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ABSTRACT

This document contains six reports on actinide chemistry research supporting the Waste Isolation
Pilot Plant (WIPP). These reports, completed in FY94, are relevant to the estimation of the
potential dissolved actinide concentrations in WIPP brines under repository breach scenarios.
Estimates of potential dissolved actinide concentrations are necessary for WIPP performance
assessment calculations. The specific topics covered within this document are: the complexation
of oxalate with Th(IV) and U(VI); the stability of Pu(VI) in one WIPP-specific brine
environment both with and without carbonate present; the solubility of Nd(III) in a WIPP Salado
brine surrogate as a function of hydrogen ion concentration; the steady-state dissolved plutonium
concentrations in a synthetic WIPP Culebra brine surrogate; the development of a model for
Nd(III) solubility and speciation in dilute to concentrated sodium carbonate and sodium
bicarbonate solutions; and the development of a model for Np(V) solubility and speciation in
dilute to concentrated sodium perchlorate, sodium carbonate, and sodium chloride media.
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PREFACE

This report presents actinide chemistry research completed in fiscal year 1994 (FY94)
in support of the Waste Isolation Pilot Plant (WIPP). This work provides information funded
by the Actinide Source Term Program (ASTP) and the Gas Generation Program (GGP) that is
relevant to estimation of the dissolved actinide concentrations that could be present in WIPP

brines under repository breach scenarios.

FY94 was a transition year for actinide chemistry research for the WIPP. The research
was refocused toward determining actinide-bearing solid phases, and the variation of dissolved
concentrations in equilibrium with these solubility-controlling phases, as a function of
background electrolyte concentrations. This information is interpreted with a thermodynamic
formalism and the Pitzer activity coefficient model, which is valid to the high ionic strengths of
WIPP brines. FY94 results represent a mix of the older and newer approaches to obtaining

information necessary for estimating mobile dissolved actinide concentrations for the WIPP.

This document contains six reports:

° H.N. Erten, A.K. Mohammed, and G.R. Choppin, "Variation of Stability
Constants of Thorium and Uranium Oxalate Complexes with Ionic Strength,"”
SAND93-7112C;

. D.T. Reed, S. Okajima, and M.K. Richmann, "Stability of Plutonium(VI) in
Selected WIPP Brines," SAND93-7114C,

° F.I. Khalili, V. Symeopoulos, J.-F. Chen, and G.R. Choppin, "Stability of Nd
in Brine," SAND93-7113C;

. H. Nitsche, K. Roberts, R."Xi, T. Prussin, K. Becraft, I. Al Mahamid Al Rifai,
H.B. Silber, S.A. Carpenter, R.C. Gatti, and C.F. Novak, “Long Term
Plutonium Solubility and Speciation Studies in a Synthetic Brine,” SAND93-
3846C; .

. L. Rao, D. Rai, A.R. Felmy, and R.W. Fulton, "Solubility of NaNd(CO;),*6H,0
in Concentrated Sodium Carbonate and Sodium Bicarbonate Solutions," SAND94-
19487; and 7

. C.F. Novak and K.E. Roberts, "Thermodynamic Modeling of Neptunium(V)
Solubility in Na-CO,-HCO,-C1-C10,-H-OH-H, 0 Electrolytes," SAND94-0805C.

iii




The first four papers (Erten et al., Reed et al., Khalili et al., Nitsche et al.) were presented at
the Fourth International Conference on the Chemistry and Migration Behavior of Actinides and
Fission Products in the Geosphere, "Migration *93," held in Charleston, South Carolina on 12-
17 December 1993, and will be published in the Proceedings. The fifth paper (Rao et al.) has
been accepted by the journal Radiochimica Acta for publication. The sixth paper (Novak and
Roberts) was presented at the XVIII International Symposium on the Scientific Basis for Nilclear
Waste Management, held in Kyoto, Japan, on 23-27 October 1994, and will be published in the

Proceedings. Articles may appear in slightly different form in these publications.

Erten et al. measured the complexation of oxalate with thorium(IV) and with
uranium(VI). Oxalate is one of the organic ligand constituents of transuranic waste intended to
be stored in WIPP. Organic ligands hold the potential to increase actinide dissolved

concentrations by forming aqueous complexes, and this work examined this phenomenon.

Reed et al. presents information on the stability of Pu(VI) in a brine environment both
with and without carbonate present. These experiments were designed for gas generation
studies, so the plutonium chemistry information that can be inferred from them is limited.
However, this work demonstrates some of the Pu(VI) concentrations that can be maintained in

WIPP brines, particularly the stabilizing role of the carbonate anion.

Khalili et al. documents measurements of the solubility of Nd(IIl), a chemical analog for
Am(II) and Pu(lll), in a WIPP Salado brine surrogate as a function of hydrogen ion
concentration. Excess Nd(III) was added and allowed to precipitate while holding the hydrogen‘
ion concentration constant. The steady-state dissolved concentrations were measured and the
solid phase was characterized for each set of chemical conditions. The Nd(II) solid phases
found in these experiments served to guide current study of the dissolved concentrations of +I1I

actinides.
Nitsche et al. presents measurements of dissolved plutonium concentrations in a synthetic

Culebra brine called H-17 Brine. Plutonium was added in five different forms, Pu(IIl), Pu(IV),
Pu(V), Pu(VI), and Pu(IV)-polymer, and allowed to react in the brine for about 700 days. The

iv




plutonium oxidation state was not controlled, although the hydrogen ion concentration was
controlled and a constant CO,(g) partial pressure was maintained. This work provides
information on time scales required to reach steady-state, the steady-state oxidation state
distribution of Pu in an oxic brine environment, the plutonium-bearing solid phases that formed,

and the dissolved plutonium concentration under one set of chemical conditions.

Rao et al. determined the Nd(IIT) solid phases that control the neodymium solubility in
sodium carbonate and sodium bicarbonate solutions. They developed a thermodynamic model
using the Pitzer activity coefficient formalism to describe these data. This paper represents the
type of research that is currently being performed to develop dissolved concentration models for
actinides in WIPP brines. The thermodynamic parameters contained in this paper were based
on available data. Additional data from experiments in progress may lead to refinement of the

parameter values to describe chemical systems with greater composition ranges.

Novak and Roberts performed an extensive review of the literature to gather the existing
data for the solubility and speciation of Np(V) in NaClO,/Na,CO,/NaCl solutions. Literature
data was augmented with additional experiments, and a consistent dissolved concentration model
was developed from this information. This model was compared with data for the solubility of
Np(V) in two WIPP Culebra brines under one set of conditions. This work represents the type
of assessment that is being performed for each of the actinides important to WIPP, in

conjunction with laboratory work.

C.F. Novak, November 1994
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ABSTRACT
The extraction of Th(IV) and UO}* by a solution of TTA and
HDEHP, respectively in toluene has been used to obtain stability
constants of their oxalate complexes at 298 K in 1, 3, 5, 7 and 9
M ionic strength (NaClQ,) solutions. The complexes formed were the
MOx, MHOx, MOx, and M(HOx), (M = Th, UOQ,) species. The values were
analyzed by the Specific Interaction Theory and agreed to I = 3 M

but required an additional term for fitting at I ) 3 M.




INTRODUCTION

The use of nuclear energy requires an ability to dispose
safely of the resulting nuclear wastes. The solution chemistry of
the actinides in connection with nuclear fuel reprocessing cycles
as well as with their behavior in the environment associated with
geological repositories is of major interest presently. The
hydrolysis of actinide cations in natural waters can limit their
solubility, 1lead to precipitation or sorption, and reduce
complexation by other 1ligands in the waters. For modeling
requirements, stability constant values are necessary for the
ligands of interest in natural waters as well as hydrolysis
constants. Normal titration techniques to determine such constants
require - relatively high metal ion concentrations which may be
prevented by hydrolysis. Furthermore, such concentrations can lead
to radiolysis which can complicate the measurements and perturb the
results. These difficulties can be avoided by using solvent
extraction techniques with tracer concentrations of the metal ions
[1-4].

In this study, the stability constants of thorium and uranium
oxalate complexes were measured over a range of ionic strengths.

The distribution coefficient, D, is defined for the extraction
system as:

D = £[M],/Z(M], (1)

Assuming only a single organic phase species, MA,, and the various
species in the aqueous phase, equation (1) can be expressed by:

D = [MA,],/([M]+[ML],+ [MHL] + [ML,] .+ [M(HL) ] ;+. . . . (2)




where L is a complexing anion in the aqueous phase. This equation
can be written, with the conventional symbols for stability
constants, [5] as,
D = [MA]./ (M), (14 (Bioy+Byis [H]) (L] + (By0,+B15, [HI?) [L]%+. . .) (3)
We define "apparent" stability constants as:
B = Bior + Bin [H] (4)
B*® = B0 + Bia(HI? (5)
The constant in the absence of complexation is:
D, = [MA]l./[M], (6)
This allows restating equation (3) as:
D,/D = 1 + B,*®(L] + B,P[L1% + ..... (7)
A plot of 8, vs. [H] should give a straight line with an intercept
equal to B,,, and a slope of B,,, while a plot of B,**® vs. [H]? should

be linear with an intercept of B,,, and a slope of B,,,.

EXPERIMENTAL

Reagents and Solutions

All reagents were analytical grade. A stock solution of 0.0010 M
sodium oxalate (Aldrich) was prepared. Thenoyltrifluroacetone,
TTA, was purified by sublimation. A 0.01 M stock solution of TTA in
toluene was stored in the dark.l Di- {(2-ethylhexyl) phosphoric acid,
HDEHP, (Pfaltz and Bauer Co.) was purified by precipitation as
Cu(DEHP), using the procedure of McDowell et al.[6] The purified
HDEHP was dissolved in toluene and standardized with standard NaOH
solution. Sodium perchlorate (anhydrous, Mallinckrodt) was used

for ionic strength adjustment without further purification.




?°Th tracer (from Oak Ridge National Laboratory) was prepared
in a solution of pH 2 (HC104) such that 10 uL contained ca. 4.5 x
10* cpm. ?*U tracer (0Oak Ridge National Laboratory) was evaporated
to dryness and dissolved in a pH 3 (HCLO,) solution such that 10 uL
of the solution had a count rate of 3.5 x 10' cpm. These count
rates were obtained with the same efficiency as for the samples
from the solvent extraction measurements. All solutions used in
the experiments were filtered with a 0.45 pum microfiltration
system. Contamination from airborne particles was reduced by
perfofming the experimentai manipulations in a laminar flow hood
(Environmental Air Control; Inc.)

Silanizing

To minimize the sorption of the wuranyl and thorium
radiotracers on extraction vials, the latter were silanized
according to the process in reference [3]. The 20 mL standard
borosilicate scintillation vials were washed with 1 M NaOH, soaked
in 3 M HC1l, rinsed and driéd at 100° C. The precleaned vials and
their caps were silanized by shaking for 4-6 hours in a solution
containing 5% trimethylchlorosilane and 5% hexamethyldisilazane in
toluene. The vials were dfied overnight at 120°C.

pcH Measurements

A research pH meter (Accumet 950, Fischer Scientific) was used
with a combination glass electrode. The KCl solution in the salt
bridge was replaced with NaCl solution, as the low solubility of
KC1l0, at high ionic strengths causes erratic readings. The

electrode was calibrated with 4.01+0.01 and 7.00:+0.01 pH buffer




standards. The pH readings were converted to hydrogen ion
concentration (pcH) using calibration curves obtained by a series
of HCl1lO, dilutions in 1 to 9 M NaClO, solutions.

Radicactive Tracer

The radioactive tracers used were checked for radioactive
purity by alpha and gamma ray spectrometry. The alpha radiocactivity
in aliquots from the experiments was counted on a Packard
Instrument Tri-Carb 4000 (Hewlett Packard Instruments) 1liquid
scintillation counter using an emulsion scintillation cocktail
(Ecolume, ICN Biomedicals Co.) for beth aqueous and organic phases.

Experimental Procedure

Determination of the Dissociation Constants of Oxalic Acid

The pK, values of oxalic acid were determined at 3, 5, 7, and
9 M ionic strengths by potentiometric (NaClO,) titration. The
titrations were carried out using 40 mL soluéions in a 150 mL
vessel. A water bath maintained at 25+0.2° C was used for
circulating water in the jacket of the titration vessel. The Gran
method was used for calibrating the glass electrode at each ionic
strength {7, 8]. A standardized solution of 0.1 M HC1l0, (in NaCloO,
of a certain ionic strength) was titrated against a volume V, of
NaClO, of the same 1ionic strength as that of HC1O,. The exact
concentration of the titrant (HC1lO, in NaClO,) was determined by
titrating a known amount of Na,CO, using bromocresol green as
indicator. The titration used constant amounts of titrant for each
addition. The data analysis of pK, determination was done by using

the Fortran program HNFITMQ (9].




Solvent Extraction Procedure

For each extraction experiment, 5.0 mL of pre-equilibrated
aqueous solution adjusted to the appropriate pH were placed in
silanized vials. Aliquots of oxalate stock solution were added to
each vial followed by 5 mL of TTA and HEDHP in toluene. The
concentration of the organic extractant was adjusted according to
the ionic strength and pH of the solutions used. After addition of
10 uL of either #*°Th or **U, the vials were shaken for 2 - 3 hours
at room temperature. Kinetic measurements indicated that
equilibrium was attained in these experiments in about 10 min. (Th)
and 1 hr.(U). The vials were centrifuged and duplicate aliquots

from both phases were taken for counting and pH measurement.

RESULTS

Dissociation Constants Of Oxalic Acid

The experimental acid dissociation constants of oxalic acid
are given in Table I. pK, values up to 3 M ionic strength are
reported in the literature [10]. The pK,, values have somewhat
larger errors than those of pK,,, reflecting the increased
difficulty in determining the wvalues for pK,,.

The Thorium Oxalate Complexes

Speciation calculations of the oxalate ligand indicate that in

the pcH range of these studies the predominant species is the

protonated anion HOx .




TABLE I

Dissociation Constants of Oxalic Acid at°Different
Ionic Strengths (NaClO,) and T = 298K.

(M) PK,, PK,,
1 1.04 + 0.0409 3.56 + 0.020°
3 , 1.300 3.8107
1.0 £+ 0.3(p.vw.) 3.85 + 0.1(p.w.)
5 2.19 + 0.04 4.47 + 0.01
7 2.61 + 0.04 4.91 + 0.01
9 2.26 + 0.08 5.20 + 0.01
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Metal Oxalate Complexation

A series of experiments covering pH’s from 1.5 to 4.0 were
conducted at ionic strengths of 1,3,5,7, and 9 M NaClO,. The
concentration of oxalate anion in each vial was calculated from the
measured pcH, the total oxalate and the pK, values of oxalic acid.

Typical curves showing the variation of 1/D with oxalate anion
concentration at different pcH values are shown in Figure 1. The
data were analyzed with Eq. 7 when nonlinear curves were obtained
over higher oxalate ranges aé this indicates the presence of both
1:1 and 1:2 complexes. From analysis of the curves, the apparent
stability constants Bif and B3 were obtained as listed in Tablés
I, III and IV. These values represent results of at least two
determinations. The relationship of these apparent stability
constants to the B,0,, Bis Bz, and B,,, stability constants are
given by equations (4) and (5). Figure 2 is a plot of the apparent
Bi¥® as a function of hydrogen ion concentration. The intercept and
slope of the linear least squares fit correspond to B,,, and 8,,;.,
respectively. This technique where by the perturbation of
complexing by oxalate due to competitive hydrolysis can be used
only where hydrolysis has not proceeded too far. The deviation
from linearity at low [H'] in Figure 2 reflects this problem which
is also observed by a poor mass balance due to sorption and/or
precipitation of the neutral hydroxide. The slope at higher [H*]
values becomes unreliable due to small degree of complexation and

the values at pcH 1.29 and 1.40 have not been included in Figure 2.
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Figure 1. The variation of 1/D for Th(IV) as a function of total oxalate concentration at an
ionic strength of 5 M NaClO,.




