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I. INTRODUCTION

Interest in the chemlistry of the rare-carth elements has
grown substantlally in the last decade. This development
was made possible by the avallablility of large quantities of
pure raré-earth compounds. The ion-exchange process devel-
oped by Spedding and his co-workers (1, 2) for separating the
rare-earth elements from each other is primarily responsible
for increasing the avallabllity of spectroscopically pure
rerec earths. Although every aspect of rare-earth chemistry

has recelved counsiderable recent attention, tne most active

field has been the coordination chemistry of the rare-eaxrth

Much of the interest in the coordination chemistry of

the rare-carth ilons has been stimulated by practical consid-

(D
Sl‘ )

tions., The ion-exchange separation method gnd other
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ration technigues, such as solvent extrsction, are based
on the differences in complex stability of the iouns. Fur-
thermore, the possible applicsbility of some rare-earth com-

plexes as lsser emitters or phosphors has led to study of the

cotical proﬁérties of rare-earth complexes.
Tnéoretical considerations have also stimulated the
tudy of ragre-earth coordingtion compounds. The remarikatle
successes achleved in understanding the properties of tran-
sition metgl complexes have prompted similar avpovroasches to

the

()

study of rare~earth complexes. However, important



differences exist between the chemical behavior of the transi-
tion metal elements and that of the rare-earth elements,

The coordingtion chemlstry of the rare-earth elements is

still very imperfectly understood. A sizable amount.of data
has been collected on rare-earth complexes (3); however, no
theoretlical approach to this subject has thus far been able

to provide even a qualitative explanation for all the fea-
tures of this data.

The coordination chemistry of the rare-earth ions is far
more limited in scope than that of the transition metal ions
with respect to both the number of complexes which can be
prepared and the experimental techniques which can be used to
. study themn. Because of thelr low charge density, the rare-
earth lons form strong complexes with only a few types of
ligands: nearly all of the rare-earth complexes studied thus
far have been with polydentate ligands which coordinate
through oxygen or nitrogen. Furthermore, for all but two of
the rare earths, the trivalent state is the only oxidation
state stable in aqueous solution. The optical and magnetic
properties of the rare-earth lons are almost always independ-
ent of the chemical environment; thus, theAspectral and mag-
netic techniques which are so useful in the study of transi-
tion metal complexes are of very limited help in the study
of rare;earth complexes. As a result, the experimentgl
study of rare-earth complexes has been almost entirely re-

stricted to the acquisitlion and interpretation of thermo-



dynamic data.

The research reported in this dissertation is an addi-
tion to the accurate thermodynamic data avallable on rare-
eartn coordination compounds. The complex formgstion egul-
libria of the trivalent rare-earth lons and two carboxylate
ligands were studied. The ligands were the a-hydroxyiso-
butyrate (cHIB), and the 2,2-bis(hydroxymethyl)propionate
(BHMPA); all the rare-earth elements except promethium, but
including yttrium, were considered. The stability constants
of all the complexes present in significant concentrations in
agueous solution were measured. The method of competitive
reactions, in which complex formation is followed.by'méasur—
ing pH changes, was employed, and a welighted least squares
technique was used to calculate the stability constants from
the pH data. A constant ilonic strength was used in all the
measurenents so that the stgbility ddhstants would be inde-
vendent of gctivity coefficient variations.

The data presented in this dissertation are of practi-
cal velue inasmuch as they caﬁ be used to evaluagte the two
liggnds asipétential complexing agents for use in the ion-
exchang§,separation process. The data are also of theoreti-

al value: consideragtion of the relationship between the
stability constants and such factors as ionic radius or
ligand structure reveals important information about the proc-
ess of complex formation. In this dissertation a model of

complex formation is proposed which provides a satisfactory



thermodynamic explanation for all the trends observed in the
data. This model also provides s means of explaining the
general features of the data found by several other workers

for similar rare-earth complex systems,
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II. THERMODYNAMIC CONSIDERATIONS

A. Conditional Stabllity Constants
The formatlon of a carboxylate complex by a trivalent

rare~earth ion may be described by the following equation:
+ -
W e oma- - omadR.

Throughout the remainder of this discussion the charges of the
lonic species will be ignored, since-it its understood that
only trivalent rare-earth cations and monovalent carboxylate
anions are under consideration.

The thermodynamic stability constant for the .above. proc-

ess can be written,

-K‘Bn = [MAn}fMAn
n n
(M08 T 2yt

where the brackets denote molar concentrations, and f3 repre-
sents the activity coefficient of the ith species. The ratio
of concentrations is referred ‘to zs the stoichiometric stabil-

ity coastant, Bp. Consequently,

{0

. T
1 . 3% B n - B IVI'A nn
fufa

For o given system, the thermodynamic stability constant is

“a function only of temperature; it is directly related to the



free energy of complex formation by means of the equation
AG = =RTln¥*pp. ' (1

If the activity coefficlents are deflned with respect to
the solute standard state, they will approach one as the con-
centrations of all the specles approach zero; Thus, in the
limlting case of the infinitely dilute solution, #pp will
equal Bpe. At all finite concentrations, the stoichiometric
stabllity constant will be related to the thermodynamic

stabllity constant as follows:

Bn = *Bn.EMEX_ = ¥BpF(f). (2
fMAn

In most multlcomponent systems, such as the ones studied
in thils research, it i1s impossible to measure the activities
or activity coefficients,of all the specles present, On the
other hand, one can usually determine the molar concentrations
of 21l the species present. Consequently, the stoichiometric
stablility constant can be obtained experimentally, but one
cannot, as a rule, directly obtaln the thermodynamic stability
constant. This difficulty can be partially overcome if the
stolchiometric stability constant is determined from data
which have been determined at a cohstant lonic strength.

The ionic strength, I, is defined by the equation

I = %‘22?01- - (3



The terms Z; and C3; represent the charge and molar concen-
tration, respectively, of the ith species. The summation

is carried out over all the ions present in solution. The
concept of lonic strength was introduced by Lewls and Randall
(4)3; they pointed out that the activity coefficient of a given
lon 1s the same in all solutions of identical ionic strength.
Debye and Hlickel later derived a quantitative relationship
between activity coefficlents and lonic strength (5); this

relationship is usually expressed by the equation

21%
108 fi = “Azl — (14»
1 + BAI®

The constants A and B depend on the temperature and the prop-
erties of the solvent, while & is a property of the individual
ion called the ion-size parameter. In principle, the ion-
slze parameter 1s the closest distance, in angstroms, that
oppositely charged lons approach the ion in question. In
practice, the lon-size parameter is usually treated as a semi-
empirical constant, since its exact valué is difficult to
determine in most systems. The above form of the Debye-
Hickel equation is valid only for relatively dilute solutiohs.
Stolchlometric stabillity constants are normally deter-
mined from g wlde range’of.equilibrium constant data. It
these data have all been obtained from dilute solutions of

identical lonic strength in which equation L is presumed

~



valld, all the relevant activity coefflcients should have
remained constant. A constant lonic strength can be main-
tained for a serlies of solutlions in which the concentrations
of the reactants vary if the appropriate amount of a back-
ground electrolyte l1ls added to each solution. The concentra-
tion of the BackgrQund electrolyte can be varied along with
the concentrgtion of the reactants so that each solutlion has
the same total ionic Strength. With data obtained under
these conditions, the term F(f) in equation 2 should be con-
stant; consequently, the value of the stoichlometric stability
constant should be g constant for all solutioné of the same
lonic strength. This type‘of conditional stability constant
obviously has a much wider range of appllicabllity than an or--
dinary stolchiometric stablllty constant. Of course, the
conditional stgablility constants are not as valuable as the
thermodynamic stability constant; nevertheless, much useful
information can be derived from them.

Once conditionsl stability constants have been meagsured,
one can estimate the values of the corresponding thermo-
dynamic stablility constants in a number of ways. Pirst,
one can use equation 4, or an extended form thereof, to cal-
culate F(f). 1In so doing one must estimate the value of the .
ion-size parameter; this is often difficult to do for com-
plexed ions. Secondly, one can obtain conditional stability
constants at several lonic strengths and extrapolate the .

_results to zero lonic strength. At zero lonic strength, F(f)



will equal one. Additlional methods combine graphical extra-
polation with semiempirical estimates of F(f) (6, p. 32).

In the research réported in thils dissertation, an lonlc
strength of 0.100 molar was used throughout. ' This value is
widely used in rare-earth stabllity constant studles. Both
theoretlical and practical considerations led to the cholce of
thls value. The Debye-Hiickel theory puts an upper limit on
the lonlc strength that can be used when measuring stabllity
constants. Equation 4 is valid only for dilute solutions
and low lonic strengths; 1t rarely holds for lionic strengths
above 0.5 molsgr. At higher 1onic strengths the activity
coefficlents are no 1onger independent of concentration.

The purpose of using a constant ionic strength is to hold
F(f) as nearly constant as possible while the concentrations
of the reacting specles are varied; this objective cannot be
achieved if too high an lonic strength is used. _

Other considerations, however, put lower limits on the
lonic strength that can be used successfully in stability
constant studies. Activity coefficients, even in dilute
solution and at constant lonic strength, are not completely
independent of the nature of the lonic mediun. If in o
series of solutions of identical ionic strength the concen-
trations of some of the components vary substantlally, the
lonic medium will not be constant and the activity coeffi-
éients will not remain strictly constant even if the usual

conditlons of equation 4 are satisfied. 1In terms of the
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Debye-HuUckel theory, this effect may be attributed to changes
in the value of the lon-size parameter. The same effect can
also be accounted for by means of Harned's theory of ionic
interactions (7, 8). It will be shown later that for the
systems studied in thls research, the only major concentra-
tion differences in a given series of solutions are in the
values of [A], the free ligand concentration, and in [0105],
the concentration of background electrolyte anlon. Harhed's
equation can provide a quantitative relationship between these
concentration changes and the activity coefficlent changes
which result therefrom. This equation wlll be discussed in
detall in connection wilth acid dissocilation constants in the
next section. For the present it 1s sufficient to state

Harned's equation in the following form:

Alog £ = cIAEA] ' (5

where Alog £, 1s the difference in log £, for two solutions
of the same lonic strength which differ in frée ligand con-
centration by C;[A]. The constant C depends upon the lonic
strength and the specific electrolytes under study. It can
be seen from this equation that Alog £, may be rendered al-
most negligible if the ionic strength is several orders of
magnitude greater than the values of free ligand concentra-
- tion. This fact suggests using as large a value of lonlc .

strength as is consistent with the validity of equation 4,
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On the other hand, the values of [A] cannot be too small,
since sufficient ligand and metal lon must be present to
produce an easlily measurable change in some solution property
when complex formatlon takes place.

An lonic strength of 0.100 molar is the best compromise

between the  factors mentiohed above. One can reasonably
assume that equation 4 holds at this ionic strength, and at
thg same time one can vary the ligand concentration over a
fgirly wide range without substantially changing the concen-
tration of the background electrolyte.

Sodlium perchlorate was used as the background electro-
lyte. This salt has been widely used as a background elec-
trolyte in stability constant studies. It is assumed that
nelther the sodium ion nor the perchlorate lon can form com-
plexes'with any of the other species present under the éxperi-

mental conditions employed in this research.

B. Acid Dissociation Constants

The method used in this research to determine the stabil-
ity constants of the rare-earth carboxylate complexes required
a precise knowledge of the dissociation constants of thé re-
lated carboxyiic acids. Therefore, it was necessary to de-
términe the disséciation constants of a-hydroxyisobutyric
acid and 2,2-bis(hydroxymethyl)propionic acid to a high degree
of accuracy under the same éonditions used in the study of the

carboxylate complexes.
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The dissoclation equlilibrium of a carboxyllc aclid can be

descrlibed as follows:

HA = H + A7,

where HA represents the uhdissociated acid, H' the hydrogen
ion, and A~ the carboxylate anion. Throughout the remainder
of this discussion the charges on the hydrogen ion and the

' carboxylate lon wlill be presumed understood. The thermo-

dynamic dissoclation constant ¥K, is defined by the equation,

K, (E](alfgty
[HA]f

The stoichlometric dissoclation constant K, is therefore given

by the equations,

'Ka = [H-’[A] .
[HA]
or
®K Tya (6
a . .
Tuta

]|

Ka

Essentially the same thermodynamic considerations apply -
to acid dlssocigtlion constants as apply to complex-ion
stability constants. The thermodynzmic dissoclation con-
stants cannot be obtained directly, although stpichiometfic
dissociatlion constants can easily be measured. According.

to the Debye-Hiltckel theory, the value of K will, to a first
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approximation, be constant for all dilute solutions of the
same lonlc strength. According to Harned®s theory of lonic
interactions, 1f the composition of the 1onic.med1um changes
substantlally, the value of K, will vary slightly ﬁith con-
centration even when the lonlic strength remains constant.
The same ilonic strength (0.1000 molar) was used in
determining the acid dissociation constants as was used in
studying the rare-earth complexes. Moreover, the K, values
were measured over approximately the same range of carboxyl-
ate lon concentrations employed in studying the complexes.
With both acids it was found that the value of K, decreased
slightly as the concentration of ligand increased. Dr.
J. E. Powell and co-workers have noted the same phenomenon
while studying several other carboxylic aclds under the same
conditions as used in this research (9, 10). The same
effect was also studied by E1111s (11) Who‘found that the
acid dissoclation constant of acetic acid depended upon the
nature and concentrgtion of the background electrolyte even
in solutions of identical iohic strength. Similar behavior
has also been noted by Kilpatrick (12). |
For both acids studied in this research, the wvariation
in Kg with [A] was found to be linear. By means of an
ordinary least squares calculation, to be described later,
the following equations were obtained: for g-hydroxyisobutyr-

ic acid
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-l}

Ko = 1.630 x 107% = 1.497 x 10~%[a], (7

and for 2,2-bis(hydroxymethyl)propionic acid
Ka = 3.689 x 1072 - 3.803 x 10~2[a]. (8

Over the range of ligand concentrations studled, the value of
K, for a-hydroxyisobutyric acid wvaried from 1.616 x 10‘4vto
1.583 x 10'4, while K5 for 2,2-bis(hydroxymethyl)propionic
acid varied from 3.678 x 10™2 to 3.593 x 1073,

For many purposes the slight wvarigtion in K, with
changes in [A] could be ignored. However, Powell and
Rowlands (9) showed that this variation should be taken into
account in the calculation of rare~earth complex stgbility
constants. The use of a variable K, in their calculations
resulted in lower standard deviations and improved consisten-
¢y in their results. Consequently, a variable K, was used
in calculating the stability constants reported in this
dissertation.

The form of equations 7 and 8 can be rationalized by
means of Harned®s theory of ionic interactions, From equa-
tion 6 it can be seen that the variation in Kz must be due to
variatlions in one or more of the three activity éoefficients
g, £ and fgp

The undissociated acid is z nonionic specless therefore
fip should be independent. of changes in the lonic composition

of the solution and should remain constant over the condi-
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tlons under consideration.

According to Harned’s approach, small variations in fy
and ) can be expected when the concentraﬁions of some of the
components change signiflcantly over the range of solutions
under consideration. Harned®s rule predicts that fy will
change as the background electrolyte cation is replaced by
hydrogen lons. However, in all the solutions studled, the
concentration of sodium ion remained constant at 0.0999 molar.
Although the solutions contained different ahounts of NaClOy
and NaA, the total ionic strength remained constant and so did
the sodium ion concentration. Furthermore, the variation in
hydrogen ion concentration was very small over the series of
solutions studied, e.g. 1.296 x 10~% to 1.495 x 10~¥ in the
case of 2,2-bis(hydroxymethyl )propionic acid. Consequently,
variations in fyg can also be ruled out as the cause of the
variation in Kg.

According to Harned®s rule; fp will vary as the back-
ground electrolyte anion is replaced by the carboxylate anion.
In the data collected for 2,2-bis(hydroxymethyl)propionic
acid, [A] varied from 1.63 x 10=3 to 2.51 x 10-2, while [C104]
‘Varied from 9.84% x 10~2 to 7.48 x 10~2, These concentration
changes are significant, and one can attribute the variation
in Kz to changes in ?A which result as the relative amounts of
carboxylate ion and perchlorate ion are altered. Equation 5,
Harned's rule, mgy be appl;ed to this concentration data to

obtain a quantitative relation between K, and [4].



For the systems under conslderation, the term *KafHA/fH
in equation 6 should be constant; if this constant is desig-

nated ¥*K;%, the equation may be rewrltten

Ka = ¥Kg'/fy,

or

logK, = 1log#Kp® - logfy.

If the values of K, at two different ligand concenirations,

(Al and [a]s, are compared,
logKy(2) - logKa(l) = =[logfp(2) - logfa(l)].

Letting [AJy equal zero and letting [A7, equal any finite
ligand concentration, Harned's rule can be introduced into

the above equation to give
logK, (1) - logkg(0) = -~claldi/I.

