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I. INTRODUCTION

Physlcal chemistry emerged as a separate sclentific

discipline in 1887 with the founding of the Zeitschrift fur

Physikalische Chemle, and for the first 30 years was largely

concerned with studies of aqueous solutlons. Today the study
of solution properties constitutes only a smail part of the
domain of physical chemistry, but this does not mean that a
complete understanding of solution behavior has been achieved.
Indeed, one of the great challenges of physical chemistry at
the present time is the development of an adequate theoretical‘
interpretation of the propertlies of electrolytic soiutions°

The interionic attraction théory of Debye and Huckel (1)
1s generally consldered to give & satisfactoxry interbretation
of very dilute eleétrolytic solutions. The limitation of the
theory to dillute solutlons 1is the result of certaln simplify-
ing assuﬁptions in both the physical model and the mathemati-
cal treatment. Attempts to extend the range of applicabllity
of the theory to higher concentrations by modifying one or
more of the baslc assumptions has generally been unsuccessful,
It is now recognized that an adequate interpretation of con-
centrated solutions will require a knowledge of short range
ion~ion and ion~solvent interactions and of the microscopile
structure of the solution.

Perhaps the best approach for elucidating the complex

nature of the electrolytic solutions is through a systematlc
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study of thelr thermodynamic properties. The thermodyhamic
method involves measurements of macroscoplc observables, from
which one tries to deduce the microscoplc nature of the solu-
tion. The applicatlion of thermodynamic principles to solution
phenomena was extensively developed by G. N. Lewls (2), and
thermodynanic data have since provided a basis for our under=-
standing of the nature of electrolytlic soiutions.

It is well known that the heat capaclity of a glven amount
of water is greater than that of the same quantity of water
which contains a small amount of a strong electrolyte. The
presence of the ilons affects the heat capaclty of the water
molecules to such-an extent that their heat capécity is
decreased by an amount greater than the intrinsic heat capa-
city of the ions. This behavior suggests that heat capacity
data for concentrated solutions should provide a valuable
insight into lon=-sclvent interactions. Moreover, heat capa-
city data are valuable in their own right, since they provide
a means of calculating heats of dilution and activity coeffi-
cients at different temperatures. Although numerous linvesti--
gations of heat capacities of solutions of uni-univglent
electrolytes have been conducted, comparatively few such
measurements have been made on solutlions of polyvalent elec-
trolytes.,

The rare-earth elements form a number of salts which
offer several unique advantages for experimental and theorgtu

i1cal studies of electrolytic solutions. The true rare earths



are the group of elements in the periodic table beginning with
cerium (atomic number 58) and ending with lutetium (atomic
number 71). However, because lanthanum exhibits chemicél
properties very simllar to thosé of the tfué rare earths, we
shall consider it to be a rare-earth element also. Owing to
‘thelr unique electronic configurations, the rare earths exist
in aqueous solution as trivalent lons and possess remarkably
similar chemlcal properties. As the nuclear charge increases
with increasing atomic number, electrons are added to the
inner 4f subshell which is well shielded by the completed 5s
and S5p subshells. Because of this shielding, the 4f electrons
have almoét no influence on the chemical properties of these
elements, which instead ére determined by three outer valence
electrons common to all rare-earth elements. In addition, as
the nuclear charge increases, the outer electron shells are
pulled in closer to the nucleus, resulting in the gradual
decrease in atomic radius scross the series known as the
“lanthanide contraction”. For this reason the rare earths
ﬁrovide an ideal seriesvfor studying the effect of & change in
Ionic radius on solution properties while maintaining the
ionic charge constant. Other advantages of the rare earths
relative to other polyvalent cations are the following: they
form a large number of salts which are soluble in water over a
wide concentration range; thelr degree of hydrolysis is small
and can be readlily controlled; and thelr tendency to form com-

pPlexes with simple anlons in aqueous solutions is generally



slight at low concentrations.

Until about 1950, the rare earths were not widely avail-
able in sufficient quantity or'purity to allow an extensivé
investiga%ion of thelr solution properties., However, shortly
after the development of 1arge-sca1e ion exchangé separation
metﬁods at the Ames Laboratoryz(B), the rare earths became
commercially available in large quantities and high purity.

As a result, an extenslive program was initiated in this labor-

atory to obtain precise thermodynamic and transport data for

rare-carth salt solutions. The work up to 1959 has been re-
viewed by Spedding and Atkinson (4), and they noted definite
differences in the solutlion properties of rare-earth salts.
Although these differences were small, they were not the
simple monotonic functions of lonic radius one might expect.
Later work on apparent molal volumes.(5) and relative apparent
molal enthalpies (6,7) of rare-earth chloride solutions indi-
cated that a change in coordination number of the rare-~earth

ions occurred near the middle of the series.

With these considerations in mind, it seemed advisable to
investigate the behavior of concentrated rare-earth chlorilde
solutions through a study of thelr heat capacities. Specific
heats of.lanthanum, neodymium, dysprosium, erbium, and ytter-
bium chloride solutions were determined at 2500, over the con-
centration rénge 0.1 molal to saturation. The salts were4
chosen from opposite endé of the rare~earth series to prbvide
a means of testing the hypothesis that different ccordination

numbers exist for the light and heavy rare earths.



5

II. THERMODYNAMIC INTRODUCTION
A. TFundamental Concepts and Definitions

Thermodynamics 1s an exacﬁ sclence concerned with the
descriptlon of macroscopic properties of systems of interest.
The ﬁhermodynamic states of a system can be completely describ-
ed by means of certain varlables which depend only 6n the state
of the system and not on the path by which the state is
reached. Such variables are called thermodynamic state
functions, |

Conslider a systeﬁ of constant mass which undergoes a

change from one equilibrium state to another. The first law
of thermodynamics requires thaﬁ the change in energ& of the
system depends only on the inltial and final states of the
system, and not on the paﬁh by which the change oczurs. The
energy E, 1s therefore a state function. Mathematically, the
first law is given by

AE = Ep ~E{ =Q =W (2.1)

where Q is the heat absorbed by the system from 1ts surround-
" ings, W is the work done by the system on its surroundings,
and the subscripts 1 and f refer tc the initial and final
states respectively. The convention followed here is that Q
is positive when the system absorbs heat from the surroundings
and W 1s positive when the system does work on the surround-~
Ings. Although AE is independent'of‘the path, both Q and W

depend on the path by which the change in state occurs; hence,

heat and work are not state functions.



For a process in which all work is excluded except
pressure~volume work, Equatlion 2.1 may be wrltten as |
AE = Q -~ PAV, (2.2)
where P 1is the pressure and V 1s the volume. If the process
1s also conducted at constant volume, AV = O, and
AE = Qy, . (2.3)
where Qy i1s the heat absorbedAat constant volume. Iastead, if
the process is performed at constant pressure, Equation 2.2
may be written as
Qp = AE + PAV
= (E¢ + PVf) - (By + PVi), (2.4)
where Qp is the heat absorbed at constant pressure. Since E,
P, and V are state functlons, we may define another state
function H, called the enthalpy, by the relation
H=E + PV, (2.5)
Equation 2.4 then becomes
Qp =4H . (2.6)
When a system absorbs a gquantity of heat Q, and undergoes
a change of temperature from T4 to Ty, the average heat capa=-

city is given by the ratio

- Clave) = =2 . : (2.7)
Tr = T4

The true heat capacity of the system 1s obtalned from the
1limit of this ratio as the tempefature interval approaches.

zero, thus:



¢ = limit =8 = 39 2.8
(Tf‘*?"Tj_) Te = Ty aT ( )

The heat capaclty defined by elther of these expressions has a
definite value only for a specified pfocess because Q is not a
state functlon. Moreover, the average heat capacliy for a
certaln process will depend on the precise temperature interval
chosen. To avold the ambiguity caused by the cholce of inter-
val, the definition of heat capacity by Equation 2.8 1s pre-
ferred. In many cases, as l1ls true in this work, it 1s possible
to choose a small finite temperature interval suck that the
difference between the average and true heat capacities is
negligible.

Suppose we specify a process in which the volume 1s main-

tained constant. Then from Equations 2.3 and 2.8 we have

AQy _ | JE
4 aT

where Cy 1s the heat capaclty for the constant volume process.

CVZ

. | (2.9)

v

Similarly, for a constant pressure process, we may combine

Equations 2.6 and 2.8 and write

Cp = 29p - ’(aH) , (2.10)
aT T/ p

where Cp is the corresponding'heat capacity for the constant

pressure process. Heat capaclties given by Equations 2.9 and

2.10 are state functions for the specified processes.

Throughout this report, the term "heat capacity" will refer

to a constant pressure process, and "“specific heat® to the




heat capaclity at constant pressure per unlt welght of material.

——

B. Partial Molal Quantities

inermodynamic state functions may be groured intb twWo
classes: Iintensive and extensive. An intensive varlable is
one which has the same magnitude regardless 6f the amount of
méterial chosen. Tempefature, pressure, and specific heat are
examples of 1nten§ive variables., fhe magnitude of an exten-
sive #arigble is prcportional to the amount of material under
consideration; examples are volume, energy, heat capacity, and
number of moles.

Extensive varlables poésess the mathematical property of
being homogeneous functions of degree one. A function f(xy,
Xpye0eXy) 1s sald to be homogeneous of degree n in the vari-
ables X1, Xp,e.exp 1f ‘

£(bxy, bXp,se.bxp) = b £(x1,%Xp,e00x,) - (2.11)
for all positive values of b. If the degree of homogenelty is
one, multiplicaticn of each of the independent variables by b
"is equivalent to multiplying the over=-all function by the same
factor. Por any positively homogeneous function, Fuler's
theorem states that

k

2. *

i=1

of
dX4

= nf(X],Xp,000Xg) o (2.12)

Let Y be any extensive thermodynamic property of a multl-
component. system., Then Y can be expressed as a function of

the independent variabies temperature, pressure, and number of




moles of each component, 1l.e.,

Y = Y(T,P,nl,ne,.oonk) ° (2o13) '
Applying Equation 2.12 to the extensive varlables njy,ho,...ny,

whlle holding the Intensive variables T and P constant, we

obtaln
k

: oY
Y = Z ng \"3ng 9 (2.14)
i=1 ‘I‘,P,nj

where the subscripts T, P, and njy indicate the variables held
constant during the partial differentiations. njy represents
the number Qf_moles of all components except com?onent i.

