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Abstract

Rare earth element (REE) phosphates such as monazite and xenotime are important as ore minerals, potential hosts of
radioactive waste, and target phases for isotopic dating. However, there are still insufficient thermodynamic data with which to
model dissolution and precipitation of these phases in crustal fluids quantitatively. Therefore, the solubilities of end-member
La(I1l)-, Nd(I1)-, Sm(I1I)-, and Y (III)- phosphates were determined at 23 and 50 °C in NaCl-HCI and NaClO4~HClO4 solutions
with pHy, from 0 to 2 and ionic strengths of 0.1, 0.5, 1.0, and 5.0 m. The solubility of Nd(III)-phosphate was also determined in
chloride solutions at 150 °C. The La(IIl)- and Nd(III)-phosphates had the monazite structure, and Sm(III)-phosphate and Y (III)-
phosphate had the rhabdophane and xenotime structures, respectively. The dependence of solubility on pH and chloride
concentration, together with data from the literature, indicated that H;POS and Ln*" (where Ln®* represents any free, hydrated
trivalent REE ion) were the predominant species in our experimental solutions. At each ionic strength and temperature
investigated, conditional equilibrium constants ( Qy;) were determined for reactions of the following type:

LnPOy4 + 3H"—Ln*" 4 H;PO)
The conditional equilibrium constants determined at various ionic strengths were extrapolated empirically to obtain the

equilibrium constants at infinite dilution (Kg3). These constants were then converted to solubility products (Kg) for the
following reaction:

LnPO,(s)Ln*" 4 PO;~

using acid dissociation constants for H;POJ available in the literature. The values of logK, so obtained are:

23°C 50 °C 150 °C
La —25.7 —25.4 -
Nd —25.8 —26.6 —30.8
Sm —24.6 —24.8 -
Y —-279 -27.8 -
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These values are in reasonable agreement with the majority of those in the literature, with the exception of the values for Y (I1I)-
phosphate, which are substantially lower. Our results, combined with data in the literature, suggest that the solubility products of
REE phosphates are retrograde (i.e., decrease with increasing temperature) up to at least 300 °C. Moreover, the solubility of
REE phosphate is quite low up to 300 °C, even at low pH and high chloride concentrations, confirming the robustness of these

phases as hosts for radionuclides.
© 2005 Elsevier B.V. All rights reserved.
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1. Introduction

Quantitative modeling of the mass transfer of rare
earth elements (REE), including yttrium, in the Earth’s
crust via aqueous fluids is dependent on the avail-
ability of several types of thermodynamic data, not the
least of which are solubility products for REE-bearing
minerals. However, solubility data for almost all
geologically important REE-bearing minerals are
lacking, even at standard conditions (cf. review by
Wood, 2003).

Simple REE phosphates of the monazite and
xenotime groups are important hosts of the REE in
a variety of geologic environments (Clark, 1984;
Mariano, 1989; Spear and Pyle, 2002). Monazite has
the formula LnPOy, and is light REE-selective with a
monoclinic structure, whereas xenotime has the
formula YPO,, and is heavy REE-selective with an
orthorhombic structure. Additional simple REE phos-
phates include rhabdophane (LnPO, - H,O; light REE-
selective with a hexagonal structure) and churchite
(YPO, - H,0; heavy REE-selective with a monoclinic
structure). Note that Ln*" is used here as a general
symbol denoting any trivalent REE.

Monazite and xenotime are receiving considerable
attention as target phases for U-Th—Pb geochronology
in igneous, metamorphic, sedimentary, and hydro-
thermal environments (e.g., Harrison et al., 2002;
Poitrasson et al., 2002; Willigers et al., 2002; Kositcin
et al., 2003; Vielreicher et al., 2003, and references
therein). The rare earth element phosphates have also
been proposed as hosts for nuclear waste disposal
owing to their physical and chemical durability, ability
to resist metamictization, and capacity to contain
actinides (Boatner et al., 1980, 1981; Boatner and
Sales, 1988; Boatner, 2002; Ewing and Wang, 2002).
Monazite, xenotime and, to a lesser extent, rhabdo-
phane, occur as important REE-bearing minerals in a

variety of sub-economic to economic REE deposits of
possible hydrothermal origin such as Lemhi Pass,
Idaho/Montana (Anderson, 1961; Staatz, 1972; Wood
et al., 1997; Gibson, 1999), Pea Ridge, Missouri
(Nuelle et al., 1989; Kerr, 1998), Bayan Obo, China
(Chao et al., 1992; Smith et al., 1999), Olympic Dam,
Australia (Oreskes and Einaudi, 1990), and Steen-
kampskraal, South Africa (Andreoli et al., 1994).
Clearly, knowledge of the solubility of REE phos-
phates in aqueous solutions over a wide range of
temperature and pressure is crucial to a better under-
standing of the behavior of REE in crustal fluids.
The solubilities of REE and Y phosphates have
been determined in a number of studies at or near
standard conditions (25 °C, 1 bar). Previously
reported, experimentally measured solubility products
or Ky, values (see Egs. (1) and (2) below for the
definition of Ky) are given in Table 1. Note that, in
some cases, there are discrepancies of more than an
order of magnitude in reported solubility products for
a given REE. For example, for NdPO,, log K, values
range from a low of —26.2 (Liu and Byrne, 1997) to a
high of —24.65 (Rai et al., 2003), a range of ~1.5 log
units. Some of these discrepancies arise because of
differences in the structure, degree of hydration, and
crystallinity of the REE phosphates studied (e.g.,
rhabdophane vs. monazite structure, and freshly
precipitated vs. well-aged). Unfortunately, the nature
of the REE phosphate used in solubility studies has
not always been specified. Another problem is that, in
some studies, dissolution was assumed to be con-
gruent (i.e., the total REE concentration and the total
phosphate concentrations were assumed to be equal,
so that either REE or phosphate was not measured
directly). A number of studies including ours suggest
that this is likely an incorrect assumption. An addi-
tional source of discrepancies in published solubility
products is the use of different activity coefficient



Table 1
Solubility products (logK ) reported in the literature for REE and Y phosphates

Source a b c d e f g h i
Temperature 25 (°C) 25 (°C) 25 (°C) 100 (°C) 25 (°C) 72 (°C) 25(°C) 25(°C) 25(°C) 23 (°C) 50 (°C) 150 (°C) 23 (°C)
La —25.0 —24.5+0.3 —262+05 265 254 —25.7+£0.05 —24.70+£0.15 —25.40
Ce —243 —26.2+0.15
Pr —26.0£1.0 -26.1£0.2 265 254 —26.4+0.30
Nd —25.9 —25.7+£0.7 -26.0+0.1 =255 254 —26.2+0.02 —25.83+0.05 —26.6 —30.81  —24.65+0.23
Sm —26.0£0.1 —-26.6 253 —26.1+£0.01 —24.55+0.19 —-24.77
Eu —25.8+03 264 251 242 —25.9+0.03
Gd —24.8 —254+0.2 258 247 241 —25.6+0.12
Tb —25.14£0.03 —-26.0 —244 —25.3+0.04
Dy —252+0.1 =257 244 —25.1£0.13
Ho —25.6+0.5 —25.4 —25.0+£0.13
Er —24.1 —25.5 —-258+0.5 259 251 —25.1£0.11
Tm —26.1+0.1 =262 254 —25.0+0.13
Yb —26.2+0.01 —-263 255 233 —24.840.24
Lu —254+0.03 —-26.0 247 —24.7+0.31
Y —24.8+0.1 —25.0240.08 —27.93" —27.82%
21 °C 70 °C 200 °C 300 °C
Nd (j) —25.93+0.07 —27.13£0.12 —30.83+0.09 —35.29+0.56
Gd (j) —25.84

(a) Tananaev and Vasil’eva (1963), extrapolated to infinite dilution by Byrne and Kim (1993); (b) Tananaev and Petushkova (1967), extrapolated to infinite dilution by Byrne and Kim
(1993); (c) Jonasson et al. (1985); (d) Firsching and Brune (1991); (e) Firsching and Brune (1991), recalculated by Byrne and Kim (1993); (f) Byrne and Kim (1993); (g) Liu and
Byrne (1997); (h) this study; (i) Rai et al. (2003); (j) Poitrasson et al. (2004).

