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Solubility Product Constant and Thermodynamic Values for the

Terbium Trifluoride—Water System’

Manchery P. Menon

Department of Chemistry, Savannah State College, Savannah, Georgia 31404

The solublilty and the solubliity product of TbF; In aqueous
solution were determined by three different methods.
However, for the reasons discussed in the text, the
radiometric values 3.59 X 10 M and 3.68 X 10~ for the
solubliity and the solubliity product, respectively, seem to
be more acceptable than the others. The values for AH°
and AG®° at 298 K are positive, and that for AS° Is
negative for the dissolution of TbF,(s), Indicating the
reason for the slight solubliity of this salt In water. The
pH dependence of the solubliity shows a minimum at a pH
of about 4.2, a trend similar to what has been observed in
the case of other rare-earth fluorides. The dependence of
the solubliity on fiuoride concentration and the value for
the stabliity constant of terblum monofluoride complex
confirms the complexation of Tb** lon In aqueous solution.

Although the solubilities and the solubility products of slightly
soluble halides of siiver and other metals have been measured
(7) only a very limited quantity of data on the solubility of the
fiuoride of the individual lanthanides are available in the Iiterature
(2). Even slight differences in the solublilities of the rare-earth
fluorides in water or in fluoride solutions may be helpful in de-
veloping sultable separation procedures for lanthanides. Fur-
thermore, the IUPAC solubility data project also requires de-
tailed data on the rare-earth fluoride—water systems (3). Much
of the work on the solubilities of rare-earth fluorides has been
done by Russian sclentists (4-6), but the solubllities were de-
termined, in most cases, in various acids and in highly con-
centrated salt solutions. There is also considerable difference
between the theoretical values for the pK, (18-21.9) for lan-
thanide fluorides in aqueous solution predicted by Vasil'ev and
Kozlovski (7) and those (15~-18.9) measured by Frausto and
Manuela (8) using a potentiometric method. No detailed study
invoiving the measurement of thermodynamic functions for the
solution of individual rare-earth fluorides and their complexation
behavior in aqueous solution seems to have been undertaken
in the past. This study makes use of three different techniques
to measure the solubllity and the solubility product of terbium
trifluoride in aqueous solutions, to determine the thermodynamic
functions for the solution process, and to estimate the stability
constant for terbium monofluoride complex which is known to
exist in aqueous solutions (9).

Experimental Section

Materlals and Equipment. Terbium chioride (TbCl;-6H,0,
99.9% pure) was supplied by Alfa Division of Ventron Corp.,
and '°Tb (73-day half-iife) (99.0% pure) was obtained from
Amersham Corp. All other reagents used in this study were of
reagent-grade quality. Distilled water (D-water) was used in
making all solutions except for conductometric measurements
for which doubly distilled water (DD-water) was used.

The equipment used in this study consisted of (7) a Yellow
Springs Instrument Co. Inc. (YSI) Model 31 conductlivity bridge
and their Mode!l 3401 conductivity -cell, an Orion Ionalyzer Model

1 This paper was presented at the ACS Southeast/Southwest Regional Meet-
ing, New Orleans, LA, Dec 10-12, 1980.

407A and their fluoride specific ion electrode, Model 96-09, a
Burnell Model BB wrist-action shaker, a Dubnoff metabolic
shaking incubator for equilibrating solutions at desired tem-
perature, a Harshaw Model 3 X 3 in. Nal (T1) well crystal y-ray
spectrometer, and a Canberra Model 1431 single-channel an-
alyzer with associated accessories.