For every extensive varlable Y, we define a cbrresponding
intensive variable ii’ called the partial molal quantity of

component i, by the relation

¥, = 21 . (2.15)
oni/1,P,ny g

From this definition, Equation 2.14 for a two component system
becomes _ _
¥ =n31Y7 + np¥o . (2.16)
Andther useful function is the apparent molal quantity of
component 2, Py, which is defined by |
' Y - nlfg

By = — (2.17)

where ig is the partial molal quantity of component 1 in an
arbitrary reference state.
Since the heat capacity at constant pressure is an exten-

sive thermodynamic variable, we can write Equations 2.16 and

2.17 as
Cp = nlel o+ n20p2 | (2.18)
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and’ o _
’ Op = nlel + n2¢cp ° (20 19 )
Throughout this report, the subscripts 1 and 2 refer to the

solvent and solute respectively. Hence, for an aqueous solu-

tion, 5;1-15 the molal heat capacity of pure water, the arbi-

trary reférence state'being taken as infinlte dilution (ng =

0). It follows from Equations 2.18 and 2,19, that at infinite

dilution 5;2 = cg' Differentlatlion of Equaticn 2.19 with
respect to np, holding ny constant, ylelds
c _ : _
-a-a—Bv prad C - ¢ + n a¢co ° (2020)
3 P2 cp 2
noiny onp | ni

Combining Equatlons 2.18 and 2.19 gives

- _ =0 ) 1;_% -

Cp1 = Cpy + i (Fep = Cpo) » (2.21)
and substituting the value for 5p2 from Equation 2.20, we
obtain 2

- - n @

Cpl - cIo)l = -'“2‘ a ch ° (2. 22)

n) \dnz | 11
Since ¢cp is often convenliently expressed as an analytiec
function of m%, where m 1s the number of moles of solute per
1000 grams of solvent, it 1s deslrable to represent Epl and

by
Cp2 as functlions of m®. Employing the relatiouns

nq = lOOO/Ml > (2.23)
where M; 1s the molecular weight of water, and
i .
Lo = (ma)z 9 (2.24)
Equations 2,20 and 2,22 become ’
. y (3%
Cpo = Qscp + Zm° \Bm%:p) A (2.25)
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and 'Ml
- =0

3/2 ..WMCU 2.26)
2000 om= ( ’

The apparent molal heat capacity 1s related to the spe-
cific heat by the expression ‘

Bop = (R0 4 1p)s - 209 50, (2.27)

where m 1s the molallity of the solute of molecular weight Mo,
and s and s are the specific'heats of the solution and pure
water respectively, Consequeﬁtly, evaluation of the apparent
and partial molal heat capaclties reduces-to a determination

of specific heats of the solutions.
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IITI. HISTORICAL REVIEW
A. Electrolytic Solution Theory

The origin of the modern theory of electrolytic solutions
dates back to 1887 when Arrhenius (8) postulated his now
famous dissoclation theory. He proposed that all electrolytes
in aqueous solutlon were partially dissociated into ilons which
did not interact, and that an equilibrium existed between
these ilons and the undissoclated solute mclecules. He fur££é£
preposed that the degree of dissociation increased upon dilu-~
tion and was complete only at extremes dilution. Prior to this
time, the prevailing attitude.was that the number of free ions
in solution at any concentration was Infinitesimal. Accept-
ance of the Arrhenius.thebry was due 1n large measure to 1ts
ability to explaln the colligative properties of electrolytic
solutions; particularly the osmotic pressure studies of van't
Hoff (9).

Although the Arrhenius theory was moderately successful
Tor weék electrolytes, the behavior of strong electrblytes
presented many anomalies. Values of the dissoclatlon constant
obtained from conductivity ratios were not in agreement with
'those from osmotlic pressure studies, and often values were
obttained which were greater than unity. Iz addition, the
Arrhenius theory assumed the ionilc mobilities to be indepen-
dent of concentration for all electrolytes, which was not in

agreement with the ohserved conceuntration dependence of
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transference numbers., Finally, two striking arguments foxr
complete dlssoclation of strong electrolytes were provided by
the ionic structure of'crystalline salts and the fallure of
absorption spectra of solutions of strong electrolytes to show
any evidence of undissociated molecules.

Perhaps the ma jor criticism of the Arrhenius theory was
its fallure to conslder the electrostatic interaction ﬂetween
ions in solution. As early as 1894, van Laai (10) emphasized
the importance of electrostatic forces in explaining the
behavior of ionlc solutions. Sutherlénd (11,12) and Bjerrum
(lB)iwere among the first to adopt the view that the behavier
of St;ong,elgctrolytes in solution could be accounted for on
ﬁhe baéisvof complete dissoclation and by an adequate consid-
eration of the effects of ionic interactions. Several unsuc-
cessful attempts were madé to calculate the effect of these
ionic luteractions before Milner (14,15) in 1912 successfully
analyzed the problem. He showed that devieticns from ideallity
of 2lectrolytic solutions could be calcuiated from the inter=
ionic Coulomb forces., Unfortunately, his calculation was too
involved to be of any practlical value.

The first practical thecretical treatment of solutions
of strong electrolytes was presented by Debye and Huckel (1)
in 1923. By introducing the concent of an ionic "afmosphere",-
and through application‘of Poisson's equation of électrostat;
ics and the Boltzman distribution function, they -derived a

limiting expression for the activity coefiicient. The basic
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assumptlions employed in the Debye-H&ckel theory are tae

- following:

1.

2.

3.

5.

Strong electrolytes in solution areAcompletely dis=-
socliated into ions.

Deviations from ideallty are ascribed entirély to
Coulombic interactlons of the lons.

The lons are hard spheres with a mean distance of
closest approach.

The solvent 1s a contlnucus medlum with a uniform
dieleqtric constant.

In the absence of external fields, any given ion 1s
surrounded by a symmetrical distribution of ions,
contalning on the average more lons of unlike charge
than like charge. The time average distribution of
this ionic "atmosphere" is given by the Boltzman
distribution function.

Tﬁe electrostatié potential at any point in the solu-
tion can be calculated from the Poisson equation
using a form of the Boltzman distribution function
which is compatible with the principle of linear
superposition of flelds. This requires thkat the
Boltzman function be expanded as a power series, and

terms of higher order'than the first be neglected.

Using these assumﬁtions, Debye and H&ckel were able to

formulate the following expression for the mean rational

activity coefficient:
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gr VI

log £+ = - (3.1)
1 + a%B VI
with ‘
; 6 i
1. 1 2 7T Ne 2
go= — L 5 g
T 72303V 9 71" \1ooo(mkr)3
1
B = ( AﬁNeg 2
\lOOODkT
and ,

I: Z ciZi °
i

Hexre, I 1s the ional concentration; /', the number of lons pro-
duced by the dissociation of one molecule of electrolyte of
which U/; lons have a charge z4; c4, the concentration in
moles per liter of the i-type lons; N, Avogadro's number; k,
the Boltzman constant; e, the electronic charge; D, the di-
electric constant of the solvent; T, the absolute temperature;
and a®, the mean distance of closest approach of the ions,

Equation 3.1 has been found to agree well with experiment
at concentrations up to I = 0.1 if a© is used as an adjustable
parameter. Since no straightforward correlation has been
found between the a° values used and crystallographic radli,
it 1s considered to be a parameter whiéh corrects fof imper-
fections in the theory.

In the limit of infinite dilution, the quantity a®B\/T
becomes small compared to unlity, and Equation 3.1 reduces to

the Debye-Huckel limiting law,

lOg f+= "'gf\/i—o (3°2)




16

For a solution containing a single electrolyte, the ilonal

concentration is related to the molar concentration c, by

I=c S Voo, (3.3)
1
and the limiting law may be written as
| log f2 = =Sg\Jc (3.4)
where |
Sp = fe [zi Vizi} ', (3.5)

~ The statisticalnﬁechanical foundations of the Debye-
Huckel theory have been subjected to close scrutiny by a
nﬁmber of authors (16,17,18,19,20,21). These examinations, in
conjunctlion with numerous.experimentai investigations, provide
convincing arguments for the validity of the theory in the
1limit of high dilutions. ‘For a detalled treatmeht of the
Debye-H&ckel theory, the monograph of Harned and Owen (22) or
the treatise of Robinsoﬁ and Stokes (23%) should be consulted.

With the’succeés of the Debye-Huckel theory in describing

the behavior of dilute solutions of strong_electrolytes, atten=-
tion was directed to more concentrated solutions. Attempts to
extend 1its range of applicablility Dby considering such factors
as lon-association (24,25,26), lon=-solvent interactions (27,
28,29,30), and deviations from the Boltzman distribution func-
tion (31,32,33234) have had only limited success., Such
methods generally yleld expressions containing additional
parameters which are incapable of indepéndent evaluation or

precise physical interpretation., Furthermore, since the
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temperature and pressure depéhdence cf these parameters is
generally unknown, the extended forms are of little use in
interpreting heat capacity, enthalpy, or volume data.

A somewhat different approach was taken by Mayer (35).
Hé adapted his cluster sum theory of imperfect gases to elec-
trolytic solutions and succeeded in obtaining an =xyression
for the activity coefficient. His result is.consiatenﬁ with
the Debye~Huckel theory, but as Poirier (36) has shown, is
similarly restricted to dilute solutions.

B. Heat Capacities = Comparison of Theory With Experiment
Publication of the Debyé«Hﬁckel theory stimulated interest

in experimental studies of heat c&nacities of solutions. In
1927 Randall and Ramage (37) observed that the apparent mo1a1
heat capacities of sodium chloride and hydrochloric =zcid were
linear functions of the square roct of concentration up to
about two molal. Several years lgtef, Randall and Rossinil
(38) obtalned very accurate heat capacity data for a2 number of
solutions of strong electrolytes using a differentiél calo=
rimeter. Thelr results, and those of subSequent investigators
(39,40,41), confirmed the observation of Rendall end Ramage.
Rossini (42) tabulated the available data for uni=-univalent
electrolytes and found the linear relationshlip between the
apparent molal heat capacity and the square root of concen=
tration to be wvalid up to 2.5 molal.

The Debyewﬂﬁckel theory predicts & linear variastion of
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the apparent molal heat capacity with the souare root of con-
centration in dilute solutions. From the limiting law,
Equation 3.4, and the thermodynamic relatlonship between the
partial molal heat capacity and the activity coefficient,

- _ -0 o _a— 2 aln .f.-t :
Opa = Cpo = ~VER3 {m ST | (3.6)
LaMer and Cowperthwaite (43) showed that -
- =0
Cp2 = Cpa = SgpVe (3.7)

The limiting slope for the partial molal'heat capacity is
gilven by
Sep = 2.303 VR g F(D,V,T) (3.8

where R 1s the gas constant and

2 2
F(D,V,T) = 3/4 {1 + 228D ¢ %___Q +'2T 8D 3V

D 3T OT DV 3T T
er v [z av|? 2x® 3% 212 P (3.9)
3V 3T \V AT) D 372 3V Q312

For high dilutions, *the molar concentration c, may be replaced
by dom, where d, is the density of the pure solvent and m 1s

the molal concentration. Hence, Equation 3.7 becomes

ape = agg = \/do Scp\[g ° (3010)
It follows from Equations 35.10 and 2.25 that
¢Cp = ¢gp = 2/3 \/Eoscp \} m. ° (3011)

i
Although ¢cp is often observed to be a linear function of m®
over a wlde concentratlon range, thls does not constitute a
verification of the Debye=H&cke1 theory because the limiting

law cannot be expected to hold In any but the most dilute
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solutions.