? These values are probably too low owing to lack of attainment of equilibrium in the solubility experiments.
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models. The activity of the trivalent Ln®" ion is
especially sensitive to the model employed for its
calculation. Finally, there have been only a handful of
measurements of solubility products at temperatures
above 25 °C. Here we report solubility products of
phosphates of La, Sm, and Y measured at 23 and 50
°C, and of Nd measured at 23, 50, and 150 °C, in an
effort to improve the thermodynamic database for
REE phosphates. We have carefully characterized the
REE phosphates both before and after the experi-
ments, and have directly measured both the REE and
phosphate concentrations. Moreover, we have deter-
mined solubility products as a function of ionic
strength, which permits an empirical extrapolation of
the results to infinite dilution.

2. Theoretical considerations

In this study, we measured pH on the concen-
tration scale and we define pH,, as —logmy-.
Solubilities of well-characterized phosphates were
determined at low pH,, (0-2) in both chloride and
perchlorate solutions of various fixed ionic strengths.
The solubility experiments were conducted at low
pH,, for several reasons. First, the solubility of REE
phosphates is quite low at near-neutral pH,,, but
increases with decreasing pH,,. Therefore, solubility
measurements at low pH,, insured that the concen-
trations of REE and phosphate could be measured
accurately. Measurements at low pH,, also insure
that hydrolysis of the trivalent REE ions is negligible
(cf. Baes and Mesmer, 1986; Wood et al., 2002, and
references therein). Phosphate complexation of Ln*"
should also be negligible at low pH,,, where strongly
protonated forms of this ligand (H3PO£ and H,POy)
are predominant. Because the goal of this project
was to determine solubility products, the ability to
neglect hydrolysis and phosphate complexation
simplifies the interpretation of the results. It should
be noted that all previous solubility product deter-
minations also have been carried out at low pH,, for
similar reasons.

Neglecting possible waters of hydration in the solid
REE phosphate, the solubility product of LnPO,
refers to the reaction:

LnPO4(s)>Ln’" + PO}~ (1)

Assuming a pure end-member Ln-phosphate, the
solubility product can then be written as:

Kso = app+@po; (2)

However, the dominant dissolution reaction at the low
pH,, values measured should be:

LnPO4(s) + 3H™Ln*" 4 H3PO) (3)

The equilibrium constant for this reaction may be
written as:

AL+ AH;PO)
a3—‘4 (4)

H*

Kg =

If total ionic strength of the solution is held constant,
then activity coefficients will be approximately con-
stant, and we can define a conditional equilibrium
constant Qg for reaction (3):
3 )
0u = my +'3”H3PO§ (5)
.

Egs. (4) and (5) illustrate that K3 and Qg are very
sensitive to uncertainties in H' ion activity or
concentration, which may explain some of the
discrepancies among solubility products reported in
the literature. Our strategy to derive K 3 was to
conduct solubility experiments at several fixed ionic
strengths at each temperature, from which we
obtained a Qg value for each ionic strength and
temperature. The Qg3 values at each temperature were
then extrapolated empirically as a function of ionic
strength, as described below, to obtain Kg; at infinite
dilution. The value of Ky, can be derived from the
value of K¢ by adding the following dissociation
reactions of phosphoric acid to reaction (3):

H;POJ—~H" 4 H,PO, (Ky) (6)
H,PO,>H" + HPO; (Ky») (7)
HPO; «>H' + PO; (Ky3) (8)

and combining equilibrium constants according to:
Ky = K3 Ka1 Ko K3 (9)

We conducted two separate sets of experiments. In
one set, designed to determine the chloride depend-
ence of solubility, pH,, was maintained nearly
constant at approximately 1 using HCI, and the total
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chloride concentration was varied from 0.1 to 5 m by
adding the required amount of NaCl. In the second
set, designed to determine the pH,, dependence of
solubility, pH,, was varied from 0 to 2 using HCIOy,
and the total ionic strength was held constant by
adding the required amount of NaClO,4. Comparison
of solubilities measured in NaCl and NaClO,4 media at
approximately the same pH,, and ionic strength
permits an additional assessment of the importance
of chloride complexation.

Measurement of Qg for a series of fixed ionic
strengths allowed us to calculate K3 using an
empirical method of extrapolation to infinite dilution.
This extrapolation was accomplished using the
following relationship:

ANZ2VT

lo I)=logKgs +———— +CI+DI* + -
ngB() ng3 lJr\/j

(10)
where Ky is the equilibrium constant at infinite
dilution, AZ* is the change in charges squared for
reaction (3) (i.e., 6), 4 is the Debye—Hiickel param-
eter, and C,D,... are adjustable parameters. The
quantity Qg;(/) is the conditional equilibrium constant
at the stoichiometric ionic strength /. The second term
on the right in Eq. (10) is the Debye—Hiickel term,
which guides the extrapolation at ionic strengths
lower than those at which measurements were made.
The values of logKg;, C, and D were determined via
regression analysis of the experimental data, in which
logQg (1) — %Zf\lﬁ was the dependent variable and /
was the independent variable. Sufficient adjustable
parameters (C,D,...) were added so that Eq. (10) fits
the experimental data within the experimental uncer-
tainty to the highest ionic strength employed. A very
similar approach was employed by Baes and Mesmer
(1986), in their critical review of cation hydrolysis, to
extrapolate hydrolysis constants to infinite dilution
from ionic strengths similar to those employed in this
study.

3. Experimental methods

3.1. Reagents

All reagents used in the experiments were of
reagent grade, or better, and all solutions were

prepared by weight, employing 18-M{) cm deionized
water. The sodium chloride and sodium perchlorate
employed were 99.98% and 99% pure, respectively.
Neodymium-phosphate was synthesized by the
method of Boatner et al. (1981) (see Cetiner, 2003
for details). Commercially available La-, Sm-, and Y-
phosphates (purity 99.9%) in powder form were
purchased from Alfa Aesar.

The solid phosphates were characterized by powder
X-ray diffraction (XRD) and scanning electron micro-
scopy (SEM), before and after experiments. X-ray
diffraction analysis showed no evidence of the pre-
sence of any other components. According to the XRD
data, our La- and Nd-phosphates had the monazite
structure. Samarium-phosphate and yttrium-phosphate
yielded diffraction patterns consistent with the rhabdo-
phane and xenotime structures, respectively. The XRD
analyses of the LnPO,4 samples were virtually identical
with respect to peak position both before and after
the runs.

In addition, assays of the solids were obtained by
dissolving 0.1-0.15 g of the LnPO, powder in
concentrated sulfuric acid, followed by dilution and
analysis for total Ln and P via ICP-AES to verify the
stoichiometry of the starting material. The results,
which are shown as molar P/Ln ratios in Table 2,
confirmed that the LnPO,4 powders (with the excep-
tion of SmPO,) used as starting material had the
expected stoichiometry, within analytical precision, of
approximately 5%. The SmPO,4 powder had a slightly
lower Ln/P ratio of 0.92.

3.2. Experimental set-up

3.2.1. Low temperature

Experiments at low temperatures (room temper-
ature and 50 °C) were carried out in 125-mL-capacity,
high-density polyethylene bottles. Prior to the experi-
ments, the bottles were soaked in an acid bath

Table 2
Molar Ln/P ratios in the initial Ln-phosphates used in the
experiments

LnPO, Molar ratio Ln/P
LaPO, 1.02
NdPO, 0.96
SmPO, 0.92
YPO, 1.02
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overnight and rinsed thoroughly with deionized water.
Then 100 mL of the experimental solution was
transferred to the bottles along with 100-150 mg of
LnPO, in a powder form (solid/solution mass ratio of
0.001-0.0015). For the room-temperature (23+2 °C)
experiments, bottles containing the experimental
charges were agitated on a shaking table. Experiments
at 50 °C (£0.2 °C) were conducted in a constant-
temperature, shaking waterbath.

Before sampling, shaking was stopped and the
solid was permitted to settle for about 15 min.
Approximately 3 mL of the solution was withdrawn
and forced through a 0.20-um Nylon filter membrane.
The filtered samples were acidified with 1.0 mL of
concentrated HCI (Fisher ACS grade) and diluted to
10 mL in a volumetric flask. After mixing, solutions
were then transferred to 10-mL polyethylene tubes for
storage until analysis. Sampling was performed at
regular intervals to check the evolution of pH,, and
REE concentration until equilibrium was closely
attained.