The value of Xy at zero ligznd concentration and a specific

3 - ~

lonic streagtn L wlll be ccastant znd csa be

The above egquation can then be rewritten

loge (1) Log¥Kz" - c[ali/I,

%i-Ka"lO"C[A] 1/I .

Ko (1)

. . - A4/ ) -
From the series expansion of 10 cls]i/1 one can write
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10CLAJ/T = 1 L i3efaly/r

for systems of constant ionic strength. Since [A]y is always
much largexr than [Aji, the higher terms in the expansion can

be ignored. Consequently,

Ko(1) = *Ka"" 2.3C*K5"[A)1/1,

oxr

Ko(i) = a - b[aly, (9

where b = (2.3C/I)a.

Approximately the same range of ligand concentrations was
used in the study of the rare-earth complex stability con-
stants as was used in the study of the acid dissociation con-
‘stantse. Since the acﬁivity coefficient of one of the species
was pot held strictly constant during the measurement of the
acld dissociation constant, one must conclude that during the
neasurement of the stabiiity constants one or more of the
activity coefficlents Were.not held strictiy connistant either.
As a result, phe stability constant values should vary slight-
ly over the range of ligand concentrations employed. Unfor-
tunately, because of the computational difficulties involved,
the functional dependence of By on [A] cannot be determined.
Nevertheless, the variation in Bn with increasing [47] should

be relatively small, and the stability constant values pre-

sahted in this dissertation can be considered to be the aver-
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‘age values over the ligand concentration range employed. The
flrst three significant figures in B, are probably indepcndent
of ligand concentratlon effccts; hence, the varlations in By
caused by slight variations in activity coefficlents arc

probably within the experimental error in this quantity.
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III. EXPERIMENTAL METHOD

A. The Method of Competitive Reactions

The-experiﬁental method used in this research 1ls an ex-
ample of the method of competitive reactlons. In this method
a reaction competes for the ligand with the complex formation
reactions. Such a procedure is idezlly suited for the study
of carboxylate complexes, since the dissoclation equilibrium
of the acld can be used as the competing reaction. If a
partially neutralized solution of a carboxylic acid is added
to a solution containing a trivalent rare-earth ion, the

following equilibrias are established:

H+A = HA,

M+ A = MA,

MA + A = MNMAp,
cesescecsccsssay.
MAn.1 + A = MAys

wnere N represents the maximum number of ligands that the
metal lon will accept. The first equilibrium in this set is
governed by the acid dissociation constant, while the other
equilibrla are governed by the step formation constants.

The step formatlon constant of the complex MAn is defined as

follows:

Kn = [MAn]
[Man-11(a]
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These constants are directly related to the stolchlometric

stabllity constants by means of the equation

Pn = ﬂ-Ki- (10

In systems where the competing equllibria described above
are present, the formation of complex species will obviously
affect the hydrogen ion concentration. Since hydrogen ion
concentrations can be measured very accurately with a pH
meter, the extent of complex formation can be determined by

observing pH changes.

B. Preparation of Sample Solutiouns

l. Stability constant measvrements

Twenty sample solutions were prepared for each rare-earth
carpoxylate system studled. The samples‘were prepared in one
hundred milliliter volumetric flasks. Four milliliters of a
0.1000 molar rare-earth percnlorate solution were added to
each flask, along with from oue to twenty-five milliliters of
carboxylateﬁppffer solution, The buffer solutlons were
approxi@a;ely 0.1000 molar in the undissociated acid and
0.1000 molar in the sodium szalt of the acid. The zmount of
NaClOy stock solution needed to bring the final solution to an
ibnic strength of 0.1000 molar was added, and the flask was
brought to the.mark with distilledlwater while suspended in a

constznt temperature bath set at 25.00° C.
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The total metal ion concentration in each sample was
4 x 10~3 molar, while the total ligand concentration varied
from 1 x 10=3 to 2.5 x 10~2 molar. The pH of the samples
was ln the range of three to four pH units, depending upon
the particular rare-earth lon and ligand present and upon
the amount of buffer solution that had been added to the
sgmple.

The volume of sodium perchlorate stock solution needed
to bring the ionic strength of each sample.to 0.1000 molar
must be estimated for each system studied. These estimates
are bésed on the amounts which had been found necessary in
the study of the complexes formed by the same ligand with an-
other rare-earth ion. The computer program used to calculate
the stabllity constants was also used to calculate Vsp(i), the
volume of sédium perchlorate stock solution that should have
been added to each sample solution to achieve the desired
lonic strength. These calculated values were used to check
the original estimates and to estimate the values of Vgp(i)
needed for the next rare-earth complex system to be studied.
If the calculated values of Vgp(i) were significantly differ-
ent from the original estimatgs, the megsurements were repeat-
ed on new sample solutions which contained the correct amouhts
of sodium perchlorate.

As a rule, the rare-earth complexes of a given ligznd
are studled in sequence, beginning with lanthanum and con-

cluding with lutetium. Once data have been collected for
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the first few members 6f the rare-earth series, one can note
the average changes in Vgp for eéch sample upon going from

one rare-earth ion to the next. These gveragze increments can
then be added to the calculated values of Vsp found for the
previous.rare~earth complex system to improve the estimates of
Vsp for the next metal compléx system in the series.

In order to estimate the values of Vsp needed in the
study of the lanthanum complexes of a new 1igana, one can only
make rough guesses based on the values of Vsp found for solu-
tions containing the lanthanum complexes of a similar ligand.
Such guesses are usually quite inaccurate. However, once the
first series of solutions containing the new ligaﬁd have been
.measured, the calculated values of Vsp for this set of solu-
~ tioms can be used in preparing a second set contalining the
correct amocunt of background electrolyte.

The equations used in the computer p;dgram to calculate

the values of Vgp will be discussed in the next chapter.

2. Dissociation constant measﬁrements

The saﬁple solutions used in measuring the carﬁoxylic
acid dissoéiétion constants were prépared in exactly the
same way as the sample solutions described above, except that
no rare-earth perchlorate solution was added to the flasks.
The volume of sodium perchlorate needed to bring each sample
to an lonic strength of 0.1000 molar was calculated directly

from equation 3 using an gpproximate value of the acld
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dissoclation constant under study.

C. pH Measurements

The pH of the sample solutlons was measured with a
Beckman model 1019 pH meter. The pH meter was equipped with
a Beckman general purpose glass electrode and a Beckman frit-
junction silver-silver chloride reference electrode. Thils
instrument is capable of measuring the pH of a solution with
an accuracy of ¥0.001 pH unit and a repeatability of #0.0005
pH unit. All measurements were made iﬁ a constant témpera-
ture bath kept at 25.00 %.05° c.

A number of difficulties were encountered in the opera-
tion of the pH meter. Many sets of data had to be discarded
when a poorly functloning pH meter or electrode resulted in
data below the desired level of accuracy.

AThe main problems probably resulted from surface adsorp-
tion effects at the tip of the glass electrode, since it was
found that the glass electrode was quite sensitive to changes
in its lonic environment. When the electrodes were removed
from the standard solution and placed in a sample solution
containing rare-earth ions, a walt of fifteen minutes was
necessgry before a steady pH reading could be obtained. -
Furthermore, if the electrodes were washed with distilled
water after each measurement, a similar time lapse was found
neéessary before a steady readihg could be obtained with the

next sample solutlion. In order to overcome these difficul-.
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tiés, a rather tedlous procedure was developed for standard-
izing the pH meter and measuring the samples. By means of
this procedure, sudden changes in the lonic environment of
the electrodes were avoided.

The pH meter was standardized against a hydrochloric
~acld solution of known concentration. The pH of the stan-
dard was close to the pH range of the subsequent measure-
ments, and the standards had the same ionic strength as the
sample solutioﬁs. The electrodes were'soaked in a portion
of the standard for atileast an hour before standardizatioh
was begun. After internal calibration of the pH meter
agalinst a Weston cell, the electrodes were placed in a fresh
sample of the standard. .The pPH meter was standardized with
respect to the first sample, and the standardizétion was re-~
peated on new portions of the standard solution until three.
successive readlngs were in exact agreement. The electrodes
were allowed to soak for flve minutes in each new portion of
the standard before standardization was attempted.

Once the pH meter had been standardized, the pH readings
were mede in a simllar fashion. Each sample solution waé
divided infé three portions. The first portion was used to
rinse the electrodes, which were then soaked in the second
. portion for three minutes. The reading was taken on the
third portion. By use of this mgthod, it was no longer ne-
cessary to rinse.the electrodes with distilled water between

readings to remove contaminants from the preceding solution.



Since a concentration standard rather than an activity
standard was employed, the pH meter read the hydrogen ion

concentration directly.
D. Preparation of Reagents

l. Standard sodium hydroxide solutions

Sodium hydroxide solutlions of approximately one molar
and one tenth molar concentratlons were used in this research.

A 0.1082 £ 0.0002 molar stock solution had.been prepared
by Y. Suzuki using the method of Powell and Hiller (13).
This solution was restandardized periodically aga;nst potas-~
sium =2c¢id phthalate, Tnis solution was used to titrate the
burfer solutions and to standardize the hydrochloric acid
solutions used as pH standards.

The one molar stock solutions were used in preparing
the carboxylate buffer solutions. .Tﬁo meﬁhods were used in
~ preparing thése solutions. In the earlier stages of this
researcn, the solutions were p;epared by the barium chloride
method of Vogel (14, p. 239).: A saturated solution of NaOH
was preparéiéfrom reagent gradé NaOH pellets. Any insoluble
materia} was filtered off, and then BaCly was added to pre-
cipitate any carbonate lion present in.the solution. After
Tiltration, the excess barium ion was rémoved by passing
the solutlion through an ion-exchange column containing Dowex-
50 resin in the sodium form, During this process, several

. precautions were taken to prevent contact of the solution
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with carbon dioxide from the atmosphere. The resulting
carbonate-free solution was diluted with freshly boilled
distilled water and then standardized against potassium acid
phthalate.

In the latter stages oflthis research, one molar NaOH
stock solufions wére prepared from carbonate-free NaOH .ampules
obtained from the Anachemla Chemical Co., Montreal, Canada.
These solutions were also standardized against potassium acid

phthalate.

2. pH standards

An approximately 0.0200 molar hydrochloric acid solution
was prepared and standardized seversl times against standard
sodiun nydroxide solution. Ten milliliter aliquots of this
soluﬁion were used to prepare two liters of standard solution.
The pH of the standards was thus épprgximately four. The
standard soluticns were brought to an ioﬁic strength of 0,1000
nolar by the addition of the appropriate aﬁount of sodium per-
chlorate stock solution. Thé PH of the first standard was
taken to be?that calculated from the stoichiometric'concentra-
tion of hya§EChloric acid in the stock solution. Subsequent-
ly prepéréd standards were checked votentiometrically againét
the first standard and against each other to insure mutusl

consistency.

S« Rare-eagrth perchlorate solutions

Rare-earth perchlorate stock solutions of 0.1000 molar
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concentration were prepared by dilution from gpproximately
0.5000 molar stock solutions that had been prepared by W. R.
Stagg. The details. of the preparation and standardization
of Stagz®s solutlons are glven in his doctoral dissertation
(15). The concentration of the 0.1000 molar rare-earth per-
chlorate sblutions was checked by EDTA titration using arsen-
2z0 as an indicator. In each case, the concentration was
found to be 0.1000 ¥ 0.0005 molar. Deviations of ¥0.0005
are within the experimental error of the EDTA titration
method. Thus, it was assumed that Stagg®s solutlons had been
. accurately standardized and that no significant error was in-

troduced by diluting them to 0.1000 molar.

L, Sodium perchlorate solutions

Sodium perchloraté stock solutions were prepared from
anhydrous NaClOy obtained from the G.. Frederick Smith Co..
The reagent as obtalned from the manuf;ctﬁrer contained a
substantial amount of impurities snd required extensive
rurification. In order to rémove the insoluble nmateriagl, a
nearly satufated solution was prepared and filtered'several
times thrdﬁgﬁ'two thicknesses of Schleicher and Schuell blue
ribbon éréde filter paper. In oréer to remcve any cationic
contaminants, the solution was then passed through an ion-
exchange column cbntaining Dowéx-SO resin in the sodium form.
Tre NaClQy solution was diluted to approximately one molar

and standzrdized by an ion-exchange method. In this case a2
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column containing Dowex-50 resin in the hydrogen form was
used. Aliéuots of the NaClOy solution were eluted through
the column, and the perchloric acid liberated was titrated
with standard NaOH solution. This method gives the molarity

of the solution with a reproducibility of I 0.00l.

5. o-Hydroxyisobutyric acid buffer solution

Crystalline a~hydroxyisobutyric acid was obtailned from
the Aldrich Chemical Co., Milwaukee, Wlsconsin, After re-
crystallization from carbon tetrachloride, the acld was found
by titration to be in excess of 99.5% pure.

Two liters of a half-neutralized buffer solution were
prepared by welighing out four tenths of a mole of the acld,
adding two tenths of a mole of the one molar NaOH solution,
and diluting with distilled water, The resulting solution-
was 0.1000 £ 0.0002 molar in the sod;um salt of the acid and
approximately 0.1000 molar in the unnéut;lized acld. The
exact concentration of the unneutralized acid was determined

by titration with standard base.

6. 2,2—Bié(@ydroxymethyl)pronionic acid buffer solution

Tge,2,2—bis(hydroxymethyl)propionic acid was also ob-
tained from the Aldrich Chemical Co.. In order to purify
the acid it was dissclved 'in warm methanol and then reprecip-
itated by the addition of carbon tetrachloride. After one
recrystéilization the purity of the acid was found by titra-

tion to be in excess. of 99.5%.
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A half-neutralized buffer solution of this acid was pre-
pared in the same way the g-hydroxyisobutyrate buffer was pre-

pared.
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IV, MATHEMATICAL METHOD
A. Preliminary Calculations

l. Acid dissociation constants

The..previous chapter déscribed the preparation of the
sample solutions used in the determination of the acid dis-
soclation constants. The pH readings and stoichiometric
data on these solutions were used to calculate K., the acid
dissociation constant, for each sample solution. Equations
7 and 8, which relate the changes in K, to changes in the
free ligand concentration [A], were then cbtained by a simple
least squares computation. |

The relevant experimental quantities are defined as

follows:

Vi = total volume of ezch sample,
Vp(i) = volume of buffef"a,solption added to the
ith sample,
Cha = concentrqtion of uﬁneutralized acid in
) the buff;r solution,
CA; = concentration of carboxylate anion in
. h buffer solution,
f ‘Vsp(i) = volume of NaClOy stock solution added to
the ith sample,
Csp = cﬁncentrationAof NaClOy stock solution,

pH(i) = ©pH of the ith sample solution.
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The hydrogen lon concentration of each solution was

calcuiated from the pH of the sample by means of the equation
[&], = 10-PH(1), (11

The concentration of undissocliated acid in each sample,
[HAly, and the concentration of free carboxylate ion in each

sample, [A]j, were calculated by means of the equations

[(Ha]; = Vb(i%CHA - [H]4» (12
v
and
[a); = .l@.(%.%f&."‘[ﬁ]i‘ (13
The values of K,(i1) were then calculated by the equation
Ka(t) = _[HJi[als . (1
BRI

The relation between Ka(i) énd [A]i, as expréssed by
equation 9; was found by a simple least squares treatment of
the I sets of concentration daté. The y intercept (a) and
slope (-b) in equation 9 were thus-féund from the formulas

a

I I I I
TKe (150872 - S(ka ()[4 05[aTs
= 1 L i i ?

I%[A]§ -,C%[A]i)z
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I%(Ka(i)[A]i) - 2K (12[A]y
i 1 L .

I I
I@[Aﬁ - GLaly)*

In.order to determine whether the correct amount of .
NaClQy stock solution had been added to each sample, the exact
amount of NaClO) needed to achieve the desired ionlc .strength
was calculated from the equation |

Vep(i) = _I -[ali.
CspVt

The calculated values of Vsp(i) were then compared with the
original estimates.

The mutual consistency of the experimental data can be
" checked by recalculating each value of Ka(i) from equation 9
and comparing.this value with the valge obtained from equation
14, If the percentage difference beﬁﬁeeh these two values
exceeds one percent for a given set of concentration data,
that set can be dropped from c?nsideration, and a new, more
precise, leést squares calculation made with the reﬁaining
data. W

.
i '
I .

2. Free ligand concentration and ligand number

Prior to the calculation of the stability constants, the
PH readings and stoichiometric data on the samnle solutions
containing rare-earth complexes were used in several necessary

preliminary calculations. In particular, the concentrations
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of the various species, other than complexes, present in the

solutions, especlally the free ligand concentration, were

caelculated. The mean ligand number for each sample solution

was also calculated.

In additlon to the quantitles introduced in the previous

section, the following terms must be defined.

V(1)

.

volume of rare-earth perchlorate stock
solution added to the ith sample.
concentration of rare-earth perchlorate
stock solution.

total concentration of rare-earth ion,
either free or complexed, in the ith
sample solution. |

concentration of perchloric acid in
cerous perchlorate stock solution.
concentration of perchloric acid in the
ith sample solution due to the presence
of cerous perchlorate.

total concentration of ligand, either
free or complexed, in the ith sample

solution.