The experiﬁental limiting slopes of the uni-univalent
electroliytes tabulated by Rossinl dlffer wldely among fhem—
selwes and from the theoretical limiting slope. Young and
Machin (44) pointed out that 1f the differences were signifi-
cant, the data were in conflict with the Debye—Hﬁckel theory
which demands the same limiting slope for all stfong eiectro-
lytes of the same valence type. They invesitiligated the vallde
ity of using a linear extrapolation of apparent molal heat
capacity data to determine the limiting slope of sodium
chloride. Thelr results, obtalned from heat of dilution
measurements at two temperatures, showed a rapid change in
slope of the Fp vs. n® curve below 0.2 molal. They concluded
the slope was changling so rapidly near the origin that a
limiting slope determined by a linear extrapolation from
moderate concentrations was not valid, and therefore differ-
ences between limiting slopes'of varioué salts of ‘the same
valence type were not significant and did not constitute
evidence of failure of the theory. |

| Precise data for higher valence salts are very limited,
but in genersl, the simple linear variavlion of ¢cp with m% is
not followed, even at moderate concentrations. LaMexr and
Cowperthwaite (43) studied very dilute solutions of zinc
' sulfate and found appreciable deviation from linearity even
as low as 0,0005 molal. Wallace and Robinson (45) found a

definite chaﬁge in slope for sodium sulfate below J,04 molal
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and a limiting slope which agréed with theory. Later they
reported results for cadmium chloride, bromide, and lodide
(46) in which ¢cp was far from a linear function of m%‘at
higher concentratiéns. This behavior was attribuited to ion-
association. Spedding and Miller (47) reported limiting
slopes for neodymium and cerium chlorides which were in good
agreement with theory. Within the uncertainty of their date,
Zep was found to be a linear function of m? up to 0.36 molal,
the highest concentration studied. |

In view of the success of the DebyenH&ckel theory iﬁ
predicting the behavior of activity coeffieients and partial
molal enthalpies in dilute solutieons, one has every confi-
dence in the limiting equation for partial molal heat capacie
ties. Unfortunately, as Guéker and Schminke (39) pointed out,
even for the most accurate specifilec heat'data, the uncertainty:
.in the apparent molal heat capacity becomes very large at high
dilufions° As & result, applicabllity of heat capaclty
measurements for testing the validity of the Debye-Hﬁckel
theory 1s indeed questionable. Furthermore, uncertainties in
the first and second temperature derivatives of the dielectric
constant of water, impart a considerable uncertainty in the
theoretical limiting slope.

In addition to the approach of Debye and H&ckel, several
other theoretical attempts have been made to deécribe the
behavior of heat capaclities of solutlons of strong electro=

W G W

lytes., Zwicky (48,49,50) treated electrolytic solutions from
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the Standpoint;of water under high pressuré and was able to
predict the order of magnitude of Ega. His theory has been
criticized for its failure to predict a linear relationship
between ¢cp and m% (51). BEverett and Coulson (52) applied
statistical.mechanics to the calculation of lonic heat capaci-
tles by consideriﬁg the influence of ions on the freedqm of
rotation of water molecules in the first hydration sheil of
the ions.' Their treatment was severely restricted because of
a lack of knowledge of the species present‘;n solution. Such
theoretlcal approaches at best give only a qualitative'under-
standing of heat capaclitles of electrolytic solutions bhecause
they are unable to account for specific differences observed
experimentally,

| At the ﬁresent time, one of the major unsoived problems
of physical chemistry is the lack of an adequate theoretical
description of concentrated solutions. The difficulties in
the development of such a theory can be appreclated ﬁhen one
realizes that in addition %o the long-range lonic interactions
treated by Debye and H&ckel, short-range effects such as lon=
association and ion-solvent interactions must also be consid-
ered. The size and charge of the lons, and their affect of
the dielectric constant and structure of the solvent must be
inéludeda ‘Development of an experimental method which could
preclisely determine the species present in a solutiqn would

~certainly be very useful. Perhaps, as Fuoss and Onsager (53)
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have suggested, the final theory of electrolytic solutlons
will proceed from a projection of a theory of fused salts into

the region of concentrated solutions.
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Iv. chERIMENTAL'
A. Description of the COalorimeter

The choice of a calorimeter design is dependent on the
particular problem to be studled and the degree of accuracy
desired. Numexrous oalofimaters have been buil£ to meet the
requirements of a varlety of thermochemlical problems. White '
(54), Swietoslawskl (55), Sturtevant (56), and Skinner (57)
'_have discussed the constfuction, operatlion, and applications
of mény types of calorimeters.

The calorimeter which was designed and built for -this
research was an adiabatically controlled, single vessel type
and is shown schematically in FPigure 1. ‘It was capable of pro-
viding speciflc heat data for aqueous solutions with a precl-
sion of better than 0.05% in thé temperature range from 24.0
to 26.09C. The calorimeter vessel 1s shown in detall inA
Figure 2. References to the figures‘will be designated by
(n-X) where n refers to the figure number and X to the alpha-
betically labeled part. | |

The apparatus conslisted of a calorimeter vessel (1-D)
suspended in an evacuated submarine jaéket (1-E) which was
submerged in a well stirred water bath (1-C). The operational
components conslsted of a vacuum system; syétems for the meas-
uremeﬁt ofvtemperature and electrlcal energy, and a system for
adiabatlic control of the bath.

Heat transfer between the calorimeter and its surround-

ings was minimized by evacuation of the submarine Jacket and
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Figure 1. Adiabatic solution calorimeter
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carefully controlling the bath temperature so as to maintain
a very small temperature differéntial between the calorimeter
and the bath. In this way, essentially adiabatic conditions

‘ were‘maintained. A multijunction the;mopile between the
calorimeter and the bath served as a differential temperature.
sensing device, ‘ |

The calorimeter temperature was measured with a thérm--
istor thermometer in a normal Wheatstone bridge circult and
continuously recorded. The foilowing precautions were taken
to ensure reproducibie temperature measurements: the current
in the thermlsior was maintained nearly constant and at such
"a level that self heating was ﬁegligible; once enefgized, ﬁhe
power'was never removed from the thermistor; the thermistor
was rigidly mounted and nevexr subjectéd to mechanical or
thermal shocks.,

In the pastuteﬁ years, thermlstors have galned wide
acceptance as calorimeter‘thermometers (58,59,60,61) because
of their small size, rapid response, and high sénsitivity.
Thermistors are ceramic-like semi-conductors with large neg-
ative temperature coefficients of resistance. They are made
by sintering mixtures of metallic oxides; manganese, nickel,
cobalt, and iron being the most commqnly used.

With thls general description of the adiabatic calorim-
eter, we will_now conslder in detall each of thg compongnts

of the apparatus.
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l. Water bafh

The water bath (1-0), which served as the adliabatic jacket
of the calorimeter, was a double-walled tank with a capacity of
22 gallons. A three inch space vetween the inner and outer
walls of the bath was fllled with exploded mica for imsula-
tlon. The bath was mounted on a movable carriage and could be
ralsed and lowered by a hydraulic bumper jack., With thé bath
1ﬁ»1ts lowered position, the carriége could'be moved aside to
faclllitate assembly of the calorimeter vessel and submarine
jacket. .A 11d (1-A) for the bath was suspended 55 inches above
the floor on an angle iron frame. It was also double=walled
with insulation fllliné the three inch sbace between the walls.

A centrifigual stirrer (Ceuntral Sclentific Company cata~
log number 18850), with a rated capacity of 100 gallons per
minute was used to stir the water in the bath. It was mounted
on the lower face of the bath iid. This stirrer was found to
give very satlisfactory mixing of the water with a minimum of
heating. A smaller centrifigual pump was originaliy used and
found'to be unsatisfactbry because too much heat was generated
_by friction of the 1mpelier againgt its housing.

For control purposes, the bath was equipped with a cool-
ing coil and two heaters. Cooling was accomplished by_allow-
ing cold water to flow continuously through two turns of
copper tubing near the bottom of the bath.. The control heater
was a centrally located, 500 watt calrod. A 750 watt calrod

was located near the bottom of the bath and served as an



auxilliary heater. Oontrol of the bath will be described in a
later section.

2. Submariné jadket

The submarine Jacket (l-E) was a cylindrical monel can,
6 1/2 inches in dlameter and 6 1/2 inches deep. The sides
were 1/16‘1nch thick and the bottom 1/8 inch phick. A brass
collar, machined to house a 6 l/ziby 1/8 inch O-ring, was
sllver soldered to the top lip of the Jacket. Eight stainless
steel studs were éérewed into the collar and used to fasten
the submarine jacket to its 1id, which was a quarter inch »
thick monel disk, 7 1/2 inches in diameter. The submarine 1id
was suspended from the water bath 1lid by three, half inch
diametsr brass pibes (only two are shown in Figure 1). Each
pipe was silver soldered to the submarine 1id. Two of these
ﬁipes (1-G) served asAeonduits'for the shielded electrical
cables entering the submarine, and the other (1=H) housed the
calorimeter stirring shaft, A1l electrical 1e§ds entered the
submarine 1lid through vacuum tight seals.

3. Vacuum system

The submarine Jjacket was evacuated through & one inch
copper tube (1-B), which was attached to & 25 mm. glass vacuum
line by meané_of-a glass to metal seal., A mechanlcal fore-
pump was used in conjunction with an-oil diffusion pump to
obtain a pressure of the order of lxlO"S torr. The pressure
was measured with an ionization gauge. A liquld'nitrogen cold

trap prevented oil vaporsifrom entering the vacuum lins,
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In order to obtaln a vacuum tight system, 21l Joints were
welded or silver soldered wherevef possible. However, bacause
of the diversity of materlials used in the construction of the
calorimeter vessel, this was not always possible. In these
instances, vacuum seals were obtained with Torr Seal, a low
vapor pressure epoxy resin obtained from Varian Associaﬁes°

4, Calorimetgg vessel

~

The calorimeter vessel and 1id were conctructed from 20
mil tentalum to insure chemical inertness and mechanical
strength. The vessel (1=D.2-C) was two inéhes~in diameter by
2 1/2 inches deep and had a volume of 110 ml. Tantalum wells
were welded into the 11d to house the heater (2-D), therﬁomw
eter (2=G), and thermopile (2-H)., An alumlnum riung, machlned
to house a 2 1/8 by 1/8 inch O-ring, was attached with Torr
Seal to the outside upper 1lip of the vessel, This ring did
. not come in contact with the solution.
The calorimeter 1id was suspended twd inches below‘the
- submarine 1id by a half inch diameter, thin wall (0.006 inch),
stainless steel hanger (2-4). Ai its upper end, the hgnger
was silver soldered to the submarine 1id, and at its lowef
end, to a threaded brass flange., The calorimeter 1id was
attached to the hanger with a threaded lug, which screwed
into the brass flange.

