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Summary

The solubility of Pu{OH}; is determined in deionized water and
in chloride brines that contained Fe powder to maintain Pu in
the Pu{lIT) oxidation state. The presence of aqueous Pu(lil} was
verified experimentally. The solubility of Pu(OH); is several
orders of magnitude greater in brines than in deionized water at
the same hydrogen ion concentration. The logarithm of the
equilibrium constant, extrapolaled to zero lonic strength from
experiments in dejonized water, for the reaction Pu{OH), =
Pu'® +3 QOH" is determined to be —26.2 +0.8. The data for
solubility in brines are interpreted in terms of the ion-interaction
model of Pitzer and coworkers for the excess solution free encrgy.
These solubility data can be explained to within experimental
error by a relatively simple ion-interaction model that includes
only binary interactions between Pu** and Ci~. lon pairs or
ternary interaction parameters for Pu** were not required in
order to predict the solubility of Pu(OH); in natural chloride-
dominated brines at —log[H ™1 values of <9, where brackets
represent concentration.

Introduction

Plutonium is an important component of high-level
nuclear wastes. In the geologic disposal of high-level
nuclear wastes, the presence of steel and other
components in the waste package could result in a
reducing environment in which Pu(T1I) would be ex-
pected to be the dominant oxidation state in solution.
In addition, because Pu-containing wastes may be
placed in repositories in salt, it is necessary to under-
stand the aqueous chemistry of Pu(I1l) in concentrated
natural brines as well as in dilute natural waters.
Plutonium(I1I) compounds that have both fast
precipitation/dissolution kinetics and relatively low
solubility can be used to determine upper limits for
the Pu concentrations that may be leached from re-
positories where Pu(IIl) is stable. One such Pu(JII)
compound in highly alkaline environments (such as
those that would be encouniered in proposed salt re-
pository sites) is Pu{(OH):. However, no definitive ex-
perimental data for the solubility product of the reac-
tion [Pu(OH); = Pu® + 3 OH 7] are available. The
logarithm of the solubility product values reported in
the literature vary from about —19.7 to —27 [1—
8]. These values either are derived from Busey and
Cowan’s {3] data from experiments titrating PuCl;
solutions with NaOH or are estimated [1, 2, 4, 8)].

Because of the large variability in the reported solu-
bility products of Pu(OH); and the lack of reliable
experimental data, there is a need for experimental
evaluation of the solubility product of Pu(OH)s,.

One of the overall objectives of our research is
to develop models that will predict the solubility of
Pu{OH);, and eventually other actinide-containing
solid phases, in complex, multicomponent natural
waters. Such models can be used to predict the chemi-
cal behavior of natural waters and thereby to support
geochemical field investigations. The accuracy of these
models is critically dependent on the standard chemi-
cal potentials of the aqueous and solid species con-
sidered in the model and on the expressions for the
activity coefficients of the aqueous species. The accu-
racy of such geochemical models is usually restricted
to relatively dilute solutions (I ~ 0.1 M), principally
because they use expressions for the activity coefficient
(such as the Debye-Hiickel expression) that are valid
only in dilute solutions. However, the ion-interaction
mode! of Pitzer [9, 10] for the excess solution free
energy has been shown to accurately calculate mineral
solubilities in complex natural systems from zero to
high concentration [11—14]. This model recognizes
that at high concentrations activity coefficients are no
fonger universal functions of jonic strength but rather
depend upon the specific ions present in solution. The
necessary ion-interaction parameters are usually de-
termined from osmotic, emf, or solubility data in bi-
nary and comunop-ion ternary systems. Un-
fortunately, none of these necessary parameters are
available for Pu(I1I) agueous species,

The objectives of this study, therefore, are to exper-
imentally evaluate the solubility product of Pu(OH),
in dilute solutions and to conduct Pu(OH); solubility
experiments in high-ionic-strength chloride brines to
evaluate the applicability of Pitzer’s [10] model in in-
terpreting the solubility of Pu(OH); in high-ionic-
strength solutions. Our results show that 1) the logar-
ithm of the solubility product of Pu(OH); is
(—26.2+0.8) and is several orders of magnitude
lower than the only other experimental value (—19.7,;
[31) generally accepted, and 2) the solubility of
Pu(OH); in high-ionic-strength brines can be accu-
rately predicted with the Pitzer [10} ion-interaction
model using only parameters for binary interactions
between Pu* and Cl1™.
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Experimental materials and methods

A stock solution of Pu in concentraied HCl was prepared from
*3%Py that was purified by ion exchange and clecirolytically
reduced to Pu{Il]) immediately before use. The Pu concentration
in the stock solution was approximately 1.25 M.

