2/CO3-free

system, the solubilities are controlled primarily by the solution pH. The presence of other

cations that may contribute to the formation of solids (e.g., Na?) also plays an important

role in determining the equilibrium concentrations of U(VI) and the solid phases that are in

equilibrium with the solution. The literature solubility data collected in Table 3 cover

extensive ranges of pH and salt concentrations and have been included in the evaluation of

both the standard-state properties and ion interaction parameters. Among the various U(VI)
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PCO2=0.000302 atm, in aqueous NaClO4 solu�ons 
(Neck et al. 1995)

NaNpO2CO3.3.5H2O  (NaClO4=5 m), exp NaNpO2CO3.3.5H2O  (NaClO4=5 m), cal.

Na3NpO2(CO3)2  (NaClO4=5 m), exp Na3NpO2(CO3)2  (NaClO4=5 m), cal.

NaNpO2CO3.3.5H2O (NaClO4=3 m), exp NaNpO2CO3.3.5H2O (NaClO4=3 m), cal.

Na3NpO2(CO3)2  (NaClO4=3 m), exp Na3NpO2(CO3)2  (NaClO4=3 m), cal.

NaNpO2CO3.3.5H2O  (NaClO4=1 m), exp NaNpO2CO3.3.5H2O  (NaClO4=1 m), cal.

Na3NpO2(CO3)2  (NaClO4=1m), exp Na3NpO2(CO3)2  (NaClO4=1m), cal.

NaNpO2CO3.3.5H2O (NaClO4=0.1 m), exp NaNpO2CO3.3.5H2O (NaClO4=0.1 m), cal.

Fig. 13 Solubilities in the
system Np(V)–H–Na–OH–ClO4–
CO2/CO3–H2O as a function of
pH at 298 K. The symbols are the
literature data taken from Neck
et al. [112], where m denotes the
molality in mol�kg-1. The lines
are calculated using the model
with parameters listed in
Tables 10 and 11. Dashed thin
lines represent calculated
solubilities for the
metastable solid phase
NaNpO2CO3�3.5H2O
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solid phases that have been studied in the literature, the phases that may precipitate in the

U(VI)–H–OH–Na–X–H2O (X = Cl or ClO4) system are reported to be schoepite, UO2

(OH)2�H2O, and clarkeite, a sodium salt of U(VI). The chemical composition of clarkeite

may vary depending on how the solid was crystallized. Frequently, clarkeite contains small

amounts of elements that commonly exist in natural waters and minerals (e.g., Ca and Pb)

and includes varying amounts of hydration water. In the present work, clarkeite with a

chemical composition of NaUO2O(OH)�H2O is assumed. This composition has been

identified by XRD analysis for a solid phase precipitated from alkaline NaCl solutions

[113]. Speciation in U(VI) systems includes the uranyl ion, UO2þ
2 , and its hydrolyzed

forms: UO2OH
?, UO0

3, HUO
�
4 , UO

2�
4 , and UO4OH

3-. If the published standard-state

partial molar properties are used for these aqueous dioxouranium(VI) oxide and hydroxide

species [33], the predicted solubilities are systematically lower than the measured values at

pH below 5. Therefore, the properties of UO2þ
2 and UO2OH

? have been adjusted to fit the

experimental data in this region. This adjustment is also necessary for the systems where

nitric acid is present up to high concentrations. Also, it has been necessary to include an

additional hydrolyzed species, UO4OH
3-, to represent solubility data in highly alkaline

solutions, especially those associated with the precipitation of clarkeite [114].

Figure 14 shows the results for the U(VI) system under CO2-free conditions. There have

been numerous reports on the solubilities of UO2(OH)2�H2O [113–126]. Most of these data

were measured in acidic to weakly alkaline solutions (i.e., pH 3.3–9). The data reported by

Krupka et al. [122] and Redkin and Wood [124] show considerably lower slopes at the

lower pH values (i.e., pH 3–6) compared to most other measurements. Solubility data have

also been reported for a sodium salt of U(VI), i.e., clarkeite (NaUO2O(OH)�H2O or Na2
U2O7�xH2O), at higher pH and/or elevated sodium ion concentrations [113, 114]. At higher

pH (pH[ 6), the solubilities reported by Krupka et al. [122], Redkin and Wood [124],

Bruno and Sandino [115], and Gayer and Leider (in NaOH solutions) [118] are consid-

erably higher than those reported by Fanghänel and Neck [113] and Altmaier et al. [114].