3.2.2. High temperature

At 150 °C (%2 °C), experiments were conducted in
250-mL, gold- and glass-lined autoclaves. The max-
imum working temperature and pressure for these
autoclaves are ~343 °C, and 37 MPa, respectively.
Selected samples were analyzed for Fe and Au to
monitor possible corrosion of the gold liner or the
stainless steel autoclave. The concentrations of these
metals were generally insignificant.

A quantity of 75-100 mg of LnPOy(s) powder
was loaded into a 2-3-cm length of Au tubing (4
mm OD, 3.8 mm ID), which was tightly crimped
(but not welded) on both ends. The purpose of the
crimped gold capsule was to minimize the potential
for carryover of solid LnPO4 when taking a fluid
sample, while permitting the fluid to access the solid
during the experiment. After adding the experimen-
tal solution, the system was pressurized to approx-
imately 1.0-1.4 MPa and left overnight to check for
leaks. The autoclave was heated in a nichrome
resistance furnace. Temperature was measured using
two external Chromel-Alumel thermocouples loca-
ted at the top and the bottom of the autoclave.
Thermal convection was stimulated by maintaining
the bottom of the autoclave 2 °C higher than the
top. Pressure was measured with an electronic

transducer. The precision of the pressure measure-
ment was =70 kPa.

Samples were extracted from the vessel at tem-
perature via Ti tubing and transferred using PEEK
(polyetheretherketone) capillary tubing and PEEK
microsplitter valves. The sampling arrangement,
with the exception of the use of PEEK, was first
suggested by Bourcier and Barnes (1987) and has
been successfully employed by others in many
hydrothermal experiments reported in the literature.
Approximately 3 mL of the solution was withdrawn
and syringe-filtered through a 0.20-um PTFE (poly-
tetrafluoroethylene) membrane. The filtered samples
of solution were acidified with 1.0 mL of concen-
trated Fisher ACS certified HCI. Acidified samples
were then diluted to 10 mL. Deionized water was
used to wash the sampling line before and after
each sampling session to avoid possible cross
contamination.

3.3. Determination of pH,,

The pH,, of room temperature experimental solu-
tions was measured in situ using a Ross combination
glass electrode. Potentiometric measurements with
glass electrodes actually register the activity of H'.
However, if activity coefficients are maintained
approximately constant by keeping the ionic strength
constant, then pH,, can be directly measured. There-
fore, to calibrate the pH electrodes for a given set of
experiments at a given ionic strength, a series of
standard HCI solutions of known molality (deter-
mined by titration against standard base) was
prepared with the same constant ionic strength as
the experiments. This procedure has the advantage of
minimizing errors in pH,; measurement due to
variations in liquid junction potentials and activity
coefficients between the samples and the calibration
standards. Some glass electrodes do not give accurate
readings in the low-pH,, range. However, the
response of our electrode was Nernstian, from pH 0
to 3. Moreover, at the low pH,, values of our
experiments, it was possible to use titration with
standard base to confirm the pH,, values obtained
with the glass electrode. The two sets of values were
in excellent agreement.

The quench pH,, of the solution samples from 50
and 150 °C experiments was measured in a few cases
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to verify that protons were not irreversibly consumed
during the run. These measurements verified that pH,,
did not deviate from the initial values by more than
+10% during the experiments. Calculation of in situ
pH,, for experiments at 50 and 150 °C was accom-
plished by solving the relevant mass-action, mass-
balance, and charge-balance constraints for the
concentrations of all aqueous species using a mod-
ification of the computer code EQBRM (Anderson
and Crerar, 1993; Wood and Samson, 1998). Ther-
modynamic data for non-REE species were taken
from SUPCRT92 (Johnson et al., 1992), supple-
mented by data for REE species from Haas et al.
(1995). The calculated values of pH,,, were relatively
insensitive to the values of the stability constants for
the REE species. Activity coefficients for charged
species were calculated using the b equation of
Helgeson (1969):

— Azl.2 \ﬁ

+ bl 11
1+ a?BVI ()

logy =

where z; is the charge of species i and [ is the true
ionic strength of the medium, accounting for the
formation of ion pairs. The values of the Debye—
Hiickel coefficients, 4 and B, at 50 and 150 °C and
saturated water vapor pressure were obtained from
Helgeson et al. (1981), and the b deviation parameter
was obtained from Helgeson (1969). The Debye—
Hiickel ion size parameters («¢°) were obtained from
Langmuir (1997). Activity coefficients for neutral
species were assumed to be unity. For additional
details on the calculation of pH,,, the interested reader
is referred to Cetiner (2003).

The use of the / equation to estimate activity
coefficients in the calculation of in situ pH,, values
contrasts with the use of the empirical method (Eq.
(10)) employed for extrapolating Oz values to infinite
dilution. However, the empirical method, which is
preferable to the b method because it uses the actual
experimental data as a function of ionic strength to
guide activity coefficient corrections, cannot be
employed in the calculation of pH,, values owing to
a lack of data for conditional equilibrium constants for
all the mass-action expressions (i.e., reactions)
required in the calculation. In spite of the incon-
sistency this procedure introduces, we feel that it
yields more accurate solubility products than, for

example, using the b equation for all activity
coefficient corrections.

3.4. Analytical methods

The HCI/HCIO,4 content of all starting solutions
was checked by triplicate potentiometric titration
against certified standard base solutions. The concen-
tration of Cl™ before and after runs was verified by
ion chromatography (IC) using a Dionex Al-450
model. A solution of 1.7 mM NaHCO3/1.8 mM
Na,CO5; was used to elute anions from an AS4A-SC
column. The typical precision for these analyses was
estimated to be within 5%.

Total Ln and P concentrations were determined by
inductively coupled plasma atomic emission spectro-
scopy (ICP-AES) with an axial-view torch (Perkin
Elmer Optima 3000 XL). Calibration standards for
each analysis were made from certified standards of
individual elements. Sets of three to five different
concentrations of standards were used to establish a
calibration curve. The correlation coefficients of the
calibration curves were better than 0.999. Blanks and
standard solutions were matched with the samples with
respect to matrix (ionic strength and acidity). Blanks
and standards of known concentrations were run
periodically throughout each analytical run for quality
control. The deviation from the known concentration
was always less than 10%. Calculated detection limits
were 0.06 mg L™! for La, 0.08 mg L' for Nd and Sm,
0.03 mg L™" for Y, and 0.1 mg L™" for P. The
analytical precision for ICP-AES in terms of the
relative standard deviation (RSD) of replicate analyses
was better than 5% for P, 2.5% for La, 2.9% for Nd,
2.7% for Sm, and 2% for Y. Selected samples with Ln
concentrations near or below the detection limit of
ICP-AES were analyzed at Washington State Univer-
sity using a Hewlett-Packard Model 4500 inductively
coupled plasma mass spectrometer (ICP-MS).