Several precautions were (aken during the experiments to
keep out oxygen and maintain Pu in the Pu(IIT) exidation state.
First, all experiments were conducted in an inert-atmosphere
glove box where CO2 and O, levels were kept low by continuous
sparging with a prepurified argon. Second, the brines and
deionized water used in the experiments were deoxygenated by
bubbling with prepurified Ar for at least 1 h, followed by equili-
bration with Fe powder to further decrease the solubie O con-
tent 1o levels where Pu(I1I) is stable. Third, to eliminate inadver-
tently introduced O during experiments, Fe powder was added
in each experiment. The efficiency of the Fe powder for
decreasing sofuble O, has been demonstrated previously [15].

The solubility of Pu(QOH)s(s) is quile sensitive to hydrogen
ion concentration, so experiments were conducted over 4 range
of concentrations. The hydrogen ion concentration of the solu-
tions was adjusted with reagent-grade HCI and reagent-grade,
carbonate-frec NaOH. In the hydrogen ion concentration range
investigated, only the Pu®* ion was anticipated to be present
in significant concentrations, by analogy with Am*” [16], so
hydrolysis of the Pu*" ion should not be a complicating factor
in the experiments.

The experiments were conducted in glass centrifuge tubes at
23 4+ 2*C. To demonstrate that equilibrium had been achieved
in the experiments, solubility was approached from both
oversaluration and undersaturation. For the oversaturation ex-
periments, 10 mg of Fe metal and 30 ml of sotution were placed
in the glass tube, 0.020 ml of Pu(I11) stock solulion was added
(approximately 5 mg Pu), the hydrogen ion concentration was
adjusted, and the tube was sealed and placed on an orbital
shaker, One of the congerns in preparing Pu(OH); precipitates
for undersaturation experiments is ils possible oxidation during
precipitation and during washing of the precipitates. To prevent
Pu{OH); oxidation by glove box air, the Pu(Ill) stock solution
was added to 10 mg Fe powder in 30 ml of deoxygenated water,
the observed pH was adjusted to 12 with carbonate-lree NaOH,
and the resulting suspension was shaken in a sealed tube for
24 h. The tube was then centrifuged and the supernatant discard-
ed. The precipitale was washed with deoxygenated water adjust-
ed to pH 12, The precipitales were suspended in cither deoxy-
genated deionized water or brine. The pH values of these suspen-
sions were then adjusied to the desired range. The tubes were
scaled and placed on an orbital shaker in the glove box.

The experimental solutions were sampled after equilibration
for 1 to 24 days. Eh vaiues were measured with a platinum
clectrode calibrated with guinhydrone bufler solution. Solution
aliquots were removed and passed through Amicon Centriflo®
cones of 0.0018-pm pore size and analyzed for Pu concentration
by liquid-scintillation ajpha counting. To ensure that adsorption
or precipitation of Pu onto the filters did not affect the results,
the filters were preadjusted o the sample pH and pretreated
with an aliguot of sample solution before they were used to filter
the sample for analysis [17]. To determine whether the Pu(TIT)
oxidation staic was maintained during the experiments, selected
samples were analyzed by solvent extraction to scparate the
Pu(Iil) + Pw(IV) oxidation states [17]. The solution pH was
measured with a combination glass electrode (Orion-Ross®) cali-
brated against pH buffer solutions. During pH and Eh measure-
ments, the electrodes were sealed in the tubes to minimize O,
introduction into the tube from the glove box atmosphere.

The constituent concentrations in the Permian Basin brines,
PBB1 and PBB3, were defermined by inductively coupled-
plasma chromatography (ICP) analysis. The mofality of hydro-

* Centriflo is a trademark of Amicon Corporation, Lexington,
Massachusetts.
Orion-Ross® is a trademark of Orion Research, Cambridge,
Muassachusetts.