As in the case of the acid dissociation constants, the

values of [H]i and [HAJi were calculated from equations 11 and

12. These two concentrations can then be used to calculate

[AJi from the value of K,(1). However, since K,(1) in turn
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depends on [A]i, an iterative process must be used. The

value of [A]y was initially approximated by ¥(i). The value
of Y(1) was readily calculated.by means of the equation

¥(1) = [Hji + Vb_‘(ri)cﬁ .
t

Equation 9 was then used to calculate an approximate set of
Ka(i) values using Y(i) as an approximation for [ATJj. A
better approximation of [A]i was found from the first approxi-

mations of K5(1) by means of the equation

[a]y = _Kao(i)[HAJ: .
(B:4F

This second approximation of [A]i was then substituted into
| equation 9 to obtain a second approximation of K,(i). The
cycle of calculations was repeated until convergence was Ob-
tained. In practice, convergence was obtained after only
three iteratlions. The iterative process was easily incor-
porated into the computer program used for calculating the
stability constants.

Some complications arose in the study of the cerous
. complexes: the cerous perchlorate stock solution contained a
small amount of perchloric acid in order to retard the oxida-
tion of the ceroué ion. The presénce of this acid had to be
taken into account in the caleculation of [HAl3 and Y(i) for
these solutions. The concentration of perchloric acid

present in each sample containing cerous complexes was calcu-
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lated from the equation

[Hcloy]y = _Vm(i)Cyym .
Vi

Instead of equation 12, the following equation was used to

calculate the concentrastion of unneutralized acid:

[EA]y = _Vo(i)Cgs + [HCloyly - [H]:.
Vi

Also, the value of Y(i) was calculated from the equation

Y(i) = Vbéi)ca - [HCloy]; + [H]:.
t

The concept of mean ligand number was introduced by
Bjerrum (16); it is defined as the average number of ligands
bound to each metal ion in a mixture of complexes. The gquan-
tity ¥(i) - [A]; equals the concentration of ligands bound
.to metal ions; thus.the ligand number, n, will be given by
the equation ‘

A = y@)-[ali. . (15
— (1)

A plot of 7 versus [A] is often used to determine N, the
maximum number cf ligsnds that the metal ion will accept.
The value of & approaches N asymptotically as [A] increases.
The ligand number is directly related to the complex-ion

stablility constants. In general,

Y - [a] = [Ma] + 2[Ma2] + ... 4 N[MAYN]s
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and
z = [M] +[Ma] + [Map] + ... + [May]d,

hence

S apglaT"
A
n=Oan[~~ . (16

St
n

N n
gébﬁn[A]

In the above equation, the quantity By, although physically
meaningless, has been set equal to one for the sake of nota-
tional convenience, Equations 15 and 16 are the starting

points of most methods of calculating complex ion stability

constants.

B. Calculation of Stablillity Constants
The methods that have been used to calculate the stabil-

ity constants of rare-earth carboxylate complexes canAbe
divided into three categories: successive gpproximation
methods, graphical integration techniques, and least squares
computations. Although a ieast squares method was used in .
this fesearch, for purposes of comparison the basic concepté
of the other two methods will be briefly'discussed.

. An example of a successive approximation method is
Bjerrum®s method (16). In this case the values of the step
formation constants, K, for n from one to N, are calculated

from 7 and [A] data. In order to begin the calculations,
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one must make crude estimates of the values of Kp. Equation
16 is then solved for each value of Kn using the @i and [A]
_data and the estimates of the other step formation cdnstants.
Thus for n = t, the appropriate equation haslthe form
n=g-1 n

' 3. (8 - n)pplal
Kt = n=0 . (l?

n=N - el -1 '

[(A1Z (n - A)BulAT K¢
n=t

The values of K resulting from these calculatlions are a
better approximation of the true values than the first'esti-
mates; they can be used as the estimates in a secéond set of
calculations of the same type. The process is repeated until
no significant difference 1s obtained in the results of suc-
cessive calculations.

The major disadvantages of Bjerrum®s method are the
limits placed on the datz used to calculate each Kp. One
cannot use data for which n is greater than n, qrAdata for
which I is very close to n, because the term (n - n) appears
in the denominator of equation 17. Consequently, Kj is cal-
culated from the data for which & is between the limits of
0.3 and 0.7, Ko is calculated from data for which n has the
limits 1.3 and 1.7, and similarly for the higher constants.

A value of Ky 1s calculated from each 7 and [A] data set in
the appropriate range, énd the results are averaged.

Two other similar successive approximation methods are
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those of Pog€ (17) and of Rossotti (18).
The Fronaeus method (19) is an example of a graphical
integration technique. This method 1s based on the observa-

tion that equation 16 can be rewritten,

A = _[alpe, . (18
F

where

N n
F = 2 Ba[a]»
n=0

and

F* = dF/dEA].

Equation 18 can be integrated to give

1n F(i) = ﬁE[AJi(ﬁ/[AJ)d[A],

where the lower limits of integration are taken as [4] 2 O
and F = 1, and the upper limits are taken as [47] = [A]i and

- P = F(1). One can calculate the value of F(i) for each set
of data (fi,[A]) using graphical integrétions A new function

Fl is defined by the equation

F'o= FP-1 = B1 + B2[A] + ... % BN[A]D?'l.

[a]

A set of Fl(i) values can be calculated from the values of .
F(1) and [AJs; when F-(i) is plotted against [47]; the inter—-

cept will be Bi. The same procedure is continued to find
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the remaining stability constants. In general, the function

F2 is deflned as follows:

Mo Pl oBna Bn + Bn_‘;l[:A] + ...+ BN[A]N'n.

LAl

A plot of F*(i) versus [A]i will have an intercept equal to
Bne .

A disadvantage of the Fronaeus method 1is the tendency to
prejudice the data by smoothing the curves in both the graphi-
cal integration and éxtrapélatibn steps. Errors will tend to
accumulate, since each By is calculated from its predecessors.

The least squares method used in thils research is based
on the method of Sullivan, Rydberg, and Miller (20). This
method was flrst adapted to the calculatlion of rare-earth
carboxylate complex stability constants by Stagg and Powell
(21). The method has been further modified by Powell and
several of his co-workers. -

Equations 15 and 16 are the mathematical starting point
of the least squares method. For the sake of notational
conveqience,,the free ligand concentration, hitherto desig-
nated [A], will be represented by the symbol X. If equation
15 is set equal to equation 16, the following relation may be
derived: | |

N

S (Y -X-nz)gxt = oO.
n=0 .



40
The residual for a given set of data (X(1),¥(i),Z(i)) will

.therefore be given by the equation

U(1) = égb(x(i) - X(1) = nz(1))ppx(1)". (19
In applying the method of least squares, one minimizes
the sum of the squares of the residuals with respect to the
desired pérameters. IT the errors in the data are not of
uniforn magnitude over the range of measurements under con-
sideration, a weighting factor is intrcduced: this factor
weights the data with the smaller errors more heavily than
the data with the larger errors. - Hence, the sum to be mini-

mized is written,
: 2
S = ZW(1)u)s, (20
i=l

where W(i) is the weighting factor for the ith data set and I
is the total number of data sets (X(1),Y¥(1),Z2(i)). When S
is minimized with respect to the parameters, N equations of
‘the foxm

N I '
=22 [ Zw(i)(¥(1) - X(1) - nz(L))

J=O j-:l t n+j

(¥(1) - X(1) - 3z(1))px(1) 7]

alp»
n

Bn

are obtained. These N equations are set equal to zero and

solved simultaneously using matrix algebra.
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Bach of the N equatlons has the form
P(n) + R(n,1)p; + R(n,2)py *+ ... *+ R(n,N)By = O,

where

I . . . '
P(n) = ;;iw(i)(xti) - X(L))(T(L) - X(1) - nzZ(L))x()?, (21

and

I .
R(n,j) = 2 W(i)(¥(i) - X(i) - nz(i))
i=1 n4j
(Y(1) - X(1) - JZ(1))X(1)" . (22

These N equations can be put in matrix form as

[R(n,3)](Bn] = [V(n)]s

where V(n) = -P(n), and [R(n,j)] is a N by N square matrix
while [Bn] and [V(n)] are N by one column matrices.  This
matrix equation can be solved for the elements Bp by finding

the inverse of the coefficient matrix [R(n,j)], since

[en] = [R(n,3)] V()]

The elements of the matrix [R(n,j)]-l are found by dividing
the transposed matrix of the cofactors of the elements of
[R(n,;3)] by the determinant of [R(n,j)].. As a result, one

obtains N equatlions for the B, values of the form
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. .
> Q{n,3)v(J)
J=1 s (23
Det[R(n, )]

Bn =

where Q(n,j) is an element of the transposed matrix of the
cofactors of the elements of [R(n,j)].

The computer program is set up to calculate the elements
P(n) and R(n,j) from the data sets (X(1),¥(i),Z(i)) using
equaticns 21 and 22. The program then finds the elements
Q(n,j) from the values of R{n,j) using formulas obtained by
the ccfactor method. Finally, the values of Bp are calcu-
lated using equation 23.

The weighting factor appears in equations 21 znd 223
therefore, this function must be determined prior to the cal-
culation of ®(n) and R(n,j). The welghting factor is related

to the errcrs in the megsurements by the expression
rrr s _ N2
W(i) = l/d(l) 9

where S(1i) is the standard error in the residual U(i)j; this
quantity reflects the errors in the date X(i), ¥(i), and Z(i).
Purthermore, ¢(1) can be equated to dU(i) where this differ-

ential is given by the equation
au(i) = (2U/eZ)1ax (1) - (¥U/&Y)1d¥ (1) - (RV/3Z)1dz(1) (24

The partigl derivgtive terms in this equation can be readily
found from equation 19. The terms dX(i), d¥(i), and dz(i)

re the standsrd deviations in the quantities %(i), Y(i), and
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Z(1) respectively. By means of the usual propagation of
random error equatlons, one can calculate the average relative
error in each of these three quantities. As can be seen from
the equations used in calculating these quantities, errors in
stock solutlon concentrations, errors in preparing the sample
solutions (such as ilnaccurate pipette and burette readings),
and errors in the pH measurements can all give_riselto errors
in X(1i), Y(i), and Z{(1i). By estimating the possible errors
1h each experimental step one can calculate the average rela-
tive errors in X, ¥, and Z. The standard deviations in these
Three quantities are related to the average relative errors by

equatlions of the form
ax(i) = (ox/X)x(1),

where (0y/X) is the average relative error in Xx.

Sullivan, Rydberg, and Miller in their original paper on
this subject (20) ignored the'last two terms in equation 24;
they assumed that most of the error in the residual U(i) was
due to errors in X(i). Thus, for the standard deviation in

U(i) they wrote
6(1) = (3U/3X)imeX(1)s .

where my is the comstant (oy/X). Consequently, for the

weighting factor they used

W= Vuaxymxn? (25
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Sullivan, Rydberg, and Miller calculated a value of 0.607 for
My; Stagg, who used the same welghting factor, Sound a Vvalue
of 0.02 for my. .

In -ordexr to check the valldity of using the shortened
welghting factor defined by equation 25, thq author revised
the computer program to iﬁclude all the terms of equaﬁion 24
in the weilghting factor. For the experimenﬁal method des-

cribed in the previous chapter, the following relative érrors

were found:

(ox/X) = . 0.007, .
(dy/Y) 0.004,
(62/2) = 0.906.

Calculations of stability constants made using the com-
plete welghting factor were compared with calculations made’
using the shorter weighting factor.' Several statistical
methods were used to compare the.results of the two calcula-
.tions; these methods will 5e discusséd in detzail in the next
section. The results obtained With the complete weighting
factoi appeared to give a better fit of the data, and showed
smgller standard.deviations in the calculéted Bn vélues; con-
sequently, the complepe weighting factor was adopted in placé
of the originagl shorter one.

The partial differential ferms in equation 24 contain
the parameters Bp. Therefore, in order to calculate the

weighting factor, one must first estimate the values of the
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desired stability constants. An l1lterative process, similar
to the one in the Bjerrum method, was used to refine the cal-
culations until no difference existed between the parameters
used to calculagte the welghting factors at the beginning of a
computation and the parameters subsequently calculated using
those weighting factors. Crude initial estimates of each Bp
must be fed into the computer program to calculate the first
set of welghting factors; .thereafter, the stability constants
calculated from equation 23 are used to calculate a new set of
welghting factoré.' The cycle of calculations was repeated
until the parameters resuiting-from two successive calcula-
tions differed by less than one part in ten thousand. In
practice, with reasonébly good data, convergeace was obtained
within five iterations regardless of the accuracy of the ini-
tizl estimates.

The use of a wéighting factor in the least squares'calcu-
lation of rare-earth complex stability constants was found to
be essentizl. Stagg attempted to perform the least squares
calculation without a weighting factor but could not obtain
any meaningful results (15, p. 24). The author attempted the
same thing and found that, in the case of'the three parameter
program, roughly_the Same results were obtained whether or |
not a weighting factor was used; however, the results obﬁéined
with a weighting factor were statistically more reliable than
those obtained without one. For example, the stability con-

stants found without the use of a welghting factor for the
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LI

cerous a-hydroxyisobutyrate system were as follows:

k,369 x 102 & 1.76 x 10,

™
P
n

B, = 5.226 x 10% # 7.33 x 102,
2.599 x 107 & 9,02 x 10%.

™
W
i

The stability constants found for the same system using the

welghted least squares -program were

B1 = 3.980 x 102 ¥ 3.02,
Bp. = 5.624 x 10% #1.13 x 103,
By = 2.140 x 106 ¥ 8.71 x 104,

The method used to calculate the standard deviations of the
paraﬁéters will be discussed in the next sectlon. With a
féur parameter system, on the other hand, no reasonable re-
sults could be obtained without the use of a weighting factor.
The stabillty constants calculated without the use of a
welghting factor in this case differed by as much as 50% from
those calculated using = weighting factor; moreover, in terms
of standard deviations, the results obtained without the
welghting factor were meaningless.

The use of a weighting factor is apparently necessary if
acceptable results are to be obtained in a least squares com-
putation of rare-earth stability constants from potentiometric
data. This fact may be attributed to the large variation in
the standard deviations of the data over the concentrastion

range employed. For the research reported in this disserta-
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tlon, the standard deviations in both X and Y varied from
about 10‘6 to about 10‘4 as the concentrations in the sample
solutions varied. Because of the differences in the standard
deviations of X and ¥, all the data sets were not equally
reliable.  The weighting factor takes these differences into
account, since the weighting faétor is inversely proportional
to the squares of the standard deviations. Consequently, the
smaller the standard deviations for a glven set of data (X(i),
Y(1i),2(i)) the more heavily this set is weighted in the cal-
culation of the stability constants.

The least squares method has seve;al advantages over the
successive approkimation and graphical integration methods.
The entire range of data is used to calculate each of the con-
stants; thils is usually impossible in the successive approxi-
mation techniques. There 1s no tendency to prejudice the
data by smoothing the curves, as is the case with the graphi-
cal integration method. The least squares method allows for
a number of statistical checks on the results of the computa-
tions, such as the calculation of the standard deviation of
each parsmeter., Finally, the use of a digital computer to
perform the least squares calculation permits very rapid com-
putations. The I.B.M. 360 computer used in this research
toock less than one minute to calculate all fifteen sets of

stability coanstants for each rare-earth carboxylate series.
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- C. Additional Calculations

After a set of stability constants had been calculated
which satisfled the conditions set for ending the iterative.
process, the computer program then calculated g number of
quantities from the stabllity constants. These additional
calculatiohs provided a means of evaluating the religbility
of the stabllity constants and of the data from which they
had been derived.

The mean ligand number had been calculated for each
data set by means of equation 153 since this value of 1 had
been obtained from the experimental gquantities X (i), ¥(i),
and Z(1i), it was designated the experimental #. .The same
guantity was also calculated from the stability constants and
the X{1) values by means of equation 183 this value of R is
called the calculated 1. Tne percentage differenge between
the two values of 7 was also calculégéd ﬁof each individual'
data set. As a rule, these differences are less than one
percent. If for an individugl data set a percentsge differ-
ence nuch in excess of one pefcent was found, a significant
experimen?é};error was probably involved; this set was dropped
from the series and the By values recalculated. If in a
series 6f méasurements severzl data sets showed large percent-
age differences, the éntire series was conéidered to be of
poor quality and the measurements were repeated on a new set
of sample solutions. Thus, fhe percentage differences in the

two values of 7 provide a means of checking the consistency
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of each data point with respect to the entire series of
measurenents. The calculations reported in this‘dissertation
were made using data for which the percentage differences were
less than one percent.