4. Results

The temperature and initial solution composition of
each experimental run, together with the equilibrium
pH.,, REE and P concentrations, and molar Ln/P
ratios, are given in Tables 3 (chloride) and 4
(perchlorate).
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Table 3
Summary of experimental results in HCI+NaCl media at 23, 50, and 150 °C
Experimental conditions Sample number pH,," REE (mol kg~' H,0) P (mol kg™~' H,0) Ln/P
T7=23 °C La-10.1-25 1.08 1.92E-03 1.91E-03 1.00
0.09 m HCI Nd-10.1-25 1.06 4.05E—-04 6.98E—04 0.58
0.01 m NaCl Sm-10.1-25 1.08 1.81E—03 2.76E—03 0.66
Y-10.1-25 1.08 2.64E—05 6.61E—05 0.40
T7=23 °C La-10.5-25 1.09 2.01E-03 2.33E-03 0.86
0.09 m HCI Nd-10.5-25 1.07 4.95E—-04 8.65E—04 0.57
0.41 m NaCl Sm-10.5-25 1.09 1.65E—03 2.46E—03 0.67
T=23 °C La-I1-25 1.12 2.53E-03 2.69E—03 0.94
0.09 m HC1 Nd-11-25 1.09 5.37E—-04 8.61E—04 0.62
0.91 m NaCl Sm-11-25 1.09 2.05E—03 2.77E—03 0.74
Y-11-25 1.08 2.91E-05 7.10E-05 0.41
T=23 °C La-I5-25 1.27 3.16E—03 4.05E—03 0.78
0.09 m HC1 Nd-15-25 1.23 6.07E—04 1.07E—03 0.57
4.91 m NaCl Sm-15-25 1.28 4.08E—03 7.13E-03 0.57
Y-I5-25 1.22 6.05E—05 1.39E—-04 0.44
T7=50 °C La-10.1-50 1.06 7.66E—04 9.39E—04 0.82
0.09 m HCI Nd-10.1-50 1.05 2.18E—04 2.17E-04 1.00
0.01 m NaCl Sm-10.1-50 1.07 1.54E—03 1.52E—03 1.01
Y-10.1-50 1.05 3.79E—05 7.07E—-05 0.54
T=50 °C La-I1-50 1.10 1.45E—03 1.81E—03 0.80
0.09 m HCI Nd-I1-50 1.08 3.47E—-04 4.13E—-04 0.84
0.91 m NaCl Sm-11-50 1.10 1.35E-03 1.63E—03 0.83
Y-11-50 1.08 5.45E—-05 9.37E—05 0.58
T7=50 °C La-I5-50 1.25 3.91E-03 4.66E—03 0.84
0.09 m HCI Nd-I5-50 1.20 6.16E—04 8.53E—04 0.72
4.91 m NaCl Sm-15-50 1.24 2.99E—03 3.58E—03 0.84
Y-15-50 1.19 1.55E—-04 2.08E—04 0.75
T=150 °C
0.09 m HCI
0.01m NaCl Nd-10.1-150 1.05 9.96E—07 1.27E-05 0.08
0.41m NaCl Nd-10.5-150 1.07 2.04E—06 4.53E—-06 0.45
0.91m NaCl Nd-I1-150 1.09 6.28E—06 6.05E—04 0.01

? pH,, values given in italics were calculated as described in the text. All other values were measured.

4.1. Attainment of equilibrium

Approach to equilibrium was from undersatura-
tion and was indicated by the lack of change of REE
concentration with respect to time. Representative
plots are given for all the REE phosphates studied at
23 and 50 °C in Fig. 1. For La, Sm, and Nd, it is
evident that at 23 °C, concentrations remained
constant after about 15-20 days, whereas at 50 °C,
concentrations were more or less constant throughout
the experiment (here the first sample was taken 2—3
days after the start of the experiment). However, for
some sets of solution compositions and temperatures,
the concentration of Y had not completely leveled
off even after 40 days. For each experimental run,
we report in Tables 3 and 4 the average of the REE

and P concentrations, respectively, of all samples
taken after 20 days. Ideally, the best way to
demonstrate attainment of equilibrium would be to
reverse the experiments (i.e., to also approach
equilibrium from supersaturation). We did not
attempt to reverse our experiments out of concern
that solids formed on precipitation from supersatu-
rated solution would not have the same structural or
hydration state as the starting material. Clearly, the
rate of attainment of equilibrium in solubility experi-
ments depends on a number of factors including
temperature, pH, ionic strength, degree of crystal-
linity (aging), surface area (particle size), efficiency
of agitation, and solution—solid ratios. However, the
time required to attain apparent solubility equilibrium
(i.e., constant concentration after 15-20 days at 23
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Table 4
Summary of experimental results in HCIO4+NaClO4 media at 23 and 50 °C
Experimental conditions Sample number pH," REE (mol kg~ ' H,0) P (mol kg~' H,0) Ln/P
7=23 °C La-P1-25 0.96 1.28E—03 4.13E-03 0.31
0.1 m HCIO4 Nd-P1-25 0.99 2.98E—04 3.04E—-04 0.98
0.9 m NaClO4 Sm-P1-25 0.99 7.95E—04 4.47E-03 0.18
Y-P1-25 1.01 5.33E-05 1.07E—04 0.50
T7=23 °C La-P1.5-25 1.52 3.65E-04 9.05E—04 0.40
0.03 m HCIO4 Nd-P1.5-25 1.52 6.23E—05 6.10E—05 1.02
0.97m NaClO,4 Sm-P1.5-25 1.51 2.36E—-04 9.76E—04 0.24
Y-P1.5-25 1.53 2.71E—05 9.29E—05 0.29
T7=23 °C La-P2-25 1.99 5.54E—05 5.09E—04 0.11
0.01 m HCIO4 Nd-P2-25 1.92 1.17E—05 ND -
0.99 m NaClO, Sm-P2-25 1.92 3.01E-05 8.60E—04 0.04
Y-P2-25 1.95 3.40E—-06 6.38E—05 0.05
7=50 °C La-P0-50 0.003 2.22E-02 3.33E-02 0.67
0.999 m HCIO4 Nd-P0-50 0.003 2.68E—02 2.62E—02 1.02
0.001 m NaClO4
T=50 °C La-P1-50 0.96 1.23E-03 1.84E—03 0.67
0.1 m HCIO,4 Nd-P1-50 0.99 2.31E-03 2.13E-03 1.08
0.9 m NaClO4 Sm-P1-50 0.99 1.12E-03 1.44E-03 0.78
Y-P1-50 1.01 1.35E—-04 1.71E-04 0.79
=50 °C La-P1.5-50 1.52 2.20E—04 5.10E—04 0.43
0.03 m HCIO, Nd-P1.5-50 1.52 7.08E—05 7.42E—-05 0.95
0.97m NaClOy4 Sm-P1.5-50 1.49 1.51E-04 4.66E—04 0.32
Y-P1.5-50 1.53 3.13E-05 7.03E-05 0.45
=50 °C Sm-P2-50 1.91 2.01E—05 2.28E—04 0.09
0.01 m HCIO4 Y-P2-50 1.94 3.54E—-06 4.30E—05 0.08

0.99 m NaClO4

? pH,, values given in italics were calculated as described in the text. All other values were measured. ND-not determined.

°C) for well-crystallized La-, Sm-, and Nd-phos-
phates in our experiments falls within the range
deduced from other similar solubility studies in
which vigorous agitation and low solid/solution mass
ratios also were employed (Jonasson et al., 1985; Liu
and Byrne, 1997; Rai et al., 2003; Poitrasson et al.,
2004). Therefore, we believe that the attainment of a
constant REE concentration after 15-20 days in our
experiments represents a close approach to equili-
brium, with the likely exception of the Y experi-
ments. This conclusion is supported by the relatively
close agreement of the solubility products we
determined with those reported in the literature
(except for Y) from experiments with longer periods
of equilibration (see Table 1 and Section 5.3). The
reason why YPO, appears to take longer to equilibrate
with solution in our study than the other REE
phosphates investigated, and in other YPO, experi-
ments reported in the literature, may be related to
differences in crystal morphology or surface area,
among other possibilities.

4.2. Characterization of the solid phases and
dissolution stoichiometry

As mentioned above, X-ray diffraction analysis
showed no evidence of the presence of any other
phases either before or after the Ln-phosphates had
reacted with the solutions. Moreover, chemical
analysis (Table 2) suggested that the Ln/P ratio of
the initial solid was stoichiometric within analytical
uncertainty for La-, Nd-, and Y-phosphates, and
somewhat less than stoichiometric for Sm-phosphate.
However, in the equilibrium solutions (Tables 3 and
4), P was almost always present in excess, in some
cases by more than an order of magnitude (see also
Fig. 2), irrespective of the REE, the nature of the
medium (chloride vs. perchlorate), or whether the
phosphate was purchased or synthesized in our
laboratory. There is a greater tendency towards
stoichiometry for the lower-pH experiments where
the concentrations of both phosphate and REE are
higher.
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Fig. 1. Representative plots of the logarithm of the molality of REE concentration vs. time for phosphate solubility experiments in 1 m solutions
of HC1O4+NaClOy at various pH values and temperatures: (a) La, 23 °C; (b) La, 50 °C; (c) Nd, 23 °C; (d) Nd, 50 °C; (e) Sm, 23 °C; (f) Sm, 50
°C; (2) Y, 23 °C; (h) Y, 50 °C. The plots for solubility experiments in HCI+NaCl solutions are very similar.
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Fig. 2. Plot of the logarithm of the total phosphate concentration vs.
the total REE concentration for all solubility experiments in this
study. The straight line has a slope of unity and represents
stoichiometric dissolution. Although some experiments plot on or
near the stoichiometric dissolution line, most plot above the line
(implying excess phosphate), and none plot below the line.