Analytical Procedures. Procedures employed for the de-
termination of the solubilities of terbium trifluoride by the three
methods are similar to those reported elsewhere (70). In the
conductometric method, the limiting equivalent conductance
(A°m,s) was first determined by measuring equivalent conduc-
tances of a number of dilute solutions of TbCl; of known con-
centration and plotting equivalent conductance (A) against the
square root of C (see Figure 1). The ionic equivalent con-
ductance of Tb** was obtained from A°Tbcéa and the value for
the ionic equivalent conductance of CI- (\%,- = 76 mho cm?
g-equiv’, ref 77). The value obtained for A%y« was 70 32
mho cm? g-equiv-', which is in agreement with the reported
value of 66.9 = 0.1 mho cm? g-equiv™" for this fon (72). Using
the value for A%- (A% = 54 mho cm? g-equiv™’, ref 77), the
limiting equivalent conductance of TbF,, A%) for Tb®* and F-
ions at various temperatures was calculated by using the fol-
lowing equation (72):

A= N4 O -1 (1)

where t’ is the desired temperature, t = 18 °C, and C =
0.0238. Terbium fluoride was precipitated by adding a slight
excess of 0.1 M solution of sodium fluoride to 40 mL of 0.1 M
TbCl, solution. The mixture was heated in a water bath for
about 30 min and then centrifuged and decanted. The precip-
itate was washed several times with DD-water to ensure that
no foreign ions were absorbed on the precipitate. Only poly-
propylene wares were used for processing fluoride solutions.
The residue was dried at 110 °C. Portions of the precipitate
were mixed with 50 mL of DD-water in two polypropylene
bottles and agitated intermittently for more than 24 h with the
wrist-action shaker. The bottles were kept in a clinical ther-
mostat at 25 °C for 5 days before conductivity measurements
were made. The molar concentration of TbF; in saturated
solutions at various temperatures was computed with the use
of the equation

10000L
3\ oty + e

Cror, M) = 2

where O is the cell constant and L the measured net conduc-
tance. The cell constant of the conductivity cell was 1.13 cm™
and the specific conductance of DD-water was 3.4 X 10 mho
cm™.
In the potentiometric method, the total concentration of the
fluoride ion in saturated solutions of TbF, was measured with
the Orion Ionalyzer and their specific fluoride electrode. Pre-
cipitation and purification of TbF; and the preparation of the
saturated solution were carried out as described before. At the
end of saturation, 10 mL of the supernatant liquid was centri-
fuged for about 15 min and 5 mL of the clear solution was used
for analysis. Standard solutions ranging in concentration from
10-2 to 10~* M were prepared from a standard solution of NaF
{0.10 M) supplied by the dealers. The diluted standards and the

0021-9568/82/1727-0081$01.25/0 © 1982 American Chemicai Society



82 Journal of Chemical and Engineering Data, Vol. 27, No. 1, 1982

T i T AR S "T‘_'—‘l
150 / /\° N
r 1
~
~N
N -
r-;“ ;
r; 130 | 4
=
h‘J H i
& i
o k b
& ! |
h 3
2 10 L -~
= '
vm
B
[*] L
2
- [
‘5 ;
30 | ~
v
v |
g !
g ;
© .
2 |
E |
=
8
D ~
o
]
g
&
(] i .
> Ine -
2 h '
2 i |
I-R.- H 1
50} ~
I |
i
- 1
i
| |
30 J A, — 1 L 1 1

0.05 0,12 0.15 0,20 0.25
f

3 £
Square root of Congentration {(C (G-EQL‘T.L'l) )

Figure 1. Equivalent conductance as a function of square root of
concentration of ThCl,.

reagent TISAB (total ionic strength adjustment buffer) were
used to calibrate the instrument in the desired concentration
range with 5 mL of the standard and 1 mL of TISAB. The
sample was also processed in the same manner for analysis.

In the radiometric procedure, '®°Tb tracer (2 mC in 1 mL)
was diluted to 4 mL with D-water and 0.5 mL of the diluted
tracer was added to 40 mL of 0.1 M TbCl, solution. After the
solution was mixed, radioactive *TbF; was precipltated by
adding a slight excess of 0.1 M solution of sodium fluoride to
the labeled-ThCly soiution. After the contents were simmered
in a hot water bath for about 30 min, the solution was centri-
fuged and decanted. The precipitate was washed several imes
with D-water, centrifuged, and dried at 110 °C.