Table 1. Mcasured densities and 4 parameters (Eq. 2) for
permian basin brines

PBBi PBB3
Density (gfcm?) 1.17 1.23
A (.68 1.43

gen ion in these brines was calculated from the observed pH
meter reading according to a modified form of a Gran titration
performed by Peterson and Peterson (unpublished data; see [18]
for details of the titration procedure, {19—20] for a general
discussion). In this method, the observed pH [pH(obs)] is equai
to

pH(obs) = pey. — A4 {1)

where ey 15 the concentration in molarity units and the constant
A is defined by

F
2.303RT

A = logyu. + AE; 2)

where ;. is the convention-dependent molarity-scale activity
coefficient of H™ and AE; is the difference in liquid junction
potential between standards and solutions. Neither term on
the right side of eq. {2) is experimentally measurable but the
combination of them, A4, in eq. (2) can be mcasured.

Rewriting eq. (1) in terms of logarithms and then taking the
antilog of both sides yields

H"{obs) = 10%cy+ (3}

The constant A4 is then obtained by a modified Gran titration
in which the moles of added acid per liter is plotted against
H*(obs) (i.e., the negative of the antilog of the pH meter read-
ing). The logarithm of the slope of this curve is the correction
factor A needed to convert the observed pH to pey .. The concen-
tration in molarity units was then corrected to molality using
the measured density. The values of 4 and the measured densities
for PBBI and PBR3 brines are given in Tabic 1.

Results and discussion

The details of the solubility results for all experiments
are plotted in Figure 1. Oxidation-state analyses of
samples (Table 2) selected from among those reported
in Figure 1 indicate that the Pu was present pre-
dominantly in the reduced oxidation states. These re-
sults, in conjunction with 1) the very low measured
redox potentials (approximately —300 mV at the ob-
served pH) where Pu(I1I) is the stable oxidation state
and 2) the fact that measurable quantities of Pu(IV)
will not be present at these pH values [as a result of
the formation of insoluble Pu(IV) hydrous oxides [17],
indicate that the aqueous Pu was primarily Pu(ill).
Therefore, it can be concluded that the powdered met-
allic Fe successfully maintained low redox potentials
in the experiments so that Pu(IIl) was the stable oxi-
dation state. The fact that log Pu concentrations as a
function of pey- in deionized water experiments con-
form closely to a slope of 3 further justifies the con-
clusion that the Pu present in the aqueous state is
Pu(I1T}. These results also strongly indicate that sig-
nificant hydrolysis of Pu** does not occur.
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Table 2. Results of oxidation state analyses of Pu by solvent extraction from a selected set of duplicate samples
Sample® Eh(mV) pH?® Pu(IIT} and Pu{V) and Nonextractable Total (%)
number Pu(IV} (%) Pu(VI) (%) Pu(%)
Deionized water, oversaturation experiments
222- 7 —294 6.86 88.9; 92.1 3.1; 4.9 0.1; 0.1 93.9; 953
224 7 —355 6.83 46.6; 85.5 8.7, 51.8 0.1;063 94.3; 98.7
225A-8 —278 6.62 88.2; 88.6 1.1; 2.4 0.1; 0.1 89.8; 90.7
226- 8 —352 7.30 89.6;92.3 1.9; 2.0 0.8;08 92.4; 95.0
228- 8 —31t 8.08 82.9; 83.9 1.0, 1.8 1.2;13 85.9; 86.2
230- 8 —282 7.28 67.0; 70.8 21; 2.6 0.1; 0.1 69.7; 73.0
Deionized water, undersaturation experiments
282-21 —314 7.18 94.7;95.2 nm*© 0.6;2.3 95.3; 97.5
PBB1, oversaturation experiments
241-14 — 269 8.08 94.2: 94.5 1.2; 1.4 0.5;0.5 959; 96.4
PBBI, undersaturation experiments
267-13 —284 7.88 95.1;95.8 mm 3.6;4.5 98.7;100.3
266-19 —252 8.28 89.3 nm 1.5 96.8
271-19 -338 9.15 184 nm 85.9 104.3
PBB3, oversaturation experiments
255-10 —256 6.39 69.0; 72.6 12.2;19.3 02;0.2 85.0; 88.5
259-10 —286 6.80 86.7; 86.8 50; 7.5 0.2;0.2 92.0; 94.4
PBB3, undersateration experiments
275-14 —367 6.81 920;92.2 nm 1.3;1.5 93.5; 93.5
278-14 - 307 7.32 92.7;93.1 nm 2.0;4.0 94.7; 97.1

* Numbers after the dash represent equilibration period in days.