There are two possible explanations of the appa-
rently non-stoichiometric Ln/P ratios in solution. The
first is that the starting material may have contained a
small amount of a phosphate impurity that is more
soluble than the REE phosphate. Such an impurity
may be a result of reagents used to synthesize the REE
phosphates (many of the methods used to synthesize
REE phosphates, including the one employed in this
study, involve the use of ammonium phosphate, or
some other soluble phosphate salt, at some point in the
synthesis) (Boatner et al., 1981; Boatner and Sales,
1988; Boatner, 2002). The second is incongruent
dissolution of the REE phosphate, resulting in a less-
soluble REE-bearing phase. Possibilities for a less-
soluble phase could include oxides, hydroxides,
carbonates, or hydroxy carbonates.

Mass-balance calculations suggest that the amount
of REE “missing” from solution (compared to phos-
phate) in the experiments is a relatively small
proportion of the total REE in the starting material.
For example, assuming that the REE deficiency in
solution is attributable to the retention of REE oxide
in the solid phase, calculations indicate that this oxide
would represent on the order of 0.01 wt.% of the total
initial solid material. Such a small proportion of a
second phase could not be detected by standard X-ray
diffraction methods. Moreover, if the secondary REE
phase formed in the experiments lacked long-range
order, then it would be even less likely to be detected

by XRD. Similarly, if the non-stoichiometric Ln/P
ratios in solution are attributable to the presence of a
more soluble phosphate impurity, the required amount
of this impurity also would be too small to detect via
XRD, and falls within the uncertainty of the bulk
chemical analysis of the solid starting material.

It is possible to test the feasibility of the formation
of a secondary hydroxide phase using equilibrium
constants for the following reaction from Wood et al.
(2002):

Nd(OH),(s) + 3H"<Nd*" + 3H,0 (12)

For an ionic strength of 0.1 mol kg~ " at 25 °C, logk
for the above reaction is 18.6. According to data from
Table 3 for our experiment at 0.1 mol kg~' HCl+NaCl
at 23 °C, the solution is undersaturated with respect to
Nd(OH);(s) by approximately 20 orders of magnitude.
The data of Wood et al. (2002) apply to well-
crystallized Nd(OH);(s); the solubility of amorphous
Nd hydroxide would be even higher. Thus, it seems
unlikely that a hydroxide or oxide phase would form
in the acidic solutions employed in our experiments.
The formation of carbonate or hydroxycarbonate
phases at these low pH,, values seems equally
unlikely.

The fact that our solutions were strongly under-
saturated with respect to the most probable secon-
dary REE phases leads us to believe that the non-
stoichiometric Ln/P ratios in solution result from the
dissolution of a more soluble phosphate impurity in
the starting material. The required amount of this
impurity is too small to be detected by XRD or bulk
chemical analysis. We also did not find any SEM
evidence for the presence of an additional phase, but
again the small amount required may have escaped
detection. If a more soluble phosphate impurity were
present, REE phosphate would have been the
solubility-controlling phase, but the REE concen-
trations would have been suppressed by the common
ion effect. If the actual measured dissolved REE and
P concentrations are employed in the calculation of
the solubility products, then the “excess” phosphate
should not interfere with this calculation. Our
interpretation is supported by the fact that the
solubility products that we derive from our data are
in reasonable agreement with those in the literature,
with the exception of Y-phosphate (see Section 5.3).
Our interpretation is also supported by the fact that
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pre-conditioning of the starting material prior to an
experiment by reaction with dilute acid solution or
reuse of the starting material in successive experi-
ments tended to reduce the degree of non-stoichio-
metry presumably because the soluble impurity was
removed. Poitrasson et al. (2004) also noted an excess
of P over REE in their experiments on REE phosphate
solubility and attributed this non-stoichiometry to the
presence of a small amount of a soluble phosphate
impurity. In fact, they generally observed much
smaller Ln/P ratios in solution than we did. Moreover,
in the experiments of Firsching and Brune (1991) on
Pr, Nd, Ho, and Er, the Ln/P ratio in solution was
also consistently <1 (0.86—1.01). Thus, the presence
of small amounts of phosphate impurities in Ln-
phosphates may be a common occurrence, and
experimental solubility products derived assuming
stoichiometric dissolution could be significantly in
error.

5. Discussion
5.1. Dependence of solubility on pH,,

The data presented in Tables 3 and 4 show that, as
expected, the solubility of the REE phosphates
decreases rather strongly with increasing pH,,,. Within
experimental uncertainty, the observed dependence of
solubility on pH,, is consistent with reaction (3) being
the solubility-controlling reaction. This confirms the
expectation, based on known acid dissociation con-
stants, that H;POJ is the predominant phosphate
species, with a smaller contribution by H,PO,4 . Note
that, in calculating the values of Qg , we subtracted
the relatively small concentration of H,PO, from the
total phosphate concentration to obtain the actual
concentration of H;POY. The observed pH,, depend-
ence of solubility also confirms that Ln®>" is not
significantly hydrolyzed.

5.2. Calculation of solubility products

The conditional equilibrium constant for reaction
(3) (i.e., Og) for each of the REE studied at each
temperature and chloride concentration was calculated
from Eq. (5). The value of myg+ was assumed to be
equal to the total measured molal concentration of Nd.

The value of my+ was calculated from the measured
value of pHy,, and my,po,0 was calculated from the
total measured phosphate concentration pH,, and the
conditional dissociation constants of phosphoric acid
given by Mesmer and Baes (1974). The resultant
conditional equilibrium constants for reaction (3) for
each of the REE studied at each temperature and ionic
strength are given in Table 5. The extrapolation of Og;
values to infinite dilution to obtain K is illustrated in

Table 5
Calculated values of the conditional stability constant for reaction

3)

REE Temperature Stoichiometric ionic LogQs;
°C) strength (mol kg™ ")
La 23 0 -3.01
0.1 —2.28
0.5 —2.14
1.0 —1.91
5.0 —1.13
50 0 -3.76
0.1 —-3.02
1.0 —2.37
5.0 —1.02
Nd 23 0 —4.14
0.1 —3.46
0.5 —3.24
1.0 -3.16
5.0 —2.53
50 0 —4.96
0.1 —4.23
1.0 —3.64
5.0 —2.71
150 0 -8.17
0.1 —7.76
0.5 —7.85
1.0 -5.17
Sm 23 0 —2.86
0.1 —2.16
0.5 —2.22
1.0 -2.07
5.0 —0.73
50 0 -3.13
0.1 —2.48
1.0 —2.45
5.0 —1.29
Y 23 0 —6.23
0.1 —5.61
1.0 —5.53
5.0 —4.44
50 0 —6.18
0.1 —5.48
1.0 —5.14
5.0 —3.94
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Fig. 3, which shows the degree of fit of Eq. (10) to the
data at 23 °C. The fits are equally good at the other
temperatures investigated. Note that a term in I was
required to fit all the data. The derived values of K
(i.e., logQyo at I=0) also are given in Table 5. Values
of the solubility product (Ky), derived as described in
Section 2, are given in Table 1.

5.3. Comparison of measured solubility products to
previous work

From Table 1, our results for the solubility products
of the REE phosphates can be directly compared to
those reported in the literature. Our value for K at 23
°C for La-phosphate is identical to the value given by
Jonasson et al. (1985) at 25 °C within the quoted
uncertainties. Our value is also quite close to the value
given by Tananaev and Vasil’eva (1963), and to the
value of Firsching and Brune (1991) as recalculated
by Byrne and Kim (1993). However, the original
value given by Firsching and Brune (1991) is almost
two orders of magnitude lower than ours. Our value is
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exactly one order of magnitude higher than that given
by Liu and Byrne (1997). Firsching and Brune (1991)
are the only authors who have reported a solubility
product of La-phosphate for a temperature above 25
°C. Their data show a decrease in the solubility
product between 25 and 70 °C, which is smaller than
the decrease we found between 23 and 50 °C.