The solid phase in equilibrium with solutions has been reported to be UO2(OH)2�H2O in

the Krupka et al. and Gayer and Leider measurements in the entire pH range of their

experiments. On the other hand, the solids in the Altmaier et al. [114] and Fanghänel and

Neck [113] measurements have been identified by XRD analysis as schoepite at lower pHs

and as clarkeite (NaUO2O(OH)�H2O) at elevated pHs and sodium ion concentrations. It is

possible that the higher solubilities reported by these authors [115, 118, 122, 124] at higher

pH values may have been due to presence of the metastable solid UO2(OH)2�H2O, which

would eventually be transformed to the more stable clarkeite when equilibrium is reached

[113]. The solubilities reported for amorphous schoepite by Kim et al. [120] are signifi-

cantly lower than other data sets in the pH range of 6–10. Thus, the Kim et al. data,

together with those of Krupka et al. [122], Gayer and Leider [118], Redkin and Wood

[124], and Bruno and Sandino [115] were not included in the model parameterization and

have been excluded from Fig. 14, except for the Krupka et al. data at pH[ 8 which give

the highest solubilities among all data sets in this pH range and are shown to be consistent

with the predicted solubility of the metastable phase UO2(OH)2�H2O (cf., the dotted lines).

The calculated solubilities (lines) were obtained using the parameters listed in Tables 9 and

11. In relatively acidic solutions (i.e., for pH values below ca. 7), schoepite is the

stable solid that is in equilibrium with the solutions. Clarkeite becomes the stable solid

phase in more alkaline solutions. The solubility of clarkeite is much lower than that of

schoepite and is influenced by NaCl concentration [114]. An increase in NaCl concen-

tration results in clarkeite to start precipitating at lower pH (cf. the results for 0.5 and
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2.6 mol�kg-1 NaCl in Fig. 14). The increase in the solubility as pH increases in alkaline

solutions (cf. Fig. 14) results from the formation of negatively charged oxyhydroxides of

U(VI). The model accurately reproduces these phenomena as shown in Fig. 14. The model

also represents the solubility of metastable schoepite at high pH values (cf. the dotted lines

in Fig. 14), at which clarkeite is the stable phase.

The solubility of U(VI) can be significantly affected by the presence of carbonates,

bicarbonates, and CO2. The solid phases that have been identified to precipitate in the

U(VI)–H–OH–Na–CO2/CO3–H2O system include rutherfordine (UO2CO3) and čejkaite

(Na4(UO2)(CO3)3), in addition to schoepite (UO2(OH)2�H2O) and clarkeite (NaUO2

O(OH)�H2O). Solubility data have been reported for this system at varying pCO2, car-

bonate and bicarbonate concentrations, and with or without other salt components (cf.

Table 3). In the presence of carbonates and/or CO2, carbonate complexes including
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Fujiwara et al.2005 [117]; 0.1 m NaClO4
Kramer-Schnabel 1992 [121]; 0.1 m NaClO4
Gayer and Leider,1955 [118], in HClO4
Krupka et al 1985 [122], in HClO4 and (CH3)4NOH
Torrero, 1994 [125], 1.03 m NaCl
schoepite, 0.1 m NaClO4, calc.
schoepite (metastable), 0.1 m NaClO4, calc.
clarkeite, 0.1 m NaClO4, calc.
Fanghanel & Neck2002 [113], UO2(OH)2.H2O, 0.5 m NaCl
Fanghanel & Neck,2002 [113], Clarkeite, 0.5 m NaCl
Altmaier et al. 2003 [114,129]; 0.5 m NaCl
schoepite, 0.5 m NaCl, calc.
schoepite (metastable), 0.5 m NaCl, calc.
clarkeite, 0.5 m NaCl, calc.
Altmaier et al. 2003 [114,129]; 2.6 m NaCl
clarkeite, 2.6 m NaCl, calc.
PuO2(OH)2.H2O (NaClO4=0.1~1.0m; Pashalidis et al. [179]; Fujiwara et al. [180]; Kim et al. [135])
PuO2(OH)2.H2O, 0.1 m NaClO4, calc

schoepite 
UO2(OH)2.H2O

schoepite 
(metastable)

clarkeite
NaUO2O(OH).H2O 

PuO2(OH)2.H2O

Fig. 14 Solubilities of schoepite (UO2(OH)2�H2O) and clarkeite (NaUO2OOH�H2O) in the U(VI)–H–Na–
OH–H2O system as a function of pH at 298 K, where m denotes the molality in mol�kg-1. The symbols are
the literature data as indicated. The lines are calculated using the model with parameters listed in Tables 9
and 11. Also shown are the experimental and calculated solubilities of PuO2(OH)2�H2O (solid black dots and
thick black line)
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UO2CO
0
3, UO2ðCOÞ2�2 , and UO2ðCO3Þ4�3 have been experimentally identified in the lit-

erature [127]. Standard-state thermochemical property values have been reported for these

complexes and for rutherfordine and čejkaite [2, 6, 7]. These values were used as initial

estimates but have been adjusted to obtain the optimum representation of experimental

solubility data. Figure 15 illustrates the solubility results in the U(VI)–H–OH–Na–CO2–

H2O system as a function of pH at the partial pressures of CO2 from 0–1.01325 bar. The

calculated results have been obtained using the standard thermochemical properties listed

in Tables 9 and 11. In the pH range shown in Fig. 15, schoepite is the stable solid at low

pCO2 (i.e., for pCO2 � 0.1 bar) and rutherfordine precipitates at higher pCO2 (i.e., at

pCO2 C 0.1 bar). As with other systems, the solubility curves shift toward lower pH values

with increasing pCO2. The solubility results shown in Fig. 15 were obtained in salt