TABLE II

Apparent Stability Constants of Th+Ox Complexes (T = 298 K).
log B,%FP '

Ionic Strength

pcH iM 3M 5M M M
1.29 7.92+0.06 8.02i0.04 8.96+0.02 9.57+0.02 8.92+0.02
1.40 7.90+0.01 7.99+0.01

1.50 7.88+0.02 8.68+0.02

1.58 7.94+0.03 8.66+0.05

1.67 7.79+0.05

1.84 7.70+£0.02 7.78+0.04 8.37+£0.06 8.99+0.05 8.79+0.07

1.90 7.62+0.03

1.94 7.58+0.04

2.17 7.37+0.01

2.30 7.44+0.06

2.37 7.19+0.04 7.68+0.07 8.40+0.07 8.53+0.04
2.41 7.31+0.04

3.08 7.23+0.09 7.27+0.04
3.12 6.76+0.02 6.78+0.05 6.76+0.04 7.18+0.04
3.32 7.15+0.05 7.08+0.01
3.46 6.50+0.04 6.47+0.01 6.45+0.01 6.91+0.05 7.14+0.05
3.98 6.00+£0.08 6.09+0.17 6.29+0.07 6.75+0.08 7.06+0.10
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TABLE III

Apparent Stability Constants of Th+Ox Complexes (T = 298 K)
log B,%FP
Ionic Strength
pcH iM 3M SM M M
1.29 13.34+0.31 14.26+0.34 16.31+0.45 18.16+0.17 17.49+0.14
1.40 13.624+0.14 13.94+0.35
1.50 13.62+0.13
1.67 13.78+0.02
1.84 13.71+0.01 13.66+0.16 15.9010.02 16.81+0.42 16.23+0.76
1.90 13.61+0.05
2.17 13.44+0.03
2.37 13.00+0.02 15.98+0.03
3.12 12.79+0.03 12.76x+0.07 12.44+0.04 13.63+0.03 14.31+0.03
3.46 12.16+0.02 12.18+0.03 12.47+0.02 13.30+0.0S5 13.13+0.31
3.98 12.00+0.04 12.06+0.02 12.231+0.05 13.77+0.02 13.17+0.14
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TABLE IV

Apparent Stability Constants of the UO,** + Ox Complexes (T = 298 K)
log B,*®® and (log B,**P)

Ionic Strength

pcH 3M 5M ™ M
1.61 6.20+0.02
1.89 6.13+0.01
2.19 6.07+0.02
2.23 7.96+0.03
2.27 7.16+0.02
2.32 6.12+0.02
2.49 6.70+0.02
2.79 6.80+0.05
2.84 7.60+0.06
3.03 6.92+0.01
(12.92+0.01)
3.07 7.50+0.05
(14.43+0.21)
3.11 7.54+0.04
(14.14+0.09)
3.22 6.05+0.06
(11.07+0.20)
3.34 7.43+0.04
(14.09+0.10)
3.42 5.97+0.06
(11.09+0.10)
3.52 6.84+0.04
(12.40+0.11)
3.54 7.04+0.06

(13.18+0.19)
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Figure 2. Variation of the apparent stability constant, 3,*°, for thorium plus oxalate
complexes as a function of hydrogen ion concentration at 1 M ionic strength
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The 8,01+ Biozr B« and B,,, values are given in Tables V (a) and (b)

where the errors indicated represent 1o0.

DISCUSSION

The bonding of Th(IV) to inorganic and organic ligands in
complexes can be described by an ionic model. As a result the
number of ligands as well as their geometric arrangement about the
thorium cation are determined primarily by electrostatic and steric
factors. The hydrolysis of Th(IV) can be extensive even in
relatively acidic solutions (pH=21). Since most organic ligands
involving carboxylate groups (e.g., oxalate) require pH values of
3 or higher in order to provide enough ionization of the ligand for
interaction, studies of thorium complexation are limited due to
hydrolytic competition. Only a single study exists in the
literature of the stability constants B,,, and B,,, of thorium-
oxalate complexes in perchlorate solution (11] obtained from
solubility measurements. Our values are not in agreement with
these data.

Uranyl ion, UO,**, does not/hydrolyze as readily and has been
studied more extensively than thorium. Stability constants for the
U0,**-oxalate system are available in the literature for 4 M ionic
strength [11, 12, 13] and below. In the present work, we obtained
a log B, of 6.00 + 0.05 which compares well with that reported at
4M [13].

The Nuclear Energy Agency has recommended [14] the use of

Specific Ion Interaction Theory (SIT) in the analysis of stability




TABLE V

(a) Stability Constants of Th+Ox Complexes

1 (M) log B,,;, log 8, log B,,; log B,
1 6.93+0.03 9.47+0.01 13.1340.17 17.01+0.04
3 7.06+0.09 9.52+0.12 13.16+0.05 16.95+0.03
5 7.12+0.08 10.24+0.05 13.19:0.17 19.29+0.01
7 7.37+0.04 10.84%0.01 13.76+0.06 20.21+0.01
9 6.74+0.12 10.63+0.01 13.03+0.18 15.79x0.01

(b) Stability Constants of U0,** + Ox Complexes

I(M) log 8., log B, log B, log B,,,

1 5.99

3 6.00 + 0.05 7.57 + 0.06 11.21 + 0.18

5 6.55 + 0.28 9.22 + 0.17 12.28 + 0.11 18.86 + 0.15
7 6.55 + 0.33 10.43 + 0.07 12.94 + 0.40 20.04 + 0.42
9 7.37 £ 0.05 10.06 + 0.02 14.08 + 0.11 19.48 + 0.59
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constants measured at different ionic strengths up to ca. 3m. In
the SIT approach, the value of the stability constant at zero ionic
strength, g°, is related to the value B! at ionic strength I (in

molality) by:

log B = log B° + A2%'D - A€ I (8)
Here,
AZP = (Zy)? - 20 - Z.° (9)
and
D = 0.509I%2/1+1.512 ' (10)
A€ = €, - €, - €, (11)

Where Z is the charge on the designated species and € is an
interaction coefficient for the cation and anion pair. Values of
log B predicted by the SIT agree well with the experimental values
from 0 to ca. 3 M ionic strength. Above I = 3 M there is usually
a growing difference between the experimental data and the SIT
calculation.

Recently an extension of the SIT treatment has been proposed
[15] to cover higher ionic strengths by including a quadratic term
of the interaction, +4%6-I?*, in equation (8). The results of
extended SIT analysis of our data are given in Table VI which
Figure 3 illustrates the extended SIT fitting of the ThOx** complex
stability constant. This extension of the S.I.T. treatment to
higher ionic strengths is empirical and, generally, analyses at

such ionic strengths have used the Pitzer formalism [16]. We have




80.0

| |
0.0 ' L | 1 | 1 ]

0.00 0.01 0.02 0.03

[H]1(M)

Figure 3. The "extended" SIT treatment of the 8, values for Th-+Ox as a function of the
ionic strength (in molality)
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TABLE VI
Results of the Extended SIT Analysis

Species Log B8° Ae Ad
HOx" 4.33 0.26 -0.0062
Uo,HOx* 5.60 1.03 -0.044
U0,0x 5.60 0.45 -0.019
ThHOx** 11.0 | 0.51 -0.020
ThOx?** 9.8 0.42 -0.022
Th (HOx) ,** 18.13 1.42 -0.061

ThOx, 17.5 0.56 -0.028




not used this latter approach in this study due to insufficient

data to obtain the Pitzer parameters.
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Abstract

The redox stability of plutonium (VI) in WIPP brine was investigated by monitoring the oxidation
state as a function of time using a combination of absorption spectrometry, radiochemical counting and
filtration. Studies were performed with Pu-239 and Pu-238 in four WIPP brines at concentrations
between 107 and 10® M for durations as long as two years. Two synthetic brines, Brine A and ERDA-
6, and two brines collected in the WIPP underground, DH-36 and G-Seep, were used. The stability of
Pu(VI) depended on the brine composition and the speciation of the plutonium in that brine. When
carbonate was present, a stable Pu(VI)-carbonate complex was observed. In the absence of carbonate,
Pu(VI) hydrolytic species predominate. These species had a wide range of stability in the brines
investigated. The reported results will help define the speciation of plutonium in WIPP brine and its

potential for migration.

Introduction

Herein, we report the resulté of work that was done in support of gas generation experiments with Pu-
spiked brines performed for the Waste Isolation Pilot Plant (WIPP) [1-4].. It is important to note that
the primary objective of these experiments was to establish the stability of plutonium in solution rather
than its solubility in WIPP brine. Qualitative information on the likely speciation of plutonium in the
systems we studied is also reported. Both the speciation and stability data are limited and should be
interpreted in the context of all the work being sponsored by the WIPP to address the issue of

plutonium solubility.

*Currently resides in Woodridge Illinois
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The WIPP, located in the Salado bedded salt formation in southeastern New Mexico in the
northern portion of the Delaware Basin, is being investigated as a site for final disposal of transuranic
(TRU) waste [5,6]. The predominant actinide in TRU waste will be plutonium-239 which is present at
levels of up to 10 grams per waste dmm. The most likely scenarios leading to plutonium migration
from the WIPP are human intrusion and brine inundation which may mobilize the plutonium as an
aqueous species. The speciation and solubility of plutonium under this latter scenario, therefore, are
potentially important factors in evaluating the long-term performance of the WIPP.

The key parameters that define the speciation and solubility of plutonium in WIPP brines are
redox conditions, pH, carbonate concentraﬁon, organics present, degree of aggregation, and inorganic
complexation. The operational pH (pHg;) of all four WIPP brines investigated was typically in the
range of pH = 6 to 7. This was measured by a Ross electrode and uncorrected for ionic strength.
The actual pH in these systems is approximately 0.5 to 1 pH unit higher than we measured when
corrected for tonic strength {7, 8]. In this pH range, Pu(VI) is readily hydrolyzed in the absence of
strong complexants. Of the anions present in WIPP brines (e.g., halides, carbonate/bicarbonate, and
sulfate), only the carbonate/bicarbonate species are expected to be important. The formation constants
{9, 10] for these species are not well established in dilute systems and are less well-defined in high-
ionic-strength media. Spectra obtained in our laboratory relevant to Pu(VI) speciation in WIPP brine

are shown in Figure 1 and are consistent with those reported elsewhere [10-13].

Experimental

We established the redox stability of Pu(VI) in WIPP brine by monitoring the oxidation state as a
function of time using absorption spectrometry. Studies were performed with ~ 107, 10, 10°°, and 10°®
M Pu(VI) in four WIPP brines. Two of these were synthetic brines designated Bl;ine A and ERDA-6.
The other two were brines collected in the WIPP underground designated DH-36 and G-Seep. The

composition of these brines is given in Table 1.
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Fig. 1.
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Absorption spectra of Pu (VI) species relevant to WIPP brine: (a) 0.0029 M Pu (V]) in 0.01
M carbonate at pHgp = 6.9, (b) Pu (VI) in presence of chloride at pHgp = 3, (¢) 2 x 10° M
Pu(VI) aquo ion (pHg, = 2.8) and hydrolytic species (pHg, = 6.9)
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Table 1. Composition of the WIPP Brines used in the Pu(VI) Stability Studies

Element, Concentration (M)
Species, or
Property

Cl 5.38 4.64 5.37 5.07
SOz 0.044 0.167 0.173 0.297
B 0.020 0.063 0.136 0.14
CO,*/HCOy 0.0114 0 <0.00007 <0.00008
Br 0.0051 0.011 0.018 0.017
Na 1.83 4.85 3.67 4.18
K 0.767 0.097 0.471 0338
Mg 1.44 0.019 0.816 0.612
Ca 0.015 0.012 0.0096 0.0077
*pPHep 6.3 6.2 5.94 6.14

'Brine A 'ERDA-6 *DH-36 *G-Seep

'Based on recipe provided by the WIPP
2As-received analysis of brine collected underground at the WIPP
Obtained using a combination Ross electrode and uncorrected for ionic strength




Plutonium-239, >99% isotopic purity, was received from Oak Ridge National Laboratory and
oxidized to the VI state in 50 mg quantities by taking to near-dryness in perchloric acid. The Pu(VI)
was dissolved in triple-distilled water and analyzed for oxidation-state purity using absorption
spectrometry. We used the absorption at 622 nm with e= 7.5 M'cm™ [13] to estimate the plutonium
concentration and establish the dilution sequence needed to prepare a solution with the desired
plutonium concentration in the WIPP brine.

The pHg, of the stock solution prepared in this way was typically about 1. This was adjusted
to a near-neutral pHy,, to match the pHep of the brine, by adding sodium hydroxide. This solution
was sequentially diluted twice into the brine of interest to minimize change in the concentration of the
bulk constituents of the brine. After each dilution, the solution was checked for evidence of
precipitation. This twice-diluted Pu-spiked brine typically had a plutonium concentration of ~ 10> M
and corresponds to the 2 x 10° M solutions identified in Table 2. Additional brine was added to a
final volume of 30 to 1000 mL to generate samples with lower plutonium concentrations. These
solutions were equilibrated for 3-7 days before taking a sample for alpha scintillation cpunting. This
was done with a Packard Model 2050 alpha scintillation counter by adding a small aliquot of the Pu-
spiked brine to Ultima-Gold cocktail and comparing the results against a series of plutonium stock
samples prepared in the same way from NIST-traceable plutonium standards. The scintillation-
counting data were withiﬁ 10% of the predicted plutonium concentration based on the dilution
sequence utilized.

Thé two brines collected underground at the WIPP were DH-36 and G-Seep. These had been
collected by Sandia National Laboratories (WIPP/SNL), stored in 1 Liter bottles, and subsequently
shipped to Argonne. The twenty 1-Liter bottles received for each brine were opened and combined
into a single 5-Gallon (18.9 L) polyethylene jug. This jug had been pre-rinsed with high-purity water
and two liters of the groundwater. Prior to use, the groundwater in the jug was stirred and coarse

filtered, using a glass frit, in room air. There was no attempt to control P, throughout the handling,
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Table 2. Summary of Stability Experiments and Related Counting Data. Uncertainty is + 10%.

Experiment
Designation

Nominal
(Pu],
M

Experiment
Duration,
months

[Pu],
M

Initial

Stock
GG-B1-41
GG-B1-42
GG-B1-61
GG-B1-62
GG-B1-81
GG-B1-82
*GG-38-61
*GG-38-62
*GG-38-81
*GG-38-82
GG-B4-41
GG-B4-42

Stock
GG-B3-41
GG-B3-42

Stock
GG-B2-41
GG-B2-42

10%
108

10°®
10°®
10°
10
107
107
10°
10°
10°
107

12
4
4

ND
3.4x 10
2.8 x 107
6.3 x 107
5.4 x 107
6.7 x iO“’
7.1 x 10°
7.8 x 107
7.7 x 107
9.0 x 10°
8.5 x 10°
1.1x 107
1.9 x 10°

0.002
0.99 x 10™
1.4 x 107

0.002
1.1x 10*
1.4 x10°

27x10%
7 x 107
7 x 107
6.7 x 10°
7.5 x 10°
7.7 x 107
7.2 x 107
8.5 x 10°
8.1 x 10°
0.86 x 107
1.1x 107
ND
0.64 x 107
0.70 x 10*
ND
0.44 x 107
0.57 x 107

by alpha scintillation counting
®Pu isotope was Pu-238 introduced in the III oxidation state.
ND - not determined




filtration, and addition of the brines to the vessels. We confirmed that the groundwaters did not
initially contain significant levels of carbonate by analyzing the head space in the jug above the brine
for carbon dioxide. All groundwaters were stored in sealed vessels in the dark at room temperature
21 +2°C).

Approximately 3 mL of the Pu-spiked brine was placed in a 1x1- cm gas-tight quartz cuvette

for spectrometric analysis. These samples were also kept in the dark at room temperature (21 + 2 °C)
and periodically analyzed to monitor changes in the absorption spectrum. Absorption spectra were
obtained with either a Hitachi model 340 or a Varian CARY-5 spectrometer and recorded digitally for
analysis. On the Hitachi spectrometer, visible and NIR spectra were obtained indepe_ndently. This is
denoted in the Figures by a dashed line. The Pu(VI) absorption in the high concentration plutonium
samples (10 M), had an optical density greater than 0.1. The reference for these spectra was the
same brine used to make up the plutonium-containing samples in a similar cuvette. For the ~ 10* M
Pu-spiked brines, where the absorbance was low, both Vreference and sample spectrum were taken in

the same cuvette to minimize cell-to-cell differences in absorbance.

Results and Discussion
The stability experiments performed are listed in Table 2. Also included are the corresponding alpha-
scintillation counting data. We report data that were obtained over a period of up to 26 months.

Some of these experiments, however, are still ongoing.

Stability of Pu(VD in Brine A

The majority of the stability experiments were performed in Brine A which was the only brine
investigated that had significant levels of carbonate in solution. Spectra and counting data were
obtained when the total plutonium concentration exceeded 10 M. When the concentration was on the

order of 10°M or less, only counting data were obtained, since the absorbance was too low to detect.
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Based on the counting data, there was no significant decrease in the plutonium concentration
as a function of time for all the plutonium isotopes and concentrations investigated. Filtering the
solution through 0.2 p filters did not affect the total concentration measured.

Absorption spectra for the carbonate complex in Brine A are shown, as a function of time, in
Figure 2. At plutonium concentrations greater than 10*M, a plutonium(VI)-carbonate complex was
observed that was stable with time. This solution was also filtered through a 0.2-u filter and re-
analyzed spectrometrically. No change in the spectrum was observed. There was no spectral evidence
for PU(V) or Pu(IV) carbonate species although we cannot preclude the possibility of their existence at
low concentrations (< 10% of the total plutonium).