Our value of Ky, at 23 °C for Nd-phosphate is
within 0.2 log units of the values given at 25 °C by
Jonasson et al. (1985) and the original value given by
Firsching and Brune (1991), and is 0.4 log units lower
than the value of Firsching and Brune (1991) as
recalculated by Byrne and Kim (1993) and 0.4 log
units higher than the value of Liu and Byrne (1997).
Very recently, Poitrasson et al. (2004) have reported a
value of logKy=—25.93+0.07 at 21 °C, which
compares very well with our value of logKy=
—25.8240.05 at 23 °C. On the other hand, Rai et
al. (2003) recently reported a value of the solubility
product for NdPO,, which is about an order of
magnitude higher than all the others given in Table
1. Rai et al. (2003) may have measured the solubility
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Fig. 3. Representative plots of logQs (1) — A{Afi}l/i vs. [ at 23 °C for: (a) La; (b) Nd; (c) Sm; and (d) Y. The intercept of each curve yields an

estimate of logK 3.
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of a less crystalline form of NdPO,, resulting in the
higher solubility product. As for the temperature
dependence of Ky, for NdPO,, Firsching and Brune
(1991) report a small increase in the solubility product
with increasing temperature, whereas we find a
substantial decrease with increasing temperature. On
the other hand, as in our study, Poitrasson et al. (2004)
find that the solubility product of NdPO, decreases
strongly with increasing temperature (Fig. 4). This
finding, coupled with the weak complexation of Ln**
by chloride to at least 150 °C, implies that monazite
exhibits retrograde solubility, at least over the range of
temperatures investigated by us and Poitrasson et al.
(2004) (i.e., up to 300 °C). Retrograde solubility of
monazite to at least 300 °C also was predicted based
on thermodynamic calculations by Wood and Wil-
liams-Jones (1994). Unfortunately, although our data
and the data of Poitrasson et al. (2004) both show that
Ko for NdPO, decreases with increasing temperature,
the trends diverge with increasing temperature, such
that at 150 °C (the highest temperature we measured),
our Ky value is nearly two orders of magnitude
smaller than the value interpolated from the data of
Poitrasson et al. (2004) at 70 and 200 °C. The
discrepancy at 50 °C is probably within the combined
experimental uncertainties. However, the discrepancy
at 150 °C is outside the stated uncertainties; it may be
related to potential errors in measured phosphate, as
our experiments at 150 °C consistently yielded the
lowest Ln/P ratios (Table 3). Other possible sources of
the discrepancy could be differences in the way
activity coefficients or pH or both were determined;

-24
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Fig. 4. Plot of logK, vs. temperature for NdPO,, comparing the
results of this study to those of Poitrasson et al. (2004).

as mentioned in Section 2, calculated values of K, are
very sensitive to uncertainties in these quantities. The
disagreement between our study and that of Poitrasson
et al. (2004), and the continued lack of solubility data
for REE phosphates in general at elevated temper-
atures indicate the need for more experimental
measurements. Nevertheless, it appears that the
solubility products of NdPO,4 and LaPO, at standard
conditions are now comparatively well-established.

Very few measurements of the solubility product of
Sm-phosphates have been reported. Our value at 23
°C is about 1.5 log units larger than the original values
given by Firsching and Brune (1991) and Liu and
Byrne (1997), but only about 0.8 log units higher than
the value recalculated by Byrne and Kim (1993). The
higher value we obtain compared to that of Firsching
and Brune (1991) could be due to the fact that our Sm-
phosphate was apparently hydrated (i.e., had the
rhabdophane structure), whereas the Sm-phosphate
of Firsching and Brune (1991) may have had the
monazite structure. However, the Sm-phosphate
employed by Liu and Byrne (1997) had the rhabdo-
phane structure but still yields a lower solubility
product by about 1.5 log units.

To our knowledge, there have been only three
measurements of the solubility of YPO,—ours and
those of Firsching and Brune (1991) and Liu and
Byrne (1997). Our value of K, for this phosphate at
23 °C is almost three orders of magnitude lower than
those of Firsching and Brune (1991) and Liu and
Byrne (1997) at 25 °C. Our value is also much lower
than the values of K, reported in Table 1 for heavy
REE phosphates, which should have the xenotime
structure and behave similarly to YPO4. Thus, our
value for YPO, may be in error. Given the relatively
good agreement of our solubility products for La-,
Nd-, and Sm-phosphates with those in the literature, it
is curious that the solubility product for YPO, should
be in error by such a large margin. However, as
mentioned above, the concentrations of Y often did
not level off with respect to time as clearly as was the
case for the other phosphates, which suggests that
equilibrium was not attained in our experiments with
Y. However, the experiments of Liu and Byrne (1997)
on YPO, had a similar duration to ours, but apparently
resulted in a higher solubility product. This finding
may indicate different rates of attainment of equili-
brium in the two sets of experiments, possibly due to
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different grain sizes/surface areas The Y experiments
were also distinguished in consistently exhibiting the
greatest deviation of the Y/P ratio from unity (Tables
3 and 4), with P often more than twice the concen-
tration of Y. Finally, YPO, was the only Ln-phosphate
studied, the solubility of which apparently had a
slightly prograde temperature dependence. For all
these reasons, we believe that our solubility products
for YPO, are suspect.

5.4. Effect of chloride on the solubility of REE
phosphates

We conducted solubility experiments in both
perchlorate media (presumed to be weakly complex-
ing; Johansson, 1974) and chloride media. Chloride
complexes of the trivalent REE and Y are known to be
quite weak at temperatures less than ~ 150 °C (Wood,
1990a,b; Haas et al., 1995; Gammons et al., 1996,
2002; Migdisov and Williams-Jones, 2002). Because
chloride complexation of Ln*" ions is weak, we did
not make an explicit correction for chloride complex-
ation in the derivation of the solubility product.
Rather, an empirical extrapolation of the equilibrium
constant for reaction (3) to zero ionic strength was
employed to account implicitly for weak complex-
ation effects.

We used a variety of approaches to validate the
assumption that chloride complexation can be
ignored. First, we conducted a special set of experi-
ments in which the solubilities at 23 °C of all four
REE phosphates in 0.999 m HCI+0.001 m NaCl
solutions were compared with those in 0.999 m
HC104+0.001 NaClO,4 solutions (Table 6). In other
words, the relative solubilities of the REE phosphates
in chloride and perchlorate (presumably non-com-
plexing) solutions were compared directly at the same

Table 6

Comparison of REE phosphate solubilities in perchlorate and
chloride media at 23 °C, 1 mol kg™ ' total ionic strength, and
0.999 mol kg ' H' (i.e., pH,, = 0)

Ln Ln (mol kg’l) Ln (mol kg’l) Lng-/Lingo;
perchlorate chloride

La 1.65E—02 1.63E—02 0.988

Nd 7.39E—03 8.64E—03 1.169

Sm 1.25E-02 2.65E—02 2.120

Y 1.54E—04 1.67E—04 1.084

ionic strength, temperature, and pH,,. For La, the
solubilities are nearly identical in chloride and
perchlorate solutions, and for Nd and Y, the solubil-
ities in chloride solutions are only 17% and 8% higher
than those in the perchlorate solutions, differences that
are within or only slightly outside the combined
analytical uncertainties. The data for Sm in Table 6
appear to be anomalous, with the difference being
more than a factor of two. However, overall the data
imply that chloride complexation of the trivalent REE
is weak at 23 °C. This conclusion is in excellent
agreement with data in the literature for the stability
constants of REE-chloride complexes at standard
conditions (Wood, 1990a,b; Gammons et al., 1996,
2002; Migdisov and Williams-Jones, 2002).

A second check on the assumption that chloride
complexation is weak enough to ignore is based on an
evaluation of the chloride dependence of the measured
solubility. Assuming that H;POY is the predominant
phosphate species, we can write a general solubility
reaction, including chloride complexation:

LnPOy(s)+3H" +nCl™ < LnCE~"4+H;PO) (13)
The conditional equilibrium constant for this reaction

can be written as:

Mync " My;pPo)
Osin = 3

mi,

(14)

n
Wen

Taking the logarithm of this expression and differ-
entiating with respect to logmc; (holding pH,,
constant) yields:

d (IOngLn + logmﬁgpog)
dlogmc|-

=n (15)

where my-p, is the total analytical concentration of
REE or Y in solution. Thus, the slope of a plot of
(logms-rotlogmp,pog) vs. logme;- should yield an
estimate of n, the average chloride ligand number of
the dissolved REE species. In our case, this is only a
rough estimate because ionic strength was not held
constant as chloride was varied.