(NaClO4 or NaCl) solutions with concentrations up to 3.0 mol�kg-1. However, the salt

effect on the rutherfordine solubility is almost insignificant compared to that of pH and

pCO2. A noticeable salt effect is observed only as the salt concentration increases from

0–0.1 mol�kg-1 and is due to an appreciable change of activity coefficients in dilute
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pCO2=1atm, 3mNaClO4, UO2CO3(s) pCO2=1atm, 3mNaClO4, UO2CO3(s), Grenthe et al. 1984 [151]

pCO2=1atm, 0.5mNaClO4, UO2CO3(s) pCO2=1atm, 0.5mNaClO4, UO2CO3(s), Grenthe et al. 1984 [151]

pCO2=1atm, 0.1mNaClO4, UO2CO3(s) PCO2=1atm, 0.1mNaClO4, UO2CO3(s), Meinrath 1993 [147,149]

pCO2=1atm, 0.1mNaClO4, UO2CO3(s), Pashalidis 1997 [154] pCO2=1atm, 0.1mNaClO4, UO2CO3(s), Kramer 1992 [121]

pCO2=1atm, 0mNaClO4, UO2CO3(s) pCO2=1atm, 0mNaClO4, UO2CO3(s), Sergeeva 1972 [155]

pCO2=1atm, 0mNaClO4,  UO2CO3(s), Meinrath 1993 [147,149]

pCO2=0.3atm,3mNaClO4, UO2CO3(s) pCO2=0.3atm,3mNaClO4, UO2CO3(s), Grenthe et al. 1984 [151]

pCO2=0.3atm,0.5mNaClO4, UO2CO3(s) pCO2=0.3atm,0.5mNaClO4, UO2CO3(s), Grenthe et al. 1984 [151]

pCO2=0.1atm, 3mNaClO4, UO2CO3(s) pCO2=0.1atm, 3mNaClO4, UO2CO3(s), Grenthe et al. 1984 [151]

pCO2=0.1atm, 0.5mNaClO4, UO2CO3(s) pCO2=0.1atm, 0.5mNaClO4, UO2CO3(s), Grenthe et al. 1984 [151]

pCO2=0.000316atm, UO2(OH)2.H2O pCO2=0.0003&0.0098atm, UO2(OH)2.H2O, Meinrath 1993 [147,149]

pCO2=0.000316atm, UO2(OH)2.H2O, Jang et al. 2006 [146] pCO2=0, 0.5mNaCl; UO2(OH)2.H2O, calc.

pCO2=1 atm, PuO2CO3(s)[153,154,183] pCO2=1 atm, PuO2CO3(s), calc

pCO2 increases
pCO2=0 atm
schoepite
UO2(OH)2.H2O

pCO2=1 atm
rutherfordine
UO2CO3(s)

Fig. 15 Solubilities of schoepite (UO2(OH)2�H2O) and rutherfordine (UO2CO3) in the U(VI)–H–Na–OH–
CO2–H2O system as a function of pH at 298 K, where m denotes the molality in mol�kg-1. The symbols are
the literature data listed in Table 3 as indicated in the legend. The lines are calculated using the model with
parameters given in Tables 9 and 11. Also shown in this figure are the experimental and calculated
solubilities of PuO2CO3(s) at pCO2 = 1.01 bar (solid black triangles and thick black line)
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solutions. However, as shown in Fig. 15, the effect of salt concentration on the calculated

solubilities is well within the experimental uncertainty.

For nitrate salts of uranium(VI), experimental solubility data (cf. Table 3) have been

reported over a wide range of temperature (255–623 K), nitric acid concentration

(x
0
HNO3

= 0–0.7 or mHNO3
= 0–127 mol�kg-1), and U(VI) nitrate concentrations (up to

solid saturation). The experimentally identified solid phases that may precipitate from these

solutions include UO2(NO3)2�6H2O, UO2(NO3)2�3H2O, UO2(NO3)2�2H2O, and UO2(OH)2
(or UO3�H2O). Although aqueous dioxouranium(VI) nitrate complexes have been reported

in the literature, they appear to be weak, thus making it difficult to distinguish experi-

mentally between complex formation and changes in the activity factor of the solutes as a

function of concentration [3]. However, as the mixtures involve very high U(VI) nitrate

and nitric acid concentrations, it is justifiable to take into account the formation of such

complexes. Therefore, in this study, we consider only a 1:1 complex, UO2NO
þ
3 , for which

a DG�
f value has been reported [3]. The model parameters for U(VI) nitrates have been

established by analyzing the experimental solubility data in the systems UO2(NO3)2–H2O,

UO3–HNO3–H2O, UO3–UO2(NO3)2–H2O, and UO2(NO3)2–HNO3–H2O. Modeling such

concentrated solutions necessitates introducing ion-interaction parameters between aque-

ous species. These parameters have been determined together with the standard-state

property values for the aqueous complex species (UO2NO
þ
3 ) and the solid phases