4 statistlcal measure of how well the calculated param-
eters fit fhe data was obtained by computing Spine. This
quantity is the value of S in equation 20 that results when
the values of U(1) are computed from equation 19 using the
newly calculated stability constants. Because of the way
in which the welghting factor has been defined, Spin has the
chi-squared distribution for (I - N) degrees of freedom, where
I is the number of dats points used in the calculation snd N
is the number of parameters Caloulaﬁed (22). One can compare
the values of Spin with the tabulated wvalues of chi-squared
for (I - N) degrees of freedom to obtain the probability of
achieving a fit, due to chance, as pdgr or‘worse than the one
obtained. The values of Spin found for the systems studied
in this dissertastion all gave a probgbility limit greater than
0.80, thereby indicating a re;sonably good fit of the data by
the paiameﬁgés.

Th?'standard deviations in the parameters were calculated
by the method of external consistency (22). The equation

used to calculate oy, the standard deviation in Bp, 1s

cn = ‘ Q(n, )Smin s
| \/TJet[R(n,j)](I - N)
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where Q(n,n) is the diagonal element in the transpo;ed
matrix of the cofactors of the elements of the coefficient
matrix [R(n,j)]._ |

The coefficlent of variation of By, was found by the
equation

'V, = _1000m
En
The coefficient of variation allows for easy comparison of the
standard deviations of systems for which the values of By
differ substantially.

Finally, the amouﬁt of NaClQy stock solution that should
have been added to each sample to achlieve zn ionic strength of
1.000 molar was obtained from equation 3 using the calculated
n values. The volume of NaClOy that should have been added
to the ith sample is therefore given by the expression

Vsp(i> = 'él]'E 0.1 - 0’5[CM(3 - 51)2 + [H]i + Y(l) -
Sp

niCy + Vp(i)Cy & BVM(i)C#]
Vi ' Vi

where the term Cy(3 - nl)2 is used as an approx1mation for the

sum Zo[nAn] (3 - n)2
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V. REVIEW OF PREVIOUS STUDIES

During the past fifteeh years a considerable amount of
information has been collected on the complex formgtion
equllibria of the rare-earth ions. A comprehensive review
of the literature up to 1964 has been published by Moeller
et al. (3).

The reported values of rare-ezrth complex stability.
constants vary from 10~10 o 1022 depending upon the nature
of the ligand. For a given ligand, the stability constant
values usually increase as the atomic number of the rare-earth
ion increases: the value of B3 for a lutetium complex may be
as much as one hundred times larger than the value of g for
the correéponding lanthaﬁum complex. The variation of the
stability constanﬁé with atomic number is usually irregular,
and a drop in complex stability is often noted for ionms in
the middle of the rare-earth series. Many aspects of rare-
earth stability constant data have been difficult to inter-
pret, and much remains to be learned about the factors govern-
ing rare-earth ion complex formation.

The rare-earth complex systems that have received serious
attention in recent years may be divided into several cate-
gories depending on the coordinating atoms and dentate char-
acte? of the ligands. The most widely studied ligands have
been simple or substituted carboxylates, aminopolycarboxyl-'

ates, and polyaminopolycarboxylates. Some hydrolytic and
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inorganic complex systems have also been.studied. Each
ligand type will be discussed briefly. . |

The weakest rare-earth complexes appear to be the hydro-
'lytic complexes. The hydroxo complexes of only a few of the
rare-earth ions have been studied in detail (23, 24, 25, 26).
The stability constant values reported for these complexes are
very small; for example, B for lanthanum is reported to be
10"10'(24). Consequently., hydioko complexes are unlikely to
be present in aqueous solution in concentrations large enough
to interfere with the study of other rare-earth complexes.

The complexes formed by the rare-earth lons with inorgan-
ic ligands such as chloride (27), thiocyanate (28), and ni-
trate (29) lons are also quite weak. The values of By for
complexes of this type are usually between one and ten, indi-
cating little more than ion-pair formation. The information
avallable on inorganic oomplexés is still rsther limited.

Three simple carboxylate ligands, acetate (30, 31, 32),
propicnate (33, 34), and isobutyrate (21, 34), have received
detailed study as rare-earth complexing agents. The valueé
of B3 for these complexes are between 102 and 103. As an
example, the logB; values for the acetate complexes, as re-
vported by Kovar (32), are plotted against rare-earth atomic
number in Figure 1. '

Several hydrbxy substituted oarboxYlate ligands have
received serious attention, such as the glycolate (35, 36,

37), lactate (35, 37, 38, 39), glyoxalate (&o), ethylglycol-



Figure 1. Logarithms of the first formation constants of some rare-earth .complexes
.as acetates (32)
b: glycolates (40)
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Figure 2. Logarithms of the first formation constants of some rare-earth complexes
a: mercaptoacetates (47)
b: 1l-hydroxycyclopentanecarboxylates (9)
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ate (41, 42), methylethylglycolate (41, 42, 43), diecthylgly-
colate (41, 42), methylpropylglycolate (43), methylisopropyl-
glycolete (4%), t-butylglycolate (44), t-butylmethylglycolate
(445, mandelate (45, 46), atrolactate (46), and l-hydroxy-
cyclopentanecarboxylate (9). The complexes studied in this
dissertation belong in this category. The logPy values re-
ported by Suzuki for the glyoxalates (4#0) are plotted in
Figure 1, and the logBj; values. of. Powell and Rowlands (9) for
the l-hydroxycyclopentanecarboxylates are plotted in Figure 2.

Other substiltuted carboxylate ligands which have been
studied are the mercaptoacetate (47), methoxyacetate (47),
glycinate (48), and picolinate (49, 50). The logBy values
reported by Kolat (47) for the mercaptoacetates are plotted in
Figure 2. |

The rare-earth complexes of some dicarboxylate ligands
such as the diglycolate ion (51) have been studied, as well as
those of several aminopolycarboxylate ligands such as the
iminodiacetate (52), nitrilotriacetate (53, 54), and dipicol-
inate (55). These aminopolycarboxylate ligands can coordin-
ate through nitrogen as well as through oxygen and form very
strong complexes. As an example, the logBj values of
Moeller and Ferrus (54) for the nitrilotriacetates are plotted
in PFigure 3. |

The strongest rare-earth complexes are formea by poly-
aminopolycarbéxylate ligands such as ethylenediamine-N,N,Nv,

N¥-tetraacetate (56), N-hydroxyethylenediamine-N,N°,N?-tri-



Figure 3. Logarithms of the first formatlion constants of the rare-earth nitrilo-
triacetate complexes (54)
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Figure 4. Logarithms of the first formation constants of the rare-earth N-hydroxy-
ethylenediamine~N,N*%,N¢-triacetate complexes (58) :



15.80
15.40
15.00

14.60

1420

13.80

13.40

|

§

{ 1 i ! | | |

Ce

Pr

Nd

Pm Sm Euv Gd Tb Dy Ho
Rare Earth

Er

Tm Yb Lu

9



62

acetate (57, 58), etylenediamine-N,N°-dlacetate (52), trans-
1,2-dlaminocyclohexane-N,N'~tetraacetate (59, 60), and di-
ethylenetriamine-N,N,N?,N?,N"-pentaacetate (61, 62). The
first two of these ligands aré the most commonly used com=
plexing agents in large scale ion—exchangé separations of the
rare-earth elements. As an example, the logB, values of
Moeller and Ferrus (58) for the complexes of the N-hydroxy-
ethylenediamine-N,N?,N'~-triacetate (HEDTA) lon are plotted in
Figure 4. |
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VI. EXPERIMENTAL RESULTS

The stabllity constant values obtained for the rare-
earth complexes of the c-hydroxylisobutyrate and 2,2-bis-
(hydroxymethyl )propionate ligands are tabulated below. The
logarithms of the stability constants, the step formation
constants, and the step formatibn constant ratios are also
listed. AT least two determinations were made for each
system studied; the results with the smallest standard devia-

tions are reported here.

Table 1. Stability constants of the rare-earth a-hydroxyiso-
butyrate complexes

Metal 81 Bo x 10°% B3 x 1076 By x 10-8
La 289.,7 & 4,6 1.78 % 0.10 0.130 = 0,064 —
Ce 366.6 & 4,2 3.51 % 0,11 0.187 & 0.075 ——
Pr  506.6 £ 2.5 4.637 £ 0,065 0,500 = 0,046 S
Nd 578.9 & 4,6 5.882 % 0.08% 0.971 % 0,057 S
Sm  770.6 £ 7.4 12.73 & 0.21 3.50 % 0,19 —_—
Eu 948 +13 19,80 % 0.58 10.34% % 0.75 ——
G& 990.5 & L,7 22.82 % 0.29 13.27 £ 0.52 1.64 % 0.23
Tb 1239.,1 * 7.8 37.47 & 0,50 26,1 % 1.0 3.73 % 0,50
Dy 1360 19 bz, & 1,1 32,1 % 2.9 -—
Ho 1592 11 65,09 & 0,91 56.0 & 2.5 1.7 ¥ 1.5
Er 1756 21 95,3 % 1,8 93.8 % 5,7 23.3 % L,2
™ 2069 £10 111.01 % 0,89 129.3 ¥ 2,5 18,9 % 1.&b
Yb 2280 26 148,6 ¢ 2,2 181.,.9 £ 7,0 23,6 % 3.5
Lu 2565 22 188.L % 2,0 293.9 % 8,0 86.8 ¥ 6.7
Y £ 0,84 38.0 € 2,1 2.8 € 1.3
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Table 2. Logarithms of the stability constants of the rare-
carth a-hydroxylsobutyrate complexes

Metal logBy logBo 10353 logBy
La o 2.462 L,253 5,114 ——
Ce 2. 564 4,545 5.271 ——
Pr. 2.705 L ,666 5.699 —
Nd 2.763 L ,770 5.987 _——
Sm 2.887 5.105 64545 ——
"~ Eu A 2.976 5.297 7,015 -—
Gd 2.996 5¢358 7.123 8.216
Tb 3.093 5¢574 7417 8.571
Dy 3.134% 5.655 7.507 ———
Ho 3.202 5,814 7.748 8.251
Er 34247 5.979 7.972 9.367
Tm 3.303 6,045 8.112 9.277
Yb 3.358 6.172 8.260 9.373
u 3.2409 6.275 8.468 9.939
Y 3.125 5.676 7.580 8.439

The values of log B for both sets of complexes are
plotted versus rare-earth atomic number in Figure 5 and versus
rare-earth lonic radius in Figure 6. Severzl interesting
Teatures of these graphs are apparent. The variation of
log By with atomic number or lonic radius is remarkably dif-
ferent in each case. In the case of the 2,2-bis(hydroxy-
methyl )propionate (BHMPLA) complexes, two sharp discontinuities
appear: there is a maximum at samarium and a minimum at holm-
ium. Also, the value of log B1 for lanthanum appears to be
exceptionzlly low and out of line with the next four elements,

In the case of the a-hydroxyisobutyrate complexes, a nearly



Figure 5. Logarithms of the first formation constants of the rare-earth 2,2-bis-
(hydroxymethyl )propionate (a) and g-hydroxyisobutyrate (b) complexes
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Figure 6. ILogarithms of the first formation constants of the rare-earth 242-blis~
. (hydroxymethyl )propionate (a) and a—hydroxyisobutyrate (b) complexes
as functions of cationic radius
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Table 3. Step formation constants and step formation constant
ratios of the rare-earth c-hydroxylsobutyrate com-

plexes

Metal Ko K3 Ky X, /X, Kp/K1
La 61.8 7.3 ——— L ,69 8.50
Ce 95.6 5'3 m—— 3'8)"" 18.0

Nd 101.6 16.5 —— 5.70 6.16
Sm 165.3 27.5 ——— 4.66 6.01
Gd 230.4 58.2 12.4 4,30 3.96
Th 302.4 69.7 14,3 k,10 4,34
Dy 332.0 71.1 _—— L,10 k67
Ho 408,9 86.0 3.2 3.89 b,75
Er 539.6 98,4 24.8 3.27 5.48
Tm © 552.5 116.4 14.6 3.64 L,75
Yb 65,7 122.5 13.0 3.50 5.32
u 734 1 156.0 29.5 3.49 L,71
Y 355.4 80.3 72 3.75 k43

linear curve is obtained, although a small discontinuity
appears at europlum. In both cases the plot versus lonic
radius is smoother than the plot versus‘atomic number.

The variation in log f3 with increasing gtomic number
shown by the BHMPA complexes is sinmilar fo that obtained by
Kovar with the acetate complexes (Figure 1). The variation
in log By with atomic number shown by the oHIB complexes 1is
roughly the same as that found by Powell and Rowlands with the
l-hydroxycyclopéntanecarboxylate complexes (Figure 2).

No previous work has been reported on the rare-earth

BHIMPA complexes. However, a few studies have previously been



70

Teble 4. Stability constants of the rare-earth 2,2-bis-
(hydroxymethyl )propionate complexes

Hetal 81 By x 10-3 B3 x 10-%
La 123.3 & 0.5 3.00 & 0.07 1.95 & 0.25
Ce 20k.2 £ 0.8 8.8 & 0.07 23.23 & 0.99
Pr 221.0 # 0.7 7.78 % 0.12 6.52. % 0.59
Nd 2h2.5 & 0.7 9.60 % 0.15 3.66 % 0.71
sm 290.k 3 1.1 13.18 & 0.20 5.1 1.2
Eu 278.9 % 0.9 12.27 % 0,18 5.33 # 0.93
G 2447.5 % 0.9 12.50 £ 0.19 13.6 % 1.0
Tb 220.k ¥ 1.1 10.16 % 0.23 12.9 % 1.2
Dy 206.8 £ 1.0 8.62 % 0.18 2.65 & 0.85
Ho 186.8 & 1.4 8.18 % 0.25 2.2 & 1.1
Er 199.5 & 0.5 8.0k % 0.11 3.11 & 0.57
Tm 212.5 ¥ 0.8 8.96 % 0.16 L.66 = 0.77
Yb 243.2 £ 0.9 12.78 % 0.16 17.96 & 0.89
Lu 251.5 § 1.0 13.60 & 0.22 23.4 % 1.3
Y 172.6 £ 0.7 5.86 % 0.13 5.36 & 0.59

made on the rare-earth ¢HIB complexes,

Two previous studies of the rare-earth oHIB system havé
been made by members of Dr. J. E. Pow¢11°s research group.
In 1963 Kolat reported z set of stability conétants which had
been measured at 20° and an ionic strength of 0.10 molar (47).
His data had been obtained with a Beckman model GS pH meter,
and the results had been calculated by hand using the method
of PFrongeus. The values of logBj reported by Kolat are
plotted wversus ionic radius in Figure 7. The irregular‘fea—
tures of this curve were not readily explicable in terms of

current theory.



Flgure 7. Logarithms of the first formation constants of the rare-earth g~hydroxy-
isobutyrate complexes as functions of cationic radius
8¢ data of Stagg and Powell (21)
b: data of Kolat (47)
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Figure 8. Logarithms of the first formation constants of the rare-earth e-hydroxy-
isobutyrate complexes as functlions of cationic radius
a: data of Deelstra and Verbeek (39)
b: data of Suzuki (63)
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Table 5. Logarithms of the stability constants, step forma-
tlon constants, and step formation constant ratios
of the rare-earth 2,2-bis(hydroxymethyl)propionate
complexes

Metal logBy logBo logBs Ko K3 K1/Kp Ko/Kn
La 2,091 3.477 L,290 24,3 6.5 5.07 L
Ce 2.310 3.946 5.366 43.3 26.3 L,72 1.65
Pr 2310 3.891 L,81kL 35.2 8.k 6.28 I, 20
Nd 2.385 3.983 L.563 39.6 3.8 6.12 10.4
Sm 2.463 4,120 4,710 5.4 3.9 . 6.40 11.7
Gd 2.394 L.097 5.136 50.5 10.9 4,90 4,62
Tb 2.343 L, 007 5.110 46,1 12.7 L,78  3.6h4
Dy 2.316 3.936 4. 424 41,7 3.1 k.96 13.6
Ho 2.271 3.913 L,338 43.8 2.7 L,27 16.4
Ex 2.300 3.905 4,493 40.3 3.9 L.95 10.4
Tm 2.328 3.952 L,668 L2.1 5.2 5.05 8.10
Yo 2.386 4,107 5255 52.6 14,1 .63 3.73
Lu 2.401 L,134 5370 5ol 17.2 L,65 3.14
Y 2.237 3.768 4,729 34.0 9.2 5.08 3.71

Subsequent lmprovements in experimental technique prompt-
ed a re-examingtion of the rare-earth a-hydroxyisobutyrate
system. In 1964 Stagé and Powell reported a new set of
stablllity constants whlch had been measured at a temperature
of 25° and an ionic strength of 0.50 molar (21). Their data
had been obtgined with a Beckman model 76 expanded scale pH
meter, and the least squares method had been used to compute
the results. The values of log B3 reported by Stagg and
Powell are also plotted in Figure 7. A number of irregular-

ities are present in this curve which still do not lend them-
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selves to easy interpretation.