The calorimeter vessel was‘attached to its 11d with a
threaded cap and collar arrangement. A brass cap was attachel

ed with Torr Seai to the top, outer edge of the tantalum 1lid.
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The brass collar fit freely over the outside of the vessel and
when -screwed onto 1ts matching cap, compressed the O-ring
against the tantalum 1id. This gave a vacuum tight conneétion
which was easlly assembled. A disadvantage of this type of
assembly wae that it was slow to equillibrate to the solution

| témperature. This problem has been discussed by Sunner and
Wadso (61). | -

50 étirrer

The solution in the calorimeter vessel was stirred by a
four blade tantalum propeller attached_to»a 1/8 inch diameter
tantalum shaft (2-I). The upper end of the'tantalum shaft was
screwed into a polystyrene thermal insulator (2-B), which in
turn was screwed into & quarter inch diameter stainless steel
shaft (2-E)., The polystyrene insulator helped reduce conduc-
tion of heat from the bearings into the calorimeter.

The stalinless steel stirring shaft was held in place by
two'bearings; one located about an inch above the submarine-
1id (1=I), and another the same distance above the water bath
1id (1=P). A 300 rpm synchronous motor provided the power to
drive the stirrer. Two cone pulleys, one on the moter and the
other on the stirring shaft, were coupled by a rubber O-ring.
Each cone pulley had three steps, giving a total of six pos-
~sible stirring speeds from 140 to 320 rpm. This variatlion in
speeds made it possible to control the energ& input due to

stirring as the viscosities of the solutions changed.
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6. 'ghermometér

The thermometer circult was a standard Wheatstone bridge
arrangement and is shown in Figure 3. The temperature sensing
element in the bridgeIWas a glass probe type thermistor (Fen=
wall number G463), with a nominal resistance of 110,000 chms
at 25°C. TIt.was housed in a tantalum well (2-G) in the calo=-

rimeter to provide protection agalinst breakége°‘ Each of the

ratio arms of the bridge cgntained a 100,000 ohm Wire-wound
resistor. The balancing arm‘consisted of a 105,000 ohm wire-
wound resistor in series with a 10,000 ohm decade box, vari-
able in steps of one ohm. Settings on the decade box correé—
ponded to temperatures between 24,0 and 26.0°C. Power was
suppliesd to the bridge by a 1.35 velt mercury cell which was
never removed from the circuit. Under these conditions, the
current through the thermistor was about six microamperes.
The off-=balance signal from the bridge was amplified 240 times
and displayed on a ten millivolt strip-chart recorder. A one
millimeter displacément df the recorder pen corresponded tc a
change in resistance of the thermisﬁor of about 0.1 ohm, which
was equlvalent to a temperature change of 2 X 10”506°

The thermistor bridge was calibrated in the following weoy.
A platinum resistaﬁce thermometer, previously calibrated by
the National Bureau of Standgrds, was inserted into the cale
orimeterxr near.the thermistor. The calorimeter temperature was
determined'by measurling the resistance of the platinum ther=

mometer with a Leeds and Northrup G=2 Mueller bridge, which
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had been calibrated agailnst standard reslstors in this labor-
atory. Simultaneously, the thermlistcr bridge was adjusted to
bring the recorder pen as near as possible to the midpoint of
the chart. ' Since the bridge could only be adjusted to the
nearest'ohm, and the'resistanoe was requlred to 0.1 ohm, it
was necessary to interpolate to obtain the final value. This
procedure 1s easily understood when one reallzes that the
recorder served as nothing'more than a recording galvanqmeter
wlth the null point chosen as the midpoint of the chart. The
calorimeter temperature and corresponding bridge reéding were
determined in this manner at intervals of 0,05°C, over the
range 24,0 to 26,0°C. These results were fitted by the method
of least squares ©0 & polynomial of the form

©@ = A + BR + CR® + DR? + ER* (4.1)
where © is the teémperature in °C°_and R is the bridge reading
in onms. In this method 1t is not necessary to know the
actual thermistor resistance, which is the bridge reading
plus abeut 105,000 ohms.

Calculation of the temperature from'Equation 4,1 was
simplified ?y making a table of temperatﬁre'versus resistance
at ten ohm intervals. An IBM 7074 computer was used to com=-
pute the table as well as to determine the least squares fit,

The thermistor was calibrated at the'beginning of this
work and again nine months later. During this time, the
bridge was continuously energized and the fhermistor was not

subjected to mechanical or thermal shocks, The two calibra=
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tlons were found to differ by about 0.003°C. However, in this

work we Were only interested in the teﬁperature difference |

between two resistance readings. A comparison of the two cali-
brations on this basis showed them to be identical to better

than Slx 102 °g,

T. Heater

The calorimeter heater (2-D) consisted of 63 inches of
38 B and S gauge, double silk covered manganin wire with two
30 B and S gauge copper leads. The wire was wound non~iﬁduc=
tively 1n the threa&s of a thin-walled copper tube and annealed
at 145%C. for 48 hours. After annealing, the heater resistance
was 95.291 ohms, and periodic checks during the course of this
work showed it to remaln. constant to within # 0.0027%,

The heater clrcult is shown in Flgure 3. Current for the
heater was obtained from a constant current power supply, con=
strucﬁed by the instrumentation Group of the Ames Laboratory.
This power supply could be adjusted to give between 25 and 270
milliamperes current, which was constant to 0.005%. A dummy
heater was used to aliow'the circuit to reach a steady operate-
ing condition. A Leeds and Northrup K-3 potentlometer was used
to measure the poténtial drop across & 091 ohm standard resis-
tor, thermostated at 2500., in series with the heater. The
standard resistor and standard cell used with the potentiometer
were calibrated by the National Bureau of Standards. When the

circuit was switched from the dummy heater to the calorimeter

heater, an electronic timer was simultaneously activated. The
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~timer was éalibrated to within 0,01 second against the National
Bureau of Standards station WWV.
8. Adiabatic control

An eight junctiqp copper-consﬁantan thermoplle was used
to control the water bath at the temperature of the calorimeter.
It was constructed frem 36 B and S gauge copper wire and 32 B
and S gauge constantan wire, which were silver soldered:té-
gether and.insulated with a light coat of vafnishol The eight
junctioné in the bath were spaced at 3/4 inch intervals and
placed in a copper tube (1=d). The other eight junctions werse
spaced at 1/4 4inch intervals and placed in a tantalum well in
the calorimeter (2=H). The thermopile wires, extending between
the calorime?er and submarine lids, were housed in a 1/8 inch
diameter, six mil wall, stainless steel tube (2=F). This.tube
was sealed ﬁo the two lids with Torr Seal and served as a
vacuum tight conduit. Leads from the thermoplle extended
through a small hole in the stalnless steel tube which was
made vacuum right with Torr Seal.

The signal from the thermopile was fed to a phase sensi-
tive, on-off type controller-amplifier, which was built by the
Instrumentation Group of the Ame__s‘Laboratoryo The controller
also contained a recorder drive so the signal could be dis~-
played on a strip=chart recorder. When the water bath was

cooler than the calorimeter, the controller activated a 500
| watt heater whose power output was controlled manually with a

powerstat. The powerstat and cooling water were sdjusted to
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gilve nearly equal periods of heating and cooling of about 30
seconds duration. In this way the bath could be controlled to
~within =+ 0?001°C. of the calorimeter and an adiabatic systenm
obtained.

An auxilliary.heater, capable of producing a maximum-of
| 75C watts, was used in cdnjunction wlth the control heater
during the perliod when the calorimeter temperaturé waszraiséd;
The power output of this heater was also manually regulated by
a powerstét and was independent of the controller-amplifier.

Wnen the control and auxilliary heater powerstats were
properly adjusted, the bath temperature could be raised a@‘the
same rate as that of the calorimeter. During.the ten minute
heating beriod9 deviations of the bath temperature from that
of the calorimeter never exceeded # 0.,003°G. Furthermore, the
control was such that the areas of posltive and negatlve
- fluctuaticons were nearly equal and consequently, the net heat
exchanged between the calorimeter and its surroundings was
negligible, This can be shown to be trﬁe 1f we assume that
heat transfer was by conduction gnd radiation, and the system
obeyed Newton's Law of Cooling. These assumptions will be
valld for the small temperaturz differences invoived, so that

Q = -Af(e - oy)dt (4.2)

where Q; is the net heat exchanged;'A is the hegt leak con=
stant: (® = Op) 1s the difference between the calorimeter and
bath temperatufes; and t is the time. The integral in Equa-

tion 402 is the algebraic sum of the areas of positive and
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negative temperature differences. Hence, Q,; will be a minimum
when this sum is & minimum, i.e.,when the twe areas are equal,

The heat leak constant was deterdzned by operating the-
calorimeter under isothermal conditions, and found to be 0.3
cal./%C./min. The integral in Equation 4.2 was evaluated by
graphically integrating the differential temperature-time curve,
Several determinations.of Qu were made, and it was founavthat |
the error in neglecting Q; was less than 0.01% of the total
energy input.

The success of this system was due to the fact that the
temperature rise in the calorimeter was linear in time, In a
reaction calorimeter, where the temperature rise dﬁe to a
chemical reaction is not linear in time, Qu’may-not be negli-

gible, and a correction will have to be applied (62).

e

B. Experimental Procedure

1. Operation of the celorimeter

The following procedure was employed in all experimental
measﬁrements made with the calorimeter., The temperature of
the.water bath and the solution to be investigated were adjuste
ed to approximately 24,0%c, A welghed amount of solution,
whose volume was 105 + 2 ml., was placed in the calorimeter
vessel. Its weight ﬁas determined to one milligram and cor-
rected ‘coAvacuum° Lfter the apparatus was assembled, the
‘submarine jacket was evacuated and the bath and calorimeter

temperatures raised to 24,49C. The bath control wes regulated
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so that #diabatic conditions were haintained, and approximately
ﬁwo hours were allowed for the system to reach equilibrium.

By this time the pressure in the submarine Jacket was of the
ordér of 1 i 10~ torr.

When equillibrium was estéblished, the calorimeter temper-
ature increased'at a constant iate with time. The positive
slope of the time-~temperature curve was a result of thé contine
“uous energy input duve to stirring,l At the beginning of an
experimenf, one of the six avallable stirring speeds was
selected which would give adequate mixing with the smallest
.possible slope. ZExperience showed this condiﬁion to be sétis»
fied when the slope was about 2 x 1072 ©C./min. Since the
heat of stirring was proportional to the stirring speed and
the viscosity of the solution, slower speeds were employed for
more concentrated sblutioﬁs° Howgver, throughout any particu=-
lar experlment the same speed was used. The equlilibration .
time of the system was not substantially reduced at the slower .
speeds because the thermal conductivity of the solutlions also
increased with increasing concentration.