{UO2(NO3)2�6H2O, UO2(NO3)2�3H2O, UO2(NO3)2�2H2O, and UO3�H2O}. The values of

these parameters are given in Tables 9, 11, and 12. The solubility results in the UO3–

HNO3–H2O system at temperatures ranging from 298 to 332 K are shown in Fig. 16. All

four solid phases can precipitate from the solutions depending on the composition range

and temperature. At relatively low acid concentrations (i.e., below 25 mass%), the

stable solid is UO3�H2O. The uranyl nitrate hydrates UO2(NO3)2�nH2O start to precipate as

the acid concentration increases and the hydration water in the solid phase decreases with

acid concentration. The stability range of the hexahydrate, UO2(NO3)2�6H2O, shrinks as

the temperature increases so that only UO2(NO3)2�3H2O and UO2(NO3)2�2H2O precipitate

298.15 K, UO3.H2O

332.15 K

323.15 K

313.15 K

303.15 K

298.15 K

UO3

HNO3H2O

UO3.H2O

UO2(NO3)2.6H2O

UO2(NO3)2.3H2O UO2(NO3)2.2H2O

Fig. 16 Solubility in the UO3–HNO3–H2O system at various temperatures. The symbols are the literature
data from Lacher et al. [161]. The concentrations are shown in weight percent. The lines are calculated using
the model with the parameters listed in Tables 9, 11, and 12
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at 332 K. These transitions are very accurately represented by the model. It should be

noted that a single consistent set of model parameters (cf. Tables 8, 11, and 12) reproduces

the behavior of all U(VI) systems, i.e., those with and without CO3/CO2 or HNO3/NO3. A

comparison of the behavior of U(VI) and Pu(VI) in concentrated nitric acid mixtures will

be discussed in the next section.

3.4.2 Pu(VI)

The Pu(VI) systems have been modeled using a methodology that is similar to that adopted

for U(VI) systems. Based on the reported solubility experiments, the solid phase that is in

equilibrium with CO3/CO2-free solutions has been identified as plutonium(VI) oxide

hydrate, PuO3�xH2O, over the entire pH range. The solubilities were measured in solutions

with ionic strengths from 0.1 to 1.0 mol�kg-1 NaClO4 but show little effect of background

electrolyte concentration. When compared with the corresponding U(VI) system, the

equilibrium concentrations of Pu(VI) show a similar trend. This is illustrated in Fig. 14,

where the solubilities of Pu(VI) are shown as solid black circles. In the present study, a

solid phase that is similar to schoepite has been assumed, i.e., PuO2(OH)2�H2O (which is

equivalent to PuO3�2H2O). As with the U(VI) system, the standard-state partial molar

properties have been evaluated for a series of hydrolyzed forms of PuO2þ
2 and for the

PuO2(OH)2�H2O solid (cf. Tables 8 and 11).

The solubilities of PuO2CO3 have been reported at various pCO2 and carbonate con-

centrations and in different ionic media (Table 4). These data were analyzed to develop the

parameters for the Pu(VI)–CO3/CO2–H2O system. The carbonate complexes that have

been identified for Pu(VI) are similar to those for U(VI), i.e., PuO2CO
0
3, PuO2ðCO3Þ2�3 , and

PuO2ðCO3Þ4�3 [1] and have been adopted in this study. As with the U(VI) systems, the

ionic strength has much less effect on solubilities compared to that of pH and pCO2. While

it is interesting that, in the CO2-free systems, the stability range of PuO2(OH)2�H2O

extends to higher pH values compared to UO2(OH)2�H2O, it is equally interesting to note

that the stability range of PuO2CO3(s) also extends to higher pH compared to that for

UO2CO3(s). This is shown in Fig. 15 where the solubility results at pCO2 = 1 atm

(1.01325 bar) are shown for PuO2CO3(s) as solid black triangles (experimental data) and

the thick solid line (calculated). The solubilities at other pCO2 values show similar trends.

In the lower pH region (pH\ 4), PuO2CO3(s) and UO2CO3(s) behave similarly as a

function of pH. At higher pHs, the solubility of PuO2CO3(s) is about one order of mag-

nitude lower than that of UO2CO3(s) under the same conditions and extends to much

higher pH values before it increases due to the formation of competing carbonate and

hydroxide complexes. These results are indicative of appreciable differences in the effects

of carbonate complexation on the precipitation of PuO2CO3(s) and UO2CO3(s). The sol-

ubility behavior at lower pH is primarily controlled by the properties of positively charged

species such as PuO2þ
2 and PuO2(OH)

? in the Pu(VI) system and UO2þ
2 and UO2(OH)

? in

the U(VI) system and is not affected by carbonate complexation. As the pH increases,

higher solubilities in the U(VI) system indicate the formation of relatively strong carbonate

complexes. Carbonate complexation is weaker in the Pu(VI) system, which causes a lower

solubility of PuO2CO3(s) compared to that of UO2CO3(s). However, the carbonate com-

plexation becomes much stronger with a further increase in pH at a constant pCO2 due to

increased carbonate concentration, thus causing increases in solubilities in both systems.