A small fraction of the precipitate was weighed and dissolved
in concentrated sulfuric acid in a Teflon beaker which was kept
in a hot water bath. The resulting solution was diluted to 250
mL with D-water. A 5-mL aliquot of the diluted solution
(standard) was pipetted into a counting tube and its v activity
meaftJred to determine the specific activity of TbF; in cpm
moi™".

Portions of the labeled precipitate were mixed with 50 mL of
D-water in two polyethylene bottles and equilibrated in the same
way as described before for other measurements. At the end
of equilibration, 10 mL of the supematant liquid from each bottle
was transferred to another tube and centrifuged for 15 min at
5000 rpm. The second supernatant liquid was transferred to
another tube, and 5 mL of this solution was counted in the vy-ray
spectrometer. The solubility of the TbF, in the saturated solu-
tion was calculated by using the following equation:

Crror, (M) = 1000R sgriie W/ (5R yuM) @)

where R .. 8nd R 4, are the net counting rates of the sample
and the standard, W is the weight of the labeled fluoride in 5§
mL of the standard, M is the molecular weight of TbF,, and
Crr, is the concentration of TbF in the saturated solution. A
similar procedure was used to determine the total concentration
of Tb** In fluoride solutions at constant ionic strength. In this
case solutions with constant ionic strength (1 M), a pH of 3.1
=+ 0.1, and the desired fiuoride concentrations were made by
mixing appropriate amounts of NaClO,, NaF, and HCl. Radio-
active "TbF; was mixed with 50 mL of these solutions and
allowed to equilibrate from 2 to 5 days at room temperature

Table I. Solubility and Solubility Product of TbF, in Aqueous
Solution at 25 °C Obtained by Three Different Methods

mean
10%(solubility), activity
method M coeff Kso
conductometric  5.87 + 0.15 0.9380 2.48 x 107
potentiometric 4.17+0.17 0.9469 6.56 x 1077
radiometric 3.59+0.52 0.9506 3.66 X107

with intermittent shaking during the period.

Estimation of the Stabily Consiant of Terbium Monofiuoride
Complex. In this experiment 5 mlL of the diluted *TbCl; (0.1
mL of tracer diluted to 100 mL) was counted to determine its
v-ray activity. Ten millliliters of this solution was shaken with
0.5 g of purified, equilibrated and dry Dowex-50X4 cation-ex-
change resin (100-200 mesh) for 30 min. The supernatant
liquid was centrifuged, and 5 mL of the solution was again
counted. From these data, K, the equilibrium constant for the
exchange of free Tb** lon with the exchanger, was computed
by using the relation

_ (Asanee) = A sooiar) V son

K 4
“ A son(AEY T res @
where A en and A yap, are the activities of 5 mi of solution
before and after exchange, V,,, is the volume of the solution
phase, and m ,, is the weight of the resin used. The experi-
ment was repeated by shaking 10 mL of the saturated aqueous
solution (supernatant fiquid) of *TbF, at 25 °C with 0.5 g of the
same exchanger for 30 min and counting 5 mL of the centri-
fuged solution in a counting tube. In conductometric mea-
surements the temperature was controlled within £0.1 °C, but
in all other cases where samples had to be centrifuged it was
within £1 °C.

Results and Discussion

In agqueous solution of TbF;, the solid-solution equilibrium can
be written as

TbF,(s) =" Tb3**(aq) + 3F (aq) (5)
or if complexation occurs
mTbF,(s) == nTb%*(aq) + (m — n)TbF?*(aq) + (2m + n)F (aq) (6)

provided that only monofluoride complex is formed (9). The
thermodynamic solubility product, K g, in the absence of com-
plexation Is given by the expression

Kso = ams+ap® = 27C jo*v4* Q)

assuming that the dry powder of TbF; used for analysis is
completely anhydrous (73). Even if It is a hemihydrate similar
to other lighter lanthanide trifiuorides ( 74), the above equation
is valld because a0 ~ 1. If all of the terblum ion exists as
monofiuoride complex

Ks1 = KsoBy = aneap? C)

where K, is the apparent solubllity product and 8, the stability
constant of TbF2*. This is probably not the case in aqueous
solution. The mean activity coefficient was calculated from
Davies’ equation (16).