The absorption spectrum obtained in Brine A is most similar to that obtained for the Pu(VI)
carbonate species (see Figure 1). It is characterized by a blue-shifted absorption band at 806 nm. The
apparent extinction coefficient for the species we have observed was approximately 40
M'ecm™ which is comparable to that published for the carbonate complex {11]. Some evidence of Pu
(VI) hydrolytic species can be seen in the higher resolution CARY-5 spectrum (Fig. 2c). It is not
surprising that a carbonate species is predominant in Brine A since this brine contains 0.011 M sodium
bicarbonate and the pHg, of the brine is greater than 7.

Based on our data, we are proposing that the Pu(VI) species in Brine A is primarily a
carbonate complex. Detailed library spectra, however, do not exist that would permit a more specific
species assignment. Both Pu(VI) in Brine A and Pu(VI) in the carbonate/bicarbonate system have a
broad absorption at 570 nm. In the 800-850 nm regime however, significant differences are apparent.
The full-width half-height of the 806 nm absorption is 10 nm for Brine A compared with 30 nm in the
carbonate/ bicarbonate system. In addition to this, there is greater complexity in the band structure in
the bicarbonate/carbonate sample.

We believe that the best explanation for the observed stability of the Pu(VI)-carbonate species

is the presence of carbonate rather that radiolysis. In the absence of carbonate (see later discussions
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Fig. 2. Absorption spectra of 3 x 10 M Pu (VI) in WIPP Brine A at (a) 0, (b) 475, and (c) 945
days. Spectra a and b were obtained on the Hitachi model 340 spectrometer and spectrum
¢ was obtained using the Varian CARY-5 spectrometer (note different wavelength scale).
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for ERDA-6 brine and the higher concentration samples for G-Seep and DH-36 brines), we observed
autoreduction of Pu(VI) to a Pu(V/VI)_ mixture in solutions with comparable activity (i.e. the same
dose rate). This phenomena was also reported elsewhere [14] in brine systems. Here there was a
relatively rapid reduction of Pu(VI) due to radiolysis followed by a slower re-oxidation to Pu(VI) that
was attributed to the radiolytic formation of oxygen chlorides in the brine. This initial reduction was
not observed in our experiments when carbonate was present. The stability of the Pu(V]) carbonate
complex in WIPP brine, however, is consistent with theoretical predictions [15] and experimental
results [14] reported elsewhere. It has also been partly corroborated by results reported by others in the

WIPP Project [16].

Stability of Pu(VI) in ERDA-6 Brine

The stability and speciation of Pu(VI) in ERDA-6 brine was significantly different than that observed
in Brine A because of the absence of carbonate and bicarbonate. The absorption spectra of Pu(VI) in
ERDA-6, as a function of time, are shown in Figure 3. The sample was analyzed spectroscopically at
6, 77, 280 and 294 days after preparation.

The absorption spectra shown in Figure 3 are most similar to those for the hydrolytic species
[see Figure 1]. At this pH, the Pu(VI)-chloride complex would not be expected to successfully
compete with hydrolysis [17]. The best interpretation of the 845 nm band is that it corresponds to a
Pu(VI) species that is predominantly hydrolytic in nature. Further detailed studies are, however,
needed to more fully evaluate the effect of ionic strength on band structure.

The redox stability of the Pu(VI)-hydrolytic species observed in ERDA-6 was less than, but
comparable to, that observed for the Pu(VI)-carbonate complex in Brine A.  There is a loss of
approximately 25-30% of the absorbance at 845 nm when the 6-day and 295-day spectra are

compared. The total concentration of plutonium in this brine remained constant in both unfiltered and
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0.2-p filtered solutions, based on alpha-scintillation counting data. Reduction to Pu(V) is postulated,

but 3 x 10° M Pu(V) would not be observable spectroscopically (¢ = 19 M'cm™ at 569 nm).

Stability of Pu(VD) in DH-36 Brine

The samples taken from the gas generation experiments GG-B3-41 and GG-B3-42 were
spectroscopically analyzed to evaluate the stability of Pu(VI) in DH-36 brine. There was no longer
any spectroscopic evidence for Pu(VI) six days after sample preparation. There was, however, a small
absorption (OD = 0.0015) apparent at 569 nm that corresponds to Pu(V). This would account for
approximately 75% of the plutonium initially present in solution. In spectra obtained at 280 and 295
days after sample preparation, the absorption spectrum was featureless. There was no evidence for
either Pu(V) or Pu(VI). This suggests that reduction of the plutonium had proceeded to lower
oxidation states of plutonium where polymerization would be expected. The speciation of the
plutonium species remaining in solution was not established.

To determine the rate at which Pu(VI) was reduced in DH-36 brine, a new sample was
prepared and spectroscopically monitored. These time-dependent spectra are shown in Figure 4. The
initial concentration of plutonium was 1.9 x 10* M and the pH,, was 6.1. Initially, the 845-nm band
characteristic of the Pu(VI) hydrolytic species was observed. Two hours after sample preparation
approximately 25% of the Pu(VI) was reduced to Pu(V). Three days after sample preparation, there
was no spectroscopic evidence for Pu(VI), howevgr, an increase in the Pu(V) absorption was observed.

At higher plutonium concentrations (0.0035 M), both filtered and unfiltered solutions of
Pu(VI) in DH-36 brine were monitored spectroscopically for 337 days. For both solutions, the
absorption spectrum was most similar to those of the Pu(VI) hydrolytic species and ERDA-6 brine.
There were no significant differences noted between the filtered and unfiltered samples.
The long-term redox stability of Pu(VI) at this higher plutonium concentration was much

greater than that noted at concentrations an order of magnitude lower. After 337 days, the spectrum
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obtained indicated that there were approximately equimolar concentrations of Pu(V) and Pu(VI) in
solution, estimated to be 0.0011 and 0.0014 M respectively. This finding contrasts with the complete
and rapid reduction observed at ~10™* M plutonium concentrations. Autoradiolysis at comparable
plutonium concentrations resulted in complete conversion of Pu(VI) to Pu(IV) for low ionic strength
solutions at pHye = 3 [13]. The combination of higher pH, high ionic strength, and the radiolytically-
induced changes in the brine stabilized the Pu(V/VI) against autoreduction to Pu(IV). This was
presumably due to the radiolytic formation of oxygen chlorides in the brine [14].

Although there are a number of questions raised by these results that cannot be fully resolved,
there are some observations related to the redox stability and speciation of Pu(VI) in DH-36 that were
made. First, the initial speciation of Pu(VI) appears to be a hydrolytic species. This proposed
assignment is based on spectral comparisons with Pu(VI) in ERDA-6 and non-complexing medias.
This species is rapidly reduced at plutonium concentrations of ~ 10* M. This reduction is fast
relative to autoradiolysis and is caused by a reducing agent in the brine. We could not establish the
nature of the reducing agent or the plutonium species generated, although a Pu(IV) aggregate, perhaps
a polymeric species, is likely at the near-neutral pH of the brine.

At concentrations of plutonium > 10 M, the predominant species were Pu(V) and hydrolyzed
Pu(VI). These oxidation states of plutonium have persisted for a year. The concentration of Pu(VI)

and Pu(V) appear to reach steady-state with time.

Stability of Pu(VI) in G-Seep brine

The samples of 10 M Pu(VI) in G-Seep brine were taken from the gas generation experiments GG-
B2-41 and GG-B2-42. The time-dependent spectra are presented in Figure 5. Six days after sample
preparation, the dominant species appears to be the Pu(VI) hydrolytic species, with a maximum

absorption at 845 nm. The estimated concentration of this species was 4 x 10° M, about 40% of the
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total plutonium initially present in solution. An absorption band at shorter wavelength was also
present.

At 77 days, there was no spectral evidence of Pu(VI). After 280 days, there was no
absorbance characteristic of dissolved plutonium species. Based on the alpha-scintillation counting
results, however, over half the plutonium originally present in solution was still there. The nature of
this plutonium species was not established.

As with the DH-36 brine sample, a 0.0035 M Pu(VI) solution in G-Seep brine was prepared.
Plutonium solutions for both the filtered and unfiltered brine were monitored the same way. No
significant differences were observed between the spectra obtained. At this higher plutonium
concentration the hydrolytic species appears to be predominant, with an absorption band at ~ 845 nm.
A slow decrease in the concentration of this species was noted with time, along with a corresponding
increase in the concentration of Pu(V) at 569 nm. After 337 days, the concentration of the Pu(VI)
hydrolytic species was 0.0014 M and the concentration of Pu(V) was 0.0008 M. Additionally, the

total plutonium concentration decreased by 40%.

Discussion and Summary of Observations
Plutonium at concentrations of ~10* M remained in solution in both synthetic brines investigated. In
Brine A, a Pu(VI)-carbonate complex was observed that has been stable for over two years. This
complex appears to stabilize Pu(VI) towards autoreduction to Pu(V). In ERDA-6, the Pu(VI) species
was predominantly hydrolytic in nature and was partly reduced to Pu(V) over the course of a year.
Pu(VI) was significantly less stable in the WIPP brines collected underground. In DH-36,
Pu(VI) was rapidly reduced at total Pu concentrations of ~ 10* M or less. This occurred in the
timeframe of a few hours. The reducing agent in this process was not identified. It was likely due to
the presence of trace constituents, such as reduced metals or organics, in the groundwater. At

plutonium concentrations above 10” M, Pu(VI) was much more stable in both DH-36 and G-Seep.
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When reduction occurred in DH-36, most of the plutonium remained in solution as an undefined
spectes that did not absorb strongly in the visible-NIR range. The loss of plutonium was probably due
to precipitation of plutonium phases. The absence of absorption bands characteristic of Pu(Ill, IV, V,
VI) for the plutonium remaining in solution suggests that a colloidal or polymeric species may be
present. This, however, was not directly established in our work. In G-Seep, the initial species was
also predominantly hydrolytic. This was reduced to Pu(V) which was subsequently reduced to an un-
identified species that mostly remained in solution.

Finally, it is important to qualify these results relative to the conditions expected in the WIPP,
Since the Pu(VI) in our studies is introduced at high initial concentrations, we potentially have a
radiolysis-dominated system that is more oxidizing than that expected in the WIPP. Reducing agents
introduced by waste emplacement itself, such as organic waste, iron etc., will potentially have an
important effect on the reduction and/or removal of plutonium. These factors also need to be taken

into account to more fully establish the expected speciation and solubility of plutonium in the WIPP.
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ABSTRACT

The solubility of NdA(III) has been measured at 23+3 °C in a
synthetic brine at pcH 6.4, 8.4, 10.4 and 12.4. The brine consisted
predominantly of (Na+K)Cl and MgCl, with an ionic strength of 7.8M
(9.4m) a solid compound of Nd{(III) at each pcH was assigned from X-
ray diffraction patterns. The log values of the experimental
solubilities decrease from -3 at pcH 6.4 to -5.8 at pcH 8.4; at pcH
10.4 and 12.4 the solubility was below the detection limit of -7.5.
The experimental solubility does not follow closely the variation

with pcH estimated from modeling of the species in solution in

equilibrium with the Nd solid using S.I.T.




INTRODUCTION

The solubility of the radionuclides in radicactive wastes is
necessary information for assessment of the disposal of such
wastes. Among these radionuclides plutonium is of major interest
because of the long half life of the major isotope (A=239). The
interpretation of data on the solubility of plutonium is made
rather difficult by the uncertainty of its redox behavior as well
as lack of knowledge about the solids likely to be formed. To aid
in such interpretation, it is useful to study species of fixed
oxidation state whose chemical behavior resembles closely that of
plutonium in that oxidation state. Appropriate oxidation state
analogs are NdA(III), Th(IV) énd U(VI) - as uranyl, U0 - for
Pu(III), Pu(IV) and Pu(VI). Th(IV) and U(VI) are also of interest
as they constitute part of the radionuclide content of most nuclear
wastes.

We have reported on the solubilities of Th(IV) (1) and U(VI)
(2) in a synthetic brine of relevance to the WIPP repository site.
In this paper we report the results of a similar investigation of
the solubility of Nd** in the same synthetic brine at pcH values

between 6.4 and 12.4.

EXPERIMENTAL

Reagents and Solutions: The synthetic brine was prepared from

analytical reagents with distilled, deionized water according to

the formulation in Table 1. The neodymium salt was reagent grade
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TABLE 1

Components of Synthetic Brine

Compound Grams per Liter
NaCl 100.

Na,S0, 6.2

NaHCO, 0.96

NaBr 0.52

KCl 57.2

CacCl, 1.66
MgCl,.6H,0 292.1
Na,B,0,.10H,0 2.0

Ionic Strength 7.8 M (9.4m)
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NdC1l,-6H,0 (Aldrich). All other chemicals were also reagent grade
and used without further purification.

The solutions were prepared at pcH 6.3 with 1.3 L of brine in
each of 2 beakers (N.B., pcH = - log [H' concentration]). The pcH
was adjusted to 6.3 with concentrated HCl1 solution and 3.2
millimoles of NdCl,-6H,0 added. Most of the Nd(III) precipitated
as the amorphous hydroxide immediately. .This constituted an
"oversaturation" experiment. All measurements were performed at
laboratory temperature, 23+3°C.

Solubility: Initially, the solubilities at pcH 6.3 and 8.4 were

studied by oversaturation as follows. The pcH of 1.3 L of the
synthetic brine was adjusted to 6.3 by addition of concentrated HCl
to two breakers followed by addition of 3.2 millimoles of Nd4Cl,-6H,0

to each. To the same volume of brine in two other breakers,

saturated NaOH solution was added to adjust the pcH to 8.4, then

3.7 moles NACl,-6H,0 were added to each.

Solutions of brine at pcH 10.4 were prepared (oversaturation) in

two ways:

a) without massive brine solid. The pcH of 2 L of brine was
adjusted to ca. 10 by adding 265 mL of saturated NaCH
solution. The solids formed, mainly Mg(OH),, were removed by
filtration and NaCl was added to the filtrate in order to
readjust the ionic strength. Two samples of 0.5 L each of the
filtrate solution were transferred to separate beakers after
which 2.0 millimoles of ©NdCl,-6H,0 were added ﬁo each.

Finally, the pcH was adjusted to 10.4. This procedure




b)

retained the ionic strength at 9.4 m with the Mg?* replaced by
Na*.

with massive brine solid. In each of two beakers, 1.3 L of
the brine added had the pcH adjusted to 10.4 by saturated NaOH
solution followed by addition of 2.0 mmoles of NAdC1,-6H,0. In
these experiments, the precipitation of the Mg?* results in a

decreased ionic strength to ca. 5.3 m.

For the experiments at pcH 12.4, samples with and without brine

solid were used.

a)

without massive brine solid. Two samples of 0.5 L of the
filtrate prepared for the pcH 10.4 experiments were
transferred into two plastic bottles and the pcH adjusted to
12.4 with saturated sodium hydroxide. After addition of 1.8
mmole of NdACl,-6H,0 to each bottle, they were flushed with N,
and tightly closed. As at pcH 10.4, the ionic strength was
maintained but the brine constituents have changed.

with massive brine solids. The brine was prepared as
described for the pcH 10.4 samples with adjustment of the pcH
to 12.4. As at pcH 10.4, the ionic strength was reduced (to
ca. 5.3 m).

The pcH 8.4 undersaturation experiments were conducted with

the solutions from the experiments at pcH 10.4 without massive

solid after steady state had been attained at that pcH. The pcH

was adjusted to 8.4 with concentrated HCl and sampling continued.




All the bottles were flushed with nitrogen and tightly capped.
After reopening and sampling, the bottles were flushed again with
N, and resealed.

Measurement of pcH: A glass combination electrode with the

reference cell filled with a modified brine was used in order to
minimize liquid junction effect. The brine used in the reference
cell did not contain Na,SO,, NaHCO; nor Na,B,0,-10HO to avoid their
buffering effect. The electrode was calibrated for proton
concentrations by the Gran method (3).

Separation and Analysis: Initially, a process of hydroxide

precipitations and elution from columns of anion resin was used.
Twenty mL samples of the brine had 300 mg of Fe(III) added followed
by precipitation with concentrated sodium hydroxide solution.
After precipitate washing, acid dissolution and alkali
reprecipitation, the washed precipitate was dissolved in sufficient
concentrated HC1l solution to yield an 8 M HCl1 solution. This
solution was placed on the top of a column of Dowex-1 anion
exchange resin. A second volume of 8 M HCl washed all the NA(III)
through while retaining the Fe(III). The eluant was evaporated to
dryness and redissolved in 0.1 M HCl. This solution, 20 mL, was
passed through a column of Dowex;SO cation exchange resin followed
by passage of 100 ml of 0.1 M HC1l, This was followed by elution of
the NA(III) with 35 mL of 6M HCl solution. The yield of NA4(III)
was found to be 100(+4)% using spiked brine samples. The

concentration of NdA(III) in the eluant was measured using Arsenazo-
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III (4) on a Cary-14 rebuilt (On-Line) spectrometer. The detection
limit was 3 X 10°® M NA(III).

In the later experiments, a simpler method was used which
involved extraction of Nd(III) from the brine using a 1l-butanol
solution of Chlorophosphonazo III (5). The Cary-14 was used for
the spectrophotometric determination of the concentration of
Nd(III) in the butanol phase. The detection limit for NA(III) by
this method was 5 X 10”7 M and the recovery efficiency was 96 + 4%.