* Represents the observed pH meter reading. © nm = not measured.

5.0 6.0 7.0 8.0 8.0 10.0 3.0 120 130 140
PG+

Fig. 1. Phuonium concentrations contacting Pu(QH)a(s) in
0.0018-pm filtrates as a function of the measured negative logar-
ithm of the H* molarity {(pey. ).

The solubilities of Pu(OH); in dilute solution and
in brines differ significantly (Fig. 1). For example, at
a measured pey. of approximately 9, the deionized
water samples show total Pu concentrations at or be-
fow the detection limit of approximately 107°:% A7; in
contrast, the PBB1 brine shows a solubility of
approximately 10~ 7% M and the PBB3 brine shows a
solubility of approximately 10~*> M. Thus, at a
pey» of approximately 9, the solubility of Pu(OH);

Table 3. Analyzed compositions of PBB1 and PBB3 solutions
used in the experiments

Element/species PBBI (mg/l) PBB3 (mg/)

Ca 1,346 17,300

K 86.6 11,400
Mg 121 50,600
Na 120,400 27,200

Si - 454
Sr 20 17.8
Br- 140 3,346
Ci- 163,000 220,000
HCOy 36 5.6
8503~ 4,220 420
ph* 6.63 6.37

* Observed pH only.

changes by at least four orders of magnitude between
deionized water and the PBB3 brine. As we will dem-
onstrate in the next section, these large differences in
solubility are related both to the differences in ionic
strength among the solutions (i.e., 7 ~ 0 for deionized
water, ~ 6 for PBB1 brine, and ~ 10 for PBB3 brine),
and to the specific ions present in the selution. In that
regard, the PBB1 brine is predominantly a NaCl brine,
whereas the PBB3 brine is predominantly a MgCl,
brine {(Table 3).

Thermodynamic analysis

The objective of this section is to develop a thermodyn-
amic model that will explain the large differences in
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A Oversaturation
JA3VaN Experiment

O Undersaturation
Experiment

log Pu

Detection Limit

O e e e e i ot s

- 107 l

pH

Fig. 2. Plutonium concentrations in (0.0018-pm filtrates in equi-
librium with Pu{OH)s, as a function of pH. Solid line depicts a
calculated best {it line of slope 3.

Pu({OH), solubility found for deionized water and for
the high-ionic-strength brines. To proceed, we must
establish the standard chemical potentials for aqueous
Pu** ion and Pu(OH);(s).

The standard chemical potential (p°/RT =
—233.4) of Pu**(aq) was taken from Fuger and
Oetting [21]. The standard chemical potential of
Pu(OH)a(s) was obtained from a nonlinear least-
squares analysis [22] of our solubility data in deionized
water [p°/RT (Pu(OH),) = —484.0].

In this analysis, the modified form of the extended
Debye-Hiickel equation given by Pitzer [9] was used.
Combining the standard chemical potentials of
Pu?*(aq) and Pu{OH)s(s) with the standard chemical
potential of hydroxide ion (u°/RT = —63.435) taken
from Harvie et al. [12] gives a log K of —2624 0.8
for the dissclution reaction of Pu(OH);,

Pu(OH)a(s) =Pu**(aq) + 30H (aq). (4)

Figure 2 shows the agreement between our model
calculations (solid line) and the experimental data for
the deionized water samples. The agreement is quite
good. The ordinate of this figure is in pH units, (Note
that pH is an operationalty defined quantity, not a
thermodynamic quantity; see {12]). As mentioned in
the section on experimental methods, only the combi-
nation of the convention-dependent activity coef-
ficient and the liquid junction potential can be exper-
imentally measured (eq. 2). However, in these
deionized water experiments, activity coefficients are
all universal functions of ionic strength and have the
same convention-dependent values (~0.91). In these
dilute solutions, it is also & reasonable assumption
to neglect the difference in liguid junction potential
between standards and experimental solutions. Under
these conditions, a measured pH reading can be con-

4] lon f lon
Interaction interaction
fwith | {without

r NdCl, NdCE,
nmaamﬁmawv parameters)

—5 /

el 4

Davies Equation

log Pu
T

~Bl— A Oversaturation Experiment
O Undersaturation Experiment

Detection Limit

=8 p e e e o e —pt - —" RT
] 2 4 6 a 10

pm,, s

Fig. 3. Calculated and experimental solubilities in PBBT brine

as a function of the negative logarithm of the molality of hydro-

gen jon (pmy.). Calcuiated solubilities use cither the Davies

equation of Pitzer’s ion-interaction model with different par-

ameters. Dashed line represents calculations using large values
for the Pu™ ternary interaction parameters.

sistently interpreted as the negative of the logarithm
of the activity of hydrogen ion. We have used this
assumption in the calculations shown in Figure 2.