When the fore slope of the time-temperature curve had
been constant for at 1ea§t 20 minutes, the current was switch=
ed from the dummy heater to the calorimeter heater, and the
heating period begun. The current source had been previously
adjusted so that the calorimeter temperature woﬁld be raised
0.4°C. in about ten minutes. During the heating period, the

-current flowing in the calorimeter heater wes determined by
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measuring the potentlal drop across the standard resistor.
The amount of heat prcduced by the calorimeter heater, Qg, was

. gaiculated from the relation

-1 o |
Qe = 771850 R2 B U (4'3?

where Qg 1is given in derined calories (1 calorie = 4,1840
absolute joules); Ry 1is the heater résistance; Rg is the .
resistance 6f the standard resistor (0.100037 ohums); Es is the
potential drop across the sténdard resistor; and t is the time
in seconds that curren@ flowed through the heater.

After the current was switched baek to the dummy heater,
the calorimeter temperature continued to rife to a maximum and
then slowly decreased to the eguilibrium value. The equili-
bration time was about 14 minutes. Once equilibrium was
established, the calorimeter temperature again increased at
a constant rate due to the heat of stirring.

The heat of stirring, Qg, was evaluated from the slope of
the time~temperature curve during the fore and after periods,

The rate at waich heat was added to the calorimeter by stir-

ring was
408 _ o 48
1t t 3 = 8 Ct {404?

where d48/dt = g is the slope of the time=temperature curve,

and Ct is the heat capacity of the solutioa plus that of the
calorimeter;' Ideally the fore slbpe and after slcpe should

have been identical, but in general, the after slope was

5lightly smaller. This was attributed to the lower viscosity
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of the solution at the higher temperature, ”Consequeﬁtly, the
average of the fore and after slopes, g, was used to compute

an average heat of stirring, as. Substituting g into Equation
4.4 and integrating from t4 to tf, the average heat of stirring
was glven by' | ,

Qs = Ct B(te = t5), (45)
where t4 was taken as the beginning of the heating period, and
tf as the time when the calorimeter temperature first reached
equilibrium after the heating period.

In order to calculate the Specific heat of a sblution,
the total energy input and the resulting temperature rise had
to be determined. Since adlabatic conditions were maintained
at all times, the net heat exchanged with the surroundings was
zero, and the energy balance for the calorimeter between times
t4 and ty was

Qe + Qg = O (85 = TP (4.6)
where 64 1s the calorimeter temperature at the beginning of
the heating period, and ©r is the calorimeter temperature when
equiiibrium was first established after the heating period.
Substituting Equation 4.5 into Equation 4.6 gave the total

heat capaclity as

Q
Cyg &

- (65 - ©1) = B(tf - ty)

The calorimeter temperatures'were determined from Equation 4.1,

. (4.7)

The heat capacity évaluated from Equation 4.7 was the sum

of the heat capacities of the solution and the calorimeter.
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The heat capaclity of the solution was obtained by subtracting |
the heat capacity of the calorimeter. After correcting this
value for the vaporization of solvent according to the method
of Hoge (63), the result was the heat capacity of the solution
under 1ts séturated vapor pressure. The speciflc heat was
found by dividing this result by the welght of the solution.

After the slope of the time~temperature curve had been
constant for at least 15 minutes, a new heatiﬁg period was
started. This procedure was repeated three times in every
experiment, giving three values for the specific heat of the
solution in the temperatﬁre interval 2.4 to 25.6%C. These
values usually agreed to better than 0.03% The apparent molal
heat capacity was computed from the average speélfic heat by
means of Equation 2.27.

2. Heat capacity of the calorimeter

It was necessary to determine the heat capaclty of the
calorimeter before any solution measurements were made., This
~was done in the manner Jjust described with the exception that
a known weight of water was substltuted for the solutlon. Thé
heat capacity of the calorimeter was given by the difference’
between the heat capacity calculated from Equation 4.7, and
the heat capacity of the water. A small correction for the
vaporization of water was applied, and the heat capacity of
the calorimeter was found to be 16,71 + 0,02 cal./%C., This
result was the average of 18 values, The specific heat of

water was taken as 0.9989 cal./®0./gm. at 25°G, from the data
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of Osborne et gl. (64):

Periodic checks of this value were made and no variation
was observed, prévided the volume of water was the same.
Although the difference was small, the heat capaclty of the
calorineter was directly dependent on the amouat of water used
for the calibration. This was due to the indeterminate nature
of the boundary of the caloriméter° As the volume of water in
the calorimeter increased, the effective heat capaclty of the
calorimeter included a larger portion of the stainless steel
hanger and stirring shaft; Rather than determine thls wvolume
dependence, the same amount}of materlal was used in all solu=-

tion measurements and calibratlions, namely, 105 + 2 ml.

- 3. Integrity of the calorimeter and method

In order to test the integrity of the calorimeter and the
method employed in this work, the specific heat of several
sodium chloride solutions was determined. This system had

been studled by Randall and Rossini_(38) using a differential
| calorimeter, and their résults are reportedly accurate to
0.01%. Their specific heat data were converted to defined
csiories and fitted to a polynomial of third degree in molal=-
ity by the method of leasp squafes. Results of the measure=-
ments made in thls work and their average deviation, and those
of Randall -and Rossini, calculated from the least squares
polynomial expression, are given in Table 1.

A comparison of the twd sets of‘measurements indicates

that the method used in this research was capable of an
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accuracy of at least 0.054. This was also shown by the repro-
ducibllity obtained in those cases where several experiments

were performed on the same rare-earth chloride solution.

Table 1. Speclfic heat of some sodlium chloride solutlons at

259C,
Number of ' Specific heat

Molality - determinations - This Randall andé
research Rossini (38)

0.45155 6 0.9665 +70,0002 0.9669

0.76647 9 0.9475 + 0.,0003 0.9477

0.81693 12 0.9448 + 0.0003 0.9448

1.1246 3 0.9278 + 0.0C01 00,9280

_ C. ZPreparation of Solutions

The rare-earth chloride solutions were prepared by dis-
solution of the appropriate oxide in hydrochloric acid. The
rare-sarth oxides were obtained from the rare-earth separation
group of the Ames Laboratory of the Atomic Energy Commission.:
Purity of the oxlides was established by emission spectro=-
gréphic analysis, and Table 2 shows the results of these
analyses., The impuritles are reported as the percent sesqui-
oxide (monoxide in the case of calcium) present in the host.

Approximately two kilograms of rare-carth oxidé were
added to warm C.P. grade hydrochloric acid until the mcid had
completely rzacted and a slight excess of the oxide remained.

The solutlon was allowed to cool and the excess oxlde removed
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Table 2. Spectrographic analyses of rare-earth oxldes

Oxide . Analysis®
' (percent)
La03 Ce: less than 0.03

Pr: less than 0.03
‘Nd: less than 0,02
Pe: less than 0,008
Ca: less than 0.0l

Nd203 A Pr: 1less than 0.08
Sm: 1less than 0.10
Fe: less than 0.009
Ca: 1less than 0,04

Dy 203 Gd: less than 0.02
Tbh: less than 0,10
Ho: less than 0,02 -
Er: less than 0.01
Y: 1less than 0.001
Fe; ‘less than 0,01
Ca: 1less than 0.04

Er203 Dy: 1less than 0.0l
Ho: 1less than 0,005

Tm: less than 0.01
Yb: less than 0,005

Y: 1less than 0.001

Fe: less than 0.007

‘Ca: 'less than 0,02

Ybp03 _ Er: less than 0.005
-+~ Tm: less than 0,002

-Lu: less than 0,003

Y: less than 0,01

Fe: less than 0,02

Ca: 1less than 0,02

2A result reported as 'less than" reflects the lower
limit of the analytical method. Therefore, the amount of
impurity actually present may be much less than the value
reported. ' '



45

b& filtration. A colloidal suspension of unreacted oxide re~
nalned after filtering and was dissolved by alternately adding
small amounts of acid and gently heating. After a sécond
filtration through a sintered glass funnel, the solution was
basic in relation to the equivalence pH of the primary.hydroly-
sis equilibrium

A R*** + Hp0 = R(OH)** + H* .
Several 25 milliliter aliguots of the soiution were titrated
with 0.05 N hydrochloric acld in order to determine its equi-
librium pH. The titrations were performed with a Sargent Model
D Recording Titrator using a glass pH indlcating electrdde and
a calomel reference Qlectrode. The equivalence pH was deter-
mined from the pH versus volume curve, and the stock solution
was adjusted to this value with dilute hydrochloric acid.

After heating the solution for several hours to dissolve any

" ~wnreacted oxide, the pH was again measured and adjusted to the

equivalence point. This procedure was repeated until no change
in pH of the solution occurred upon heating.

The concentration of the stock solutlon was determined by
two analyses; one for the rare-earth lon concentration,‘and
another for the chloride ion concentration. For the rare earth
analysis, a weighed amount of the stock solution was treated
with a ten percent excess of a saturated solution of twice
recrystallized oxalic acid. The precipitation was carried out
in a porcelaln crucible which had been brought to constant

~weight by ignition at 900°C., After evapdration to dryness
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under infra-red lamps, the rare-carth oxalate was ignited to
the oxide at 900°C. in a muffle furnace. From the weight of
the oxide after ignition and the welight of the solution, the
molality was calculated. Triplicate analyses were made and a
precision of better than 0.05% obtained,

Lanthanum oxide 1s the most hygroscopilc rare-eérth oxlde,
and this property'made 1t difficulit to obtain satisfactbry
- precision from the oxide analysis. Consequeﬂtly, the lantha-
num chloride stock solution was analyzed by precipitation of
lanthanum sulfate with a slight excess of three molar sulfuric
acld. The solution was slowly evaporated to dryness undexr heat
lamps, and the excess sulfuric acid removed as sulfur tridxide
by heating with a Meeker burner. Three samples were ignited
in a muffle furnace at 700°C. and weighed as the sulfate. -The
precision obtained by this method was 0.03%.

A potentiometrlic method, employing a Sargent Model D
Recording Titrator, was used in all chloride anélyses. The
electrode system consisted of a silver indicator electrode and
a sleeve-typé reference electrode with an ammonium nifbate
btridge to the inner calomel eléctrode. About 50 grams of a
0.1 N standard silver nitrate solution was weilghed into a
beaker. Slightly more rare-earth chlorlde solutlon than
necessary to react completely with the silver nitfate was
added by weight to the beaker. Tﬁe excess rare-earth solution
wés of such an amount that it could be titrated with one to

five milliliters of standard silver nitrate using the recording
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titrator to follow the course of the titration. From the total
welght of standard silver nltrate solution and the weight of
rare-earth chloride solution, the molallty of the stock solu~
tion was calculated. The silver nitrate solution was standérd-
ized by titratlon of a sodium chloride solution, which had been
prepared 5y welght. Triplicate analyses were made and the pre=-
cision obtained was better than 0.05%. |

Agreement between the rare earth and chloride adalyses
was about O.l%, with the cﬁloride analysis usually giving
lower results. The average of the two analyses was taken as
the concentration of the stock solution.

A series of dllutions, ranging in concentration from 0,1
molal to saturation, was prepared from known weights of stock
solution and conductivity water., The conductivity water was
obtained.by distillation of regular distilled water frou an
alkaline potassium permanganate solution, and had a conduc~-
tlvity of less than 1x10'6 mhos per centimeter. All weights
were corrected to welght in vacuum.