Plutonium(VI) nitrate exists as the anhydrous salt PuO2(NO3)2 or as the hexa-, tetra-,

tri-, or dihydrates [80]. An acidic solid phase, PuO2(NO3)2�HNO3�nH2O, has also been
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reported in highly concentrated (ca. 19 mol�kg-1) HNO3 solutions [128]. The published

solubility data span a wide range of nitric acid concentrations (up to ca. 19 mol�kg-1) and

show considerable scattering among different sources. Three solid phases have been

considered to represent these limited data: PuO2(NO3)2�6H2O, PuO2(NO3)2�3H2O, and

PuO2(NO3)2�HNO3�3H2O. The DG�
f values for these solids have been determined from the

solubility data together with the activity coefficient ion-interaction parameters. The values

of S� and C�
p were estimated using a group contribution approach [43–45]. These

parameters are collected in Tables 11 and 12.

It is interesting to compare the solubility trends for Pu(IV) and Pu(VI) in nitric acid

environments, i.e., in the Pu(NO3)4–HNO3–H2O and PuO2(NO3)2–HNO3–H2O systems.

Such a comparison is shown in Fig. 11. In the Pu(IV) system, solubility increases sig-

nificantly with the HNO3 concentration, with a break point at *5 mol�kg-1 HNO3, where

the precipitated solid changes from Pu(OH)(NO3)3�5H2O to Pu(NO3)4�5H2O. In contrast,

for the Pu(VI) system, the solubility decreases sharply with the HNO3 concentration up

to *5 mol�kg-1 HNO3 and appears to level off at higher concentrations. Pu(VI) nitrate is

less soluble than Pu(IV) nitrate in concentrated HNO3 solutions. This solubility difference

makes it possible to separate Pu(VI) from Pu(IV) as Pu(VI) nitrate can crystallize first from

nitric acid solutions.

It is also of interest to compare the solubility behavior of the PuO2(NO3)2–HNO3–H2O

and UO2(NO3)2–HNO3–H2O mixtures. This comparison is provided in Fig. 17. To

emphasize the results at lower acid concentrations, the x-axis is expressed as the square

root of the nitric acid mole-fraction (on salt-free basis), ðx0
HNO3

Þ0:5. Complex solubility

behavior is evident in these mixtures. In both systems, sharp solubility decreases are

observed when the acid is initially added. Similar solid phases precipitate in the two

systems at lower acid concentrations, i.e., hexahydrates followed by trihydrates as the acid

concentration increases. The UO2(NO3)2�6H2O solid phase exhibits a much deeper solu-

bility minimum compared to that of PuO2(NO3)2�6H2O. At the highest nitric acid con-

centrations, the solid phases that are in equilibrium with the acid solutions are different. In
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Fig. 17 Solubilities in the
systems UO2(NO3)2–HNO3–H2O
and PuO2(NO3)2–HNO3–H2O as
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the U(VI) system, the stable solid is UO2(NO3)2�2H2O whereas a mixed solvate, PuO2

(NO3)2�HNO3�3H2O, precipitates in the Pu(VI) system. Both, however, reflect the pro-

gressive depletion of water molecules from the solid phases compared to the solids that

form at lower acid concentrations. In addition, the hydrates of PuO2(NO3)2 shows a

markedly lower solubility than those of UO2(NO3)2 at any acid concentration.

3.4.3 Np(VI)

Solubility data in the system Np(VI)–OH–H–Na–Cl–CO2–H2O have been measured in

CO2-free systems [129, 130] and at varying partial pressures of CO2 [131, 132]. These data

span wide ranges of pH (3–14.6), pCO2 (0.0003–0.8 bar), and NaCl concentration

(0.1–5.6 mol�kg-1) and provide an excellent basis for establishing the thermodynamic

model for the Np(VI) system.

It has been noted that Np(VI) is unstable in aqueous solutions in the region near and

below neutral pH as it can be easily reduced to Np(V) and Np(IV) depending on the redox

potential [129]. Among the published solubility data, those reported by Gaona et al. [129]

and Kato et al. [131, 132] were measured under carefully controled and monitored redox

conditions to ensure the hexavalent state for Np. The oxidizing conditions required for

stablizing Np(VI) in the measurements of Gaona et al. were maintained by using

5 9 10-3 mol�L-1 NaClO. However, Np(V) species have been detected at near-neutral pH

after a prolonged equilibration time due to the degradation of NaClO, thus causing a

decreased redox potential. At near-neutral pH conditions (pH 7–9), Gaona et al. confirmed

the predominance of the pentavalent species, NpOþ
2 , in the aqueous phase. At the same

time, the solid phase was identified to remain as Np(VI) in the form of NpO2(OH)2�H2O or

Na2Np2O7(s). The solid–liquid equilibrium was characterized as reductive dissolution of

Np(VI) solid phases in the near-neutral pH region [129]. Meanwhile, the measurements of

Kato et al. were made in acidic solutions (pH 3–7) under varying pCO2 conditions, in

which a much stronger oxidizing agent, ozone, was used for stablizing Np(VI) so that the

redox potentials were maintained within the stability range of Np(VI), i.e., E * 1.3 V at

pH 3 and E * 1.1 V at pH 7 [131, 132]. The Np(V) concentration in the experiments of

Kato et al. was determined to be less than 2% of the total Np by absorption spectropho-

tometry and liquid scintillation counting. In the case of Moskvin’s data [130], no oxidizing

agent was specified for maintaining the hexavalent state of Np during the solubility

measurements and the equilibrium constants were derived on the assumption that only

Np(VI) species were present in the aqueous solution.