With the standard chemical potential of
Pu(OH)i{s) determined from our experiments in
deionized water, we can use models of the excess solu-
tion free energy to predict the solubility of Pu(OH); in
multicomponent solutions. The simplest such models
assume the activity coefficients are universal functions
of ionic strength. One commonly used example of such
a model is the Davies equation [23]. In this model, the
ion activity coefficients are given by

fogy; = —0.509 ZZ[IM2)(1 + 1Y) — 0.31) (5

where y; is the activity coefficient of species i, Z; the
charge on species i and I the ionic strength.

We have used this simple model to predict the
solubility of Pu(OH)s(s) in the PBB1 brine, which is a
predominantly NaCl brine. A comparison between
this model calculation and the experimental solubility
data is shown in Figure 3. As expected, this model
gives very poor results. In fact, the calculated solubility
differs by approximately 7 orders of magnitude at the
same molality of H*. This calculation clearly demon-
strates the very large errors that can occur if poor or
inappropriate models of the excess solution free en-
ergy are used for concentrated solutions.

The principal problem with these simple models of
the excess solution free energy is that at high concen-
trations, activity coefficients are no longer universal
functions of ionic strength but rather are dependent
on the specific ions present in solution. Such specific
ion-interaction effects, related to short-range forces
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among ions, are included in the ion-interaction modet
of Pitzer [9, 10]. This model emphasizes a detailed
description of the specific ion interaction in the solu-
tion. The effects of the specific ion interactions in the
excess solution free energy are contained within the
expressions for the activity coefficients. The activity
coefficients can be expressed in a virial-type expansion
as

_ﬂﬁ — mﬂv:UE =+ .M._;WEAN?SH -+ MM.. Qm._ﬁux.w\:w =+ ...
) P ©)
D

where m is the molality, and " is a modified Debye-
Hiickel activity coefficient that is a universal function
of ionic strength. B;;{{} and C;j are specific for each
ion interaction and are a function of ionic strength,
Pitzer [9] gives explicit phenomenological expressions
for the ionic-strength dependence of B. The third virial
coelficient, C, is taken to be independent of ionic
strength. The form of B is different for like, unlike,
and neutral ion interactions. A detailed description of
the exact form of eq. {6} is given in the Appendix.

In PBB1 brine, the most important ion interactions
affecting the solubility of Pu{OH); are the Pu**.Cl™,
Puw?*-Na*, and Pu®*-Na*-Cl~ interactions, and the
corresponding terms for hydroxide ion (i.e., OH ™ -
Cl~,Na*-OH", Na*-Cl~-OH"). The hydroxide ion-
interaction parameters {@gy-.¢-, f°, p', C? (Na*-
OH ™), ete.; see Appendix] were taken from Harvie e/
al. [12]. However, no information exists on the Pu3*
interaction parameters.

The strongest of the Pu®* ion interactions is ex-
pected to be the interaction of Pu?** with CI™. The
important parameters [or the binary Pu**-Cl™ inter-
actions are therefore expected to be f°, f*, and C*.
[deally, the interaction parameters for Pu®*-Cl™ couid
be obtained from isopiestic experiments on PuCl; so-
hutions. Unfortunately, such data do not exist in the
literature. However, osmotic data do exist for several
3:1 chloride salts, including LaCls, CeCls, PrCl;,
SmCls, EuCl;, and NdCly. The osmotic coefficients
for all of these 3:1 electrolytes have very similar values
(see the tabulation in Appendix 8.10 of ref. [24]). Using
these data, Pitzer and Mayorga [25] calculated the
binary ion-interaction parameters (5°, ' and C?) for
these 3:1 electrolytes. As expected from the osmotic
coefficient data, all the calculated parameters are very
similar for all the 3:1 electrolytes. Because of these
results, we have elected to use the binary parameters
for isostructural NdCl; given by Pitzer and Mayorga
to represent the corresponding PuCly parameters,
m.o.“ b-m:f.n_- = 6117, hw:fh_: = mn.cwu Qw:ufn_: =
—.0284].