The saturated solutions were prepared by allowing about
500 milliliters of the stock solution to stand ovef magnesium
perchlorate in a desicecator. After the solution was satur-
ated, it was stored in a stoppered flask in a 2500. water bath
until needed. Before the solution was placed in the calo-
rimeter, 1t was decanted away from the crystals and cooled
to 24°C. Rare-earth solutions tend to supersaturate rather

easily, so if they wére not kept at this lower temperature
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I

for more than a day, no new crystals formed, and the concentra-
tion remained at the 25°C., saturation value. Concentrations
of the saturated solutlions were taken from the data of Saeger

and Spedding (5).
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V. CALCULATIONS AND RESULTS
A. Treatment of the Data

Specific heats of aqueous solutlions of lanthanum, neo=-
dymium, dysprosium, erbium, and ytterbium chloride were
measured at 25°0. over the concentration range from 0.1 molal
;tb'saturation. The apparent molal heat capacity was calculated

for eacn concentration from Equation 2,27,

Bop = (1090 , )5 - 1090 4o (2.27)
m m

The specific heat of water was taken as 0.9989 cal./gm. °C.
(64), and the molecular weights were computed from the atomic
welght values reported in 1962 by Cameron and Wichers (65).
From these ﬁalues of the apparent molal heat capacity, an
empirical equation of the form

Bop = & + /2 & cm + Dnd/2 + Em? (5.1)
was obtained for each salt by the method of least squares
using an IBM 7074 cqmputer,. The apparent molal heat capacities
were welighted by an amount inversely proportional to the square
of thelir probable errors. The subject of probable errors is
discussed latexr in thils chapter.

An attempt was made to fit the data to an equation similar
to Equation 5.1, with the exception that the parameter B was
fixed at‘89.9, the limiting slope predicted by the Debye=
Hﬁckel theory for aqueous 3-1 electrolytes (22),. This proced-
ure was unsuccessful because the expressions obtained did not

adeguately fit the experimental data at higher concentrations.
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From Equations 5.1, 2.25, and 2.26; empirical equations

of the form

5p2 =4 +3'mY/2 4 ¢'n + D'0/2 4 B'm? (5.2)

and

| Cp1 = 17.9955 + p'n3/2 . C"u? + p'/2 4 E'n?, (5.3)
were obtained for the partial molal'heat cépacities'of_the f

solute and solvent, respectively.

B. Tabulated Results

The experimental data aﬁd derived thermodynamic quantities
for the five rare-earth chloride solutions studled in this work
are summarized in Tables 3 through 13, and presented graphic-
ally in Pigures 4 through 7. In all tables the concentration
is expressed as the number of moles of solute per 1000 grams
of water, the specific heat as defined calories per degree
centigrade per gram of solution, and apparent and partial molal
heat capacities as defined calories per degpee centigrade per
-mole of solute. One defined calorie equals 4.,1840 absolute
jbules°

The specific heats, s, and the apparent molal heat capa-
cities, ¢cpv for the aqueous rare-earth chloride solutions are
shown in Tables 3 through 7. The quantity A 1s the difference
betweén the apparent molal heaﬁ capacity calculated from the
least squares egquation and that calculated from the specific
heat., Variaticn of the specifiq heat Wifh concentration for‘
each of the rare-earth chloride solutions is showm graphically

in Figure 4,
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Table 3. Specific heats and apparent molal heat capacities of

aqueous solutions of lanthanum chloride at 25°C,
L
n m® s ~Bep -¢cpa A
L.S.

0,L0213 0.31958 0.9652 93.2 92.6 0.6
0.20139 0.44877 0.9350 88.1 86,4 1.7
0.29119 0.53962 0.9100 81.9 82.1 -0,2
0.40%77 0.6354% 0.8806 76.9 7.6 -0.7
0.49440 0.70314 0.8580 T4, 6 Th. 4 0.2
0.64686 0.80428 0.8236 69.1 69.4 -0.3
0.81024 0.90013 0.7902 653.8 644 ~0.6
1.0076 1.0038 0.7531 59.2 58.8 0.4
1.2092 1.09%6 0,7204 53.7 53.3 0.4
1.4108 1.1878 0.6917 48.1 48,0 0.1
1.6927 1.3010 "~ 0,6564 41,3 41.0 0.3
1.975C 1.4054 0.,6276 34,0 34,3 -0.3
2.2517 1.5006 0, 6031 27,9 28.1 -0.2
2.5649 1.6015 0.5792 21.6 21,6 0.0
2.8324 1.6830 0.5618 16.5 16.5 0.0
3,.2896 1,8137 0.5364 9.0 8.9 0.1
33,6003 1.89074 0. 5217 4,6 4.5 0.1
3.8959 1.9738 0, 5092 0.8 0.9 -0.1
% Average +0.4

aCalculated from Equation 5.1 using the parameters in,
Table 11.

bSaturated solution.
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Tablé 4, Specific heats and apparent molal heat capacitles of

aqueous solutions of neodymium chloride at 25°C.
—-
m m? s ~Bop B p® A
‘ L.S.

0.099586 0.31557 0.9657 91,4 94,4 -3.0
0.17264 0.41550 0.9428 88.7 89.0 0.3
0.24320 0.50319 0.9189 85.7 84,6 - 1.1
0.35970  0.59975  0.890L  T79.4  79.9  =0.5
0.49269 0,70192 0.8559 75.8 T4.8 1.0
0.64067 0.80042 0.8223 69.6 69.9 -0.5
0. 80080 0,89487 0.7886 65.0 64.9 0.1
1.0058 1.,0029 0.7510 58.3 58.9 -0.6
1.2207 1.1048 0.7153 53.1 52.9 0.2
1.4553 1.2064 0.6824 46,5 46,6 -0.1
1.7024 1.3048 0.6518 40.6 40,1 0.5
1.9480 1.3957 0.6271 33.7 33.8 -0.1
2.2566 1.5022 0.6000 26,4 26,2 0.2
2.5524 1.5976 0.5796 19.0 19.2 ~0,2
2.8974 1.7022 0.5600 11.2 11.3 0,1
3.2499 1.8027 0.5436 3.9 3.8 0.1
33,5901 1.8948 0.5312 -2, -2.9 -0.1
3.9292P 1.9822 0.5214 -9.1 -9.1 0.0
5

Average

1+
15
o

@Calculated from Equation 5.1 using the parameters in
Table 11.

bSaturated solution.



55

Table 5. Specific heats and apparent molal heat capacities of
“aqueous solutions of dysprosium chloride at 25°¢.

L

m m? s —¢cp ~Bop A

' L.S.
0.097422  0.3121% 0.9654 84 . 84,7  =0.4
0.24914 0.49914 0.9185  75.9 75.3 0.6
0.36080 0.60067 0.8872 71.1 70.7 0.4
0.49471 0.7033%6 0.8526 66.6 66,2 0.4
0.64312 0.80195 0.8179 61.6 61.8 «0,2
0.80745 0.89858 0.7826 57.5 57.3 0,2
1.0055 1.0028 0.7452 51.9 52,2 -0.3
1,2031L 1.0969 0.7119 47.1 47.4. =0.3
1.4371 ©1,1988 0.6772 41,8 41,8 0.0
1.6767 1,2949 0.6454 36,4 36.3 0.1
1.9529 1.3975 0.,6159 30,5 30.2 0.3
 2.2620 1.5040 0.5878 23,7 23.8  =0.1
2,5342 1.5919 0.5661 18.6 18.7 -0.1
2.8530 1.6891 0. 5440 13.2 13.2 0.0
3,1478.  1,7742 0.5262 8.7 8.7 0.0
3.6310D 1.9055 0.4999 3.0 3,0 0.0
Average + 0.2

8@Calculated from Equation 5.1 using the parameters in
Table 11l. -

bSaturated solution.
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Table 6. Specific heats and apparent molal heat capacities

of aqueous solutions of erbium chloride at 25°C.
1
m mz S "¢cp "¢cpa A
‘L.SO ’

0010483 O¢32378 009626 8302 84‘02 “‘lao
0.17004 0.41236 0.9413 81.0 79.3 1.7
0. 25090 0.500G60 0.9169 75.9 T4.9 1.0
0.36230 0.60191 0. 8854 71.0 70.3 0.7,
0.49531 0.70378 0. 8509 65.9 - 65.9 0.0
O. 64144‘ Oo 80090 Oe 8161 61. 6 6107 "'Ocl
.0,77238 0.87885 0.7878 57.8 58,2 ~0.4
1.0096 1.0048 0.7415 52,0 52.2 =0, 2
1.2006 1.0957 0.7087 47.8 47,6 . 0.2
1. 4609 1.2087 0. 6704 A 51.5 -0.1
1.7153 1.3097 0.6381 35.8 35.7 0.1
.l°9944 1l.4122 0.6079 29.7 29.6 0,1
2.2695 1.5065 0. 5824 24,1 24,0 0.1
20 5878 : 1- 6087 Oo 5577 1709 18.0 "'Ool
2,9182 1,7083 - 0.5352 12.4 12.4 0,0
3@ 2497 10 8027 Oo 5158 7«5 707 -0.02
3.5379 1.8809 0.4995 4,5 4.4 0.1
3,7821P 1.9448 0.4868 2.2 2.2 0.0
Average +0.3

2Calculated from Equation 5.1 using the parameters in

Table 11,

b

Saturated solution.
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Table 7. Specific heats and apparent molal heat capaclties of
aqueous solutions of ytterbium chloride at 25°c,

m m% 8 "¢cp -¢cpa A

‘ - I‘DSO
0.10064 0.31724 0.9633 84,2 83.8 Ol
0.19779 0. 44lT4 0.9321 7T 4 77.7 -0.3
0.25215 0. 54051 0.9035 T4, 2 T34 0.8
0.38747 0.62247 0.8771 69,4 69.8 =04
0.49753 0,T70536 0.8482 66,0 66,2 -0,2
0.65668 0.81036 0.8094 62,4 61,6 0.8
0.79439 0.89129  0.7802 573 57.8 -0,.5
1.0046 1,0023 0.7390 52,2 52,4 -0.2
1. 2056 1.0980 0.7044 47,5 47.5 0.0
1. 4446 1.2019 0.6684  42.0 41.8 0.2
1.6772 1.2951 0.6383 36,7 36,5 0.2
1.9932 1.,4118 0.6035 29,8 29,7 0.1
2.2579 1.5026 0.5780 24,3 24,3 0.0
205500 195969 005556 1806 ) 18.9 "003
) 2: 8984 107025 005312 1209 13&51. "'002
53,2388 1.7997 0.5101 8.4 8.2 0.2
3.5154 1.8750 0.4949 5.1 5,0 0.1
4,0028P 2,0007 0.4702 0.7 0.8 -0,1
Average  +0.3

80alculated from Equation 5.1 using the parameters in
Table 11.

bSaturated solution.
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Table 8. Apparent molal heat capacities of rare-earth
chloride solutions at 25°C in cal. 9¢~1 mole=t

- ~Bep?
LaClz - NdClsz DyCls ErClsz Yh0lz
0.0 111.4° | 115,10 107.7° 110.9% 104, 8P
0.3 93.6 95,2 85.4 85.6 84,7
0.4 88.7 89.8 80.0 79.9 CT79.7
0.5 84,0 . 84,8 75,2 74.9 o 75.2
0.6 79.3 79.9 70.7 70.4 70.8
o7 74.5 74,9 66.3 66.0 66.5
.8 69.6 69.9 61.9 61.7 . 62,0
! 64,4 64,6 57.3 57,2 57 &
o0 59,0 59.1 52,4 52,4 52.5
.1 53.3 53,2 47,2 47,4 47 .4
02 47,3 47,0 41,7 42,0 41,9
o3 41,0 40,4 36,0 36,3 36,2
4 34,6 33.5 30.1 30,4 30.4
.5 28,2 26,4 24,1 24,4 24,5
.6 21,7 19.0 18.2 18.5 © 18,7
o7 15.5 11.5 12.6 12.8 13.2
.8 9.6 4,0 Te5 7.8 8.2
a9 403 "303 302 307 4.0
095 109 "608 204
..O 008

MH HFHEF O HHE O HHEH. HOO O
L]

@0alculated from Equation 5.1 using the parameters in
Table 1l.