Based on the available literature data, the model parameters for Np(VI) have been

determined concurrently using two different chemistry definitions. In the first definition,

redox equilibria are allowed in the analysis of the data of Gaona et al. Thus, the following

redox equilibria have been taken into consideration, together with all acid to base and

complexation equilibria for the corresponding oxidation states, i.e., Np(III–VI):

NpO2þ
2 þ 4H3O

þ þ 3e� � Np3þ þ 6H2O ð25Þ

NpO2þ
2 þ 4H3O

þ þ 2e� � Np4þ þ 6H2O ð26Þ

NpO2þ
2 þ e� � NpOþ

2 ð27Þ

In the second chemistry definition, only the Np(VI) state is included in the analysis of

the data of Kato et al. Standard-state thermochemical properties (i.e., DG
�
f and DG

�
f ) for the
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aqueous and solid Np(VI)–carbonate species were determined based on the data of Kato

et al., which were also used to validate the properties of the hydrolyzed Np(VI) species that

are important in acidic solutions (e.g., NpO2þ
2 and NpO2(OH)

?). At the same time, the data

of Gaona et al. provided the basis for the determination of the properties of NpO2(OH)2�
H2O(s), Na2Np2O7(s), and the aqueous species that are important at neutral to alkaline pHs

(i.e., NpO2ðOHÞ
�
3 and NpO2ðOHÞ

2�
4 ). Also, they were used to determine the ion interaction

parameters (i.e., for Na? and OH- with NpO2ðOH)�3 and NpO2ðOHÞ
2�
4 , respectively). It

should be noted that when redox equilibria are allowed, all model parameters pertaining to

Np(V) and the lower oxidation states discussed in previous sections were kept unchanged

when those for Np(VI) were determined. The model parameters for this system are col-

lected in Tables 10, 11 and 12. With these parameters, solubility curves have been cal-

culated and compared with experimental data in Fig. 18.

At relatively low pH values and in the presence of CO2 (Fig. 18a), the solubility is

controlled by the precipitation of NpO2CO3(s) at pCO2 C 0.1 bar, which is analogous to

UO2CO3(s) and PuO2CO3(s) in the U(VI) and Pu(VI) systems, respectively. As with

UO2CO3(s) and PuO2CO3(s), the solubility of NpO2CO3(s) shifts toward lower pH as

pCO2 increases. As discussed above, only Np(VI) aqueous species are included in the

calculations shown as lines in Fig. 18a because the corresponding data of Kato et al.
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[131, 132] were measured by maintaining an appropriate redox potential so that Np(VI)

dominates in the solution. Figure 18b shows a comparison of the calculated solubilities

with the data of Gaona et al. [129]. The model results were calculated by including redox

equilibria as discussed above. The calculated speciation is illustrated in Fig. 18d for

1.0 mol�kg-1 NaCl solutions and is limited to species with the highest concentrations. In

solutions at near-neutral pH (pH 7–9), it is the Np(V) species (i.e., NpOþ
2 ) that are pre-

dominant. At higher pH, the speciation is dominated by Np(VI) species (i.e., NpO2ðOH)�3
and NpO2ðOH)2�4 ). In the entire pH region, Np(VI) solid phases precipitate in the form of

NpO2(OH)2�H2O(s) (at near-neutral pH and lower NaCl concentrations) and Na2Np2O7

(s) (at higher pH and NaCl concentrations). These results are consistent with the experi-

mental observations of Gaona et al. [129]. The data of Moskvin [130] are inconsistent with

the results of either Gaona et al. or Kato et al. and were not included in the fitting.

However, the Moskvin data have been compared with the calculations with and without

including redox equilibria, as shown in Fig. 18c. Clearly, the Moskvin data are more

consistent with the calculations in which redox is included (solid line) where NpO2

(OH)2�H2O(s) is in equilibrium with solutions dominated by Np(V).

In CO2-free systems, it has been noted that the Np(VI) solubility trends are similar to

those for U(VI) when measured under similar conditions [129], especially in alkaline

solutions (pH[ 9). This similarity can be due to the formation of similar aqueous species.

The solid precipitate obtained by Gaona et al. [129] in alkaline solutions and at high NaCl

concentrations (e.g., Na2Np2O7(s)) is analogous to clarkeite in the U(VI) system. The

solubility of Na2Np2O7(s) is affected by the NaCl concentration in the same way as

clarkeite. An increase in NaCl concentration results in a decreased solubility of this solid.