Figure 3 shows the Pu(OH); solubilities in PBB1
brine calculated using only these binary parameters
for Pu**-Cl™ in the ion-interaction model of Pitzer
and coworkers. Similar calculations without the in-
clusion of the NdCl; parameters are also shown in
Figure 3. The model without the NdCl; parameters
{which uses only the extended Debye-Hiickel equation
for the activity coefficient of Pu?™) gives results that

-3.6
- A Overssturation Experiment
4.0 QO Undersaturation Experiment o

I

—a4l—

[>

PMy,+

Fig. 4, Calculated and experimental solubilities in PBB3 brine

as a function of the negative logarithm of the molality of hydre-

gen ion pmy . ). Calculated solubilities use ion-interaction models
with only binary parameters for Pu?-Cl™ interactious.

are approximately 5 orders of magnitude too high.
However, with the NdCl; parameters included, the
agreement between model calculations and exper-
imental data is quite good. This result has two impli-
cations. First, the binary parameters for NdCl; are
a good approximation of the corresponding PuCl;
values. Second, the interaction of highly charged Pu’®™*
with C1™ appears to dominate the aqueous solution
chemistry of Pu®* in this NaCl-dominated brine.

As a preliminary test of the importance of includ-
ing the ternary interaction parameters (i.e., @pys + g
and @pys+ pa+-c1-)» WE have estimated these par-
ameters from the only available data for a ternary
system for a triply charged positive ion, the AlCl;-
HCl system [26]. Although this system is not expected
to be a good analog for the PuCl;-NaCl system, the
magnitude of the AlCl;-HC] parameters is quite large
m@b_u tHE = g Wmu ~.m.\>~w+._.mw cl- = OHMH_ and will mmé.mw an
indication of the potential importance of including
the ternary PuCl;-NaCl parameters. The solubilities
calcuiated using the Pitzer model with these estimated
ternary parameters in PBB1 bring are shown as the
dashed line in Figure 3, with the corresponding solu-
bilities calculated with only the binary NdCl; par-
ameters. The data in Figure 3 indicate that, although
the inclusion of ternary parameters would affect the
calculated solubility of Pu(OH)i, the magnitude of
this effect is less than the experimental error in the
Pu(OH);-solubility experiments. Thus, although the
exact values of these ternary parameters cannot be
defined from these experimental data, the parameters
do appear to be of secondary importance in predicting
the solubility of Pu(OH); in this brine.

Because the use of an ion-interaction model with
only binary Pu?*-Cl™ terms gave good agreement
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with the experimental Pu{OH); solubility in the NaCl-
dominated PBB1 brine, we chose to do similar calcu-
lations for the PBB3 brine, which contains significant
amounts of MgCl, and CaCl,. The presence of these
salts as well as NaCl represents a more stringent test
of the model. The calculated and experimental solu-
bilities for PBRB3 brine are shown in Figure 4. Again,
the agreement between model and experiment is quite
good. Apparently the Pu®*-Cl~ interactions are still
the most important Pu®* ion interactions, despite Sm
replacement of significant amounts of Na* with Ca®*
and Mg?".

In summary, the model we propose for the solu-
bility of Pu(OH); in high-ionic-strength chloride-
dominated brines is quite simple. It does not require
ion pairs between Pu®* and OH™ or C17, and requires
only binary interaction parameters between the Pu?
ion and Cl1™. These results indicate that for chloride-
dominated brines, it may be possible to predict the
agueous solution chemistry of highly charged trace
species, such as Pu®*, using only binary interaction
parameters for the highly charged species.
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APPENDIX

Phenomenological equations

It is convenient to describe the activilies of the species g; in
electrolyte solutions by the following equation:

oG

iv ==y + RTIng (A1)
T.Pn

an;
where g is the standard chemical potential for species /. The

activity coefficient {¢;), and osmotic coefficient (¢} are defined
by

ay = (A.2)
for each solute species i and
—W
lnay,e = 1666 AM i @ (A.3)

for the solvent, y; and m; are the activity coefficient and molality
of solute species. The osmotic coefficient, ¢, is related to the
activity of the solvent by eq. (A.3) where W is the molecular
weight of water {18.016). [The sum over i in eq. (A.3) represents
the sum over all solutes: cations, anions, and neutrals.]