In order to secure an even more rellable set of data on
the rare-earth a-hydroxyisobutyrate system, the present study
was undertaken. The most widely used conditlons of tempera-
ture and lonic strength,’25° and 0.1000 molar, were employed.
Further lmprovements in the experimental method, such as the
use of the Beckman model 1619 pH meter, were adopted. The
preparation of twenty indivlidual samples for each metal-ligand
system allowed for a more exact control of lonic strength than
was possible with the titration method employed in the pre-
vious studies. Also, a number of improvements were made 1in
the least squares computation method which led to more precise
results and a better evaluation of errors than were obtainable
with the program originally employed by Stagsg.

A study of the rare-earth &-hydroxyisobutyrate complexes
similar to the one described in this dlssertation was begun
simultaneously by Y. Suzuki, a former member of Dr. Powell's
research group. The experimental method uséd by Suzukl is
simllar to the one described in chapter II with one signifi-
cant exception: a double-junction reference electrode was used
'to minimize the errors due to the formation of insoluble
potassium perchlorate at the electrode tip. Essentiglly the
same computer program as the one desc;ibed above in chapter
III was used by Suzuki. The preliminary results obtalned by
Suzukl are listed in Table 6. Comparison of these values

with the author®s results in Tables 2 and 3 shows good agree-



77

ment from lanthanum to samarium, close agreement from europium
to dysprosium, and less satisfactory agreement for the remain-
ing elements. The values of log B3 reported by Suzuki are

plotted versus lonle radius in Figure 8.

Table 6. Lnv .:srus of the stability constants and step for-
mavion constant ratio of the rare-earth a-hydroxy-
-1sobutyrate complexes as reported by Suzuki (63)

Metal logpy logB2 logB3 K1/K>
La 2.511 L,16 5.48 7.33
Pr 2.724 L,76 5.91 L,91
Nd 2.772 L,78 "5.,86 5.80
Sm 2.930 5.15 6.71 5.18
Eu 2.966 5.23 6.79 504
Gd 2.990 5034 7.05 k.33
Dy 3el74 5.72 7.68 L ,27
Ho 3.252 5,88 8.04 4,21
Er 3.324 5.98 8.26 L,67
Y 3.206 5¢ 7k 7 .90 L.,77

Two other sets of rare-earth o-hydroxyisobutyrate complex
data have been reported. Choppin and Chopoorian in 1961 pub-
lished a set of data obtained at 25° and an ionic strength of
2.000 molar (37), and Deelstra and Verbeek in 1964 published
a set of stability constant values obtained at 25° and an ion-
ic strength of 0,200 molar (39). In both cases the experi-
mental and computational methods used by these authors differ

widely from the ones used in this dissertation. The vaglues



Figure 9. Logarithms of the first formatlon constants of the rare-earth a-nydroxy-
isobutyrate complexes as a functlon of cationic radius from the data of
Choppin and Chopoorian (37, 84) :
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of log Bl obtalned by-Deelstra and Verbeek are plotted in
Flgure 8, and those of Choppin and Chopoorian are plotted in
Flgure 9.
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VII. DISCUSSION

A. A Proposed Model of Rare-Earth Complex Formation

The graphs of the previdus two chapters 1lllustrate the
relation between the logBy values for a glven series of com-
plexes and increasing atomic number (or decreasing lonic
radius). Although these graphs exhibit several distinct
patterns, the same characteristic trends are often observed
with chemically similar ligands. For example, the data for
the BHMPA complexes (Figures 5 and 6) show the same trends as
the logB, data for simple carboxylate ligands such as acetate
(30, 31, 32), propionate (33, 34), and isobutyrate (21, 34)
and for other ligands such as mercaptoacetate (47) and meth-
oxyacetate (47). Also, the logpy data for the oHIB complexes
(Figure 5 and 6) show a similar relation to rare-earth ionic
radigs as the data for other a~hydroxycarboxylate ligands
such as glycolate (35, 36, 37), lactate (35, 37, 38, 39), gly-
oxalate (40), ethylglycolate (41, 42), and l-hydroxycyclo-
pentanecarboxylate (9).

Several attempts to provide theoretlical explanations for
the unusual features of rare-earth stabllity constant data
have been made. Most of the early attempts were limited in
scope and capable of explaining only a few facts. In the
last few years, general theories of rare-earth complex forma-
tion have been developed by J. E. Powell and co-workers and by

G. R. Choppln and co-workers. T. Moeller, L. A. K. Stavely,
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and I. Grenthe and thelr co-workers have also contributed to
the development of this subject. The theory of rare-earth
complex formation presented below 1ls a synthesis of the views
of all these authors; however, it primarily reflécts the
approach of Dr. J. E. Powell.,

The starting point of any interpretation of stablility
constant data 1s the resolutlon of the step formation con-
stants into thelr enthalpy and entropy contrlbutions by means
of the equation

log X = ~AHy + TASy, (26
2«303RT

Secondly, 1t 1s necessary to postulate a model of the complex
Tformation process.

The aqueous rare-earth catlons are known to be heavily
hydrated: they exert a strong attraction for the negative ends
of the dlpoles of several water molecules and they are sur-
rounded by two or more layers of oriented water molecules
known as the hydration sphere. The hydration sphere consists
of two reglons: the inner hydration sphere made up of water
molecules in direct contact with the lons; and the outer hydra-
‘tion spheré, which consists of water mdlecules more distant
from the ion but oriented te it and whose motion is ?estricted
by Eheir attraction to the rare-~carth lon. The number of
viater molecules in the inner hydration sphere ;s equal to the

coordination number of the rare-earth ionj; this value 1is
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thought to be elght, nine, or ten. The number of water mole-~
cules in the outer hydratlon sphere 1is difficult to ascertaln;
nevertheless, some properties of rare-earth. salt solutlons,
such as transference numbers and partlal molar volumes, glve
an indicatlon of the overall size of the hydratlion sphere.

Carboxylate lons are also hydrated in aqueous solution;
however, because of their lower charge and nonspherical shape,
their hydration spheres are no doubt much smaller and much
less strongly oriented than those of the rare-earth cations.

When a carboxylate ligand complexes a rare-earth cation,
one can visualize the process as taking place in three steps:
first, a number of water molecules are displaced from the
inner hydration sphefe of the cation, along with several asddi-
tional water molecules from the outer hydration sphere;
secondly, the ligand loses all of its hydrated water; and
thirdly, an ilonic bond is formed between the cation and the
ligand. On the basis of this model, one can divide the en-
thalpy and entropy of complex formation into three parts.

Thus for the formation of the first complex,

AHy AByy + AHyjp + AHjes

-and

Asy NSis + NS1p + ASic-

These three steps will now be considered individually from a
thermodynsmic point of view.

The loss of water of hydration by the catlion will be an
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endothermic process. The hydrated water molecules will have
to be supplied wlth sufficient energy to overcome the electro-
étatic lon-dipole attraction and then acquire the same average
kinetic energy as the water molecules in the bulk of the sol-
vent. The enthalples of hydratlion of the rare-earth lons
appear to be comparatively high.  Harvey and Porter (64 p.
326) list a value of -806.3 kcal/mole for the enthalpy of
hydration of the lanthanum ion at 25°. A significant portion
of this energy must be restored when the lanthanum ilon forms

a complex. .

It is therefore certain that AHjg, the enthalpy change
due to loss of water of hydration by the cation, will be posi-
tive. One must next consider how AH;, will vary throughout
the rare-earth series, This quantity should increase as the
strength of the lon-dipole forces lncreases gnd as the number
of water molecules in the hydration sphere increases. To a
first approximation, one would expect that the decrease in
lonic radius, and consequent increase in charge density, from
lanthanum to lutetium would result in a more tightly bound
hydration sphere and thus a slight progressive increase in
AH1g. However, studies of rare-earth salt solutions by
Spedding and co-workers (65, 66, 67, 68, 69) indicate that the
size of the hydration sphere changes irregularly as the rare-
earth lonic radius decreases. For example, electrochemical
measurements (65) show that the transference numbers of the

rare-earth lons lncregse slightly from lanthanum to samarium,



Figure 10. Transference numbers of rare-earth lons at
infinite dilution (65)

Figure 11. Radil of the rare-earth ions (72)
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decrease from europium to holmium, and increase again from
erbium to lutetium, as illustrated in Figure 10. Since the
larger the transference number, the smaller the effective (or
hydrated) ionic radius, the size of the hydration sphere must
increase abnormally from europium to holﬁium. Measurements
of the equivalent conductances (65), activity coefficients
(65), heats of dilution (66), relative viscosities (67), and
apparent molal volumes (68) of rare-earth salt solutions all
support the idea of an increase in ilonic hydration between
samarium and holmium, or in some cases between neodymium and
dysprosium,

Sﬁedding and co-workers attributed the unexpected in-
crease 1ln the size of the hydration sphere of the ions between
Samarlum and.holmium to a graduzl change in the coordination
number of the liouns. They assumed that, as the lonic rzdius
decreases, the number of water molecules that can be accommo-
dated in the lnner hydration sphere may decrease. From
structural studies, to be discussed in some detail later, it
appearsithat the coordination number of the lighter rare-earth

ions 1s nine or ten and that of the heagvier rare-earth ions is

0]

ignht or nine. Hence it.1is thought that between samarium and
holmium the coordinzation number decreases by one. The change
does not take place‘in one step, however, but from europium to
holmium the portion of ions having the lower coordination num-
ber steadily incfeases.

The water molecules in the inner hydration sphere shield
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those in the outer hydration sphere from the lonic charge.

If the number of Water molecules in the inner hydratlion sphere
is decreased, those in the outer sphere wili feel a greater
positive charge; thus the number of water molecules in the
outer hydration sphere will increase. Gonsequently, the out-
er hydration sphere will be larger and the water molecules in
it will be more strongly attracted to the metal ion. As the
relative number of metal ions with the lower coordination num-
ber increases, the portion of lons with the larger hydration
sphere will increase. At dysprosium or holmium z2ll the ions
will héve the lower coordination number and the larger hydra-
tion sphere. Between samarium and dysprosium the portion of
the lons with the larger hydration sphere will steadily in-
crease.

In terms of enthalpy, the endothermicity of AHj, will
increase with the size of the hydration sphere and the
strength of the forées of attraction between the ion and the
water dipoles. From lanthanum to samarium the value of NHjig
should show a'slight increase due to the increase in charge
density of the ions. From europium to dysprosium the value
of AHj, should increase sharply along with the increase in
the average size of the hydration sphere. Finally, from
holmium to lutetium the value of /\Hj, should show a slight
increase along with the increase in charge density of the
louns.

The trends in the entropy change for the first step,
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AS1gs should be similar to the trends in AHjg. The hydra-
tion sphere of a rare-earth cation is a highly ordered system;
this fact is lndicated by the large negative entropy of hydra-
tlon listed by Harvey and Porter (64, p. 326) for the lanthan-
un ion at 25°, -96.6 eu/mole. The loss of water of hydration
by a rare-eartin catlon will result in an increase in the dis-
order of the system. The value of /\Sj, should increase wlth
the size of the hydration sphere and the number of water mole-
cules displaced therefrom. Consequently, the wvalue of 1551a
éhould be roughly constant from lanthanum to samarium and from
holmium to lutetium, since the size of the hydration sphere ls
roughly constant for each of these two groups of ions. Be-
tween samarium and holmium there should be a large increase in
[381a as the average size of the hydration sphere increases.

For the first step in the formation of a rare-earth com-
plex the value of AHj, is always endothermic and discourages
complex formation; on the other hand, the value of Sy, is
always positive and encourages complex formation.

In the discussion above, it was assumed that the behavior
of the ligand remained constant throughout the entire series
of rare-earth complexes. Obviously the size and dentate
character of the ligand will have a significant effect on the
magnitude of /A\Hj, and /A\Sy,. The dentate character is the
number of sites at which the ligand can bond to the cation.
For most ligands that form rare-éarth complexes, the dentate

character is greater than one; it may be as high as six, as is
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the case with EDTA. As the dentate character of the lligand
Increases, the necessary disruption of the cationic hydration
sphere increases, and consequently so do AHig and NSy
Furthermore, it 1s clear that, regardless of dentate charac-
ter, a bulky ligand will require‘more disruption of the outer
hydrgtion sphere than a smaller ligand; this in turn glves
rise to higher values for AHj, and ASi,.

Since the decrease ln the radlii of the rare-earth lons
results in g decrease in the coordination number of the ions,
it 1s reasongble to assume that the same effect might also
give rise to a decrease in the effective dentate character of
a given ligand. As the lonic radius decreases, it may no
longer be possible for all the coordination sites on the
ligand to attach to the rare-earth ion without causing signi-
Ticant distortion of the ligand. Evidence will be presented
later which suggests that such a change in dentate character
does indeed tgke place with a number of ligands. Therefore,
it 1s gppropriate at this time to consider the effect of such
a change on the values of [XHlé and ASj,. A decrease in
dentate character ﬁill result in less disruption of the hydra-
tion sphere than occurs with those ilons for which a higher
dentate character is possible. Tﬁus the expected values of
AHy, and ASyg will bevlower for those metals which require
the ligand to exhibit a lower dentate character.

The relation between rare-earth stgbility cdnstant values

and entropy increases due to the displacement of water of
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hydration from rare-carth lons has besen known for some time.
This idea was developed by Schwarzenbach 1n:1952 (70), who
introduced the term "chelate effect® to describe-the excep-
tionally high stabllity of complexes formed with polydentate
ligands.~  The relatipn between the enthalpy of complex forma-.
tion and the size of the hydration sphere, and consequently
the similarity between certain rare-earth stability constant
data and the electrochemical prOperties of the rare-earth
ions; was first noted in 1964 in two papers published almost
simultaneouslj by Grenthe (31) and by Edelin de la Praudiere
and Stavely (71). Their ideas were elaborated in 1965 by
Cnoppin and Strazik (29) and Choppin and Graffeo (34).

The second step in the formation of a rare-earth complex
is the loss of hydrated water molecules by the ligand. This
step will zlso be an endothermic @rocess for the same reasons
that the loss of water by the catioﬁ'%as aﬁ endothermic proc-
€SSs. No data appears to be avallgble on the values of the
hydration energies of the carbpxylate lons,. However, one may
safely assume that, Dbecause of:the lower charge and irregular
shape, the‘ﬁi@ration energies of the carboxylate anions are
much smgller than the hydration energies of the rgre-eszrth
cations, Moreover, one can assume that the extent of hydra-
tion of a ligand is related to its basicity: the more basic
the ligand, the greater.the probable degree of hydration.

The entropy change for the second step, [XSIb, will be

positive, since the ordered water structure in the vieinity of
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the anion will be destroyed.

The values of AHip and Z&Slb depend only on the nature
of the ligand and should Be constant for a given serles of
rare-earth complexes. Although conslderation of AHjp and
AS1p may not contribute to the understanding of stabllity
trends wilthin a given seriles of rare-earth complexes, differ-
ences in these quantities may partially explain the relative
stabllity of different ligands with respect to the rare-earth
ions.

The significance of the deéree of hydration of the ligand
in rare-earth stabllity constant studlies was first pointed'out
by Powell in 1966 (10).

The third step 1£ the formation of a rare-earth complex
is the easilest to understand thermodynamically. The nega-
tively charged ligand bonds to the positively charged rare-
earth catlon. The enthalpy of this step will be couiombic
and depend inversely on the separation of the charges. For a
given llgand, the enthalpy of this step will depend only on
the ionic radius. The ilonic radil of the rare-earth ilons are
shown plotted against atomic number in Figure 11 (72). The
third step will be exothermic, and the exotﬁermicity will in--
crease with decreasing ionic radius.

The relation between rare-earth stability constant values
and ionlic radli has also been known for some time. In 1955
Jones (73) pointed out the almost linear relation between

logKl‘for rare-earth EDTA complexes and rare-ecarth lonic
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radius.

A number of authors (37; 74, 75) have considered the
possibllity of ligand fileld stabllization energy contributlons
to the enthalpy of rare-earth complex formatlon. Since the
Lf orbitals are buried beneath the 5s and 5p orbitals, they
probably gannot participate in covalent bonding. = However,
the electric f;eld surrounding a rare-earth ion can remove thé
- degeneracy in the energy of these orbitals.

Thevelectronic properties of crystalline rare-earth com-
pounds have been studied in detail (76, 77), and it has been
found that spin-orbit coupling is far more important in deter-
mining the energy of the 4f orbitals than crystal field split-
ting. The spin-orbit couplings for these electrons are of
the order of several thousand wave numbers, while the crystal
field splittings are only one to two hundred wave numbers (78,
p. 114). Consequently the magnetic and spectral propertles
of crystalline rare-earth compounds primarily reflect spln-
orbit coupling and are almost independent of the chemical en-
vironment.