At lower pH and lower NaCl concentrations (below 0.1 mol�kg-1), the solid phase,

NpO2(OH)2�H2O, is analogous to UO2(OH)2�H2O and PuO2(OH)2�H2O. This underscores

the similarities among the hexavalent actinide systems with respect to solid phase for-

mation. The solubility difference between Np(VI) and U(VI) in the near-neutral pH region

(pH 7–9) has been observed in experiments [129] where Np(VI) solids have markedly

higher solubility that decreases more rapidly with pH compared to the corresponding U(VI)

solids. This difference is due to different equilibrium reactions that control the solubility in

this region. The solubilities of Np(VI) solids are governed by reductive dissolution, in

which the solids are in equilibrium with solutions dominated by Np(V) species, whereas

U(VI) is more stable in aqueous solution and the solubilities of U(VI) solids are controlled

by simple dissolution, in which the solids are in equilibrium with aqueous solutions

dominated by U(VI).

As shown in Fig. 18, the model accurately reproduces the behavior of the Np(VI)

system with respect to both the concentrations at solid–liquid equilibrium and the identity

of the precipitated solids.

4 Conclusions

The previously developed Mixed-Solvent Electrolyte (MSE) model has been applied to

calculate phase equilibria and chemical speciation for selected aqueous actinide systems.

Specifically, the solution chemistry of Am(III), Cm(III), Np(IV, V, VI), Pu(III, IV, V, VI),

and U(IV, VI) has been analyzed to develop thermodynamic model parameters. The model

reproduces the complexities of the solubility behavior as a function of critical factors

including pH, partial pressure of CO2, concentration of carbonates and the presence of
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other salt components. In addition, redox effects on the solubility and speciation have also

been taken into consideration, as demonstrated by the reductive and oxidative dissolutions

of Np(VI) and Pu(IV) solids, respectively. Thus, it can be used to elucidate how these

radionuclides behave in natural aquatic systems or in nuclear waste repositories and to

predict how their solubility behavior can be affected by changing environmental condi-

tions. In addition, particular emphasis has been placed on analyzing systems relevant to

nuclear fuel processing, in which nitric acid and nitrate salts of plutonium and uranium are

present at high concentrations. The model has been shown to reproduce speciation and

solubility behavior in highly concentrated systems that are difficult to handle with classical

electrolyte models. It should be noted that for many systems investigated in the present

work, the models have been established on the basis of experimental data under ambient

conditions. In such systems, parameters used for calculating the thermodynamic properties

at higher temperatures and pressures (e.g., the standard molal entropy, heat capacity, and

HKF equation of state parameters for aqueous species) were either taken from calorimetric

measurements reported in the literature or estimated using indirect methodologies, and

have not been validated against experimental phase equilibrium and speciation data due to

the lack of relevant measurements. Extrapolation of the properties of such systems to

higher temperatures and pressures may be subject to larger uncertainties and lead to

inaccurate predictions. Thus, some parameters are reported only to provide an estimate

when extended ranges of conditions are considered. More reliable results can be obtained

only when the parameters are calibrated using experimental data that were directly mea-

sured in broad ranges of conditions. In general, the model predicts the solubility and

speciation behavior as a function of pH (from concentrated acids going through moderate

pH ranges all the way to concentrated alkaline solutions) at temperatures up to 573 K.

However, the degree of confidence in model predictions varies for different systems

depending on the availability of underlying experimental data. Specifically, the predicted

solubility behavior of U(IV) and U(VI) has been extensively validated up to 573 K. The

behavior of Pu(IV) and U(VI) in dilute to concentrated acid solutions has been demon-

strated to be accurately reproduced up to ca. 393 K. For Am(III), the model is supported by

experimental solubility data up to 343 K in total carbonate concentration up to 1 mol�kg-1.

The speciation behavior of Cm(III) has been validated up to 473 K in the mixed aqueous

solutions of Na2SO4 and NaClO4. For the remaining systems, the model has been largely

validated against data at or near room temperature. Beyond the ranges of data availability,

the model predictions can be treated as reasonable estimates that rely on a combination of

moderate temperature phase equilibrium and speciation data, calorimetric measurements

for solids and prediction techniques for aqueous species properties. Further improvements

of the model are expected as more experimental information becomes available.