The chemical potentials for pure phases, such as minerals,
are constants at fixed temperature and pressure.

The remaining variables lacking explicit definition in the
theory are the excess funciions ¥ and (¢ 1). We use the
semiempirical equations of Pitzer [9] and coworkers to model
{hese functions. These functions have been rewritten in ¢q. (A.4)
and are the same as those of Felmy and Weare [11]. They have
been reproduced here for the convenience of the reader.

2 A2
Emy| 1+ b7
i

(6 —1)= + T Emam (BE 4+ ZCo)
£ a

+Z ﬂ:r:r.@%, N TIL
n

o

+ XX g (B, + M M ) + 2 Z mmicdy,

a<al noc

+ M M Mg, + ZZ 2 mmatgloca

nca

(Ada)

Inyy = Z3F + Zma(2Bya + ZCy)

e M 1, (20, + M My rrea) + 2Z 1, @openr

a<ar
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Inyy = zzF 4+ Em. 2By, + ZCx.)

4 Mm; 20y, + ME%%L + 2 Zmang Py
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- _JiMM:rEnQE + ME 2l + ZZ mgm Ly
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(Adc)
Inyy = Zm.245) + Zm, (2ne) + X Xy, (A.4d)
14 [ C
where
P )
F=—4* ﬂi.ﬂlmﬂ__.m+ w_:ﬁ + bRy [ 4 WW:#S:@?
{A.5)
+ X Zman, P, + L X mgng, Dy,
€< e a< ar
Clix
Cyy = ———rr5 A6
MX M_N.:,inw__m ﬁ v
Z=2|zim (AT)
)

A* is one-third the Debye-Hiickel limiting slope and equal to
0.39 at 25°C. The subscripts ¢ and a represent cations and
anions, respectively. The second virial coefflicients, Bary, are
given the following ionic-strength dependence [9].

Bl = B0 + piiyeV 4 pidems (A.8)
Byex = By + Pk alon)/ D + Bikgloa)/ D (A9)
By = _&m EL\J + .mw % ARL\O (A.10)
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The functions g and g’ are defined by
1 {1+ y)e™%
=014 e

800 ~5
z (A11)
1~ M+N+w% e
gl = -2 - (A12)

7
with y = R__\~0nau_\<~. When either cation M or anion X is
univalent, &; = 2.0. For 2-2 of higher valence pairs, o, = 1.4.
For ali electrolytes, oy = 12, and & = 1.2. The dimensions of o,
and «» are kg'’? mol V2. The second virial coefficients, @,

which depend upon ionic strength, are given the following form
[26).

O = Oy + oD + FOD {A.13)
b= O+ F@y(0) (A.14)
@ = YD) (A15)

The functions *@;{/) and “@j([) are functions only of ionic
strength and the electrolyte pair type.

The second and third virial coefficients, 1., and £, repre-
senting the interactions between ions and neutral species, are
assumed to be constant. The third virial coefficients Cfy and
¥, are also assumed to be independent of ionic strength.

The following are the complete set of parameters defining
the model for nonideai behavior of electrolyle solutions:

Blex, Birx, Barx, and Ciy for each calion-anion pair

@, for each cation-cation and anion-anion pair

& for cach cation-cation-anion and anion-anion-cation
triplet

A and &y for ion-neutral and ion-ion-neutral interactions.
Harvie et al. discuss these cquations more completely [12,
Appendix].

References

1. Morss, L. R.: Thermodynamic Propertics. In The Chemistry
of the Actinide Elements, 2nd Ed., Katz, J. J., Seaborg, G.
T., Morss, L. R., Eds., Chapman and Hall, New York 1986.

2. Allard, B., Kipatsi, H., Lilicnzin, J. O.: Expected Species of
Uranium, Neptunium, and Plutonium in Neutral Aqueous
Solutions. J. Inorg. Nucl. Chem. 42, 1015—1027 (1980).

3. Busey, H. M., Cowan, H. D.: Behavior of Plutonium( 11T}
Chioride in Titrations with Acid and Base, LAMS-1105, Los
Alamos Scientific Laboratory, Los Alamos, NM 1950,

4. Latimer, W. M.: Oxidation Potentials, Prentice-Hall, New
York 1952,

5. Lemire, R. J., Tremaine, P. R.: Uranium and Plutonium
Equilibria in Aqueous Solutions to 200°C. J. Chem. Eng.
Data 25, 361 —370 (1930).