X-Ray Measurements: Samples of the solid present at steady state

were dried and analyzed by X-ray diffraction with a Siemens

spectrometer using CuKa(1l.54A) radiation.

RESULTS AND DISCUSSION

The powder X-ray diffraction patterns were matched.for spacing
and relative intensity of the lines with the patterns of a number
of lanthanide compounds. The result was a best match with the
solids listed in Table 2.

The variation of solubility with time is shown for the pcH 6.4
and 8.4 systems 1in Figure 1. For pcH 10.4 and 12.4, the
solubilities were below the analytical limit (s 3 X 10°® M) for all
measurements. The measured steady state solubilities are listed in
Table 2. For the pcH 6.4 and 8.4 solutions, the spectra indicate
the presence of amorphous NA(OH),. At pcH 10.4 in the absence of
massive brine solids, N4d,(CO,),-8H,0 was indicated by the X-ray data
as the controlling solid phase. It was more difficult to detect

the presence of neodymium compounds in the presence of massive
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TABLE 2

Solubility of NA&** in Brine

T = 25° C
pcH Solubility (M) Time (d) /Condition Solid
6.4 a) 8.3(+0.1)10™* 187/oversaturated Amorphous
b) 1.2(+0.1)107 Nd (OH) , - nnH,0
8.4 a) 2.3(+0.1) X 10® 276/oversaturated Amorphous
b) 1.8(+£0.1) X 10°°¢ Nd (OH) ; - nH,0
8.4 a) 1.5(+£0.1) X 10°® 264/undersaturated Amorphous
b) 1.3(+0.1) X 10°° N4 (OH) ; - nH,0
10.4 a & b less than =100/without solid Nd, (CO,) ;- 8H,0
3 (+£3) X 10°® '
10.4 a & b less than 2100/with solid uncertain
3 (+3) X 108
12.4 a & b less than 2100/without solid NdO (OH) +
3 (£3) X 10°° Nd (OH) ,
12.4 a & b less than 2100/with solid uncertain

3 (+3) X 107®

56




log Nd(lil), M

0.0

2.0
Oversat. pcH 6.4
DEEI'J:D—
-4.0
Oversat. pcH 8.4
(o]
o o ° o)
———8——000Q5000
-6.0 — - T T TEetTeve
- Undersat. pcH 8.4
7
/
0 100 200 300

TIME (days)

Figure 1. Plot of the total concentration in solution as a function of time.
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amounts of solid (mostly Mg(OH),, NaCl and KCl) at pcH = 10.4 and
12.4 due to its low contribution to the total solid phase. At pcH
12.4 in the absence of massive solids, the solid phase best fitted
spectra of a mixture of NdO(OH) and Nd(OH),.

The modeling calculations of neodymium solubility in brine as
a function of pcH were based on thermodynamic data from various
sources (e. g. ref. 6 and 7). The actual values are listed in Table
3. The computer codes used for specification were Haltafall (8) and
Solgaswater (9). Activity coefficients corrections were made using
the Specific Interaction Theory (SIT) (10). 1In these calculations,
the solid phase limiting the Nd(III) solubility at each pcH value
is NA(OH) ;(zm for pcH 6.4 and 8.4, NA(CO,;),-8H,0 for pcH 10.4 and
Nd (OH) ,+NdO (OH) for pcH 12.4.

The experimental solubilities are presented in Figure 2. Also
shown are two lines representing the calculated solubility; the
dashed line assumes Nd(OH); is the highest hydrolytic species in
solution while the solid line was calculated with the inclusion of
Nd{(OH),” (11). The experimental solubility decreases from pcH 6.4
to pcH 10.4. At pcH 10.4 and 12.4 we can report only upper limits.
At these latter pcH values, there is rather serious disagreement
between the experimental and calculated values which may reflect
problems of estimation of the stability constants and solubility
constants by SIT for the high ionic strength of the brine. Figure
3 shows the calculated concentrations of the major solution species
as a function of pcH. Chloride complexation of NA(III) was not

included in Figure 3 as it would be relatively constant in these
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TABLE 3

Constants Used in Calculations

Species log 8
N4 (OH) ?* -7.8
Nd (CH) ,* -16.5
Nd (OH) § (aq) -24.9
NG@ (CO,) * 6.66
Nd (CO,) 5~ 11.6
Nd (CO;) 5%~ 12.5
Nd (CO;3) 4~ 13.7
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systems. The curves in Figure 3 suggest that the disagreement at
pcH 10.4 and 12.4 is due to incorrect values of the constants used
to calculate the concentrations of Nd(OH),;.,, and the solubility
product for NdO(OH). Nd(CO,),” was calculated to form at about 10°°
M at pcH 6, increase to a constant value of 10%® M from pcH 7.2 to
9.3, then decrease rapidly. It is not shown in Figure 3 as the
lower limit is 1077 M. Nd(OH),” was not included in the speciation
in Figure 3 as the comparison of the trend with pcH of the

experimental solubilities indicate that Nd(OH),” is not significant.

Acknowledgements

This research was carried out through the Waste Isolation
Pilot Plant Project, was supported by the USDOE under Contract DE-
IC04-76DP0089 to Sandia National Laboratories and Subcontract

691734 to Florida State University.

62




10.

11.

REFERENCES

Yamazaki, H., B. Lagerman, V. Symeopoulos, and G.R. Choppin.
1992. “Solubility of Uranyl in Brine,” High Level Radioactive
Waste Management, Proceedings of the Third International
Conference, Las Vegas, NV, April 12-16, 1992. La Grange Park,
IL: American Nuclear Society, Inc.; New York, NY: American
Society of Civil Engineers. Vol. 2, 1607-1611.

Gran, G. 1952. "Determination of the Equivalence Point in
Potentiometric Titrations. Part II," The Analyst. Vol. 77, no.
920, 661-707.

Marczenko, Z. 1986. Separation and Spectrophotometric
Determination of Elements. New York, NY: Halsted Press.

Chen, J-F., F.I. Khalili, A.K. Mohammed, and G.R. Choppin.
1994. “Extraction and Spectrophotometric Determination of
NA(III), Th (IV) and U(VI) in Synthetic Brine Using
Chlorophosphonazo II1I,” Analytica Chimica Acta. Vol. 284, no.
3, 593-597.

Martell, A.E., and R.M. Smith. 1977. Critical Stability
Constants. Vol. 3: Other Organic Ligands. New York, NY: Plenum
Publishing Corp.

Baes, C.F., Jr., and R.E. Mesmer. 1976. The Hydrolysis of
Cations. New York, NY: John Wiley & Somns.

Ingri, N., W. Kakolowicz, L.G. Sillen, and B. Warngvist. 1967.
"High-Speed Computers as a Supplement to Graphical Methods-V
Haltafall, A General Program for Calculating the Composition
of Equilibrium Mixtures," Talanta. Vol. 14, no. 11, 1261-1286.

Eriksson, G. 1979. “An Algorithm for the Computation of
Agqueous Multicomponent, Multiphase Equilibria,” Analytica
Chimica Acta. Vol. 112, 375-383.

Grenthe, I., J. Fuger, R.J.M. Konings, R.J. Lemire, A.B.
Muller, C. Nguyen-Trung, and H. Wanner. 1992. Chemical
Thermodynamics of Uranium. Eds. H. Wanner and I. Forest.
Chemical Thermodynamics Series Vol. 1. New York, NY: North-
Holland.

Ivanov-Emin, B.N., E.N. Siforova, V. Mel’'yado Kampos, and E.
Balestr Lafert. 1966. “Solubility of Some Lanthanide
Hydroxides in Sodium Hydroxide Solutions,” Russian Journal of
Inorganic Chemistry. Vol. 11, no. 8, 1054-1055.

63




This page intentionally left blank.

64




Long Term Plutonium Solubility and Speciation Studies
in a Synthetic Brine

65




This page intentionally left blank.




LBL-34896
LONG TERM PLUTONIUM SOLUBILITY AND SPECIATION STUDIES
IN A SYNTHETIC BRINE

Heino Nitsche, Kevin Roberts, Ruihua Xi, Traudel Prussin, Kevin Becraft,
Ilham Al Mahamid Al Rifai, Herbert B. Silber, Scott A. Carpenter,
Raymond C. Gatti

Earth Sciences Division, Lawrence Berkeley Laboratory, Berkeley, California 94720
USA

Craig F. Novak v
Mail Stop 1320, Department 6119, Sandia National Laboratories, Albuquerque,
New Mexico 87185-1320 USA

Keywords: Plutonium/Solubility/Speciation/Waste Isolation Pilot Plant
(WIPP)/Brine ‘

Abstract

The rate at which elements can be transported in groundwater systems is
governed in part by the solubility of the element in the groundwater. This report
documents plutonium solubility experiments, conducted over the past two years at
the Lawrence Berkeley Laboratory, in a brine simulant relevant to the Waste
Isolation Pilot Plant. Approximately 1 to 2.5 mL of five stock solutions containing
s1ngle oxidation states of plutonium (Pu(IV)-polymer, Pu3+, Pu4+, Pu02, and
Pu02 ) were added to ~75 mL of synthetic H-17 Brine in five reaction vessels.
Initial plutomurn concentrations ranged from 1.3x10-4 to 5.1x10-4¢ M (moles per
liter) total plufbnium. Because these initial concentrations were far above the -
plutonium solubility limit in H-17 Brine, plutonium-containing solids precipitated.
Aqueous plutonium concentrations were measured over time until steady-state was
reached, requiring over 300 days in H-17 Brine. Steady-state plutonium -
concentrations ranged from 3.0x10-8 to 7.6x10-7 M, and the predominant plutonium
oxidation state in solution was Pu(VI). The solid phase from the initially Pu(IV)-
polymer experiment remained polymeric-Pu(IV). The solids that formed in the
initially Pu3+ and Pu4+ experiments were crystalline yet remain unidentified. The
solids that formed in the initially Pu();L and PuOg+ experiments appear to be
sodium plutonyl(V) carbonates.

67




Introduction

Understanding the behavior of dissolved plutonium in natural systems is
important for assessing the performance of proposed nuclear waste repositories.
Migration of dissolved plutonium depends upon the plutonium oxidation state and
concentrations of groundwater constituents that can complex with the plutonium.
In addition, the total dissolved plutonium concentration depends on the plutonium-
bearing solid phase(s) that control solubility. Particularly for plutonium in brine
systems, little experimental data exists for demonstrating either oxidation states or
the solubility-controlling solids. This paper documents steady-state plutonium
concentrations, oxidation state distributions, and solubility-controlling solids in a
complex synthetic groundwater.

This solubility study was undertaken in support of the Waste Isolation Pilot
Plant (WIPP), a U.S. Department of Energy facility intended to demonstrate the
safe geologic disposal of defense-generated transuranic nuclear waste. The WIPP is
located deep underground in a bedded salt formation in southeastern New Mexico.
The little groundwater that exists in the WIPP viéinity range from seawater-like
(~0.8 molal ionic strength) brines to highly concentrated (~8 molal) brines.l The
chemical behavior of aptinides in a variety of groundwaters from near the WIPP Site
is being examined to support WIPP solubility and retardation studies.

This paper documents solubility studies of 239Pu in H-17 Brine, a simulant of
brine taken from near the WIPP Site. Plutonium in five different initial forms
(Pu(IV)-polymer, Pu3+, Pu4+, Puog, and Pu03+), was added to the brine in five
separate reaction vessels, in sufficient quantity to ensure initial supersaturation
with Pu. The experiments were conducted under oxic conditions with a fixed carbon
dioxide overpressure, and the nominal hydrogen ion concentration was controlled
over the length of the experiments. Total dissolved concentrations of plutonium

were monitored over time until steady-state conditions were established. Aqueous
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plutonium oxidation state distributions were determined several times during the
experiments, and the solid phases were characterized.
Experimental

Reagent grade chemicals were used to make synthetic H-17 Brine, with the
composition as listed in Table 1. The anhydrous salts were dried in an oven at
110°C for four hours before use. Salts were massed on a Galaxy 400 analytical
balance that had been calibrated using an NIST standardized mass set. All salts
except sodium bicarbonate were added to a 1 L class “A” volumetric flask, the flask
was flushed with argon for ~10 minutes, and freshly distilled, deionized water was
added. All solids dissolved with stirring over night. The NaHCOg3 was added
immediately before saturating the water simulant with the CO9/O2/Ar gas mixture.

Because the concentration of total inorganic carbon (TIC) in solution can
change in response to the carbon dioxide content of gas over the solution, special
care was taken to preserve the intended TIC concentration of H-17 Brine. This was
accomplished by equilibrating the solutions with gas mixtures of (26341+91) ppm
COq2. The gas mixtures also contained (20.75+0.88)% oxygen to provide an oxic
environment, with the balance made up of argon.

We measured the brine pH during saturation with carbon dioxide with é Ross
glass combination pH electrode (Orion Research Incorporated, Boston, MA) to
establish an operational pH that could be routinely measured with a glass electrode.
This is not the actual p[H*], or pcH, of the brine, but rather an operational pHgp
that we maintained during the solubility experiments. The electrode was calibrated

with NIST traceable standard buffers of 7 and 10 before being placed into the H-17

Brine. Figure 1 shows the change in the measured pHpp during the saturation

with the COg/O9/Ar gas mixture. After eight hours of saturation with the gas
mixture, the initial pHgp of 8.06 stabilized to pHpp=7.14.

The 239Pu stock solution was prepared by dissolving plutonium metal in 6 M
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Table 1. Composition of H-17 Brine.

Molarity g/L ppm
Ca2+ 0.0289 1.159 1159
Mg2+ 0.0741 1.800 1800
Nat 2.397 55.113 55113
K+ 0.0307 1.200 1200
CI- 2.482 88.000 88000
S04 0.0750 7.200 7200
Br 0.00095 0.043 43
B3+ 0.00398 0.076 76
Total inorganic Carbon (TIC), 0.00082 0.050 50

as HCOg3

pCOgg) = 10-2-56 ATM)
lonic Strength = 3.0 molal
Density = 1.10 g/cm3
Table 2. Steady-state solution pH values, plutonium concentrations, and Eh

values in H-17 Brine at 25° C.

Initial Oxidation pH Concentration (M) Eh (mV) vs. normal

State ' hydrogen electrode
Pu(lV)-polymer 7.15+£0.05 (2.97 £1.02) x 108 471+ 15
Pu(ltl) 7.09 £ 0.06 (1.63 £ 0.52) x 107 435+ 15
Pu(lV) 7.13+0.04 (1.78 £ 0.39) x 107 490+ 15
Pu(V) 7.09 £ 0.08 (3.66 £ 0.85) x 107 394 + 15
Pu(VI1) 7.08 + 0.09 (7.64 £2.31) x 107 404 + 15
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The operational pH measured by glass electrode in H-17 Brine during
saturation with a gas mixture of 2634 + 91 ppm CO9, 20.75 + 0.88
percent Og, with the balance made up of Ar.
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hydrochloric acid. The solution was purified from possible metal contaminants by

anion exchange chromatography. The oxidation states Pu(III), Pu(IV), Pu(V), and

Pu(VI) were prepared by electrochemical adjustment of the plutonium stock

solution.2-3 The presence of a single oxidation state was verified by absorption
spectrophotometry.4 Before use, all stock solutions were filtered through 0.22 pm
polyvinylidene difluoride syringe filter units (Millipore Corporation, Bedford, MA) to
remove possible suspended particles (e.g., dust or silica) that could sorb the
plutonium to form pseudocolloids.

The Pu(IV)-polymer was prepared by oxidizing a Pu(III) stock solution,
(pH=2.5), at +1.1 volts versus a normal hydrogen electrode to Pu(IV) that
immediately polymerized and settled out of solution.

The equilibration vessels were 90 ml Teflon perfluoralkoxy (PFA) cells
(Savillex Corporation, Minnetonka, MN) with ports at the top to accommodate a pH
electrode, a 1/16"-diameter Teflon line for the gas mixture, and an opening for
withdrawing samples. Five individual reaction vessels were prepared to
accommodate the five forms of plutonium stock solution to be studied.

Approximately 1 to 2.5 mL of each plutonium stock solution were added to 70
mL H-17 at the start of the experiment. The pHgp of the solutions was measured

weekly and maintained at 7.14+£0.10. When required, the pHgpp in the reaction

vessels was adjusted with small amounts (usually between 5 and 50 uL) of HCI or
NaOH (0.5-1 M). The electrodes were removed from the plutonium solutions after
each pHgp measurement.