Several authors have studied the electronic properties
of rare-earth complexes in solution (79, 80, 81)." The 4f
orbitals appear to be split energetically by the ligand field,
and the magnitude of the splitting (100 to éOO cm"l) is ap~
proximately‘fhe same as in crystals. However, the spectral
and magnetic properties of rare-earth complexes in solution

have been difficult to interpret quantitatively in terms of
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ligand field theory. Since the geometry of the complexes 1is
uncertaln, one cannot be certain of the symmetry of the ligand
field. Without a knowledge of the symmetry of the ligand
field, the exact manner in which the 4f orbitals can be split
into dlfferent energy levels cannot be determlned.

Although 1t is certain that the Lt orbitals are affected
by the ligand field in rare-earth complexes, opinion 1s divid-
.ed over tﬁe comparative significance of ligand fleld stabll-
izatlon energy in determining the stabllity of the comﬁlexes.
Most workers have ignored this factor entlrely and have inter-
preted all aspects of rare-earth stabillty constant datg in
terms of other thermodynamic factors. In support of this
attitude Orgel (82) has pointed out that the ligand field pro-
duced by a ligand which coordinates through oxygen, such as a
carboxylate . ion, should not.be much stronger than the ligand
field produced by the oxygen atoms of the water molecules
surrounding the agueous ion. Of course this observation does
not hold for ligands which also.coordinate through nitrogen,
such as the aminopolycarboxylates.

On the other hand, Stavely and Randall (74) have employed
qualitative ligand field theory to éxplain such features of
rare-earth stability constant data as the so-called "gadolin-
ium break', and Yatsimirskii and Kostromina (75) have used
semliquantitative ligand field theory in an attempt to explain
almost all the fea?ures of rare-earth stgbility constant datsa.

Stavely and Randall noted That ligand field stgbilization
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would always be absent in the complexes of the lanthanum;
gadolinium, lutetium, and yttrium lons. In the lanthanum and
yttrium lons the 4f orbitals are empty; in the gadolinium ion
ihey are half fllled; and in the lutetium ion they are com-
pletely filled. Thus in a plot of logBy versus atomic number
or ionic radius the values of logpy for lanthanum, gadolinium,
and lutetium should be slightly out of line with the otherx
members of the series, assuming that a certaia amount of lig-
and field stgbilization energy countributes to the stability of
the complexes of all the other rare-earth ions. This phenonm-
enon has been observed in many sets of rare~garth stablility
constant data and may be seen in some of the graphs in the
previous two chapters. -~ The drop in stability at gadolinium
was noted early in rare-earth complex studies and was named
the “gadolinium break" (83). Another frequently encountered
phenoﬁenon is the exceptionally low stability of many yttrium
complexes. Since the radlus of the yttrium ion is glmost the
same as that of the erbium ion, it might be expected that the
complexes of these two metals would be of similar stability.
According to Stavely and Randall, the lack of ligand fleld
stablilization energy accounts for the lower stability of the
yttrium complexes.

Yatsimirskii and Kostromina tried to explain nearly all
the different patterns observed in logBfj versus atomic number
curves of rare-earthn stability constant data in terms of the

differences in the amount of ligend field stabllization energy
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that the lons attain in different environments. They ex-
plained the shape of the logRj; versus atomlc number curve for
the HEDTA complexes (Figure 4) by proposing that the value of.
14Dq for the complexed ion varlied in a different way with in-
creasing atomic number than the value of 1l4Dq for the hydrated
ion. They offered little experimental proof for their pro-
posals, and thelr assumption of octahedral symmetry for all
rare-earth complexes invalidated many of their conclusions.
All recent structurzal studies hgve ruled out octahedral sym-
metry for rare-earth complexes, since the coordination num-
ber of the rare-earth ions is never less than eight.

In summaxry, it may be sald that ligand field theory is at
present of very limited appliczbility in rare-earth stability
constant studies. It may be assumed that ligand field sta-
bilization energy does make a small contribgtion to the en-
thalpy of complex formation in the case of all the ions except
the four mentioned above. However, one cannot go into any
more detzil until the geometry of rare-carth complexes is'de-
finitely established. It might then be possible to use
ligand field theory in a quantitative explanation of some as-
pects of rare-earth stabillity constant data. Even then how-
ever, ligand field stabilization energy might prove to be of
negligible importagnce in most rare-earth complex systems.

The entropy change for the third step, /A\Sj,, is nega-
tive, since the order of the system 1is increased and thne con-

figurational entropy of the ligand 1s decreased.  Moeller and
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co-workers have stressed the role of configurational entropy
changes 1in thelr explanation of the stahllity trends in the
rare-earth polyaminopolycarboxylate complexes (3, 58). Thelr
data on EDTA and HEDTA complexes indicate that /\S, increases
substantlally as the atomlc number of the rare-earth lon in-
creases; for example, Moeller and Ferrus (58) found AS; to be
54.2 cal/deg-mole for the lanthznum HEDTA complex and 73.4
cal/deg-mole for the lutetium HEDTA complex at 25° and 0.1000
molar lonic strength. The increase in [581 was thought by
Moeller and Ferrué to be due to.the progressive decrease in
the loss of configurational entropy by the ligaznd as the cat-
ion;c radius decreases. They assumed that, as the lonic
radius decreases, the bond strength and steric hindrance in-
crease, thereby loosening the bond and allowing for zn in-
crease in the configurationzl entropy of the ligand. Consid-
erations bagsed on configurational entropy differences, if
valid, will be more relevant for complexes of larger ligands,
such as polyaminopolycarboxylates, than for complexes of
smaller ligands such as simple carboxylates.

The dilscussion above has considered the thermodynamic
factors controlling the valué of the first step formation
constant. The step formation constants of the higher com-
plexes are governed by the same factors as well as additional
kinetic and electrostatic factors. Further discussion of the
higher step formation cénstants will be left for the next sec-

tion.



98

B. Interpretation of Experimental Data

In this sectlion experimental evidence will be offered in
support of the model of complex formation proposgd above, and
the new results reported in the previous chapter will be in-
terpreted in terms of this model.

A laige amount of data is available on rare-earth stabil-
ity constants and consequently on the free energies of complex
formation. On the other hand, little reliable data is avail-
able on the énthalpies and entropies of complex formation.

One series of‘ligands for which g1l the desired information is
avallable 1s the acetate, proplonate, and isobutyrate series.
These data will be used to illustrate the theory of complex
formation discussed in the preceding section.

The values of log K3 reported by several authors for the
rare-carth acetate (30, 31, 32), propionate (34), and iso-
butyrate (21, 34) are plotted againsfkpa;ionic radius in Fig-
ures 12 and 13. The values of -/\H) obtained by Grenthe (31)
for the rare-earth acetates are plottéd"in Figure 14 along
with the -[§H1 values obtaineé by Chéppin and Graffeo (34) for
the propionéﬁes and isobutyrates. The corresponding values
of [&Slfqér‘ghe three sets of complexes are plotted in Figure
15. | '

It can be seen that the enthalpy of formation of the
three simple carboxylates is endothermic and varies from about
2 to 5 kcal/mole. The corresponding values of TASy vary

from about 4 to 8 kecal/mole. Thus the entropy and enthalpy



Figure 12. Logarithms of the first formation constants of some rare-earth complexes
as functions of cationic radlus ’

8: proplonates, data of Choppin and Graffeo (34), 5°C, I=2M
¢ 1isobutyrates, data of Stegg and Powell (21L), T = 25 C, I =0.,5H
: acetates, data of Kovar (32), T = 250C, I = 0,1 M

d: acetates, data of Kolat and Powell (30), T = 209C, I = 0,1 M

e: 2,2-bis(hydroxymethyl)propilonates, this work, T = 25°¢, I = 0,1 M
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Figure .14. Enthalpies of formation of some 1:1 rare-earth complexes gs functions of
cationic radius at T = 250C and I = 2 J1
a: isobutyrates, data of Choppin and Graffeo (34)
b: propionates, data of Choppin and Graffeo (34)
~c: acetates, data of Grenthe (31)
d: glycolates, data of Choppin and Friedman (84)
e: a-hydroxyisobutyrates, datas of Choppin and Friedman (84)
f: lactates, data of Choppin and Friledman (84)
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Figure 15. Entroples of formation of some 1l:1l rare-earth complezes as functlons of
: cationic radius at T = 259 and I = 2 M

a: lactates, data of Choppin and Friedman (84)

b: o-hydroxyisobutyrates, data of Choppin and Frieduasn (8%4)

c: glycolates, data of Choppin and Friedman (84)

d: acetates, data of Grenthe (31)

e: propionates, data of Choppin and Graffeo (34)

f: isobutyrates, data of Choppin and Graffeo (34)



28.0

o
H
(@)

— no
o
o

AS, in EU/Mole

o
o

e
o

®
o

H
o

B .
_ e
B d-
B 8: O a—" ¢ O— |
- o i
B ¢
b
L o O o) —
o— o o)
-~ 1058 .00 0.95 0.90 0.85]
ll [ | I ll i I | I' | ll = l| | l| I' ] T 1 II I‘ II |17
La Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu

Cationic Radius—Rgre Edrth

SoT



106

terms are of equal importance in these systems, and the sta-
bility of the complexes results from TAS; always being
slightly largexr than AH .

The logKj values in PFlgures 12 and 13 all show the Same
baslc trends: the value of logKjy lncreases from lanthanum to
Sagmarium, decreaseé from europium to holmlum, and increases
again from erbium to lutetium. The values of -/AHj follow
the same trends as logKj, while A Sy decreases slightly from
lanthanum to samarium, increases rapidly from europium to
holmium, and then remzins almost constant from erbium to lute-
tiunm.

The endothermiciﬁy of the formation of these seriés of
complexes is. apparently due to the fact that the exothermicity
of AHye is not sufficient to overcome the endothermic nature
of AHig and AHip. On the other hand, the positive charac-
ter of ASjg and AS3p probably account for the fact that AS3
ls positive. With each ligand, AH} and ASj snould remain
roughly coﬁstant for the first six rare-ecartn iouns. As the
ionic radius deoreases, AHjc becomes more negative and AH
becomes less endothermics; therefore logK; increases almost
linearly with decreasing ionic radius throughout this region
of the curve. Since AHip, ASip, and ASic depend primarily
on the nature of the ligand, they are not expected to influ-
ence the shape of the logKy versus lonlc radius curve.

The value of AHjc should continue to become more nrega-

tive from europium to holmium; however, the large increase in
3 5 )
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the endothermicity of AHj, whlch accompanies the increased
hydration of these filve loans overshadows this factor. Al-~
though ASj also increases, the sharp increase in AHj (or
decrease in -AHy) causes a steady decrease in logKj.

The hydration sphere reaches its maximum size at holmium,
The values of AHj, and ASj, become nearly constant for the
next four lons, and logK) again increases glmost linearly with
decreasing ionic radius.

In several of the logK; versus ionic radius curves in
Figures 12 and 13 there appears to be a slight drop in stabil-
ity at laathanum, g@dolinium, and lutetium. It is tempting
to attribute this to a lack of ligand field stabilization en-
ergy for these three lons. The data are not consistent
enough in this respect however, to allow for a conclusive in-
terpretation in terms of ligand field theory.

The thermodynamic data ¢f Greathe and of Choppin and
Graffeo indicate that AH; and A S; both increase with ligand
size. This 1s to be expected, sinice the bulkier the ligand,
the greater the disruption of the hydration svhere and the
greatexr the relative magnitudes of AH, and ASige

The values of logKj for the 2,2-bis(hydroxymethyl)pro-
pionate complexzes are a2lso presented in Figure‘lz. It can
easily be seen that the variation in logKj with ionic radius
for this set of complexes follows the same pattern as the
simple carboxylates. One can therefore attribute the varia-

tion in logKjy for these complexes to the same changes in en-
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thalpy and entropy that were shown to ﬁnderlic the variations
in logK)y for the simple carboxylates. And one can assume
that the same model of complex formation is valid. Thus the
increase in logKy from lanthanum to samarium and from erbium
to lutetium 1s 2z direct consequence of decreaslng lonlc radius
and increasing -AHj. The decreasing stability from europium
to holmium results from the progressive lincrease in the aver-
age size of the hydration sphere which causes a drop in -AH;
for the complexes of the ions in the middle of the rare-earth
seriles,

Tnere appears to be a drop in the stablility of the BHMPA
complexes of the three ions lanthanum, gadolinium, and lute-
tium which might be attributed to the absence of ligand field
stabilization energy. The value of logKjy for the lanthanum
complex appears to be markedly out of line with the values of
logK] for the complexes of the next four ioans; however, the
lanthanum value was checked several times for experimental
errors and must be considered as reliable as any of the other
values reported. The yttrium complex of the BHMPA ligand is
weaker than the erbium complex of the same ligand; this fact
mignt also reflect the gbsence of ligand field stabilization
energy.

The'BHMPA ligand 1s agpparently a stronger ligand than the
simple carboxylate ions. The greater strength of this ligand
may be partially due to its size and the correspondingly laf—

ger value of ASjj. However, there is evidence that the
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dentate character of the BHMPA ligand is higher than that of
the simple carboxylates. This possiblllity wlll be consldered
later in connection with Xj3/K, ratlos.

When the graphs in Flgures 12 and 13 are compared with
each other, 1t can be seen that the discontinulties gt samar-
lum gnd holmium become less pronounéed as the stabllity of the
complex series incregses. Thus the curve for BHMPA is
smoother than those of the other complex systems. It is also
to be noted that with very strong ligands, such as EDTA or
. HEDTA, the discontinuities in logkj associafed with changes
in the size of the hydration sphere are completely absent
(Figure 4). An explanation for these phenomena may be found
by considering the comparative importance of -AH] and TAS)
in determining the value of logKj. As pointed out earlier,
the thermodynamic data on the carboxylate complexes indicate
that -AH} and TA81 are of equal importance; for example, for
the lanthanum propionate system -/\H} was found to be -2.47 |
keal/mole and TA Sy was found to be 4,356 kcal/mole (34).
However, for many strong complexes the entropy'term is much
more important than the enthalpy term; for exaumple, Mackey,
Powell, and Spedding (83) found -AH] to be 2.93 kcal/mole
and TAS] to be 17.8 keal/mole for the lanthanum EDTA complex.
It appears that with weak ligands the trends in -AH} govern
the trends in logKj; thus the discontinulties in -AH; at sa-
mariuﬁ and holmium usually appear as discontinuities in logk;.

With stronger ligands, the discontinuities in logKy at samar-
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ium and holmium become attenuated as TAS) becomes increasing-
1y larger than -AH;. With the strongest ligands, the trends
in TAS] almost completely determine the trends in logKj .

There are a number of differences between the thermody-
namic properties of the rare-earth complexes of the simple
carboxylate ligands and those of the a-hydroxycarboxylate
llgands. The differences, as well as the similgrities, be-
tween these two groups of complexes can be explained in terms
of the model of complex formation proposed above.

The logK; data published by varlous authors for the gly-
colate (36, 84), lactate (84), a-hydroxyisobutyrate (84), and
l-hydroxycyc1openténecarboxylate'(9) complexes are plotted
aéainst ionic radius 1in Pigures 16 and 17. The -AH] and
AS1 values found by Choppin and Friedman (84) for the glycol-
ate, lactate, and a-hydroxylsobutyrate systems are plotted in
Figures 14 gnd 15 respectively. The enthalpy and entropy
data published by these authors are reasonably reliable énd
are 1ln good agreement with a partial set of calorimetric data
found by Grenthe (31) under the same experimental conditions.
On the other hand, the -AH; and AS; values published’ by
Choppin and Friedman for the lactate and m—hydréxyisobutyrate
complexes are of limited value: the estimated errors in these
gquantities are often over 20%,_and.several of the rare-earth
lons were not studied. The -AH] and AS; curves for the
lactate and a-hydroxyisobutyrate series in Figures 14 and 15

are drawn similar to the curve for the glycolate series;



Figure 16, Logarithms of the first formation constants of some rare-earth complexes

as functions of cationic radius

a: glycolates, data of ChOppin and Chopoorian (37, 84), T = 25°C,
I=2M...

bs lactates, ‘data of Choppin and Chopoorisn (37, 84), T = 25°C, I = 2 M

c: glycolates, data of Powell, Karraker, Kolat, and Farrell (35), -
T =209, I=0.1HM

d: lactates, data of Powell, Karraker, Kolat, and Farrell (35),
T = 200C, I = O 1M
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Figure 17. Logarlthms of the first formation constants of some rare-earth complexes
as functions of cationic radius
a: glycolates, data of Sonesson (36), T = 20°C, I =2}
b: a—hydrgxyisobutyrates, data of Choppin and Chopoorian (37, 84),
= 250C, I=2HM '
c: 1l-hydroxycyclopentanecarboxylates, data of Powell and Rowlands (9),
T = 250C, I = 0.1M
d: a-hydroxyisobutyrates, this research, T = 250C, I = 0.1 M
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however, aé Choppin and Friedman pointed oqt, a straight line
would fit the datg as well as the glycolate-type curve.

There are several interesting features of the a-hydroxy-
carboxylate data which contrast with the data on the simple
carboxylate'complexes. The AHy values for tbe glycolate
series of ligénds are exothermic, while the AH; values for
the acetate series were ehdothermic. Also, the ASy values
for the glycolate group are smaller than those for the acetate .
group. Finally, the plots of logKj versus ilonic radius for
the glycolate group do not show the decrease in stability from
europium to holmium that was charscteristic of the simple car-
boxylate complexes.