The solubilities, the mean activity coefficients, and the ther-
modynamic solubility product constants for the TbF;-water
system are listed in Table I. The errors in the solubllity values
are deviations from the mean of two measurements. It can
be seen from this table that the values obtained for the solubility
from potentiometric and radiometric measurements agree with
each other within experimental errors. However, the solubllity
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2. Temperature dependence of solubility product of TbF;: (O)
measured; (X) least-squares fit.
Table II. Values for the Standard Thermodynamic Functions for
the Dissolution of TbF, at 25 °C

thermodynamic functions

measured values

AH® 2 k) mol™? 27.39 + 0.46
AG®, kJ mol™? 93.78 £ 4.74
AS°, T K™t mol™! 222,78 £ 16.0

@ Enthalpy change. ? Free energy change. © Entropy change.

measured by the conductometric method Iis somewhat higher
than the other values. The solublility measured by this method
Is dependent on the limiting equivalent conductance used for
TbF; which will be in error If the fluoride complex specles is
present. It has been reported by Weaver and Purdy (75) that
the conductometric value obtained for Kgo for CeF, is about
20 times higher than that obtained by the radiometric method.
In our experiments Ky, values for TbF, obtained from con-
ductometric measurements differ only by a factor of 2. Since
radiometric measurements which Involve the determination of
the radloactivity of total terbium are not affected by the pres-
ence of any foreign ion or complexed fluoride species, the
radiometric value seems to be more acceptable than the other
two. All of these values fall within the range of Kg values
reported by Dilva and others (8) for lanthanide fluorides. The
radiometric value for K3, was used to compute the standard
free energy change for the solution process. The standard
thermodynamic relations shown in ref 70 for AG°, AH®, and
AS° were used to compute the respective values for the so-
lution process at 298 K.

Figure 2 Is a plot of Kgo vs. 1/T, the siope of which was
used to evaluate AH® assuming that AH® remains constant in
the temperature range 298-318 K. Values for the thermody-
namic functions for the solution process are listed in Table II.
Although posltive values for AH® x4 and AG °® s may be ex-
pected for the nonspontaneous dissolution of TbF(s), a negative
value for the standard entropy change is somewhat surprising.
However, the standard third-law entroples for F~ ion and Tb**
ion have been reported to have negative values (S°.- = —13.8
J K" mol and 8°p,s+ = ~179 J K- mol™") (17). Assuming
that S°, for TbF, has a positive value, similar to S © 4 for
CoF4(s) (S°,9s = 115.53 J mol™' K- (17), it Is reasonable to
have a negative entropy change at 298 K for the solution pro-
cess. Furthermore, hydration of Tb®* ion and ordering of water
molecules around it can also make AS negative.
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Figure 3. pH dependence of solubilty of TbF, (potentiometric mea-
surement).

The pH dependence of the solubility of TbF, is shown in
Figure 3. The data for the plot were obtained from potentio-
metric measurements. A decrease in solubility with an increase
in pH and a significant rise after pH 4.2, a trend similar to those
reported elsewhere (70, 15), Is quite obvious from this curve.
Since the apparent solubility product in acid solution of fiuoride
depends not only on Tb®* and F~ ion concentrations but also
on that of HF, the following equilibria have to be considered:

H* + F~ w=* HF ©)
B = awe/(ar-ay) (10)

where 3, is the stability constant of HF. It appears that, in
acid solution, the complexation of Tb** with F~ does not take
place and the apparent solubility product is governed by the
expression

Ksin = KsoBie = amsp-a e /aut (11)