Quantitative separation of the aqueous phase from any solids or suspended
particles is necessary for an accurate assessment of dissolved concentrations. For
this process, we routinely used Centricon-30 (Amicon Corporation, Danvers, MA)
centrifugal filters that contain a YM-type membrane with a calculated pore size of

4.1 nm. Filters were tested for plutonium retention by filtering 500 pL of the




solubility solution and counting the filtrate. Another 500 pL of solution was filtered
through the same filter, and the second filtrate was assayed. This was repeated
until a total volume of 2000 uL had passed through the filter. Plutonium retention
would be indicated by an increase in assayed concentration with each successive
filtration step. Figure 2 shows that the filters did not retain the dissolved
plutonium species present at the initiation of the five solubility experiments.
Because plutonium concentrations and speciation may change over the course of the
experiment, another test for filter retention was performed after ~150 days of
reaction time, and again the results showed no significant retention of plutonium.
Routine separations were performed after presaturating the filters with 500 pL of
solution.

Concentration measurements of the aqueous portions were made by
Y-spectroscopy with a low-energy germanium counting system of Lawrence Berkeley
Laboratory design, or with a liquid scintillation counter (Pharmacia LKB Nuclear
Incorporated, Gaithersburg, MD, Model Rackbeta 1219). With the germanium
counter, plutonium was analyzed for the uranium L x-rays resulting from the
a-decay of the plutonium. Possible contributions to the L x-rays from the decays of
other radionuclides, also present in small amounts, were corrected by subtraction.®
The liquid scintillation counter (LSC) can discriminate between possible B-radiation
and the plutonium a-radiation. The LSC was calibrated with plutonium standards
of similar chemical compositions.

The oxidation state of plutonium is one of the most important controlling
factors for solubility. Although each experiment started with a single oxidation
state, the oxidation states can and, in general, do change during solubility
experiments. Unfortunately, the steady-state plutonium concentrations in H-17
Brine were below the detection limit of conventional methods such as absorption

spectrophotometry, so a series of organic extractions was used as an indirect method
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Figure 2.  Results of filtration experiments with Centricon-30 filters. The lack of

change in concentrations indicates there was no significant retention of
plutonium on the filters upon initiating the experiments.
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for determining the distribution of the aqueous plutonium among its oxidation
states. Table 3 lists the methods that we used. The method is based upon an
earlier scheme, but for these solubility experiments we replaced
thenoyltrifluoroacetone (TTA) with 1-phenyl-3-methyl-4-benzoy-pyrazol-5-one
(PMBP)7 because PMBP was more efficient as an extractant and was more resistant
to decomposition by oxidants such as dichromate. All extractions were successfully
tested on known oxidation states of plutonium in H-17 Brine. For the solubility
experiments, each of the four separations was carried out independently to
minimize the potential for changing the steady state distribution.

The oxidation potential, Eh, of each solution was measured at steady state
with a platinum electrode versus a Ag/AgCl/saturated NaCl reference. The
platinum electrode was cleaned with 6 M nitric acid before and after each
measurement. The electrode setup was checked with “Zobell’s Solution” before and
after each measurement.8-9

The solids were analyzed by x-ray powder diffraction. A few micrograms of
each actinide precipitate were placed in a 0.33-mm diameter quartz capillary tube.
The tube was mounted in an 11.46-cm diameter Debye-Scherrer camera and then
irradiated with x-rays from a Norelco III x-ray generator (Philips Electronics, Inc.).
Copper K radiation filtered through nickel was used.

Results and Discussion
1. Solubility

The experimental results for dissolved plutonium concentrations are shown
in Figure 3. The steady-state pH values, plutonium concentrations, and Eh values
are given in Table 2.

The dissolved concentrations in the initially Pu(III), Pu(IV), Pu(V), and

Pu(IV)-polymer experiments dropped by two to three orders of magnitude within

about 50 days. After that time, the concentrations changed no more than an order




Table 3. Methods Used for Determining Plutonium Oxidation States in H-17

Brine.

Method Oxidation State Distribution

Organic Phase Aqueous Phase

PMBP Extraction at (+4) (+3,+5,+6, p)2
pH=0
PMBP Extraction at (+3,+4) (+5,46, p)a
pH = 0 w/ Cr,0;
HDEHP Extraction (+4,+6) (+3,+5, p)2
atpH=0
HDEHP Extraction (+3,+4,+5,+6) (p)2

at pH = 0 w/ Crp05

(a) p = Pu(lV) polymer
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Figure 3. Total dissolved plutonium concentrations versus time for five initial
forms of aqueous plutonium in H-17 Brine.
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of magnitude over 600 additional days. The initially Pu(VI) experiment behaved
very differently, remaining significantly higher in its aqueous plutonium
concentration for about 250 days before a similar drop in aqueous plutonium
“occurred. After approximately 350 days of reaction time, the concentrations for the
initially Pu(III), (IV), (V), and (VI) experiments were all within a factor of 1.6 of one
another, their average being ~5x10-7 M. The plutonium concentration in the
initially Pu(IV)-polymer experiment was an order of magnitude lower, 4.3x10-8 M.
Note that true steady state conditions in H-17 Brine were not reached even after
nearly 700 days of equilibration time.

Steady-state concentrations listed in Table 2 are the averages of the
individual concentration measurements from days 279 to 668 for the initially
Pu(IV)-polymer experiment, from 419 to 680 for the initially Pu(III) experiment,
from 413 to 674 for the initially Pu(IV) experiment, from 290 to 679 for the initially
Pu(V) experiment, and from 252 to 680 for the initially Pu(VI) experiment. The
error listed with each average concentration is the standard deviation.

The five H-17 experiments were oxic, with measured Eh values from 400 to
500 mV versus a normal hydrogen electrode. These measurements are very general
and are of limited vglue because they represent a combination of many redox
reactions in each of these solubility experiments. Only with elaborate chemical
modeling can these overall potentials be explained.

2. Oxidation State Determinations

Results of oxidation state determinations performed at steady state in the

solubility experiments are shown in Figure 4. These determinations were

performed after approximately 350 days of reaction time and after steady-state

conditions were met. The results show Pu(VI) as the predominant oxidation state in

solution at steady state regardless of the oxidation state used at the start of the

experiments. We also found smaller, but significant, amounts of Pu(V) in some of
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the solutions. These observed valence distributions cannot be explained by
disproportionation equilibria and complex stabilization.10 It is possible that
reaction products formed by o-radiolysis of H-17 Brine may cause the predominance
of high oxidation states in the plutonium solutions. We confirmed the oxidation
state results shown in Figlire 4 later in the experiments, using the same separation
scheme.
3. Identification And Characterization Of Solids

The solids formed in the H-17 oversaturation experiments were examined
after approximately 600 days of reaction time. From visual observations, it
appeared that the solids formed in the initially Pu(IV)-polymer, Pu(III), and Pu(IV)

experiments were very much the same. They each resembled the green polymeric-

plutonium(IV) used to start the initially Pu(IV)-polymer solubility experiment. The

crystalline component in the solids that formed in the initially Pu(V) and Pu(VI)
experiments also appeared to be the same; they were both a tan, crystalline powder.

To determine if the green solids we obtained were polymeric-plutonium(IV),
we tried dissolving very small portions of the solids in 1 M HCl. We then filtered
the solutions through Amicon Centriprep-30 centrifugal filters (4.1 nm). We
assayed the acidified plutonium solutions before and after filtration to determine
the relative amount of solid that dissolved in 1 M HCl. Crystalline solids like
plutonium hydroxides or plutonium carbonates will immediately dissolve in 1 M
HCI; whereas, polymeric-plutonium(IV) will not dissolve. The filtration will remove
any undissolved solids larger than 4.1 nm from the solution. We expected that for
the initially Pu(IV)-polymer experiment, very little solid, if any, would dissolve
and/or pass through the filter. Only 14 percent of the acidified plutonium solid
passed through the filter. This may have been a crystalline component or possibly
carbonate complexed plutonium on the surface of the polymeric-plutonium(IV) that

did dissolve. It also may have been polymeric-plutonium(IV) that was smaller than




4.1 nm and passed through the filter without dissolving. In either case, eighty-six
percent of the solid did not dissolve and is most likely Pu(IV)-polymer.

For the initially Pu(IIl) and Pu(IV) experiments, 76 and 73 percent of the
respective solids dissolved and/or passed through the filter. These results show that
approximately three quarters of the plutonium solids that formed in these two
experiments may not be polymeric-plutonium(IV). If this component has a higher
solubility than polymeric-plutonium(IV), it would explain why the steady-state
aqueous plutonium concentrations in the initially Pu(III) and Pu(IV) experiments
are an order of magnitude higher than that found in the initially Pu(IV)-polymer
experiment.

Ninety-three and 100 percent of the respective solids from the initially Pu(V)
and Pu(VI) experiments dissolved and/or passed through the filters. These solids
are believed to have dissolved because they effervesced upon contact with acid. This
also implies that these plutonium solids contained carbonate. The seven percent of
the solid from the initially Pu(V) experiment that did not dissolve or pass through
the filter is probably polymeric-plutonium(IV), which explains the small amount of
the green solid we found with the crystalline component.

To further chargcterize these plutonium solids, we isolated small portions of
the plutonium solids for x-ray powder diffraction. Microgram amounts of the dried
plutonium solids were encapsulated in quartz capillaries and then analyzed by x-ray
powder diffraction. The d-spacings and relative intensities for the powder patterns
of the dried plutonium solids are listed in Table 4. We also washed another portion
of the solids with distilled water followed by ethanol to try removing any salts, such
as NaCl, that may have coprecipitated from the brine. Although washing may
perturb the crystal structure of the plutonium solids, the respective powder patterns
show little change between washed and unwashed samples.

We compared the x-ray powder diffraction patterns with reference patterns
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Table 4.

the plutonium/H-17 oversaturation experiments.

X-ray powder diffraction patterns for the unwashed solids obtained in

H-17 / Initially
Pu(lV)-polymer
12 d(A)

H-17 / Initially
Pu(lil)
2 d(A)

H-17 / Initially
Pu(lV)
12 d(A)

H-17 / Initially
Pu(V)
2 d(A)

H-17 / Initially
Pu(Vl)
2 d(A)

1.15

1.15

4.98
4.40
4.04

3.28

2.82
2.66

2.55
2.50
2.27
2.20
2.16

1.99

1.84
1.82

1.78
1.70
1.64
1.63
1.58
1.56
1.49

1.47

4.98
4.40
4.02

3.30
3.25
2.81
2.65

2.54
2.49
2.26
2.20
2.15
2.01
1.99

1.84
1.82

1.78
1.70

1.64
1.63

m+ 1.26

m 1.15

(a) relative intensities visually estimated: vs=very strong, s=strong, m=medium, w=weak, t=trace.




published in the literature to assign the lines. They were compared to patterns of
crystalline PuOg,11 PuOg3¢0.8H0,12 KPu02CO3,13 NH4PuO2CO3,13 and
Pu09CO3.14

The three solids from the initially Pu(IV)-polymer, Pu(IIl), and Pu(IV)
dissolved concentration experiments in H-i7 Brine produced powder patterns with
the same diffraction lines. Because very little of the solid produced in the initially
Pu(IV)-polymer experiment dissolved in acid, we conclude that the solid taken from
the end of the experiment was composed mostly of Pu(IV)-polymer. However, most
of the solids produced in the initially Pu(IIl) and Pu(IV) experiments did dissolve in
1 M HCI and/or pass through the filter, so we conclude that these solid phases are
possibly crystalline or Pu(IV)-polymer smaller than 4.1 nm. The x-ray powder
diffraction patterns did not match any of the published reference patterns for
plutonium compounds. We indexed the d-spacings to determine the lattice
structure and found that a cubic lattice structure, like that of sodium chloride, for
example, will produce these diffraction lines.

The crystalline precipitates from the H-17'Brine experiments containing
initially PuO; and PuOg+ had identical x-ray powder diffraction patterns, and this
pattern compared well with patterns of KPuO2CO313 and NH4PuO5COg.13
However, considering that the sodiumbcontent in H-17 Brine is nearly 80 times
greater than the potassium content, we conclude that these solids are more likely
- sodium plutonyl(V) carbonates, NaPuO2CO3(s). No reference powder pattern was
found for NaPuO2COs3(s), but the NaPuO9COg unit cell lattice structure was
reported in comparison with the analogous potassium and ammonium solids.15
Precipitation of plutonyl(V) with carbonate results in hexagonal, orthorhombic, or
monoclinic solids depending on the size of the accompanying cation involved.
Larger accompanying cations, like ammonium, favor the formation of a hexagonal

crystal lattice. The potassium cation forms an orthorhombic solid; whereas, the

83




smaller alkali cation, sodium, precipitates the plutonyl(V) carbonate as a monoclinic
solid. We indexed the powder pattern from the solid obtained in the initially Pu(V)
and Pu(VI) oversaturation experiments with hexagonal, orthorhombic, and
monoclinic crystal lattices. Only a monoclinic crystal lattice was able to produce
calculated d-spacings that agreed with the experimental powder patterns.
Conclusions -

These studies demonstrate a successful methodology for accurately
determining the solubility or dissolved concentrations of plutonium in brines. The

measurement of dissolved concentrations in solubility studies is obviously not a

“quick and dn'ty” process. The experiments documented here required on the order

of three to.féﬁr months to reach an approximate steady state; true equilibrium was
not achieved‘_e'ven after almost two years of reaction time.

We détermined that the steady-state dissolved plutonium concentrations
ranged from 2x10~7 to 8x10~7 moles per liter for the H-17 Brine experiments started
with initially Pu(IIl), Pu(IV), Pu(V), and Pu(VI). The steady-state dissolved
plutonium concentration in the initially Pu(IV)-polyiner experiment was an order of
magnitude lower at 3 x10—8 moles per liter.

The oxidation state determinations were conclusive in that we were able to
determine the relative amounts of all four of the primary plutonium oxidation states
in each of the experiments. We found the dominant oxidation state for the soluble
plutonium in all five of the experiments to be Pu(VI) (70-90%). The remainder of
the soluble plutonium was composed of Iﬁostly Pu(V) with only traces of Pu(IV) and
Pu(III) being present.

As for the solid phases, we found that for the initially Pu(IV)-polymer
experiment the steady-state solid appears to be primarily polymeric-plutonium(IV)
with a small amount of an unidentified component. The solids produced in the

initially Pu(III) and Pu(IV) experiments are primarily an unidentified precipitate




with some polymeric-plutonium(IV). The solids produced in the initially Pu(V) and
Pu(VI) experiments dissolved easily in acid, effervescing as they dissolved. Both of
the powder patterns closely match the published patterns for the potassium and
ammonium plutonyl(V) carbonates, but they could only be indexed with a
monoclinic crystal lattice, suggesﬁng that these two solids are sodium plutonyl(V)
carbonates.
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SOLUBILITY OF NaNd(CO,),.6H,0(c) IN CONCENTRATED
SODIUM CARBONATE AND SODIUM BICARBONATE SOLUTIONS

Linfeng Rao, Dhanpat Rai, Andrew R. Felmy, and Robert W. Fulton
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Richland, Washington 99352
ABSTRACT

The stable solid phases and carbonate complexes of neodymium in
concentrated carbonate and bicarbonate solutions were identified by equilibration
of Nd,(CO;);.xH,0 or NaNd(CO;),.6H,O with sodium carbonate (0.1 to 2.0 M)
and sodium bicarbonate solutions (0.1 to 1.0 M) for a period of more than 100
days. In all the experiments, NaNd(CO,),.6H,0 was found to be the final
equilibrium solid phase. A thermodynamic model, based on the Pitzer’s specific
ion-interaction approach, was developed to interpret the solubility data. In this
model, the solubility data of NaNd(CO,),.6H,0O(c) were explained by assuming the

formation of NdCO.*

32

Nd(CO;),, and Nd(CO;),” species. lon interaction
parameters for Na'-Nd(CO,),” and Na*-Nd(CO,),” were developed as required to
fit the data in concentrated solutions. The logarithm of the NaNd(CO,),.6H,0

solubility product (NaNd(CO,),.6H,0(c) = Na~ + Nd** + 2C0,> + 6H,0) was

*Pacific Northwest Laboratory is operated for the U.S. Department of
Energy by Battelle Memorial Institute under Contract DE-AC06-76RLO [830.
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calculated to be -21.40. Based on the model calculations. Nd(CO;),” was the

predominant aqueous neodymium species in 0.1 to 2 M sodium carbonate

solutions, while both Nd(CO;),” and Nd(CO,),” were important neodymium species

in 0.1 to 1 M sodium bicarbonate solutions. This model also provided satisfactory
interpretation of the solubility data of the analogous Am(III) system in less

concentrated carbonate and bicarbonate solutions.
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1. Introduction

Thermodynamic data on stable solid phases, solubility limits, and aqueous speciation
are essential in understanding and predicting the transport of radionuclides in aqueous
systems. The solid-liquid phase equilibria of trivalent actinides and lanthanides in
carbonate-bicarbonate systems have been studied because 1) some natural aqueous systems
have high CO, partial pressures (0.03 to 10%) [1,2], which result in high aqueous
concentrations of carbonate and bicarbonate, and 2) these cations form strong aqueéus
carbonato complexes under certain conditions [3,4,5,6], which could increase the aqueous
concentrations of these cations and significantly enhance their mobility.