' Since the calorimetric data for the glycolate serlies are
the most reliable, an interpretation of these data in terms of
the proposed model of rare-earth complex formation will be
undertaken first. Then, these considerations will be extend-
ed to similar series of complexes, particularly the a-hydroxy-
isobutyrate complexes studied in this dissertation.

Two reasons may be advanced for the exothermicity of the
rare-earth glycolate complexes as compared with the endotherm-
icity of the acetate complexes. Flrst, the participation of
the hydroxyl group in bonding, thereby forming a five-membered
chelate ring, will result in az stronger bond and a more nega-
tive value of AHic. Secondly, while the acetate ion is hy-
drated, via hydrogen bonding between the carboxylate oxygens

and surrounding water molecules, the glycolate ion probably is
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not. The oa-~hydroxycarboxylate lons are thought to form an
1ntramoleéular hydrogen bond between g carboxylate oxygén

and a hydroxyl group (10). Therefore, energy does not have
to be supplled to dehydrate the glycolate ion prior to complex
formatlon, although some energy will be needed to break the
hydrogen bond. As a result, AHjp will be much smaller for
the glycolate ion than for the acetate lon. Thus; for rare-
earth acetate complexes, the sum of AHyj, and AH)p 1s greater
than - AHyco3 whereas for glycolate complexes, -AHj, 1s great-
er than the sum of AHj, and AHjp.

The lower AS; values for the glycolate complexes as.com-
pared with the acetate complexes may be explalned in ;ﬂéimilar
fashion. While ASj1p is positive in the case of the acetates
. because of the dehydration of the ligand, ASip is probably
much smaller in the case of the glycolates. Some auihors
(31, 84, 85) have further suggested that the a-hydroxycarboxz-
ylates, when forming chelates, incorporate a water molecule
between the hydroxyl group and the metal. The consequent
formation of a seven-membered ring is assumed to be respon-
sible for thé lowering of ASy. The formation of a seven-’
membered ring rather than a five—membere& ring is however
rather unlikely because of steric factors. Normally, five-
membered rings are far more stable than larger rings, because
strains on the boﬁd angles are minimized (86, p. ;57).

The trends observed in AH; and ASy for the glycolate

complexes are more difficult to rationalize than thelr compar-
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ative magnitudes. As can b2 seen in Flgure 14, -AH; in-
creases very slowly from lanthanum to samarium, decreases
smoothly from europlum to terbiuﬁ,'and then increases slowly
agalin frem dysprosium to lutetium with a slight upward turn
for the last two elements. Similerly, AS1] lncreases gradu-
ally from lanthanum to samarium, increases rapidly from euro-
Pium to terbium, and then remains almost constant'for the re-~
mainingvelements with a slight downward turn for the last two
metals. As a result of the tremds in -AH; and ASjy, the
velues of logK); increase from lanthanum to samarium, drop from
europium to gadolinium, and then increase f;om terbium to lﬁ-
tetium. ‘As can be seen in Figures 16 and 17, the three plots
of logKjy versus lonic radius for glycolate complexes can be
more or less resolved into two separate segments, one from
lanthanum to samzrium, and the other from gadolinium to lute-
tium. The increase in logKj from lznthanum to samarium is
not strictly linear and shows z leveling off at samarium; this
feature is apparent in zll three sets of data. The values of
JlogKy from éadolinium to lutetium show considerable scatter
about the straight line drawn through them; however, no con-
sistent deviations from linearity can be observed in all three
sets of data, so that the scatter can be attributed to exper-
imenﬁal errors.

The changes in -/AH} and AS; observed in the middle of
the glycolate series are much less pronounced than those ex-

nibited by the simple carvoxylate series. Moreover, the
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changes In these quantities appear to level off at terblum
rather than at holmiun, The increase in the size of the cat-
lonic hydration sphere known to take place between samarium
and holmlum should be independent of the nature of the ligand
present; therefore, AHj, and AS;, might still be expected to
increase substantially from samarium to holmium. Apparently
an additional factor enters the picture with the glycolate
conplexes which partially overcbmes the ~expected drop in sta-
- bility in the samarium to holmium region: this factor is most
likely a change in the dentate character of the ligand.

The effect of a decrease in dentate character on the ex-
peoted values of ZXHla and [lsla was discussed in the previous
section. It was pointed out that z lower dentate charascter
would require less disruption of the hydration sphere and con-
sequently lower the values of AHj, and ASi,. Of course, a
lower dentate character would mezn a less exothermic Zﬁﬁlc:
but gt the same time it might allow for an increase in the
coanfigurational entropy of the ligand, thereby increasing
ASice It is therefore possible that in the middle of the
rare-earth series, where the average size of the hydration
sphere is rapidly increasing, the lower dentate character be-
comes energeticzlly more favorable, and a drop in stability
throughouﬁ the europium to holmiuvm reglon is gvoided. Such s
decrease in dentate character might be gradual and follow the
gradual decrease in coordination number snd consequent in-

cregse in hydration of the ragre-earth lons that is knouwn to
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take place in the middle of the series. The varlation of
logK; with ionic radlus should be smoother than otherwise, if
a change in dentate character gradually compensates fof the
increase in hydration of the metal ion,

Two pleces of experimental evidence suggest that the gly-
colate ion exhibits a different dentate character in the com-
plexes of the lighter rare-earth ions thén it does in the com-
plexes of the heavier rare-earth louns. Powell and Farrell
(87) have found that the rare-earth triglycolates from lan-
thanum to europlium separate from solutlion as anhydrous salts,
while those from gadolinium to lutetium separate as dihy-
drates. More significant however, is the fact that X;/X,
ratios for the lighter rare-eaxrth glycolates are larger than
those of the heavier rare-earth glycolates. Because of kin-
etic factors, the K1/K, ratlos are directly related to the
dentate character of the ligand. The significance of Xj/Kp
ratios will be considered in more detall presently.

Assuming that the above interpretation of the rare-earth
glycolate data is valld, the same analysis can be extended to
other a-hydroxycarboxylate systems for which reliable calori-
metric data are unavallable. If one examines the logK; ver-
sug lonic radius curves for the lactate, a-hydroxyisobutyrate,
and'l-hydroxycyclopentanecarboxylate complexes as presented in
Figures 16 and 17, one can seeiﬁhat each of thése curves may
be resolved lnto straight line segments with the bresk between

the two segments occufring'between samarium and gadolinium.
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The two linear segments are usually parallel. The drop in
Stablility between samarium and gsdolinium varies in magnitude
from one complex series to another: it is most pronounced with
the glycolates and barely perceptible with the a-hydroxylso-
butyrates.. ‘

The rélation between logK; and lonic radius for the oHIB
complexes studied by the author is almost linear throughout.
One stralght line would fit g1l fourteen data points almost as
well as the curve drawn in Figure 17. Although the logKj;
data published by othef workers: (21, 37, 39, 47, 63) for the
aeHIB complexes show more scatter; one straight 1ine could be
drawn that would £it each of these data sets reasonably well.
If logXy for aHIB complexes were g strictly linear function
of rare-earth ionic radius, it would be tempting to conclude
that only an electrostatic factor (ipteriohic charge sevara-
ticn) governs the stability of the éﬁﬁpleXés. However, when
the oHIB data are considered in relation to the data found for
similer ligands and the known properties of the rare-earth
ions, it is.evident that the apparent linearity of the logky
versus ioniﬁi}adius curve is the result of_several conpeting
trends jn AN and A\S1 and that several factors must govern
the stability of the complexes.

On the basis of the explanation proposed above for the
trends in the rare-earth glycolate-data, the following expla-
nation for the trends in logKy of the oHIB complexes may be

suggested. First, the increase in stability from lanthanum
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to samarium no doubt results from the increase in -/\Hjc which
accompanies decresasing ionic radius. The slight drop in sta-
billity at curopium and gadolinium reflects the increase in the
average slze of the hydration sphere that accompanies the

- gradual decrease in the coordination number of the lons from
europlum to holmium. The fact that logKj begins to lncrease
again after gadolinium may be due to a decrease in dentate
character brought on by the.increasing degree of hydration.
The formation of a complex with a lower dentaté character may
be energetically more favorgble for those lons which have the
larger hydration sphere and lower coordingtion number; on the
other hand, formation of a complex with higher dentate charac-
ter may be energetically hore favorable for those lons which
have the smaller hydration sphere and larger coordination.num-
ber.‘ Since 1t is often gssumed that two types'of agqueous
ions, dirfering in coordination number, exist foxr the rare
earths from europium to dysprosium, it is not impossible that
two types of complex can coexist in varying amounts for these
lons., Finglly, the complexes of the last five rare;earth
ions all have the same lower dentate character, and logK; will
agaln increase with decreasing ionic radius.

The most questionable aspect of this discussion is the
assumption of the change in dentate character. The principal
experimental support for this assumption comes from considera-
tion of the Kj1/Kp ratios. It is therefore necessary to dis-

cuss the theory and application of K1/X2 ratios in detail.
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The statistical dependence of the ratios of the succes-
slve dlssoclatlion constants of polyprotic acids was first
pointed out by Ostwald in 1889 (88). N. Bjerrum (89) subse-
quently developed a quantlitative theory of successive dissocl-
ation constahts that utilized concepté from the Debye-~Huckel
theory of electrolytic solutions. J. Bjerrum (16) later ex-
tended this theory to the study of the successive formation
constants of transition metal complexes.

According to J. Bjerrum, the ratio of two successive

formation constants is given by the ratio,
¥Kn/*Kpel = S X E X R. (27

The term S is called the statistical factor; it takes into
account the extent to which Kn is kinetically favored over
Kn+l - The quantity E 1s defined as the coulombic factor; it
takes into consideration the degree to which Ky is electro-
statically favored over Kn+l when the ligand bears a negative
charge. Tne term R is called the rest factor znd includes
any other relevant factors_such as steric hindrance.

The wvalue of S may be derived directly from consideration
of the two formation constants, Kn and Kn+l. Each of these
constants is equal to the rate constant of the forward step
over the rate constant of the reverse step. The rate con-
stant of the forwgrd step, in each case, 1is proportional to
the number of sites at which the ligand can bond to the pre-

existing complex. The rate constant of the reverse step, in
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each case, 1ls proportional to the number of ways in which the
product complex can lose a ligand to ie-form the origingl com-
plex.

If the ligand is monodenfate and the coordination number

r

of the cation is N, 1t can easily be seen that

S = (N-n +1)(n +1) .
n(N - n)

If the ligand is polydentate, in ordexr to find the fac-
tors proportional to the forward rate constants one must ex-
amine the geometry of each reactant complex to determine the
number of sites avallable to the ligand, This step is facil-
itated by the use of structurgl models. The reverse rate
-constants will always be proportional to the number of ligands'
present in the product complex.

| Belore one can detefﬁine the values of S for rare-earth
complexes, one must consider the possible geometric structures
of tThese complexes.
| Many X-;ay crystallographic studies have been made on
rare~earth compounds, and a coordination number of nine has
" been found in most cases. In the'compound Nd(HZO)g(BrO3)3'
(90) and in the compounds M(CpH50803)3(H20)9 (91), where M
is lanthgnum, praseodymium, erbium, or yttrium, the.cation is
surrounded by nine Watex molecules, six of which are gt the
apices of g right triangular prism with the other three situ-

ated beyond each rectangular face of the prism. The same

e
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coordinagtion number and geometric arrangement 1ls found for
rare-earth cations, éccording to Wells (92, pp. 74, 340, 553),
in the following compounds: the trihydroxides of lanthanum,
praseodymium, neodymiuﬁ, samarium, gadolinium, dysprosium,
erbium, and ytterblium; the trichlorides of lanthanum, cerium,
praseodymiun, neodymium, promethium, samarium, europium, and
gadolinium; and in the tribromides of lgnthanum, cerium, and
praseodymium. A similar but slightly distorted 9-coordinate
array of donor atoms has recently been found (93) in solid

' EDTA complexes of the type [M(EDTA)(HQO)3]‘, where M repre-
sents all the rare-earth ions from lanthanum to terbium.
However, in complexes of the type HM(EDTA)(H20)y a coordina-
tion number of ten has been found (93).

An X-ray diffraction study of the'aqueous gadolinium ion
(9%) indicated a coordination number of eight or nine for this
ilon. A coordinagtion number of eight hés also been found for
the gadolinium ion in crystals of GdC13-6H20, where the
[C12Ga(H20)g] ion has been shown to be present (95).

The statistical ratios calculated by Powell (10) for all
possible geometries of complexed rare-~-earth cations are listed
inATable 7e

The term E in eguation 27 takes into account the electro-
static.factors which influence the Kﬁ/Kn+1 ratlio when the
ligand bears a negative charge. The pfesence of one or more
negatively charged ligands in a complex reduces the overall

charge of the complex and inhibits the approach of additional
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Table 7. Statistical ratics of successive formation constants

coordination geometric dentate S
number configuration character
10 archimedian antiprism+ 2  tridentate L.92
bidentate 3.13
monodentate 2.22
9 triangular prism+ 3 tridentate L.92
: ‘ bidentate 3.27
monodentate 2.25
8 dodeczghedron tridentate 7.11
: bidentate - 3.64
monodentate 2.29
8 archimedign antiprism tridentate 533
bidentate - 3.56
monodentate 2.29
8 cube tridentate 7.33
~ bidentate 3.43
monodentate 2.29
7 pentagonal bipyramid tridentate 10.00
bidentate L. 09.
monodentate 2.33
6 octahedron tridentate 16.00
bidentate L,80
monodentate 2.40
ligands.

J. Bjerrum (16) developed an equation for cglculating E
from Coulomb's law. Unfortunately, because of the oversim-
plifications in his model, Bjerrum®s equation is of little
practical use. For rare-earth complexes with uninegative

ligands, Bjerrum®s equation would predict a value of about 4
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for E; this result is much too large, since many experimental
K1/Ko ratios are themselves less than k.

| Since E cannot, as a rule, be calculated theoretically,
"1t must be obtained experimentally (96). If stepwise enthgl-
ries of formation are available, one can use equation 26 to

obtain the relation

log B = _AHy - AHy | (28
2.3RT

assuming that only electrostatic factors are respounsible for
the differences in successive eanthalpies. The most reliable
set of calorimetric data on rare-earth complexes with uninega-
Tive ligands is probably Grenthe®s data on the glycolate sys-
tem (31). Nevertbelesé, his wvalues of [§H2 show a numbef of
apparently random fluctuations, and the values of E that one
can calculate from his data using equaticn 28 vary from 0.43
to 1.45. Other sets of [§H2'data.(34, 84) are so unrelizble
that caiculations of E from them would be pointless. The
calculations of B from GrentheYs data probably reveal the
approximate magnitude of E, even though they do not yield an
uneéuivocal value for this constant.

The only remaining course is to employ values of E which
nave been found for other complex systems involving uninega-
tive liéands. .This procedure 1is justifiable since E is
basically a ligand effect and depends primarily on the charge

0of the ligzand and not on the nature of the metal cation.
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Manning (97, 98, 99) has found a value of 1.6 for E in many
complex systems involving uninegative ligands. A study by
Larson and Folkeson (100) indicated a value of 1.4 for this

. constant. Thus one can assume that E for rare-earth com-
plexes with uninegative ligands is approximately 1.6 % 0.1.
When more accurate values of stepwise enthalpies of formation
are avallable for rare-earth complexes, the value of E can be
found with more certainty. ‘

The rest factor (R) in equﬁtioh 27 is usually ignored.
it is only taken into consideration when such factors as ster-
ic hindrance, due to very large ligands, or strong ligand
field effects influence the value of the K3 /Ky ratio.

The thermodynamic Kj/Kp ratio is ielated to the experi-

mental K3j/Kp ratio by mezns of the equation

#Kp Xy
— = —] 0
TR, g (f)s

where

Applying the conventional form of the Debye-Hlckel equation,

(equation &), one finds

-t

oATE

1+ B&I=

i

log F(f)

it

Substituting the average value of the ion-size parameter for

rare-carth ions reported by Spedding and Atkinson (65) and the
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appropriaste values of A and B at 250, one obtalns an estimated
value of l.56 for F*(f) at an ionic strength of 0.1000 molar.
The value of the ion-size parameter depends to some extent on
the particular rare-earth ion in question and on the anion ofbl
the background electrolyte. If the wvalue of the lon-size
parameter is varied within reasonable limits, FY(f) at 0.1000
molar ionic strergth will very by £0.05.

Since the value of FY(f) at 0.1000 molar ionic strength
is approximafely the same as the coulombic factor for uninega-
tive ligands, the experimental value of Kl/K2 at 0.,1000 molar
lonic strength should be approximately equal to S, the statls-
tical factor.