Poptained by extrapolation.
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Table 9.  Partial molal heat capacities of rare-garth
' chloride solutions at 25°C in cal. °C~1 mole=l

HHH HHEF HOO 000 00O

o3 Cpod |
~ LaCls NdCls DyCls ErCls YbCl3z
. 0 -11104 -11501 -107.7 ""1100 9 "1040 8
o3 -86.0 -86.9 -76.8 =76.3 -76.8
s =79.1 -79.5 -70.0 - =69.3 -70.2
.5 72,3 72,4 -63.7 -63.1 ~64.,0
o6 -6592 -6591 . -5705 -5702 -5708
-7 -57-6 . -5705 "'5100 "'5009 "'5102
.8 ~49,.5 -49,% 43,8 44,1 ~44,0
.9 =40,6 =40, 4 -35.9 -%6,5 =36,1
oo "'3191 -3.006 -2703 -2709 "2704
o1 - =21.0 -20,0 -17.9 -18,6 =18,1
02 ~10.5 -8,6 -8,0 «8,6 -8,4
03 ool 304 200 106 104
WA 10,6 15,7 11.8 S 11.5 10.9
.5 20,4 28,3 20.7 20,5 19.5
.6 29,2 40,6 28,1 28,0 26.7
1.7 36,2 52.3 33,2 32.8 31,7
1.8 40.9 62.9 ‘35,1 34,0 33,7
1.9 42,5 71.8 32.7 30, 4 31.6
1.95 41,9 T5.4 28,8
2,0 24,6

8galculated from Equation 5.2 using the parameters in
Table 12.
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Table 10. Partial molal heat capaclties of water in rare-
earth culoride soliutions at 259C in cal.®C-1 mole=1

u? ®p1
Tacls Nac13 DyCis Erols o013

a

17.9955  17.9955  17.9955  17.9955  17.9955
17.983 17,982 17.982 - 17.980 17.983
17.968 17.066  17.066  17.965  17.963

170 943 170940 . 170944 170942 170945

e

. 17.90% 17.900 17.910 17.910 17,911
. 17.846 - 17.842  17.860 17.862 17.861
. 17,763 17,758 17,787 17,793 17,787

17.648 17.641 17.684 17.693 17.684

@ L

17.493 17,482 17,543 17,554 17.543

17.292 17.270  17.356 17.368  17.358
17.042 17.000 17.121 17.130 17.127
16,742  16.662 16,838 16,843 16.851

MH HEE HHEE HEE HO0O 000 000
[ ] -]
OV WX oML WPHE OWVWm =0 HUWO.

16.398 16.255 16.518 16.517 16.539
16,026 15,781 16,180 "16.174 16.211
15,648 15,248 15.859 15.855 15.900

15.303 14,674 15.610 15.619 15,656

. 15,045 14,091 15,508 15.555 15.550
. 14,947 13,543 15,658 15,781 15,678
.95 14,987 13,300 15,869
o . 169168

20alculated from Equation 5.3 using the parameters in
Table 13,
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Table 11. Parameters for the empirical expressions of ¢cp
corresponding to Equation 5.1
Salt A B ¢ D E
LaClz ~111.35 71l.22 52,453 44,768 ~11,204
NdClz ~115.07 80.14 -59,044 44,626 -9.732
DyCls =107.70 97.03 ~94,920  69.738  -16.539
ErCly  ~-110.93  112.86  -118.806  83.889  =19.466
YbCls 104, 84 85.81 -79.761  61.075  -14.822
Tablé 12. Parameters for the empirical expressions of 5p2
corresponding to Equation 5.2
Salt Al B' ¢! D! B’
LaCls -111.35 106,83 -104,906 111,920 -33.612
NdCls -115.07 120.21 -118.088 .111.565 ~-29.196
DyCl=z -107.70 145,54 =189.840  174.345 49,617
ErClz -110.93 169.29 =237.612 209,722 ~58.398
TbClsy -104b84 128.72 -159.522 152,688 =44, 466
Table 13. Parameters for the empirical expressions of Epl

corresponding to BEquation 5.3

Salt -

B"

o D" E"
 LaClsy ~0.64153 0.94496 -1.20977 0,40369
NdClz -0,72187 1.06370. =1.20593 0.35065
DyCls ~0,.87401 1.71002 ~1.88453 0.59591
ErCls -1.01660 2,14033 -2,26693 0.70137
Tb0L =0.77295. 1.43692  =1.65043 0. 53405
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Values of ¢Cp, sz, and Epl; which were computed from thé
appropriate empirical equations, are given at rounded values
of m% in Tables 8, 9, and 10, respectively. The parameters in
the empirical équations are given for each salt in Tables ll?
12, and 13. Figures 5, 6, and 7 respectively show the varia=
tion of @op, COpp, and Cp1 With u?,

C. ZError Analysis |

The apparent molal heat capacity is a derived quantity
which 1s dependent on the experimentally measured specifice
heat éﬁd molal concentration of the solution. Consequently,
any uncertainty in the apparent molal heat capacity is a
result of uncertainties in these measured quantities.

The principle of propagation of precision indexes (66)
provides a means whereby the probable errcr in a derived quan=
tity can be estimated from the probable errors in the inde-
pendently measured variables. Since the probable errors in
the specific heat and concentration are independent, the
propagation of these errors ountc the apparent molal heat

capacity 1s given by

\2 a¢ \\ 2
2 8¢c2 2 CP 2
P¢cp— as ) PS + am } PIn 9 (504)

whsre Pﬁcp 1s the probable error in the apparent molal heat
capacity; PS, the probable error in the specific heatl; and
P, the probable error in the molal concentration.

Appljing Equation 5.4 to the apparent molal heat capacity'

as expressed by Equation 2.27, one obtalns
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2 I Q 2 :
2 1000 2 1000(s~~-s) 2
P = o+ M P P ° ° 5
¢cp [ m 2:| s ¥ ', 2 J m (5.5)

.The probable error in the conceniratiqn was estimated
from the precision of the chloride and rare-earth analyses %o
be less than 0.1%. The probable error in the specific heat
was estimated frdm the precision of all specific heat measure=
ments to be less than 5x10~% cal./gm,oc; _ |

Table 14 shows the results of calculations of the probable
error in the apparent molal heat capacity for solutions of
ytterbium chloride investigated in this work. The individual
contributions due to the estimated maximum errors in the
specific heat and concentration are also shown. It is evident
that the major source of error in the apparent molal heat
capacity is from the uncertainty in the specific heat, and
this contribution increases rapidly as the concentration

decreases,
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Table 14. Probable error in the apparent molal heat capacity
for yttervium chloride solutions
1 3cp - [3g

m m® ~Bep ( 52 )95 -7;%2 Pm P¢cp
0.10064 0.31724 84,2 5.11 0.35 5.1 -
0.19779 O 44474 TTo4% 2.67 0.34 2.7
0.29215 0.54051 74,2 1.85 0.32 1.9
0.38747 0.62247 69.4 1.43 0.31 1.5
0.49753 0.70536 66,0 l.14 0.30 1.2
0.65668 0.81036 62,4 0.90 0.29 1.0
0.79439 0.89129 573 0.77 0,28 0.8
1.0046 1.0023 52,2 0.64 0,26 0.7
1.2056 1.0980 47.5 0.55 0.24 0.6
1.4446 1.2019 42,0 0.48 0.2 0.5
1.6772 1.2951 36,7 O.44 0.22 0.5
1.9932 1.4118 29.8 0.39 0.20 0.4
2.2579 1.5026 24,3 0.36 0,19 0.4
2. 5500 1.5969 18.6 0. 34 0.17 0.4
2.8984 1.7025 12.9 0.31 0.16 0.4
3.2388 1.7997 8.4 0.29 0.15% 0.3
3.5154 1.8750 5.1 0.28 0.14 0.3
4.,0028 2.0007 0.7 0.26 0.13 0.3
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VI. DISCUSSION

The data obtained in this research were concerned with
solutions too concentrated to be‘expeqted to obey the Debye-
Huckel limiting law. ‘It must be emphasized that thé parameters
in the polynomial expressions for the apparent and partial
molal heat capacities are completely empirical. They were
computed to give the best fit of the experimental data at con-
centrations greater than 0.1 molal, and any'interpretation
based on an extrapolation of the polynomial equations outside
this concéntration range must be done with reservation.
Furthermore, because of uncertainties in the first and second
temperature de;ivatives of the dielectric'constaﬁt of water,
the presently accepted value of 89.9 for the limiting slope of
the apparent molal heat capacity for 3-1 electrolytes (22) is
subject to considerabdle uncertainty. Consequently, although
the 1imiting slopes for the apparent moclal heat capécity differ
in some cases by as much as 25% from the accep@ed,theoretiéal
value, this does not imply that the rare-earth chlorides do
not obey the Debye-Hﬁckel theory. Indeed, there is ample
evidence to the contfary (4,7)s Similarly, the values reported
for the aprparent molal heat cépacity at infinite dilution are
subject to considerable uncertainty, perhaps as much as 10%.