The available thermodynamic data for carbonate systems involving trivalent
actinides and lan.thanides are highly diverse and complex. Silva and Nitsche [7]
determined AmOH(CO;)(c) to be the stable phase in solutions equilibrated with 0.03% CO,
(pH about 6). Bernkopf and Kim [5] reported that AmOH(CO;)(c) was the

| thermodynamically stable solid phase in solutions with total carbonate concentrations of at
least 0.1 M. However, Shiloh et al. [6] found Am,(CO,),(s) to be the stable phase in 0.1
to 0.6 M K,CO,. Firsching and Mohammadzade] [8] determined the solubility of rare earth
carbonates (Ln,(CO;);, Ln = lanthanides) in H,O with a pH range of 4.6 to 6.2 and reported
pK,, values ranging from 28.25 to 35.45. Their data showed an abnormally high solubility
for Er,(CO,), relative to its neighboring rare earth analogs. This abnormality remains
unexplained and questionable. Recently, Meinrath and co-workers [9,10,11] and Runde et
al. [12] determined conditional solubility products of different Am(III) and Nd(III)

carbonates in 0.1 and 0.3 M NaClO, solutions maintained at different CO, partial pressures




(0.03 to 100%) and pH values (4 to 9). In these systems, either MOH(CO;)(s) or
M,(CO;),(s) (where M is Am or Nd) was found to be the stable solid. Runde and Kim [13]
reported NaAm(CO,),(s) to be the stable solid phase in 5 M NaCl solution of neutral pH
under 0.01 atm CO, partial pressure. Furthermore, Kim et al. [14] used time-resolved
laser-induced fluorescence spectroscopy to characterize europium(Ill) and curium(III)
carbonate solids and their aqueous carbonato complexes in O"l M NaClO, solutions, with
pH from 4 to 10 and under 1 to 100% CO, partial pressure. In an attempt to summarize
literature data on the solubility of three different solids (Am(OH);, AmOHCO;, and
Am,(CO;);), Vitorge [15] discussed the utilization of the specific ion interaction (SIT)
method to extrapolate the conditional K, values to zero ionic strength, in which some
difficulties and uncertainties were involved because of insufficient experimental data.

In summary, a literature survey indicates that 1) several different solid compounds
may form, depending on the system conditions such as pH, partial pressure of CO,,
concentrations of total carbonate and other species (e.g. Na'); 2) a large variability exists
in values of data on solubility products and stability constants for aqueous complexes; 3)
most of the studies provided only the conditional solubility products in particular electrolyte
media and at specific ionic strengths. The validity of extrapolation of those conditional
constants to the reference state (zero ionic strength) remains uncertain.

To provide reliable thermodynamic information on the solid-liquid equilibria in the
Na*-Am’"-HCO,-CO,"-OH-H,O system, Felmy et al. [16] determined the solubility of
AmOH(CO;)(c) at low total carbonate concentrations (<0.1 M) over a wide pH range and
reinterpreted the available solvent extraction data for americium-carbonate complexes. A

thermodynamic model was developed and shown to be consistent with the solubility data
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in that work and the solvent extraction data of Bidoglio (4]. As an extension of that work
and as a further effort to improve the thermodynamic models for the carbonate systems, the
Na™-Nd*"-HCO;-CO,”-OH-H,0 system at high carbonate and bicarbonate concentrations
(0.1 M to near saturation) were studied. Our objectives were to 1) identify the
thermodynamically stable solid phases under the experimental conditions, and 2) obtain the
thermodynamic data on the stable solid phase and aqueous complexes and develop the

necessary ion interaction parameters to describe this wide range of solubility data.

2. Materials and Procedures
2.1 Stock Solutions and Reagents

All chemical reagents used in this work were A.R. grade or higher. Double-distilled
acids (HNO,; and HCl) were used when needed. Distilled and deionized water was used to

prepare all solutions.

2.2 Characterization of Nd,(CO;);.xH,0(s)

Neodymium carbonate (Ndz-(CO3)3.xH20, 99.99% purity) was purchased from
Aldrich Chemical Company. X-ray diffraction (XRD) patterns of this solid indicated that
60% (by weight) of this solid was Nd,(CO,);.2.5H,0 while the rest was unidentified
neodvmium carbonate compounds, possibly Nd,(COs); with different numbers of H,O

molecules. This material was used without further purification as the initial solid in one

series of the solubility experiments.




2.3 Preparation and Characterization of NaNd(CO;),.6H,0(c)

NaNd(CO;),.6H,0(c) was prepared by the following procedure based on the paper
by Mochizuki et al. [17]. Into 30 mL of 0.3 M .NdCIB solution (pH about 3.2), 30 mL of
1.0 M sodium acetate/1.0 M acetic acid buffer (pH about 5) was added and mixed
thoroughly. Then, about 240 mL of 1 M Na,CO; solution was slowly added into this
buffered NdCl; solution with vigorous stirring. The final pH of the suspension was about
7. The polyethylene bottle containing the suspension was shaken on an orbital shaker for
4 to 7 days. The suspension was then centrifuged and the precipitate was washed twice
with deionized water before it was analyzed by XRD. The XRD patterns of the prepared
compound were in good agreement with those for NaNd(CO,),.6H,O reported by
Mochizuki et al. [17]. To avoid any phase changes, the washed "wet" NaNd(CO;),.6H,0(c)

was directly transfered into the centrifuge tubes for solubility experiments.

2.4 Solubility Experiments

Two series of solubility experiments were performed, with Nd,(CO;);.xH,0(s) and
NaNd(CO,),.6H,0O(c) as the initial solids, respectively. In each series, two sets of
experiments were conducted: one set contained sodium carbonate in a concentration range
of 0.1 to 2.0 M, the other set contained sodium bicarbonate in a concentration range of 0.1
to 1.06 M. As a result, the pH of the solutions in the first set was around 11, while that
in the second set was around 8. The solubility experiments were carried out in 50 mL
polypropylene centrifuge tubes, each containing enough initial solid to guarantee excess

solid phase materials remaining after the system reached equilibrium. After the initial pH
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was measured, these centrifuge tubes were continuously shaken on an orbital shaker until
the scheduled sampling and analysis.

The equilibration periods for the first series (Nd,(CO;)..xH,O as the initial solid)
were 15, 48, 78, and 110 days, while the equilibration periods for the second series

(NaNd(C0;),.6H,O as the initial solid) were 14, 46, 76, and 111 days.

2.5 Analyses

At the end of each equilibration perioci, the pH of the suspensions was measured
with a combination glass electrode calibrated against standard pH buffers to determine the
relative acid-base properties of the solutions. The suspensions were then centrifuged at
about 2,000 g for 7 to 10 minutes. Samples of the supernatants were filtered through
membranes (approximate pore size = 0.0018 um, effective molecular-weight cutoff =
25,000) based on the procedure developed by Rai et al. [18.19]. The procedure is as
follows: 1) the filters were washed with deionized water;2) 2.0 mL of the supernatant was
passed through the filters to saturate any possible adsorption sites on the filters and
filtration containers (this filtrate was discarded); 3) 6.0 mL of the supernatant was fiitered.
Of the 6.0 mL of final filtrate, 1.0 mL was used for analysis of total inorganic carbon with
a coulometric CO, analyzer. The remaining 5.0 mL of filtrate was acidified with
concentrated nitric acid and used for analysis of sodium and neodymium. Sodium was
determined by inductively coupled plasma spectroscopy (ICP), while neodymium was
analyzed by the inductively coupled plasma spectroscopy - mass spectrometry (ICP-MS)

technique, with indium-115 as the internal standard. The analytical errors in neodymium

concentrations are estimated to be less than 10% in all cases.




At the end of the sampling periods (110 and [11 days for the two series of
experiments, respectively), wet samples of the solid phases were taken and analyzed by

XRD.

3. Results and Discussion

The change in aqueous neodymium concentrations as a function of equilibration
periods ranging from 14 to 111 days indicates that neodymium concentrations reached
steady states in about 15 days in the sodium carbonate systems (Figures 1a and 1b) and in
46 to 48 days in the sodium bicarbonate systems (Figures l¢c and 1d). As a result;, the data
obtained from 14- and 15-day samplings of the sodium bicarbonate systems were not
included in the subsequent development of the thermodynamic model.

In the bicarbonate systems containing Nd,(CO;);.xH,0O as the initial solid (Figure
lc), the neodymium concentrations at the 15-day sampling were lower than the steady state
concentrations. This is understandable because the equilibrium was approached from
undersaturation. However, when NaNd(CO,),.6H,O was used as the initial solid, the
neodymium concentrat}ons at the 14-day sampling were much higher than the steady state
concentrations (Figure 1d). This is most likely because the NaNd(CO;),.6H,0 was added
in the "wet" form after washing with deionized water (pH abcut 6). The solubility of
NaNd(CO0,),.6H,0 at pH 6 is expected to be significantly higher than the final equilibrium
concentrations in these sodium bicarbonate systems at a pH of about 8. In other words, the

solid-liquid equilibrium was approached from oversaturation when "wet" NaNd(CO,),.6H,O

was used as the initial solid.

98




log [total Nd]

log [total Nd]

-2.0

Initial solid: Nd2(C03)3.xH20 (a) Initial solid: Nd2(CO3)3.xH20 (c)
° lg gays ® 15 days
aglk O ays 55| O 48days
3.0 g 78 days 8 ™ O 78 days
¢ 110 days < 110 days
4.0 60 L
s a
B
[ ]
-5.0 - 6.5 L
! ) g © g °
g 8 ® 8 8 § i
6.0 L 70 L
6.0 & o o °
7.0 | L - 7.5 L ! ;
-2.0 " : -5.0 —
Initial solid: NaNd(CO3)2.6H20 {b) Initial solid: NaNd(CO3)2.6H20 (d)
o 14 days ® 14 days ™
3.0l o 46 days } O 46 days
3.0 O 76 days 8 55F o7 days A
O 111 days O 111 days °
40k 60| o °* °
; G
8 g ©
5.0 8 65 | g °
) ¢ 8 g 0o
60 8 701 o g @
7.0 | ! 1 75 1 1 !
1.2 -0.8 -0.4 0.0 04 4o -0.8 0.4 -0.0 0.4
I
0g (Na2CO3] log [NaHCO3]

Figure 1. Measured neodymium concentrations as functions of equilibration time and
concentrations of sodium carbonate or sodium bicarbonate.




All the solid samples trom the systems using Nd,(CO,);.XH,O as the initial solid and
several representative solid samples from the systems using NaNd(CO,),.6H,O as the initial
solid were analyzed by XRD. The XRD patterns of all the samples are consistent with
those for NaNd(CO,),.6H,O [17].

The observations .can be summarized as follows: 1) steady state concentrations were
reached in 15 to 48 days, 2) final steady-state concentrations were similar when approached
from undersaturation or oversaturation, and when obtained from Nd,(CO,);.xH,O or
NaNd(CO;),.6H,0(c) as the initial solid, 3) the final solid at the steady state was found to
be NaNd(CO,),.6H,0O(c). Based on these observations, we conclﬁded that the steady-state
neodymium concentrations represent the -equilibrium solubility of NaNd(CO;),.6H,O(c)
under the experimental conditions. Therefore, only the steady state data were used in the

thermodynamic analysis.

3.1 Thermodynamic Analysis and the Solubility Product of NaNd(CO,),.6H,0(c)

In the Na'-Nd**-HCO,;-CO,"-OH-H,0O system, the equilibrium neodymium
concentrations, i.€., the observed total [Nd},, were the sum of the concentrations of all
aqueous neodymium species? which were in simultaneous equilibria witﬁ the solid phase.
The aqueous species included Nd**, neodymium hydroxy species, and various neodymium
carbonato species. The observed changes in [Nd],, as functions of [NaHCO;] or [Na,CO,]
were the overall effect of changes in ligand concentration and changes in the activity
coefficients of various species in those equilibria. The dissolution of NaNd(CO,),.6H,O(c)

can be expressed by the following reaction:
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NaNd(CO,),.6H,0(c) = Na™ + Nd*™ + 2CO," + 6H,0 0
where Nd** is in simultaneous equilibria with other species such as

Nd* + iOH = Nd(OH) ™" probable values of i = 1,2, 3 2
2)

Nd* + jCO,* = Nd(CO;),@F probable values of j = i, 2,3 (3)

To evéluate these equilibria simultaneously based on the experimental data, a nonlinear
least-squares program (NONLIN) was used in combination with a chemical equilibrium
program (GMIN) [16]. The NONLIN is based upon the algorithm of Harvie and associates
[20,21]. Details of the minimization procedure have been outlined in previous publications
[22,23]. In the current system, the quantity minimized was the statistical summation of

) over all experimental points, where Ax) was defined as

f(X) = (H'/RT)solid - (H/RT)solulion
= (uY/RT)NaNd(co,), 60,0 - {(L°/RT)Na + (u*/RT)Ng + 2(u®RT)co> +

O(U/RT)H0 + In(my,#yYng) + In(Mygd+yngd o)+ 2In(Meg;2Yeos2)t (4

where p° is the standard chemical potential, R is the gas constant, T is temperature in

degrees Kelvin, m denotes the molality of the subscripted species, and y refers to the

activity coefficient of the subscripted species.
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In Eq.4, all u*/RT values were from literature except for (u”/RT)Nang(c0y,.611,0. The
[Na'] was determined by ICP analysis. The [Nd*"] and [CO;"] were calculated using the
NONLIN program with the p®RT wvalues for various aqueous species involved in the
aqueous equilibria. The u®RT values used in the evaluation are listed in Table 1.
Preliminary calculations that included the neodymium hydroxy species (Nd(OH) %, i =
1,2,3) indicated that these species were not significant in the concentrated carbonate or
bicarbonate solutions. As a result, the u®/RT values for Nd(OH),""" were not included in
Table 1.

Besides the necessary pu®RT values, the activity coefficients in Eq.4 had to be
calculated to evaluate the experimental data. In -this study, the ion-interaction model of
Pitzer et al. [26,27] was used to calculate the activity coefficients because of its broad
applicability to solutions with zero to high ionic strengths. Based on Pitzer’s model, the
effects of the specific ion interactions on the excess solution free energy are represented
within the activity coefficient expressions. A detailed description of these expressions are
given elsewhere [24, 28]. The complete set of parameters defining the non-ideal behavior
of electrolytes include 3, ", B* and C? for each cation-anion pair, ®; for each cation-
cation or anion-anion pair, y;, for each cation-cation-anion and anion-anion-cation triplet,
and A, and §;, for each ion-neutral and ion-ion-neutral interactions. Some of these
interaction parameters for the Na™-Nd’*-HCO;-CO;*-OH-H,0 system were available from
thg literature [24] and are summarized in Table 2.

Felmy et al. [16] previously developed a thermodynamic model that provided

satisfactory interpretation of the solubility of AmOH(CO;)(c) in less concentrated sodium
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Table 1 Chemical Species and their u®/RT Values Used in This Study

Species u’/RT Reference
H,0 -95.663 [24]
Na* -105.651 [24]

OH -63.435 [24]
CO,” -212.944 [24]
HCO, -236.751 [24]
CO,(aq) -155.680 [24]

Nd* 270926 [25]
NdCO;" -501.292 [22]
Nd(CO,), -725.112 [22]
Nd(CO,),* -944.692 [22]

NaNd(C0;),.6H,0(c) -1425.726  this work




Table 2 Pitzer Jon-Interaction Parameters Used in This Study [24]

Species [on-Interaction Parameters

Binary System Interactions

B(O) B(l) C¢
Na"-HCO; 0.0277 0.0411 o
Na'-CO;* 0.0399 1.389 0.0044
Na*-OH- 0.0864 0.253 0.0044

Common lon Ternary System Interactions

H'-Na" 0.036
OH-CO,> 0.10
OH-CO,>-Na’ -0.017
CO,*-HCO; -0.04

CO»-HCO,-Na~  0.002
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carbonate and bicarbonate solutions (< 0.1 M). In that model, the interactions between Na®
and Am(CO,),> were considered by including B and f* parameters. The B for Na’-
Am(CO;),” interaction was fixed at the literature BV value of 8.1 for Na'-AsO>

) was then

interaction, on the assumption that these two interactions were analogous. The f§
adjusted to 0.24 to fit the solvent extraction data of Bidoglio {4]. Ideally, the same model
might be applicable to the Nd(III) system, because Nd(III) has been demonstrated to be a
good analog for trivalent actinide species [28,29]. However, when the model was tested
with the solubility data for Nd(III) in the concentrated carbonate and 5icarbonate solutions,
it was found that 1) some adjustments of B and/or B for Na™-Nd(CO,);> see¥ned to be
necessary, and 2) including the Na*-Nd(CO3)2‘ interaction into the model significantly
improved the fitting of the present experimental data, especially for the sodium bicarbonate
systems. It appeared that such ion interactions could not be ignored when Nd(CO,),
became a major aqueous neodymium species. Because $” and B!" may be redundant in
these solutions, improvements on the fitting could be acﬁieved by adjusting either of them,
but not both simultaneously. For the Na'-Nd(CO,),” interaction, we decided to fix §" at
the same value as in the Am-carbonate and bicarbonate model [16] and adjust B and C°.
For the Na'-Nd(CO,), | interaction, only B(” was included and adjusted because it
significantly improved the fitting of the Nd(IIl) data in the lower sodium bicarbonate
concentration region. The standard chemical potentials for aqueous Nd(III)-carbonate

species were fixed at the values calculated for the analogous Am(III) species by Felmy et

al. [16].
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Different models were tested, and the simplest model that was consistent with the
solubility data in this study and those in Felmy et al. [16] is given in Table 3. The
negative value of B for the Na"-Nd(CO,), interaction implies that there is a strong
associative interaction between Na” and Nd(CO;),, which is not surprising because the
equilibrium solid phase was NaNd(CO,),.6H,O(c). We do not have a satisfactory
interpretation for the opposite signs of B and BV for the Na-Nd(CO;);* interaction on
the basis of the currently available data. However, the opposite signs might indicate that
some other interactions have not been entirely accounted for by the present model.
Nevertheless, the current model provides a satisfactory interpretation of the available data
over a wide range of concentrations. A better understanding of these systems requires more
extensive studies in mixed electrolyte media.