Powell and RBowlands studied the rarcé-earth complexes of
the l—hydroxyoyclopentanecarboxylate (ECPC) ligand at an ionic
strength of 0.1000 molar (9). They found that the average
K1/Kp ratio from lanthznum to neodymium was 4.93 and that from
terbium to lutetium the average K)/Xp ratio was 3.29. The
Kj/Kp ratios from samarium to gadolinium took on intermediate
values. The ratio 4.93 is very close to the statistical
Tactor of 4.92 for tridentate ligandey on a nine- or ten-co-
ordinate cation. Thelratio 3.29 is very close to the statis-
tical factor of 3.27 for bidentate ligandcy on a nine-coordin-
ate cation and not too far removed from the statistical fac-
tors for bidentate ligandcy on an eight-coordinate cation
(3.43, 3.56, and 3.64)., ©Powell and Rowlands therefore con-

cluded that the lighter rare-~earth ions were bonded triden-
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tately by the HCPC ligand, while the heavlier rare-earth lons
were bonded bldentately. The intermediate ratios found for
samarium, europium, and gadollnium were thought to imply that
mixtures of both types of complex were present with these .
ions; Although the data seemed to indlcate that the drop in
coordination number in the middle of the rare-earth series was
from ten to nine, the posslibility of a drop from nine to eight
could not be excluded.

The question then arose as to how the HCPC ligand could
bond tridentately. Geometric considefations precluded the
possibility of both carboxylate oxygens bonding directly to
the rare-earth ion. However, it might be possible for one of
the carboxylate oxygens to bond indirectly, via a hydrogen
bond to a coordinated water molecule, while the other carbox-
ylate oxygen bonds directly. This postulate 1is similar to
the one advanced by Grenthe concerning indirect bonding, via
water, by the hydroxyl group (31). _If both carboxylate oxy-
gens participated in bonding, one directly and the other in-
directly, a six-membered chelate ring would be formed. The
drop in dentate character from tridentate to bidentate could
involve elther rupture of the indirect bond to one ofithe
carboxylate oxygens, or rupture of the bond between the metal
and the hydroxyl group.

An zlternative explanation of the apparent trideantate
cnaracter of the HCPC ligand is possible. Actually, the

statistical factor, and hence Ki/XKo, is related to the dentate
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character of the ligand only ihsofar as the dentate character
represents the number of coordination sites blocked by each
ligand. It is possible that the second carboxylate oxygen,
whlle not forming any‘bond to.the cation, does block an addli-
tlonal coordinatlion site from being occupied by another lig-
and.

Powell and co-workers have extended the study of Xj/Xp
ratios to several other sets cf rare-earth stébility constant
data collected gt 0.1000 molar ionic strength. The same
values of K1/K2 found with the HCPC ligand have been encoun-
tered with qulite a few other ligands.

The data reported by Flelscher (42) for the rare-earth
ethylglycolates showed an average ratio of 4.8 for the lighter
rare-earth lons and an average ratio of 3.3 from holmium to
lutetium with intermediate values from gadolinium to dyspros-
lum. The rare-earth ethylglycolates appear to follow the
same pattern as the HCPC complexes. ‘.

2 study of the rare-earth methylisopropylglycolates (10)
indicated a ratio of 4.9, and therefore tridentate ligandey,
throughout the seriles. The somewhat less precise data of
Fleischer on the methylethylglycolates seemed also to indicate
tridentate ligandcy throughout the series, although the gver-
age K1/Kp ratio was only 4.5 (42).

The X1/K2 ratios found by Kovar (32) for the rare-earth
acetates tend to indicate that the acetate ligand behdves bl-

dentately throughout the series, since the average Ki/Ko ratio
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is 3.77. . Bldentate ligandcy for the aqetates coﬁld only come
about by means of the slx-membered ring involving bpth car-
boxylate oxygens and a watér molecule. | However, if acetate
behaved as a monodentate ligand, a K1/Ko ratio of 2.2 to 2.3
would be expected.

The Kj/Ko ratios found by the author for the BHMPA com-
plexes are listed in Table 5. If the ratlos for praseodym-
ium; neodymium, samarium, and europium are ignored, the other
ten ratios have an average value of 4,84 £ 0.19. This value
obviously suggests tridentate ligandcy, and tridentate behav-~
lor 1s concelivable with a B,R°-dihydroxycarboxylate ligand.
The ratids for the lons from praseodymium to europlum average
6.29 & 0.29; this number is not close to any of the possible
statlstical factors. No explanation of these four values is
apparent at thié time, and one would hesitate to attribute
them to experimental errors in view of their mutusl consisten-
CY. '

The XK1/Kp ratios found by the author for the rare-earth
aHIB complexes are listed in Table 3. The average value of
K1/Kp from lanthanum to samarium is 4.89; this value is close
to the statistical factor of 4.92 associated with tridentate
bording on z nine- or ten-coordinate cation. The average
value of Kj3/Kp from holmium to lutetium is 3.55; this value is
in the vicinity of the statistical factors for bidentate 1li-
gandcy on an eight-coordinate cation (3.43, 3.56, or 3.64),

but it is not too far removed from the value of 3.27 associ-
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ated with bidentate ligandcy on a nine-coordinate cation.
The K;/K, values from europium to dysprosiun gradually drop
from 4.52 to 4.10, suggesting that a mixture of both types of
complexes is present, Hence, the oHIB ligand appears to
follow almost the same pattern as the HCPC ligénd.
Considerable support for the above interpretation of the
aHIB stability constant ratios comes from a recent study by
Matkovich (101). In this study the stability constants of
the neodymium and thuiium aHIB complexes were measured at
several ionic strengths ranging from 0.05 to 0.70 molar.
Aslde from the use of KNO3 as the supporting electrolyte and
the use of rare-earth nitrate stock solutions, Matkovich em-
ployed the same experimental method and computational tech-
niQue as used by the author. The relation between Kl/Ké and
I% was found to be almost linear; however, an exponential
least squares curve showed smaller deviations than a straight
line least squares curve. The exponentlal least squares

curve found for the neodymium complexes was

Xy - 1
X = 7.49e 0'57312,

and that for the thullium complexes was

K ' 1
K% = L.79e=0.7131%

The intercepts of these curves at zero ionic strength should

equal the thermodynamic step formation constant ratio #*K1/%K2.
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The thermodynamic stabllity constant ratio will equal the sta-
tlstlical factor S multiplied by the coulombiec factor 1.5.

The statlistical factor for tridentate bonding on a ten-coor-
dinate cation (4.92) multiplied by 1.5 equals 7.38; the sta-
tistical factor for bidentate bonding on a nine-coordinate
cation (3.27) multiplied by 1.5 is 4.91. The thermodynamic
K1/K2 ratio of 7,49 for the neodymium complex is failrly close

- to the predicted value of 7.38; likewise the value of ¥*Kj/*Ko
for the thulium complex, 4.79, is close to the predicted value
of 4.91., Consldering the experimental errors in Matkovich's
Ky /K2 ratios,-the agreement is quite satisfactory. These
results lend strong support to the proposed difference in den-
tate character between the lighter and the heavier rare-earth
aHIB complexes. The specific values of #K;/¥K, imply that
the change in coordinétion number from ten to nine brings on a
.change in dentate character from three to two. A possible
change in coordination number from nine to eight 1s not com-
pletely ruled out by the data, although the agreement between
theoretical and experimental values of #K3/#Ks would be poorer
if this were the case.

The use of X3/Kp ratios to predict the structure of rare-
earth complexes involves several assumptions that might be
open to question.. More studlies of the type undertsken by
Matkovich, as well as more structural studies of solid rare-
earth complexes, will be necessary before the relétionship be-

tween experimental X3/Kpy ratios and complex structure can be



firmly estﬁblished. Nevertheless, the concluslions based on
Kl/Kg data  presented in this disscrtation can be regarded as
plausible in view of the present knowledge of this subject.

The step Tormatlon constants of higher order complexes
are often'more difficult to interpret than the Kj values, be-
cause of the larger experimental errors involved. For a
given complex series, Kp rapidly decreases as n increases;
the kinetic and electrostatic factors responsible for this de-
.crease have already been described. Otherwise, the same
thermodynamic factors govern the formasticn of the higher com-
plexes as govern the formation of the first complex.

The logKs values found for the rare-earth BHﬁPA complexes
are plotted in Figure 18. This curve shows the same trends
as the corresponding logKjy values, a2lthough the scatter of
points is greater. The X3 values for the BHMPA system listed
in Table 5 show such rgndom fluctuaﬁibns'that ne significance
can be attributed to the variztions in this quantity.

The logKp values found by the authér for the rare-earth
aHIB compleges are plotted inEFigure 18, and. the 1ogK3 values
for this sﬁééem are plotted in Figure 19.. The first four
values gﬁ logKs are out of line with the remaining values, and
there appears to be an increase in stability between neodymium
and samarium. The first five values of logKs3 are out of line
with the succeeding values, and in this case an increase in
stability appears between samarium and europium. This behav-

ior is not easy to explain, but it is probably related to the



Figure 18. Logarithms of the second formation constants of the rare-earth 2,2-bis-
(hydroxymethyl )propionate (a) and e-hydroxyisobutyrate (b) complexes as
functions of cationle radius :
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Figure 19. Logarithms of the third formation constants of fhe rare-earth
a~hydroxyisobutyrate complexes as a function of cationic radius
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difference in dentate character between the complexes of the
lighter rare-ecarth lons and those of the heavier ragre-carth
ions. Little information can be inferred from the Ki values
‘i‘or the ¢HIB complexes reported in Table 3. .It may be sig-
nificant that a fourth complex appears only with those louns

for which bidentate ligandcy 1is thought to occur.
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VIII. SUMMARY

The stoichiometric stabllity constants of the complexes
forméd by the trivalent rare-earth lons with the 2,2-bis(hy-
droxymethyl)propionate and a-hydroxylsobutyrate anions were
measured at 25° and an ionic streangth of 0.1000 molar using
NaClOy as a supporting electrolyte. The method of competing
reactions was used for this study, and tweaty sample solutions
were prepared for each metal-ligand system studled. The pH
of each sample was measured with a Beckman model 1019 pH me-
ter, The stability constants were calculated by means of a
weighted least Squares program using an I.B.M. 360 computer.

A variable acid dissoclation constant was used in these cal-
culations. The relation between the stability constants and
rare-earth lonic radius was found to be remarkably different
for each of the ligands studied. In order to account for
this fact and for other features of the data, a theory of .
rare-earth complex formation was proposed. It was suggested
that the trends in the stagbility of the rare-earth BHMPA com-
plexes priﬁarily reflected the varying degress of hydration
of the rare-earth ions. Thne trends in the stability of the
rare-egron aHllB complexes'were thcughé to result from a change
in the deuntate character of the ligand as well as from changes
in the degree of cationic hydration. The ratios of succes-
.slve step formatlon constants were used to predict the struc-

ture of the complexes. The aqHIB ligand appeared to bond the
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lightér rare-earth lons tridentately and the heavier rare-
earth lons bidentately, while the BHMPA ligand appeared to
bond tridentately throughout the rare-earth series.
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XI. APPENDIX A: EXPERIMENTAL DATA

' FOR THE RARE-EARTH 2,2-BIS(HYDROXYMETHYL )PROPIONATES

Reagent concentrations:

Ca
Ca

CHa
CHa
CHA
CHa
Cy

CM

—
-

-
-

n

[}

n

0.1000 1 except for Ce, Yb, and Lu
0.09255 M for Ce, ¥Yb, and Lu

0.1099 N except for La, Ce, ¥Yb, Lu, and Y
0.1052 M for Ce, ¥Yb, and Lu

011055 M for La

0.1011 M for ¥

- 0.1000 M except for La, Sm, Er, and ¥Yb

0.09785 M for La
0.1042 M for Sm

0.1021 M for Er
0.09255 1 for Yb
0.0000 M except for Ce
0.002604 M for Ce
1.066 M
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Lanthanum

Vbs ml. -
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1.00
1.50
2.00
2.50
3.00
3.50
4.00
k.50
5.00
6.00
700
8.00
9.00
10.00
11.C0
12.00
16.00
20.00
2k,00
26.00

Cerlum
Vps ml. pH
1.00 4.,1057
1.00 L,1077
1.50 L.1178
2.00 L,1273
2.50 4.1338
3.00 b,1418
3.50 L,1h62
L,00 b.1515
L.50 L, 1564
5.00 L,1601
6.00 L,1683
7.00 L ,1763
8.00 4,,1828
9.00 4.,1905
10,00 L,1976
11.00 L.2001 .
12.00 L,2077
16.00 L,2253
20.00 L2400
24,00 L.,2517

Praseodymlium
Vp, ml. pH
1.00 L£,.1879
1.50 L.,1775
2.00 L, 1743
2.50 4,1782
3.00 4.,1798
3.50 £,1836
4,00 L ,1860
4.50 b.,1916
5.00 L,1960
6.00 L,2038
7.00 L, 2127
g2.00 L,2200
9.00 L,2267
10.00 L, 2342
11.00 L,2415
12,00 L, 2458
16.00 4,266
2C0.00 L,2820
24,00 L,29L8
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Gadolinlum
Vp, ml. pH
1.00 L. 1674
1.00 L,1678
1.50 L,13545
2.00 L,1540
2,50 %4,1539
3.00 L.1570
3.50 L,1582
L .00 L,1632
L.50 %.,1689
5.00 L,1717
6.00 L,1823
7.00 . 4.1909 -
8.00 2 ,1983
9.00 L.2059
10.00 4.2133
11.00 L,2216
12.00 L, 2277
15,00 L, 2478
20.00 L,2669
25.00 L,2841
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Terbium
Vy, ml. pH
1.00 L,1839
1.00 4,1878
1.50 L, 1761
2.00 L,1733
2.50 4,1735
3.50 L,1765
4,00 L4,1798
¥, 50 4,1827
5.00 L,1901
6.00 L,1967
7.00 - 44,2026
8,00 . 4,2088
9.00 L,2178
10.00 Ly, 2220
11.00 L,2293
12,00 h,.2359
15.00 &, 2490
20.00 L,2709
25.00 L,2868

Dysprosium
Vy, ml. pH
1.00 L,1982
- 1.00 4,1995
1.50 L,1856
2.00 L,1827
2.50 L.,i8pa
3.00 L,1858
3.50 £,1901
L.00 L,1917
L,50 L,19L0
5.00 L,2002
6.00 L 2oLy
7 .00 L, 21kl
8.00 L,2211
9.00 L, 2266
10.00 &,2348
11.00 L,2his
12.00 L, 2478
15.00 L,2621
20.00 L,.2821
25.00

4,3002
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Ytterbium Tubtetium Ytorium
Vp, ml, pli Vn, nl. p "Vyps ml. pH
1.00 - %,1600 1.00 L.1550 1.00 L, 25610
1.00 ,1618 1.00 54,1538 1.50 L,2481
1.50 L,1477 1.50 L1401 2.00 L, 2459
2.00 L, 1436 2.00 L,1354 2.50 L, 2459
2.50 L.,14518 2.50 L.1353 3.0C b, 2463
3.00 L,1439 3.00 L4.1353 3.50 42497
3.50 BN R A 3.50 %.,1398 4,00 L,2521
4,00 L 1862 4,00 L.1h21 4.50 L.2558
4,50 L.,1519 4,50 L1467 5.00 L.2579
5.00 L,154%5 5.00 L,1500 6.00 L.2624
6.00 L.15630 6.00 4.1589 7.00 L,2678
7.00 L4 .1703 7.00 L 1660 8.00 L,.2757
3.00 L,1782 8,00 L,1738 9.00 L,2799
9.00 51,1858 9.00 L4,1801 10.00 L_.2860
10.00 L,1922 10.00 L 1866 11.00 - 4,2892
11.00 L,1970 11.00 L.,1924 12.00 b,2940
12.00 4, 2040 12.00 L,2000 16.00 L,3118
15.00 L,2205 16.00 L,2205 20.00 L.3239
20.00 L2023 17.00 i, 2269 24 .00 h.3381

25.00 L,2600 24,00 L,2517 28.00 L, 34l6
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XII. APPENDIX B: EXPERIMENTAL DATA
FOR THE RARE-EARTH o-HYDROXYISOBUTYRATES

Reagent concentrations:

Ca

Cma
Cra
CHA
CHa

—r
-—

i

I

V

0.1000 ¥

0.09561 M for Pr, N4, Sm, Eu, Gd, Yb, and Ky
0.09700 M for La, Ce, Tb, and Dy

0.1010 M for’Ho, Tm, Lu, and ¥

0.1009 ¥ for Ex

0.1000 M except for La, Sm, Er, and Ib

0.09785 M for La

0.1042 S

To

=
H

¥

0.1021 1

0.09255 M for Yb

y

ki

or Er

0.0000 M except for Ce

0.002604 } for Ce

1.012 ¥ for La, Ce, Gd, Tb, Dy, and Kj
1.066 ¥ for Pr, Nd, Sm, Eu, ard ¥Yb

0.9864 ¥ for Ho, Er, Tm, Lu, and ¥
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