Since B¢ = 1.07 X 10° (9), it can be seen from eq 10 that,
at pH 1 (ay+ = 0.1), a,¢ = 107a¢-. It is obvious that more
TbF, wouid dissolve in acid solution to furnish additional F~ ions
for the formation of HF. The apparent solubility product for TbF,
in acid solution will be higher by a factor of 1.07 X 10%, which
will result in an increased solubility. At pH 4 (a.+ = 107,
where the minimum in solubllity was observed, the complexation
of F~ with H* and Tb®* seems to have the least effect on
solubllity. The increase in solubility after pH 4 may be attributed
to the complexation of F~ ion with Tb*" in which case the
apparent solubility product constant may be expressed by eq
8.

In Figure 4, the solubility of TbF; measured by radiometric
technique Is plotted against the fluoride concentration at an ionic
strength of 1 M and a pH of 3.1. The sharp increase in solubility
of TbF,; may be attributed to the formation of terbium mono-
fluoride complex, although the common ion effect of F~ may
drive the solution process in the opposite direction.

The stability constant, §3,, of the terbium monofiuoride com-
plex was estimated from radiometric measurements of the
concentrations of Tb®* (free) and TbF?* ions in saturated
aqueous solution of TbF; by using equations similar to those
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Figure 4. Fluoride dependence of the solubility of TbF, at 25 °C
(radiometric measurement).

discussed In ref 70. The value obtained from our measure-
ments is 1831 £ 455, which is comparable with the values
1450 and 1950 reported by Moulin et al. (78) and Bilal et al.
(79), respectively. The percent of total Tb3+(aq) that is tied up
as terbium monofluoride complex ion in aqueous solution was
estimated to be 60.8.
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Refractive Index of Molten Salt Hydrates. Mixtures of Tetrahydrates

of Calclum and Cadmium Nitrates

Surender K. Jain* and Vijal V. Singh
Hindu Coilege, University of Delhi, Deihi 110007, India

Refractive Indexes of molten Ca(NO,),:3.97H,0 +
Cd(NO;),°4.22H,0 mixtures have been measured as
functions of temperature and composition. Refractive
Index—-composition isotherms were found to be linear.
Molar polarizations computed through the use of the
Lorenz-Lorentz equation also varled linearly with
composlition. The expansivities calculated from the
temperature coefficlent of the refractive Index were found
to be nearly equal to those obtained by direct
measurement.

Introduction

In the past few years, a number of reports concerning
physicochemical investigations of molten hydrates have ap-
peared in the Ilterature. These include studies of conductance
(7-4), viscosity (7-4), density (2-6), acid-base and electro-
chemical reactions (7, 8), proton magnetic resonance spectra
(9), ultrasonic absorption (10, 171), Cd?* diffusion coefficient
(12), hydration and assoclation equlibria ( 73), glass transition
temperature ( 74), surface tension (75, 76), and refractive-index
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measurements (77, 78). It has been shown by Moynihan et
al. (79) that, in the binary hydrate melt system containing tet-
rahydrates of calcium and cadmium nitrates, both of the cat-
ions, e.g., Ca?* and Cd®*, are equally hydrated and the system
behaves almost ideally, at least above 60 °C. In order to
compilete the physicochemical measurements on this interesting
system, we present in this paper refractive-index measurements
for the binary system containing the tetrahydrates of calcium
and cadmium nitrates.

Experimental Section

Analytical-grade tetrahydrates of calcium nitrate (BDH, India)
and cadmium nitrate (SM, India) were used as such. Gravi-
metric analysis and comparison of the density data of the two
pure, fittered, and matured melts used in the present study with
the precise denslty vs. composition data of Ewing and Mikovsky
(20) and Ewing and Herty (27) established that the actual
H,0/Ca®* and H,0/Cd?* mole ratios were 3.97 £ 0.01 and
4.22 £ 0.01, respectively.

Mixtures of varying compositions were prepared by mixing
the requisite amounts of the melts in glass flasks fitted with
airtight ground-glass joints and filtering while hot through the
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