Calculated estimates of n, the average ligand
number, as derived from Eq. (15) are given in Table
7, and some representative plots of (logms~,+
logmypog) vs. logmci- are shown in Fig. 5. The
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Table 7
Estimates of n obtained from the chloride dependence of the
solubility data

LnPO, T (°C) n
LaPO, 23 0.35+0.08
50 0.83+0.21
NdPO, 23 0.2440.02
50 0.6340.09
150 22+1.9
SmPO, 23 0.48+0.25
50 0.3840.31
YPO, 23 0.41+0.25
50 0.6340.26

calculated errors on the n values represent the
standard error of the slope given by regression
analysis, and do not include errors resulting from
the variation in ionic strength. In general, the value of
n will not be constant as a function of chloride
concentration if stepwise complexation occurs; it
should increase with chloride concentration as the
number of chloride ions bound to the Ln*' ion
increases. However, over the range of chloride
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concentration investigated in this study, a single
straight line was sufficient to fit the data (except for
Nd at 150 °C, where the data show significant scatter),
implying a relatively constant value of n. Because the
ionic strength was not held constant as chloride
concentration was varied, the values of n given in
Table 7 include the non-specific effects of ionic
strength (i.e., activity coefficients) in addition to the
formation of chloride complexes. In the case of
reaction (3), increased ionic strength should favor
increased solubility from activity coefficient effects
alone. Thus, the values of n given in Table 7
overestimate the degree of complexation of the REE
by chloride.

Nevertheless, taking all these issues into account,
the values of n for all the REE at 23 °C indicate that
the predominant species for all the REE investigated
is the uncomplexed ion Ln**, with a possible small
contribution from the first chloride complex LnCI*".
The fact that n appears to be constant (i.e., a straight
line fits the data well) suggests that the contribution of
LnCI*" is indeed very minor, and that the apparent
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Fig. 5. Representative plots of (lognmp,+logmy,pog) vs. lognms~cy at 23 °C for: (a) La; (b) Nd; (c) Sm; and (d) Y. These plots yield estimates of the

value of n in Eq. (15).
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increase in solubility with chloride concentration at 23
°C may be a result of activity coefficient effects alone.

At 50 °C, the values of n tend to increase, but they
remain less than 1.0. This possibly indicates an
increased proportion of LnCI**, consistent with the
expected increase in stability of the chloride com-
plexes with increasing temperature. Nevertheless, the
Ln®" ion still probably represents a significant
proportion of the REE, especially at the lower
chloride concentrations. The value of n for Nd at
150 °C is significantly larger than at the lower
temperatures, but the uncertainty of this estimate is
quite large. Moreover, the data are not well fit by a
simple straight line when plotted as (logmy,+
log my pop) vs. logmycy. There may be a problem
with the measured phosphate concentrations for the
experiments at 150 °C inasmuch as they range over
two orders of magnitude, whereas the Nd concen-
trations range over less than one order of magnitude
over the range of chloride concentrations investigated.
Moreover, the Nd concentrations increase systemati-
cally with increasing chloride concentration, but the
phosphate concentrations vary non-systematically
(Table 3). It appears as although the phosphate
concentrations for the 0.1- and 1.0-m experiments
may be too high. The value of » depends on the
phosphate concentration as implied by Eq. (15), so
any errors in the determination of phosphate concen-
tration would contribute to errors in the estimation of
n. The results of Gammons et al. (1996) suggest that
the average value of n between 0.1 and 1.0 mol kg~
chloride should be between 0 and 1.0 at 150 °C. Thus,
even at 150 °C, the degree of complexation of Nd**

by chloride in our experiments is relatively small,
especially as the chloride concentration decreases.

We carried out one final set of calculations to
investigate the effect of chloride complexation on the
solubility of REE phosphates over the range of
temperatures investigated in this work. Using the
values of K 3 for NdPO, at infinite dilution deter-
mined in this study, the stability constants determined
by Gammons et al. (1996) for Nd(III)-chloride
complexes, the Helgeson b equation for activity
corrections, and the pH, total chloride, and H;PO!
concentrations of our experiments, we calculated a
theoretical concentration of Nd in each of our
experimental solutions assuming equilibrium with
NdPO,. These values are compared with the actual
measured values in Table 8. It should be noted that
very similar results are obtained if the Nd(III) stability
constants of Migdisov and Williams-Jones (2002) are
used. This similarity is expected because the two sets
of stability constants are in very good agreement.

At 25 °C and 50 °C, the calculated and measured
concentrations of Nd agree satisfactorily, given the
possible sources of error, even at the higher total
chloride concentrations. The maximum deviation is a
factor of three, with the measured values generally,
but not always, greater than the calculated values. It is
also clear from these calculations that, at 25 °C and 50
°C, chloride complexes represent less (and in most
cases much less) than 50% of the total REE
concentration. The abovementioned possible error in
total measured phosphate concentration may account
for the much poorer agreement between calculated
and measured Nd concentrations at 150 °C. A

Table 8

Comparison of calculated and measured solubilities of NdPOy4(s)

Temperature MNacl pHi my,poy MmN mNdCP mNdcly my-Nd my Nd

calculated calculated calculated calculated measured

25 0.1 1.05 6.98E—04 2.42E—-04 8.11E—06 - 2.50E—04 4.05E-04
0.5 1.05 8.65E—04 3.34E—04 3.22E-05 - 3.66E—04 4.95E—-04
1 1.05 8.61E—04 4.36E—04 6.92E—05 - 5.05E—04 5.37E—-04
5 1.15 1.07E—-03 5.00E—04 3.62E—04 - 8.62E—04 6.07E—04

50 0.1 1.05 2.17E—-04 1.24E—-04 5.56E—06 - 1.29E—-04 2.18E-04
1 1.05 4.13E—-04 1.49E—04 3.09E—05 - 1.79E—04 3.47E—04
5 1.15 8.53E—04 1.07E—04 1.02E—04 - 2.09E—04 6.16E—04

150 0.1 1.05 1.27E-05 2.23E-06 9.03E—07 1.74E—08 3.15E—06 9.96E—07
0.5 1.05 4.53E-06 1.21E-05 1.22E-05 7.05E—-07 2.49E—05 2.04E—-06
1 1.05 6.05E—04 1.24E—07 1.95E—07 1.89E—08 3.37E-07 6.28E—06

See text for details.
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potential problem with the measured total phosphate
concentration is also indicated by the fact that,
whereas the measured Nd concentration increases
steadily with increasing chloride concentration, the
calculated Nd concentration increases from 0.1 to 0.5
m chloride, but then drops to a much lower value at
1.0 m chloride. An erroneously high phosphate
concentration for the 1.0-m experiment would result
in an anomalously low calculated Nd concentration.
When all sources of error are considered, the
relatively good agreement between calculated and
measured solubilities of NdPO, in chloride solutions
suggests that a model employing our value for K3
with the stability constants for Nd(III)—chloride
complexes from Gammons et al. (1996) yields
reasonably reliable solubilities for NdPO, in low-
temperature brines. If we employed Kg; values
derived from the measurements of Poitrasson et al.
(2004), the calculated NdPO, solubilities would be
identical to those calculated by our model at 25 °C,
but would be somewhat higher at 150 °C. The
important point brought out by these calculations
and the discussion in this section is that, at the low
temperatures of our experiments, increased NaCl
concentration should have only a modest effect on
the solubility of REE phosphates such as monazite.
The conclusion that chloride complexation has
little effect on REE phosphate solubilities at low
temperatures should not be construed to mean that
such complexes are always unimportant in nature.
Several studies have demonstrated that the stability of
REE—chloride complexes increases dramatically with
increasing temperature (Wood, 1990a,b; Haas et al.,
1995; Gammons et al., 1996, 2002; Migdisov and
Williams-Jones, 2002). Thus, we can expect that, at
temperatures above ~200 °C, the solubilities of REE
phosphates such as monazite and xenotime could be
increased significantly in highly saline fluids owing to
the formation of chloride complexes. However,
experiments by Ayers and Watson (1991) at 800—
1100 °C and 1.0-2.8 GPa and by Devidal et al. (1998)
at 450-800 °C and 200 MPa seem to suggest a very
weak dependence of the solubility of monazite even at
elevated temperatures. This finding may indicate that
increased ion pairing of chloride with Na" and H"
with increasing temperature may partially offset the
increase in the stability of REE—chloride complexes.
In a subsequent paper, we will explore the effect of

chloride concentration on the solubility of Nd-
phosphate at temperatures up to 300 °C, using
currently available thermodynamic data.