The value of u°/RT for NaNd(CO,),.6H,0(c) was calculated to be -1425.726 by this

model, which corresponds to a K, value of 10*'** for the reaction
NaNd(CO,),.6H,0(c) = Na* + Nd* + 2CO.* + 6H,0 (5)

This model provides a satisfactory fit to the solubility data of NaNd(CO,),.6H,0(c) in both
the sodium carbonate and bicarbonate solutions (Figure 2).

Whether or not trivalent lanthanides and actinides form bicarbonato complexes in
these systems has been a controversial subject in the literature. Bidoglio [4] represented
his solvent extraction data in terms of aqueous complexes including Am(HCO,)* and

Am(HCO;),". However, the spectrophotometric experiments of Nitsche and Silva [29] did
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Table 3 Additional Ion-Interaction Parameters Developed in This Study

Species lon-Interaction Parameters

B Bm ct
Na'-Nd(CO,);* -0.94 8.10 0.418
Na"-Nd(CO,), 0 -8.37 0
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e Initial solid: Nd2(CO3)3.xH20
O Initial solid: NaNd(COg3)2.6H20

predicted

[ I
-0.4 0.0

log [total carbonate]

Figure 2. Solubility of NaNd(CO,),*6H,0(c) in sodium carbonate and sodium bicarbonate
solutions.




not support the existence of such complexes. Felmy et al. [16] found that both their
solubility data and Bidoglio’s solvent extraction data [4] could be well interpreted without
invoking the americium bicarbonato complexes. In this study for the Na™-Nd*"-HCO,-CO,*
-OH-H,0 system, the inclusion of Nd(HCO,)** and/or Nd(HCO;),” complexes into the
model did not provide satisfactory interpretation of the experimental data. As a result,

these complexes were not invoked.

3.2 Application of the Present Model in Less Concentrated Carbonate and
Bicarbonate Systems |
Developing a model that is applicéble to systems covering a wide concentration
range is desirable. Because the interaction parameters in the present model (Table 3) were
developed based on the data for concentrated sodium carbonate and sodium bicarbonate
solutions (0.1 M to near saturation), the applicabil?itvy of this model needed to be tested in
less concentrated solutions. Based on the assumption fhat Nd(III) is a good analog of
Am(IID), this model was tested with the experimental solubility data [16] for the Na'-Am*"-
HCO;-CO;”-0OH-H,0 system at lower carbonate and bicarbonate concentrations (< 0.1 M)
and over a wide pH range (Figure 3). The tests for the data in the pH region below 9.5
indicated that the predictions made with the present model are in very good agreement with
the original data and with the previous model proposed by Felmy et al. [16] (Figure 3a and
3b). However, the predictions made with the two models deviate slightly from each other
in the higher pH region. Nevertheless, even in the higher pH region (Figure 3c), the

present model provides satisfactory predictions.
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Figure 3. Comparison of the predictions for the Na*-Am**-HCO,-CO,>-OH-H,0 system by
the previous and the present models.




3.3 Solution Speciation and Stable Solid Phases

Four aqueous Nd(III) species, i.e., Nd**, Nd(CO,)", Nd(CO;),, and Nd(CO,),”, are
invoked in this model. The model predicts that in the sodium carbonate solutions with
[Na,CO,] > 0.1 M, Nd(CO,),> is the only predominant species in the aqueous phase, while
in the sodium bicarbonate solutions with [NaHCO,] > 0.1 M, both Nd(CO,),” and
NdJ(CO,);” exist in significant concentrations. Efforts were made to obtain experimental
evidence for the existence of these neodymium species by the extended X-ray absorption
fine structure (EXAFS) technique. Only a few samples with high carbonate concentrations
were analyzed because the [total Nd],, in other samples were too low for this technique.

- Preliminary analysis indicated that there are probably three carbonate groups in the primary
coordination sphere of Nd(III) in the concentrated carbonate solutions, which is consistent
with the prediction by the present model.

In the previous work on the Na*-Am**-HCO,-CO,"-OH-H,O system at lower
carbonate and bicarbonate concentrations (< 0.1 M) [16], the stable solid phase was found
to be the hydroxycarbonato compound of Am(IIl), AmOH(CO;)(c) (K, = 107).
However, in this study on the Na™-Nd’*-HCO,-CO;*-OH"-H,O system at higher carbonate
and bicarbonate concentrations, the stable solid phase was found to be
.NaNd(CO3)2.6H30(c), with a K, value of 10°"*. It is interesting to use the available
thermodynamic data and predict the stable regions for these two types of solid phases, i.e.,
NaM(CO,},.6H,0(c) and MOH(CO,)(c) (M is Am or Nd). The phase transition between

NaM(COB)Z.G.Hzo(c) and MOH(CO;)(c) can be expressed by the following reaction:
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NaM(CO,),.6H,0(c) = MOH(CO,)(¢) + Na* + CO,> + H™ + SH.,O (6)

This equilibrium depends on several factors such as pH and concentrations of carbonate and
sodium ion. From the available chemical potential values for the species participating in this
reaction, the equilibrium constant (K,,) for equation 6 can be calculated. Based on this
reaction, if {log[Na'] + log[CO,*]} is plotted against pH, the equilibrium between these
two solid phases will be represented by a straight line with a slope of +1 and an intercept
of log K. Figure 4 is such a plot, and 1t shows the equilibrium line dividing the two
phases. Experimental points for NaM(CO,),.6H,0(c) from this work and those for
MOH(CO;)(c) in literature are also included in the plot. As Figure 4 indicates, most of the
experimental points consistently fall in the right region for the identified solid phase. Only
a few points from the Na'-Am’"-HCO,-CO,"-OH-H,0 system [16] seem to be in the
wrong phase region. Those points correspond to the solubility data for the two highest
carbonate concentration solutions at 30 and 44 days of aging in the Na™-Am’*-HCO,-CO,*-
OH-H,O system [16]. Felmy et al. noticed that those data points significantly deviated
from their model prediction (Figure 9 in Felmy et al. [16]). Probably the uncertainty in

identifying the solid phases for those few points is responsible for these discrepancies.

4. Summary

NaNd(C0,),.6H,0(c) was identified to be the thermodynamically stable solid phase
in sodium carbonate and sodium bicarbonate solutions (0.1 M to near saturation). The
solubility product of NaNd(CO;),.6H,0(c) was calculated based on the thermodynamic

model developed for the present Na'-Nd**-HCO,-CO,;"-OH-H,0 system. This model is
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Figure 4. Phase transition between NaM(CO,),*6H,0(c) and MOH(CO;)(c).
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in good agreement with the solubility data for the Am(III) and Nd(III) carbonate systems
covering a wide range of carbonate concentrations (dilute to near saturation). Values of
Pitzer parameters for the ion interactions of Na*-Nd(CO,),> and Na'-Nd(CO,), were
developed. Further testing of this model is planned in mixed electrolyte solutions of

sodium chloride - sodium bicarbonate and sodium chloride - sodium carbonate.
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ABSTRACT

Safety assessments of nuclear waste repositories often require estimation of actinide
solubilities as they vary with groundwater composition. Although a considerable amount of
research has been done on the solubility and speciation of actinides,!-2 relatively little has been
done to unify these data into a model applicable to concentrated brines. Numerous authors report
data on the aqueous chemical properties of Np(V) in NaClOy4, NapCOgs, and NaCl media, but a
consistent thermodynamic model for predicting these properties is not available. To meet this
need, a model was developed to describe the solubility of Np(V) in Na-CI-Ci04-CO3 aqueous
systems, based on the Pitzer activity coefficient formalism for concentrated electrolytes.
Hydrolysis and/or carbonate complexation are the dominant aqueous reactions with the neptuny!
ion in these systems. Literature data for neptunyl ion extraction and solubility are used to
parameterize an integrated model for Np(V) solubility in the Np(V)-Na-CO3-HCO3-Ci-ClO4-H-OH-
H,O system. The resulting model is tested against additional solubility and extraction data, and
compared with Np(V) solubility experiments in complex synthetic brines.

THE PITZER ACTIVITY COEFFICIENT MODEL

The Pitzer activity coefficient model3 is a semi-empirical formalism describing the
thermodynamics of electrolyte systems. Model parameterizations exist for brine evaporite
systems%> and, in a more limited fashion, for +III and +IV actinides in brines.6:78:9 The model
is general enough to describe solutions from dilute to high concentration, and is formalized for
complex electrolytes such as natural brines. Activity coefficients are represented by a virial
expansion which, truncated to binary interactions, has the form

Na
Iny = 7_51 F+2 z m, B .0 for cation “m"
a=1

where F represents the Debye-Hiickel term, Nj is the number of anions, and zn, is the charge on
cation m. A similar expression holds for anions. The complete forms of the equations and
extensive discussion are given elsewhere.3# The second virial coefficients B (D) are functions
of the ionic strength, and are given by the relationship

(0 1) 2} M P S
B .0 Eﬁm)a +B(ma g(ama\ff)+ Bﬁna g(i2v] for cation “m,” anion “a

() 1 R . . . . .
where Bﬁn)a, Bm)a, and Bf])a arc parameters that are important at high, intermediate, and low ionic
strength, respectively, and g(y) is a decaying exponential function of the argument. When only

© o e o 10 - < .
the 8,5 coefficient is nonzero, this model is similar to SIT, !V although a species molality, not the
total ionic strength, multiplies this coefficient. The following sections discuss the process of

. 0 1 . .
determining B:n)a and B(m)a values and standard chemical potentials for the Np(V) system.

DEVELOPING AND TESTING THE NP(V) SOLUBILITY MODEL

Brief descriptions of the data used to parameterize and test the model are given below.
Selection of data sets for model development was based in part on evaluations in réviews or
compilation for actinides.!-11.12 Experimental details can be found in the source reports. Data
interpretation was performed using the computer code NONLIN (developed by A.R. Felmy,-uses
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the MINPACK nonlinear least-squares programs in combination with a chemical equilibrium
program based on the Gibbs free-energy minimization procedure of Harvie et al.13); comparison
of the parameterization with the experimental data were made using either NONLIN (Versions
MacNONLIN 94.05.13b for solubility and MacNONLINex 94.07.09 for extraction) or FMT
(EMT Version 1.0, a geochemical transport code under development by C.F. Novak).

The general parameterization process begins with the least complex data sets, or data sets
from which one can determine the fewest number of parameters. As each parameter is
generated, it is tested whenever possible by comparison against independent data. When an
acceptable fit is obtained, these parameter values are fixed and held constant through the
remaining parameter determinations. The data sets used to parameterize and test the Np(V)
solubility model are summarized in Table I. Most of the data in Table 1 were taken at 25°C,
although several of the experiments were at 20°C,14 as is the work first reported here. The slight
temperature dependence of the equilibrium constants and Pitzer ion interaction parameters over
this small temperature range were neglected in this study. In total, the model parameterization
calculated eight standard chemical potentials and six ion interaction parameters. Fixed
parameters from the literature are in Table II; calculated standard chemical potentials and ion
interaction parameters are in Tables IIT and IV.

Neptunyl Interactions with Perchlorate and Chloride (Data Series P1, P2; T1, T2)

Data measuring the extraction of Np(V) with sodium dinonylnaphthalenesulfonate
(NaDNNS) from 0.2 - 5SM NaClO4 or NaC! solutions!> were used to determine interaction
parameters between Np%+ and CIOZ, and Npog and Cl—. The experimental distribution
coefficients D=mj, g(o)/mNp(aq) are shown in Fig. 1a along with the fitted models. Note that
neither CI~ nor ClO, complexes were required to fit the data. These values are used to predict
Np(V) extraction equilibria in NaC/NaClO4 mixtures at 2M total ionic strength16 and 5M total
ionic strength, 15 where D© is the measured distribution coefficient when no CI~ is present. Fig.
1b shows that the model predictior compares quite well with experimental values.

0.30 1 I 1 j I X 8 - 1.0

|+ B NaClData[15] W NaCINaClO, Data, =5M, [15)|f o
a 0.25 @ NaCiO, Data [15] @ NaCWNaClO, Data, i=2M, [16} ) o
= —— NaCl Model e 1 " NaCUNaClO, Model, 1=5M [} 0.8 §
S 0.20 {4 —— - NaCiO, Model P - —— NaCUNaCIO, Model, oM |1 9.7 €
= - - 3]
3 - - 0.6 £
(é 0.15 . | <]
S . 05 ©
2 0.10 - - 04 £
= *.\~ 1. L1 g
a N i % - 03 3
0.05 T, a

\r\j."r— . It .L_--w 0.2

0.00 - 0.1

0 1 2 3 4 5 6 7 0 1 2 3 4 5 6 7
NaCl! or NaClO4 Concentration, motal CI™ Concentration, motal

Figure 1. Solvent extractionodata of Np(V) with NaDNNS from (a) NaCl or NaClO4 media,!5 with
the.ﬁtted model pOS-CIO7 = 0.312 and BNpOE—Cl- =0.169; (b) NaCI/NaClO4 mixtures
maintained at 2M and 5M constant ionic strength.16:15 Predicted lines use parameter
values obtained in Fig. la.

Neptunyl Hydroxide Solids and Neptunyl Hydrolysis (Data Series P3; T3)
The solubility of NpOoOH(am/aged) in 0.1, I, and 3M NaClQ4 as a function of OH~
concentration were investigated,!7.1® and the data are plotted in Fig. 2. The solubility of
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Table L. Experimental systems used (o parameterize (P) and test (T) the Np(V) solubility
model. A single value was determined for each of the fourteen parameters using
data in the P series. These values were tested as often as appropriate against the
data listed as the T series. The final two experimental systems provided an overall
comparison of the model with data. :

P/T | System Medium Type | Parameters Calculated Ref.
P1 + e 0.2 - 5.0M NaCl extr § 4@ 15
P2 + — 0.2 - 5.0M NaCiO4 extr{ © 15
NpO,-CIC . -
PR Brpo3-cio,
. Cl o .
o
NpO2OH(aged); G4/RMpo, (0
+ o~y ° .
NpOZ-OH (W/Ranoon(am),
[s]
%/RT)Np0,0H(aged)
P4 + A2 0.1, 1.0, 3.0, 5.0M NaClOg; | sol | o.%RT 15,
NpO5-CO;, log(m _2)<~-5 /R Tnanpo,00y(s) 20,
COs 51
P5 + A2 0.1,1.0,3.0,5.0M NaClOy; | sol |, ° _ g9 - 15,
NpO,-COy -~ <loglm ) <~ -2 (ui/RT)NpOZCOs’ Bna*-NpOCOT bo.
@4/RTNp0,(COg5 &
©
Bra*-NpO,(COZ3
P6 + 2— 0.05 - 1.6M NaxCO sol 2 - 14
NpO,-COj5 apC03 Q’(Z)/RT)NPOZ(Cos)g-'m
Bra*-NpOLCOg + BNa*-NpOLCOs5
System Medium Type | Parameters Tested Ref.
T * i | 155.0M NaCUNaClO4 extr | (@ O 15
NpOL-CI=-CIO, | = e Bnpos-ct Bnpos-cia;
T2 + o~ | =2.0M NaCUNaClO4 etrji @ O 16
NpO,-CI™-CIO, | - ures Bnpos-cr Bnpos-cio;
T3 | NpO,OH(@m), | 0.1, 1, 3M NaClOg4 sol [g®@ .~ 17,
NpO,OH(aged) NpO2-ClO4 18
T4 | NpOoOH(am) 0.3 - 5.6 m NaCl sol © 0 this
solubility Prpos-cr /ANnpo,0H(am) work
15 + ~An2 0.1, 1.0, 3.0, 5.0M NaClQy; | sol © - 15,
NpO,-CO; log(m _ 2) < ~ -5 Brpos-cio; 0,
€05 21
T6 + 2 1M NaClOy4 extr ° _ @ - 19
NpO,-CO4 (4/RTNp0o,c05 Bra*-Npo,CO3
o
“/RTNpOy(COZ)3
©
Bra+-NpOXCOZ3
17 + 2 0.1, 1.0, 3.0, 5.0M NaClOy; | sol ° G _. |15,
NpO,-CO5 g 2) > - 25 ~ /R DNpo, (o135 BNa*-NpO(CO43 ™ oo,
) 51
Ba+-NpO4COR3
System Medium Type | Overall Comparison Ref.
NpO;-Cog_ 5.0M NaCl sol | for comparison with model 15
Np(V) in complex | 0.8 and 3.0 lonic Strength | sol | for comparison with model lthis
synthetic brines jwork
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Table I1. Fixed parameters for model fitting (from Harvie et al.4 unless otherwise noted).