5 Supplementary Material

Thermodynamic values reported in the tables this article are given in units of kJ�mol-1 or

J�K-1�mol-1. However, since the original Helgeson–Kirkham–Flowers (HKF) equation of

state was formulated in units of kcal�mol-1 and cal�K-1�mol-1, and many scientists still

use it in that form, the corresponding values of Tables 6, 7, 8, 9, 10 and 11 are converted in

these units in the supplementary Tables S6–S11.
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Appendix 1: Activity Coefficients in the MSE Model

The activity coefficients of an aqueous species k can be derived from the excess Gibbs

energy, Gex, (Eq. 11) by taking the derivative of Gex with respect to the number of moles of

k [11]. The functional forms are summarized here. As with the excess Gibbs energy, the

activity coefficient, c, consists of contributions due to long-range electrostatic effects (LR),
specific ionic interactions (II), and a short range effect resulted from molecular interactions

(SR), i.e.,

lnck ¼ lncLRk þ lncIIk þ lncSRk ð28Þ

The long-range electrostatic contribution term in the activity coefficient is derived from a

symmetrical Pitzer–Debye–Hückel formulation for Gex
LR [11] and is expressed as

lncLRk ¼ �Ax

2z2k
q

ln
1þ qI1=2x

P
i

xi 1þ q I0x;i

� �1=2� �þ
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where the sum is over all of the species (ionic and neutral) and Ix is the mole fraction-based

ionic strength defined by

Ix ¼ � 1

2

X

i

xiz
2
i ð30Þ

I0x;i represents the ionic strength when the system composition reduces to a pure component

i, i.e., I0x;i = � zi
2; q is related to a hard-core collision diameter and is assigned a value of

14.0. The Ax parameter is given by

Ax ¼
1

3
2pNAdsð Þ1=2 e2

4pe0eskBT

� �3=2

ð31Þ

where NA is the Avogadro number (6.022137 9 1023 mol-1), ds is the molar density of the

solvent (mol�m-3), e is the electron charge (1.602177 9 10-19 C), p = 3.14159, e0 is the
permittivity of vacuum (8.8541878 9 10-12 C2�J-1�m-1), es is the dielectric constant of

the solvent, kB is the Boltzmann constant (1.38066 9 10-23 J�K-1) and T is temperature in

K.

The specific ion-interaction contribution is calculated from an ionic strength-dependent,

symmetrical second virial coefficient-type expression:

lncIIk ¼
X

i

X

j

xixjBij Ixð Þ �
X

l

nl

 !
X

i

X

j

xixj
oBij Ixð Þ
onk

� 2
X

i

xiBik Ixð Þ ð32Þ

where Bij Ixð Þ ¼ Bji Ixð Þ, Bii ¼ Bjj ¼ 0 and the ionic strength dependence of Bij is given by

Bij Ixð Þ ¼ bij þ cijexpð�
ffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ix þ a1

p
Þ ð33Þ
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where bij and cij are adjustable parameters and a1 is set equal to 0.01. The parameters bij
and cij are calculated as functions of temperature as shown in Eqs. 14 and 15.

The short-range interaction contribution is calculated using the UNIQUAC equation

[26]

lncUNIQUACk ¼ ln
uk

xk

� �
þ Z

2
qkln

hk
uk

� �
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xk

X

j
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þ qk 1� ln
X

j
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j

hjskjP
i
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2
4

3
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where

lj ¼
Z

2
rj � qj
	 


� rj � 1
	 


ð35Þ

qi and ri are surface and size parameters, respectively, for species i, Z is a constant with a

value of 10, while aij is the binary interaction parameter between species i and j (aij = aji)

with a temperature dependence expressed by Eq. 16.

Appendix 2: The Helgeson–Kirkham–Flowers (HKF) Equation of State

The standard-state partial molal thermodynamic properties of aqueous species are calcu-

lated from the HKF equation of state using seven parameters that are specific to each

species. These seven parameters (a1 to a4, c1, c2 and x) are integration constants for

volume (a), heat capacity (c) and temperature and pressure properties of water (x). Details
of the HKF equations of state are available in the literature [28–31]. Here, only the

equation for calculating the standard partial molar Gibbs energy of formation is given,

which is used to determine the equilibrium constant in chemical speciation calculations.

DG�
P;T ¼ DG�

f � S�pr;Tr T � Trð Þ � c1 Tln
T

Tr

� �
� T þ Tr

� �
þ a1 p� prð Þ þ a2ln

Wþ p

Wþ pr

� �

þ a3 p� prð Þ þ a4ln
Wþ p

Wþ pr
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1
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� �

� c2
1

T �H

� �
� 1
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H� T

H

� �
� T

H2
ln

Tr T �Hð Þ
T Tr �Hð Þ
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þ x
1

e
� 1

� �
� xpr;Tr

1

epr;Tr
� 1

� �
þ xpr;TrYpr;Tr T � Trð Þ

ð36Þ

In this equation, DG�
f and S�pr;Tr represent the standard partial molal Gibbs energy of

formation and entropy, respectively, at reference temperature (Tr, 298.15 K) and pressure

(pr, 1 bar), H = 228 K and W = 2600 bar, e is the dielectric constant of water, and x is

the Born coefficient representing the temperature and pressure dependence for electrostatic

nature of the electrolyte solutions. More details can be found in Tanger and Helgeson

[133].
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126. Valsami-Jones, E., Ragnarsdöttir, K.Y.: Solubility of uranium oxide and calcium uranate in water, and
Ca(OH)2-bearing solutions. Radiochim. Acta 79(4), 249–257 (1997)
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