In the previous paragraphs of this section, we have
provided a number of lines of evidence to suggest
that, at the temperatures and chloride concentrations
of our experiments, the formation of chloride com-
plexes has a comparatively small effect on the
solubility of the REE phosphates. The relatively close
agreement (except for Y) among the solubility
products we determined in chloride media with those
reported in the literature (which have generally been
determined in media other than chloride solutions)
further supports that chloride complexation is suffi-
ciently weak and that our empirical extrapolation
adequately accounts for the effects of chloride
complexation.

5.5. Enthalpy of formation of REE phosphates

Recently Ushakov et al. (2001) have determined
the enthalpy of formation of REE phosphates using
oxide—melt solution calorimetry. It was therefore of
interest to compare these enthalpies with those
derived from the temperature dependence of the
solubility of the REE phosphates. Assuming that
the enthalpy of reaction (3) is a constant over the
short temperature range investigated in our study, we
can obtain A.H° for reaction (3) from the slope of a
plot of logK¢ vs. 1/T according to the van’t Hoff
relationship:

—AHC (1 1

logKg 7 — logKg 1, = 330259k (T - f) (16)
The plot for Nd is shown in Fig. 6. The enthalpies of
reaction (3) for La, Nd, Sm, and Y are given in Table
9. Using the enthalpies of formation of the Ln*" ions
and H3PO! (recall that A;H°(H)=0 by convention)
at 25 °C and 1 bar from SUPCRT92 (Johnson et al.,
1992), the enthalpy of formation of LnPO4 can be
calculated from A H° according to:

AfH®(LnPO4) = AfH® (Ln*") + A¢HC (H3POy)
— AHC (17)
These estimates of AgH® have relatively high uncer-

tainties owing to the small number of temperatures
investigated (three in the case of Nd, and two each in
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slope = 4059.2

log K 5
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Fig. 6. Plot of logK; vs. 1/T for Nd-phosphate.

the cases of La, Sm, and Y). The uncertainty shown
for Nd in Table 10 simply represents the standard
error of the fit to the data in Fig. 6; it does not include
other possible sources of uncertainties such as
uncertainties in the values of K3 or in the enthalpies
of formation of the Ln>" ions and H3PO£ . Moreover,
derivation of ApH°(LnPO,) from the temperature
dependence of equilibrium constants normally is
considered to be less accurate than direct calorimetry.

The estimates of A¢H°(LnPO,) from this study
are given in Table 10 where they are compared with
the calorimetrically derived values of Ushakov et al.
(2001), those derived by Poitrasson et al. (2004)
from temperature dependence of their solubility
measurements, and two other sets of enthalpies
reported in the literature (Ousoubalyev et al., 1975;
Marinova and Yaglov, 1976). The values reported by
Ousoubalyev et al. (1975) also were determined via
calorimetry. Details on the derivation of the enthal-
pies of formation reported by Marinova and Yaglov
(1976) are sketchy, but it appears that the enthalpies
were calculated using solubility products of Ln(III)-
phosphates from the literature (source not reported),
and entropies of the phosphates estimated via an
additivity algorithm. In general, our derived values
of the enthalpy of formation of LaPO,, NdPO,, and
SmPO,, are similar to, but somewhat less negative
than, previously published estimates. Our enthalpy
of formation of YPO, is more negative than the
value quoted by Ushakov et al. (2001). The differ-
ence here may be a result of lack of attainment of
equilibrium in our solubility experiments involving
YPO,.

5.6. REE phosphates as a host for nuclear waste and
geochronological studies

The implications of our results on the solubility of
REE phosphates to economic geology, geochrono-
logy, and nuclear waste disposal will be explored
more fully in a subsequent paper. However, our results
do support conclusions of previous studies that, in the
absence of strong complexing agents, the solubilities
of REE phosphates are relatively low, even at low pH.
The low solubilities of REE phosphates help explain
their ubiquity as hosts of REE and actinides in a
variety of geological environments. It therefore seems
likely that the solubility of REE phosphates will limit
REE mobility in many geologic situations. Our results
also support the possible use of REE phosphates as
host phases in the disposal of nuclear waste. The
observed retrograde solubility over temperature
ranges likely to be encountered in a geological nuclear
waste repository suggests that these phases are even
more resistant to modification by heated groundwaters
than by cool groundwaters.

Our studies do not directly address the leaching of
radionuclides such as Th, U, Pu, or their decay
product Pb, from REE phosphate structures. Eyal
and Olander (1990) and Olander and Eyal (1990a,b)
showed that U and Th were more soluble than the
monazite host. Moreover, Teufel and Heinrich (1997)
and Seydoux-Guillaume et al. (2002) both concluded
that resetting of the U-Th—Pb isotopic systems took
place via dissolution—reprecipitation mechanisms.
However, the REE phosphates remain quite resistant
to leaching of actinides and Pb under most circum-
stances. It should be noted that the dissolution of
minerals such as monazite and xenotime may be
accelerated by radiation damage from the decay of U
and Th (Petit et al., 1985). However, U- and Th-rich
REE phosphate minerals are rarely found in a

Table 9
Enthalpies of the reaction: LnPO,(s)+3H" < Ln**+H;PO} at 25 °C
derived from this study

Phosphate AH° (kJ mol™h)
LaPO, -51

NdPO, —78+4

SmPO, —18

YPO, 3
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Table 10
Enthalpies of formation of LnPO, from the elements at 25 °C
Phosphate AfHO AfHO AfHo AfHo AfHO

(kJ mol~1)? (kJ mol™1)® (kJ mol~1)° (kJ mol )¢ (kJ mol~)°
LaPOy, —1947 —1970.7£1.8 - —1942 —1962
NdPO4 —1907+4 —1968.4£2.3 —1928 —1930 —1941
SmPO,4 —1962f —1965.7+£2.4 - —1925 —1933
YPO, —2008 —1987.7+£1.7 - - -

? Derived in this study from the temperature dependence of logK 3.

® Derived by Ushakov et al. (2001) using oxide-melt solution calorimetry.
¢ Derived from the temperature dependence of solubility by Poitrasson et al. (2004).

Derived by Ousoubalyev et al. (1975) by calorimetry.

-

metamict state, apparently because the radiation
damage anneals quickly at comparatively low tem-
peratures (Boatner, 2002; Ewing and Wang, 2002).
Thus, thermodynamic and kinetic experiments car-
ried out on Th- and U-poor REE phosphates may
nevertheless be applicable to phosphates containing
high quantities of radioactive elements and their
daughter products.

6. Conclusions

The solubilities of end-member La-, Nd-, Sm-, and
Y-phosphates have been determined in perchlorate
and chloride media at 23 and 50 °C (and 150 °C for
Nd) and low pH, (0-2). Lack of change of
concentration with time suggests close attainment of
equilibrium (except for YPO,) after 15-20 days, in
agreement with most studies in the literature. Inde-
pendent analyses of total REE and total phosphate
demonstrate that Ln/P ratios are consistently <1.0,
probably resulting from the presence of small
amounts of soluble phosphate impurities remaining
from the synthesis of the REE phosphates. Other
recent studies have indicated a similar excess of
phosphate. This imbalance should not affect the
determination of solubility products if recognized
and taken into account, but previous solubility studies
based on an assumption that > REE=) PO, may
need to be reevaluated.

The dependence of solubility on chloride con-
centration is weak at 23 and 50 °C. It is stronger at
150 °C, but more poorly constrained. Relatively
weak complexation of the Ln>" ions by chloride is

Derived by Marinova and Yaglov (1976) using solubility products and estimated entropies of LnPOy.
Derived assuming SmPO,, but this phosphate actually had the rhabdophane structure as described in the text.

implied by our data and data from the literature. We
employed an empirical extrapolation of the equili-
brium constant to infinite dilution for the predomi-
nant REE phosphate dissolution reactions, and this
procedure appears to have accounted adequately for
the minor degree of chloride complexation. Solu-
bility products at standard conditions derived from
our work are in reasonable agreement with those
given in the literature (except for Y). There are
fewer measurements at elevated temperatures, and
the agreement among the results of our study and
those in the literature is poorer than at standard
conditions, demonstrating the need for further
measurements of REE phosphate solubilities at
elevated temperatures.
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