A direct comparisop with the present study 1s impossible, but
it is interesting to note that Jekel et al. (67) have reported
a value of -104 +.5 cal/mole °C. for the apparent molal heat

capacity of gadolinium chloride at infinite dilutlon. The
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corresponding value obtained in this work for dysprosium
chloride was -107.7 cal./mole °C., and since one would not
expect the two salts to be greatly different, the agreement

is satisfactory. |

The apparent molal heat capacity is .gehnerally negative

for dilute aqueous solutions of strong electrolytes, and the
rare-earth chlorides are no exception in this respect.. A
negative apparent molal heat capacity in dilute aqueous solu-
ions can be eiplained on the basis of lon-solvent interac-
tions. -For example, a rare-earth lon, because of its high
chiarge density, will interact strongly with the water molecules
in the first bhydratlon shell. Such interaction will consider-
ably restrict certain rotational degrees of freedom of the
water molecules, substantially reducing their contribution to
the heat capacity of the solution. The orienting effect of
the central lon will extend beyond the first hydration shell
and cause a somewhat smaller loss in heat capacity of the
water molecules in the outer shells too. In dilute solutions
the loss in heét capacity of the oriented water molecules pre-
dominates over the heat capaéity which may be ascribed to the
ion-hydrates that are formed. Consequently, the heat capacity
of a dilute electrolytic solution is less than that of the
pure sblvent, and che apparent molal heat capacity is nega-
tive, This ié evident from 1ts definition, viz.,

C. . 1709
Bop = ~& 1Rl
n2

o , (2.17)
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The contribution of the lon-hydrates to the heat capacity
of the solution will increase as the concentration increases,
and the loss in heat capaclity of the orlented water molecules
will}no ionger be the predominant effect. Therefore, the dif=-
fe;ence-be@ween the heat capaéity'of the solutién and that of
the pure solvent will decrease, resulting in the apparent
molal heat capacity becoming more positive with increasing‘
concentration. As is shown in Figure 5, the apparent molal
heat capaclties of the rare~earth chloridesbincreasé with con-
centration. All of the curves exhibit a slight S-éhaped
character, and except for neodymium, show a small decrease in
slope near saturation.

The regular decrease in ionic radius across the rare-~
earth series, while maintaining the ilonic charge constant,
provides an excellent opportunity to investigate the effect of
ion siZe on the apparent molal heat capacity. Due to the
greater charge densities of the smaller rare-earth ions, one
might expect the apparent molal heat éapaéity at low concen-
~trations to decrease smoothly as the atomic number increases.
It 1s evident from Figure 5 that this behavior was ﬁot
observed. Instead, the apparent molal heat capacities of

lanthanum and neodymium are less than those of dysprosium;

erbium, and ytterbium, Furtnermore, at all concentrations
below 1.5 molal, the appérent molal heat capacities of lantha-

num and neodymium are identical, within experimental error.

Similarly, the apparent molal heat capacities of dysprosium,
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erbium, and ytterbium are 1dentical.at all concentrations
beiow 1.5 molal, Withiﬁ'experimental error. These results
indicate that a fundamental difference exists between the
light and heavy rare earths which cannot be expla;ned on the '
basis of lonic radius alone.

| Substantial evidence has been accumulated in ‘his labor=-
;tory by Dr. P, H. Spedding and his students which suggests
that the observed differences in the solution propertiés of

~ the rare-earth salts are due to a change in hydration of the
rare~earth ions as the atomic number increases. TFor exalplé,
evidence for a difference in the water coordination number of
the lightwand heavy rare-earth ilons is provided by the appar-
ent molal volume studles of Ayres (68) (4, p. 330); Saeger and
Spedding (5); Spedding and Pikall; and Spedding, Brown, and
Graye. These investigators found.that as the atomic number
increases, the apperent molal volumes of the rére-earth
chlorides decreasé from lanthanum to neodymium, then increase
from neodymium to about gadolinium, and finally decrease |

throughout the remainder of the series. They postulated that

the heavy rare-earth lons have a smaller cocrdination number

lspedding, F. H. and Pikal, M, J., Ames Laboratory of the
A.E.C., Ames, Jowa. Apparent molal volumes of some agueous
ragz-earth chloride solutions at 25°C. Private communication.
1964, : A

2Spedding, F. H,, Brown, M. and Gray, K., Ames Laboratory
of the A.E.C., Ames, Iowa. Apparent molal volumes cf some
agueous rare-earth chloride solutions at 259C., Private
communication. 1964. ' '
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than do the light rare-earth ions;.and that an equilibrium
existed between the two coordination numbers for tﬁe ions
between neodymium and gadoliniuﬁ; Moreover, they suggested
that the equilibrium shifted toward the smaller coordination
number as the concentratlon increased for the ions between
neodymium-and gadolinium. Csejka ana Spedding (6) and DeKock
(7) have observed very similar behavior for the relati#e
apparent molal eﬁthalpies of the rare-earth chloride solutions.

Additional evidence for the existence of two subgroups
within the rare-earth series is given by the studies of the
heat of formation of rare-earth chelates by Mackey et al. (69)
and Grenthe (70). These authors agree that thelr results can-
not be explained by ligand-field stabilization of the 4-f
orbitals, but are probably due to a change in hydration of the
rare-earth lons néér the middle of the seriles.

The data obtained in this research can be Qualitatively
explaineé on the basis of a decrease in the number of water
molecules in the first hydration shell of the rare-earth ions
as the lonic radii decrease. A lower coordination number for
the smaller ions implies a larger amount of un-coordinated
water in the solution per mole of solute. Since this un-
coordinated water will have a larger heat capacity than it -
had in the hydration shell of the ion, a more positive appar-

ent molal heat capacity will result for the smaller rare-earth
| ions. This is precisely what is observed at concentrations

less than 1.5 molal; however, at higher concentrations, the
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apparent molal heat capacity of neodymium chloride begins to
increase rapldly compared to the other four salts. This
apparently anomalous behavior suggests that an equilibrium
exists between neodymium lons with two coordination numbers,-
but that in the other rare-earth sclutlons investigated in

' this'work, such an equilibrium does not exist; at least not to
any apprecilable extent. As the concentration increases} the
eqﬁilibfium shifts to a higher percentage of heodymium ions
with a lower coordination number. Such a shift in equilibrium
would lead to a sharper rise in the apparent molal heat capa-
¢ity of neodymium chloride relative to thé other rare-earth
chlorides.

There is ample evidence to support the hypothesis that a
change in coordination number occurs within the rare-earth
series. The structural studies of Helmholz (71) give a coor-
dination number of nine for water about the neocdymium ion in
Nd(Br0s)3°9Hp0, while those Marezio gt al. (72) give a value
of eight for gadolinium, six water molecules and two chloride
ions, in GdCl3°6H20. Proton relaxation daté obtained on aque=-
ous gadolinium perchlorate solutions led Morgan (73) té pre-
dict an equal probability of either eight or nine as the
coordination number of gadolinium., On the basis of spectro=-
scopic studies of aqueous europium chloride solutions, Miller
(74) proposed that the close=-in water configuration arcund
the'trivalent europium lon was that of the eight water mole-

" cules in the ice III structure. Furthermore, he suggested
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that this structure was the most probable one for all rare-
earth lons smaller than europium, but expected considerable
‘distortion of the ice III lattice with the larger rare earths.,
Whilé'these studies do not prove that a change in hydration
gccurs in.aqueous rare-earth éolutions, thney lend credence to
the posslibility of such behavior. ‘

It is impossible ét the present time to give a definitive
interpretation of the behavior of the appareﬁt and partial
molal heat capaclties at high concentrations. However, it is
expected that a number of factors will de manifesting then-
selves near saturation which were unimportant or essentially
lacking in more dilute solutions. For exar e, complex-ion
férmation and ioﬁ-pair formation can be reasonably expected to
occur 1in very concentrated solutions. Structural studies of
Marezio et al. (72) have shown that gadolinium chloride hexa-
hydrate consists of complexes of the type {blng(OHg)é]+.
Interpretation of the behavior of soluticns 6n the basis of
crystal structure evidence 1is at best an approximation, but it
is reasonable to assume that similar complex units also exist
in nearly séturated solutions. From Figures 6 and 7, 1t is
evident that the partial molal‘heat capaclities of lanthanun,
dysprosiunm, erbium; and ytterbium chloridé solutions exhibit a
marked change in slope near saturation, and it is‘possible
that such-behavior\reflects the influence of complex species
on the heat capacity of the solutions. The lack of a marked

slope change in the partial molal heat capacity of neodymium
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chloride is attributed to a competition between two effects;
the coordinatlon number equilibrium discusse& above and
complex—~ion formation, with the former exerting the predom~
inant influence on the heat capaclty of the solution.

A quantitative interpretation of the results obtained in
this research will have to awalt a more prec;se knowledge of
the species present in the SOIutions,_ Additional studies of
the heat capacities of other rare-earth chloride solutions are
under way in this laboratory at the present ﬁimé. These
studies should help to clarify the explanations given above.
On the basis of the results obtained in the present work, one
would expect dilute solutions of the chlorides of samarium,
europium, and gadolinium to exhibit apparent molal heat capa-
city values intermediate to those of neodymium and dysprosium,.
At higher concentrations, praseodymium and samarium are
expected to show behavior similar to neodymium, as a result

of the shift in equilibrium of their water coordination

numbers.,
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VII. SUMMARY

An adilabatic calorimeter was designed and buiit to meas-
ure the specific heats of aqueous solutions at 25°¢, with a
vrecision of at least 0.05%. The apparatus consisted of a
calorimeter vessel suspended in 2 submarine jacket, which was
Submerged in a well stirred water bath. In order to minimize
heat transfer, the submarine jacket was evacuated and adiabatic
conditions were maintained between the calorimeter vessel and
1ts‘surroundings. An eight junction copper-~constantan thermo-
pile between»the calorimeter vessel and the water bath served
as a differential temperature sensing device for the adiabatic
controiler. The calorimeter temperature was continuvously moni-~-
tored Dby recording the output of a Wheatstone bridge circuit,
employing a 100,000 ohn thermisfor as the temperature sensing
device. To ensure chemical inertness, tantalum was used for
all varts of the calorimeter whlch came into édntact with the
solution. .

Specific heats were determined for a number of aguéous
solutions of lanthanum, neodymium, dysprosium, erbium, and
ytterbium chlorides at 25°C. The concentration range covered
was from O.1 molal to saturation (approximately 4.0 molal).
From the specific heat data, apparent molal heat capaclties
were calculated for each of the rare-earth chloride solutions.,
The appérent molal heat capacity results for each salt were

-exXpressed as a function of the square root of molality by
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means of a fourth degree polynomlal equation. Partial molal
heat capacities of the solute and solvent were‘calculafed for
. each rare-earth salt from these bolynomial equations.

The apparent molal heat capacity data obtained in this
investigation indicate the rare earths nmay bd divi@ed into two
subgrou?s at moderate concentrations, with the heavy rare
earths belonging to one group and the light rare earths to
another.  This behavior was qualitafively explained by assum=-
ing that the heavy rare-earth ions have a lower coordination
nunber for water than thé light ones, and evidence to support
this assumption was presented. At higher concenfrations
neodymium behaved more like a heavy rare earth than a light
one, This was attributed to the existence of an equilibrium
between two water coordinétion nuambers for the'neodymium ion,
with the equilibrium shifting towards the smailer coordination
nunber as the concentration increased., The partial molal heat
capacities showed possible evidence for complex-ion formation

near saturation.
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