6. Bacs, C. F., Mesmer, R. E.: The Hydrolysis of Cations,

Witey, New York 1976.

Cleveland, 1. M.: The Chemistry of Plutonium, American

Nuclear Society, LaGrange Park, {L 1979

=4

10.

1t

12

13.

14

13.

17

18.

19.
20.

21

26.

Cunningham, B. B.: Preparation and Propertics of the Com-
pounds of Plutonivm. In The Actinide Elements, Scaborg,
G. T., Katz, J. J., Eds., McGraw-Hill, New York 1954.

. Pitzer, K. S.: Thermodynamics of Electrolytes 1. Theoretical

Basis and General Equations. J. Phys, Chem. 77, 268 —277
(1973).

Pitzer, X. S.: Activity Coefficienis in Electrofyte Solutions,
CRC Press, Boca Raton, Fl 1979.

Felmy, A. R., Weare, J. H.: The Prediction of Borate Min-
eral Equilibria in Natural Waters: Application to Searles
Lake, California. Geochim. Cosmochim. Acta 50, 2771 -
2783 (1986).

Harvie, C. E., Melier, M., Weare, J. H.: The Prediction of
Mincral Solubilitics in Natural Waters: The Na-K-Mg-Ca-
H-CI-80,-OH-HCO;-CO5-H,0 Systemn in High fonic
Strengths at 25°C. Geochim. Cosmochim. Acta 48, 723—
751 (1984).

Monnin, C., Schott, J.: The Determination of the Solubility
Products of Sodium Carbonate Minerals and an Application
to Trena Pepaosition in Lake Magadi (Kenya). Geochim.
Cosmochim. Acta 48, 571 — 581 (1984},

Harvie, C. E., Wearc, J. H.: The Prediction ol Mineral
Solubilities in Matural Waters: The Na-K-Mg-Ca-Cl-S0,-
H,O System from Zero to High Concentration af 25°C.
Geochim. Cosmochim. Acta 44, 981 997 (1980).

Rai, D., Ryan, J. L.; Neptunjum{IV) Hydrous Oxide Solu-
bility under Reducing and Carbonate Conditions. Inorg.
Chem. 24, 247 —251 {1985).

Rai, D., Strickert, R. G., Meore, D A, Ryan, J. L.: Am([IT)
Hydrolysis Constants and Solubility of Amy(I1I} Hydroxide.
Radiochim. Acta 33, 201 — 206 (1983).

Rai, D.: Solubility Product of Pu(IV) Hydrous Oxide and
Equilibriam Constants of Pu(IV)/Pu(V), Pu(IV)/Pu(VI),
and Pu(V)/Pu(VI) Couples. Radiochim. Acta 35, 97106
(1984).

Dickson, A. F.: Ph. D. Dissertation, University of
Liverpool, Liverpool, UK 1977.

McBryde, W. A. E.: The pH Meter as a Hydrogen-Ion
Concentration Probe. Analyst 94, 337 —346 {1969).
McBryde, W. A. E.: The pH Meter as a Hydrogen-Ion
Concentration Probe: A Postscript. Analyst 96, 739 — 740
(1971).

Fuger, J., Qetting, F. L.: The Chemical Thermodynamics
of Actinide Elements and Compounds, Part 2, The Actinide
Agquieous Tons, International Atomic Energy Agency, Vienna
1976.

Harvie, C. E.: Theoretical Investigations in Geochemistry
and Atom Surface Scattering, Ph. D. Dissertation AADS2-
03026, University Microfilms, Ann Arbor, M1 1981.
Davies, C. W.: Jon Association, Butterworths, London 1962,
Robinson, R. A., Stokes, R. H.: Electrolvie Soiutions,
Butterworths, London 1965.

Pitzer, K. 8., Mayorga, G.: Thermodynamics of Electrolytes
I1. Activity and Osmotic Coefficients for Strong Electrolyles
with One or Both [ons Univalent. J. Phys. Chem. 77, 2300 —
2308 {1973).

Pitzer, K. S.: Thermodynamics of Elcctrolytes V. Effects of
Higher-Order Electrostatic Terms. J. Soln. Chem. 4, 249—
265 (1975).