Standard Chemical Potentials
Species 11{0 /RT Species u.? /RT Species I»L? /RT

H,0 —956.6635 cl O; ~73.805 [24] H CO; —236.751

HY 0.0 cr -52.955 002' —212.944
3

OH- —63.435 COs(a ~155.68 + -369.127 {25
2(aq) NpOJ ]

—105.651

Binary Electrolyte Parameters
BO B C¢ gO Cé
Nat-OH— 0.0864 0.253 0.0044 Nat+-Ch- 0.0765 0.00127
Na+-ClO- 0.0554 0.2755 -0.00118 H+-CI 0.1775 0.0008
4 [26] [26] [26]
2— (0.0399 1.389 0.0044 ~  0.1747 0.00819
" . " .
Na+-COjg H*-CIO; (3] (26]

Na+'HCOg 0‘0277 0.041 1 O

Ternary Electrolyte Parameters
Na+-H+ 0.036 CF—COE— -0.02 OH- .CO§—

Na*-H*-CIO} 0016 26] | grcoZnat 00085 | opmcoZTNat
Nat-H*-Ct ~0.004 C-Hoo; 0.03 CO%HCOS

Cr-OH~ —0.050 CrHCOz-Na* 0915 | coHeozNat
CI-OH~Na+ ~0.006

Neutrai lon Parameters
Na+-COy(aq) 0.100 { C-COy(aq) —0.005

Table IIL Standard chemical potentials for neptunyl species calculated in this paper

Species uf /RT Species 1110 /BT

NpO,OH{am}) —452 642 NaNpO,CO4(s) -713.707
NpO,QOH(aged) —454.010 Npozcog -504 492

NpO,0H(aqg) —438.518 —-808.403

3._.
NpO,(CO3)5
—505.829 5= —1019.918

2 NPO(CO5) 19.91

NpO,(OH),

Table IV. Pitzer parameters calculated in this paper

© 0312 | @ : 0.161 B(O) s
+ — - +
Brpol-cio, Bra+-npoCOS Na*-NpO(COg)3

© 0.169 B(O) ~ |0407 Bm =
Prpo-Cl Na*-NpO(CO3)z Na*-NpO(CO3)}




NpO2OH(aged) is lower than NpOgOH(am), and the system shows amphoteric behavior. These
data can be interpreted using the solubility and hydrolysis reactions

NpOoOH(am) <> NpCy + OH~ A )
NpO,OH(aged) <> NpO, + OH- )
NpO, + OH~ © NpO,OH(aq) 3)
NpO, + 2 OH~ ¢ NpO,(OH), “4)

Because the solubility was determined in relatively high NaClO4 concentrations, the data
interpretation requires the ion interaction parameters for NpO ;—CIOZ, calculated in the previous
section. Although these data, Fig. 2, represent two solid phases with different standard chemical
potentials, the hydrolysis behavior is independent of the solid phase and thus must be the same
for both. The “low” pH data (Iog(rrbH_) < -3) were used to determine standard chemical
potentials for the solid phases in Reactions 1 and 2, see Table III. The agreement between the
model and the solubility data at low pH values as a function of NaClO4 concentration, Fig. 2,
indicates that the B value determined from solvent extraction data is reliable. The standard
chemical potential for NpO,(OH), was fitted from the high m,,- values where -this species
dominates; the standard chemical potential for NpO,OH(aq) was fitted from the intermediate
m,, values, also in Table III. No ion interaction parameters between hydrolysis species and
either Na* or CIO 4 were required.
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Figure 2. Datal7:18 used to calculate standard chemical potentials for neptunium hydroxide
solid and hydrolysis species, and to build confidence in the value for BNpo;_C,O;.

The reliability of the standard chemical potential for NpOsOH(am) and the Pitzer ion
interaction parameter for NpO; with CI~ determined above were tested using data that we
measured for the solubility of NpO2OH(am) in NaCl solutions; see the Appendix for details. Good
agreement between the measured and predicted Solubxhty of NpO»OH(am) in NaCl solutions (Fig.

(0)
3) indicates that the values for (uf/RT)NpO OH(am) and ﬁNpo .cr are reliable.
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Figure 3. Experimental data and model predictions of NpO2OH(am) solubility in NaCl solutions.

Standard Chemical Potentials for NaNpO2CO3(s), NpO2CG;, and N p02(C03)§—; and Ion
Interactions for Na*-Np0O2CO; and Na+-Np02(CO3)g‘ (Data Series P4, PS; TS, T6)

Neptunyl complexation with carbonate and the solubility of NaNpO,CO3(s) in several
media under different conditions have been reported by various authors.14.15.19,20,21 These data
were used to develop and test the model for neptunyl complexation with carbonate. The bulk of
the data was taken at constant COx(g) pressure in 0.1, 1.0, 3.0, and 5.0M NaClO4 (Neck et al.15;
Kim et al.20), although Maya2! reported solubility both in solutions with fixed total inorganic
carbon and with fixed COp(g) partial pressure. During analysis, a discrepancy of up to 1.1 log
units was noted in some of the datal5.20 between the reported hydrogen ion and carbonate
concentrations and the Harvie-Mgller-Weare model? predictions. This may indicate the need for
improved models describing the solubility of CO»o(g) in NaCIO4 media, or a lack of equilibrium
between the COo in the gas and aqueous phases. This discrepancy rendered it unrealistic to use
pH/pcH values and fixed COp(g) pressures for parameterization, thus the reported carbonate
concentrations were considered primary data. This interpretation is reasonable because the data
of Maya,2! in which Np(V) solubilities were measured both for fixed solution composition and
solutions in equilibrium with a gas phase, overlie the data from Kim et al.20 for 1.0M NaClQ4
solutions. These data, plotted in Fig. 4, were used to calculate thermodynamic parameters for
NaNpO2COx3(s), NpOgCOS, and NpOg(COg)g—. The behavior of the neptunyl ion in the presence of
carbonate can be described by the reactions

NaNpO,COs(s) < Na* + NpOj + CO5 (5)

NpO} + CO5 ¢ NpO,CO; ©)
NpO} + 2CO2™ ¢ NpO,(COgls™ 0
NpO} + 3CO5~ «» NpO,(COg)3 (8)

Data for log(rrbog—) < =5, where Reaction 5 dominates, wer%)used to determine the standard

chemical potential of the solid, and to test the value for ﬁNpO;—CiO—‘ The mono- and bis-
. . . . . .74

carbonato species dominate in the intermediate carbonate concentration range, -5 < log(mgn2-) <

-2.5; these data were used (o calculate (u?/RT)NpOQCOE’ (“?/RT)Npog(Cog)&

>, and the binary ion
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interaction parameters ﬁuathozoog and BNa+_Np02(CO 3)3— These pafam?ter values we.:re tested
against extraction data,!? producing the favorable comparison shown in Fig. 5. The region where
log(mgp2) >-2.51s discussed in the following section.

Data used for calculating parameters Model predictions
1072 : .
W 0.1MNaCO,, [20]
- @ 1.0MNaCiO,, [20] -
10 -3 ‘.. ~ N\, = 4 . ’,.
& ] - £3 1.0MNaCIO,, [21] "g{
_ - A, EaN L A 30MNaCIO,, [20] A/‘
£ 10 |- - A e {! & 50MNaCio,, (15] ,’;.
: e A ey w P
o . -, Py
£ 105 ™S By Iy
10 < L m i
‘.\ A a &3.m;3‘? —— model, 0.1M NaCIO,
* A el ——
10 6 -\é\‘\ A k-l A A/Q— model, 1.0M NaClO, ||
- * 1] model, 3.0M NaCiO,
“~ .’ ,,_ 4
T ~- == model, 5.0M NaClO,
10 -7 I I
1078 107 10®% 105 10% 10° 102 107 100

m _
co2

Figure 4. Datal5:20.21 for parameterizing/testing the model for neptunyl-carbonate reactions.

0

Standard Chemical Potential for Npoz(co:;)g‘ and

N\ Na+-Np02(CO3)g_ Ion Interactions (Data Series P6;
T7)

[
-t

Calculating thermodynamic parameters for
\ the neptunyl triscarbonato species requires data
extending to high carbonate concentration. Ueno and

7 © 5 4 3 2 Saito!4 examined the solubility of NaNpO2CO3(s) in
log(mcogg_) 0.05 to 1.6 M N apCO3 solutions. Although
NagNpO2(CO3)a(s) has been reported to be the stable’

Figure 5.Comparison of model phase in these high concentration ranges,!!

with data!? for extraction NaNpO»COg(s) was most probably the metastable
of neptunyl carbonate

complexes in 1.0M NaCOy4

log(D/D%)
o

'
w

equilibrium solid over the reported one to two day
equilibration period. Assuming the NaNpOoCOa(s)
solid phase, and using the thermodynamic parameters
previously developed in this paper, these solubility data are well represented by the triscarbonato
species from Reaction 8 and the ion interaction parameters ﬁg;thOQ(Cog)g_ and B(rjl)athoz(COs)g_’
as shown by the comparison in Fig. 6. The predicted solubilities of NaNpO2COg(s) in NaClOg4
solutions are consistent with the data sets given in Fig. 4 for log(m-g2-) > -2.5, where the
species NpOo(CO3) g_ is also important. Thus the solid phase identified by Ueno and Saito is
supporied, and values for the neptunyl triscarbonato complex can be calculated {rom these data.
Although NpO,(CO3) 23_ never dominates under the conditions of Fig. 6, this species is dominant
under the conditions of Fig. 4 for 4 < IOg(mCO%_) <2
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15 DISCUSSION OF MODEL AND

ek || NpO,CO; PARAMETERS
2.0 7/ — Npo?_(coa):' The model developed here
...... NPO(CO,),~ is a comprehensive, unified
—— total Np(V) description of Np(V) solubility
A Ref.[14] behavior in Na-CO3-CI-ClO4 media.

The model is based on the
formation of important aqueous

log(molality)

species and binary cation-anion

interactions between neptunyl

species and bulk solution ions.

45 10 05 00 05 The model is a synthesis of, and
explains, nine different data sets

log{my, co,) P .
representing two types of
Figure 6. Datal4 and model fit of NaNpO2CO3(s) experiments. Model_ species ar?d
solubility in NapCO3 solutions. parameters are summarized in

Tables III and IV. The
thermodynamic equilibrium constants for the hydrolysis system, Reactions 1 through 4, are
logKgp= -8.72, logKsp= —9.32, logB1g1= 2.58, and logP {go= 4.27, respectively; the
thermodynamic equilibrium constants for the carbonate system, Reactions 5 through 8, are
logKgp=~11.3, logB101= 5.39, logB1go= 5.81, and logf{gs= 5.19, respectively. Comparison
with parameter values reported for 1-1, 3-1, and 5-1 electrolytes?2 show that all the values for
activity coefficient parameters are reasonable, e.g., our calculated value for the 5:1 electrolyte
B:atho ,(COyS = 16 compares favorably with the value B:)atpacﬁa = 21.66 of Pitzer.22

TESTING THE PREDICTIVE ABILITY OF THE MODEL

Although the model explains many simple data sets, additional testing of the model is
necessary to generate confidence that the model can predict totai dissolved Np(V) concentrations
in complex natural systems. Two comparisons are given here to provide some confidence in this
model, and indicate some directions for future work.

Most of the data used to develop this model were obtained in NaClO4 media; little data in
NaC! media were available. However, in natural systems, NaCt is likely to be the dominant
electrolyte, and thus it is essential to establish the applicability of this model to sodium chloride
solutions. Then, is it possible that the solubility behavior of Np(V) in more complex natural
brines, e.g., containing small amounts of K-Mg-Ca-SQy4, can be approximated by this model.
These points are tested against additional experimental data.

The solubility of NaNpO2COg3(s) is reported!? as a function of pH in 5M NaCl at constant
logPco o(9) of =3.5. In contrast with these authors’ similar data in NaCiOy, the reported hydrogen
ion and carbonate concentrations are consistent with the Harvie-Mgller-Weare model.4 Thus the
system can be modeled as open to the gas phase. A comparison of these data with the model
developed above is presented in Fig. 7 along with calculated species concentrations. The model
follows the trend of the data quite well, especially for high carbonate concentrations, but is offset
for lower carbonate concentrations, particularly in the region where the mono- and biscarbonato
species dominate. Although this may indicate that additional species are necessary to describe
this system, there was no need to invoke neptunyl chloride species to describe the simpler
experimental systems above. Possible reasons for the discrepancy between the observed and
calculated concentrations, include: (1) the assumption that carbonate speciation in concentrated
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sodium perchlorate solutions can be described without any carbonate, bicarbonate, or carbonic
acid ion interaction parameters with perchlorate may be poor, (2) the standard chemical potential
may be different for this solid phase; (3) additional specific ion interaction parameters, e.g.,
NpOZ-Na“-CI‘ or NpOgCO}CI—, may be required; or (4) equilibrium may not have been attained.
Additional experiments at different NaCl concentrations in NaCl/NapCO3 media are needed to
refine the values for ion interaction parameters for this system.

108 ' - 1
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Figure 7. Comparison of model with NaNpO2COs(s) solubility data!S in 5M NaCl.

A further test of this model is comparison with solubility measurements in complex
synthetic brines. Oversaturation experiments with 237Np(V) were conducted in the brines AISinR
and H-17, with molal concentrations: Na+ (0 64, 2.5), K+ (0.0082, 0.032), Mg2+ (0.022, 0.078),
Ca2t (0.017, 0.031), CI~ (0.58, 2.6), SO ~ (0.080, 0.080), B (0.0028, 0.0042), Br-, (0, 0.0010);
with Pco NOES 0.0019 and 0.0028 atm, respectlvely These ongoing experiments are similar to
others conducted with Pu in these same brines.23 Sufficient amounts of Np(V) were added to
cause oversaturation and precipitation of a neptunium solid phase. The operational hydrogen ion
concentration was controlled within 0.1 units, and the aqueous neptunium concentration was
monitored. Approximate steady-state aqueous concentration were reached after about 400 days.
The solid phases were characterized by X-ray diffraction as NaNpGO»COg(s). These brines are
predominantly sodium chloride, so previous electrode titrations, as discussed in the Appendix,
were used as pH/pcH calibrations. The measured total dissolved Np(V) concentration in AlSinR
Brine at —log(m,,) = 7.740.2 is 2x10~0 molal; the model predicts 6x10-0 to 2x10-5 molal. The
measured total dissolved Np(V) concentration in H-17 Brine at —log(my,) = 7.840.2 is 1x10-0
molal; the model predicts 2x10- to 3x10~0 molal. The comparison is very good, with an order
of magnitude or less difference between measured and calculated values. Although more data in
complex brines are required to support the model, this work suggests the building block approach
will prove successful for predicting dissolved Np(V) concentrations in complex brines.

CONCLUDING REMARKS

The Np(V) solubility model developed here explains many different data -sets from
different types of experiments. As such, il appears to be robust and may be usable to obtain
order-of-magnitude estimates of neptunium solubility in predominantly NaCl groundwaters.
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Additional experimental measurement of Np(V) chemistry in NaCV/NapCOs media would allow
refinement of the model and improve the predictive ability in high chloride systems.

APPENDIX

- Green NpO,OH(am) was synthesized!7 and added to0 0.3, 0.6, 1.0, 1.8, 3.0, and 5.6m NaCl
solutions and allowed to react for 37 days. Experiments, including solution preparations, were
performed in an argon atmosphere glove box using freshly distilled, deionized water to avoid
mtroduction of carbon dioxide. No conversion to NpOpOH(aged) was noted, although this
conversion was seen in concentrated NaClO4 within this time spanl7. Phases were separated by
filtering aliquots of solution through presaturated 4.1 nm filters (Amicon Corp., Danvers, MA).
Aqueous neptunium concentrations were determined by Y-pulse height analysis of the 29.38 keV
gamma emission from the 237Np in the supernatant. Hydrogen ion concentrations were measured
using a Ross combination pH electrode (Orion Research Inc., Boston, MA) at the time of each
assay. The operational pH read by the glass electrode was related to the actual proton
concentration in each NaCl solution by earlier potentiometric titration of standardized solutions of
HCt with NaOH, both adjusted to the desired NaCl concentration.
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