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Fig. 1.—The temperature dependence of the specific
constants.
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The Mechanisms.—A mechanism which is con-
sistent with the observed first-order path is repre-

sented by the slow equilibrium
SbCl; = SbCl; + Cly (3)

The third-order path is consistent with the mech-
anism represented by equations 4, 5 and 6

25bCl; = SbyCly, (rapid equilibrium) (4)
SbeClyp + Sb*Cl; = Sb*SbheCly; (rapid equilibrium,
activated complex) (5)

Sb*Sb;Cli; —> SbCl; + Sb*SbC(ly (rate-determining
step) (6)
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The dimerization of antimony pentachloride is a
reasonable possibility in light of the evidence for
the existence of compounds of the type ShCls-
MCI;, where M may be either phosphorus or ar-
senic.!®* A possible structure for the activated com-
plex is shown in Fig. 2 wherein the three antimony
atoms occupy identical positions.
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Fig. 2.—Proposed structure for termolecular activated
complex.
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V. Nitrilotriacetic Acid!

By VINCENT L. HUGHES AND ARTHUR E. MARTELL?
RECEIVED QCTOBER 5, 1955

Thermodynamics of Metal Chelate Formation.

Potentials of cells consisting of hydrogen and silver—silver chloride electrodes have been measured in buffer solutions con-
taining acid salts of nitrilotriacetic acid at various ionic strengths. The e.m.f. data obtained were extrapolated to infinite
dilution with the aid of the Debye—Hiickel activity coefficient relationship, and the thermodynamic acid dissociation con-
stants were evaluated. Similar measurements made in the presence of Mn(I1), Mg(II), Ca(IF) and Ba(Il) ions were used
for the determination of the corresponding thermodynamic metal chelate stability constants. The standard free energy
changes for the reactions at 0, 10, 20 and 30° were calculated, and the corresponding values of AH° and AS® applying over
this temperature range are reported. The results are interpreted on the basis of recent theories of metal chelate formation in

aqueous solution.

In order to provide more data for testing the sig-
nificance of the entropy effect as a factor in the sta-
bility of metal chelate compounds,?® the thermo-
dynamic measurements reported previously for

(1) This research was supported by the U. S. Navy Office of Naval
Research under Contract Nonr-596(00). Abstracted from a disserta-
tion submitted by Vincent Hughes to the Faculty of Clark University
in partial fulfillment of the requirements for the degree of Doctor of
Philosophy.

(2) Department of Chemistry, Clark University, Worcester, Mass.

(3) (a) A. E. Martell and M. Calvin, ”’Chemistry of the Metal
Chelate Compounds,”’ Prentice-Hall, Inc.,, New York, N. Y., 1952, p.
151; (b) G. Schwarzenbach, Helv. Chim. Acta, 35, 2345 (1952).

ethylenediaminetetraacetate chelates* have been
extended in the present research to metal chelate
compounds of nitrilotriacetic acid. Although the
latter ligand provides fewer codrdinating groups
than does the anion of ethylenediaminetetraacetic
acid, it nevertheless has a remarkable affinity for
even the more basic divalent ions. Therefore it
seems quite probable that relatively large entropy
effects would contribute to the stability of metal-
nitrilotriacetate chelates, as has been found to be

(4) (a) F. F. Carini and A. E. Martell, THis JourNaL, 7§, 4810
(1953); (b) 76, 2153 (1954).
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true of the alkaline earth ethylenediaminetetraace-
tates.

The only chelate stability constants previously
reported for nitrilotriacetic acid were measured at
one temperature, 20°, and at a constant ionic
strength of 0.10. Hence it is not possible to deter-
mine enthalpy and entropy changes from the “‘con-
centration’’ constants available for this ligand. In
the present work, thermodynamic stability, or
formation, constants are determined in order to pro-
vide more accurate values of enthalpy and entropy
changes associated with formation of the metal
chelate from the ligand and metal ions. Also, since
the stabilities of the metal chelates are somewhat
lower than those of ethylenediaminetetraacetic
acid, it is possible in the present work to extend the
potentiometric measurements to one of the more
basic transition metals—Mn(II). Therefore the
metal ions selected for this investigation are Mn(1I),
Ca(Il), Mg(II) and Ba(II).

Experimental

The method employed for the determination of thermo-
dynamic acid dissociation constants is similar in principle to
the procedure described previously.® The cells employed
contained no liquid junction and may be described by the
following general type

Pt-H;, KCl(m1), KoH;3 nA(mg),
Koy 1 Heo A(m5), AgCl-Ag (1)

where H;A represents nitrilotriacetic acid. The buffer
solutions employed for the determimation of K, K> and K;,
the first, second and third acid dissociation constants, corre-
spond to values of » = 0, 1 and 2, respectively, in the gen-
eral cell described above. The electromotive forces of each
of these three cells were measured at 0, 10, 20, 30 and, in
the case of X; and K, at 40°. Values for 0° were evalu-
ated by extrapolation of measurements made at a slightly
higher temperature.

Since the first two acid forms of nitrilotriacetic acid are
strongly dissociated in aqueous solution and the correspond-
ing dissociation constants do not differ greatly, it is better to
employ the simple mono-potassium salt, KH,A, rather than
a mixture of the free acid and this salt, as the buffer solution.
Thus the buffer solution employed in cell I involves only
two concentrations, that of HK,A (m,) and of KCl(m,).

The cell employed in the determination of metal chelate
stability constants differs somewhat in the nature of the
solutes and has the general form

Pt-H,, MCl(m), K:HA(mz), KaA(ms), AgCl-Ag  (II)

where M represents the bivalent metal ions of Mn(II),
Mg(11), Ca(Il) and Ba(II).

The solutions employed in cell I were made up such that
they initially contained the buffer ratios given below.
This is the term ma;a/mui—1a, which is determined by the
concentration of the two anions in the solution. In the
first two cases, no attempt was made to adjust further the
ratio to the initial one. Literature data indicated that for
the first and second acid constants involving carboxyl groups,
no improvement in the extrapolation function or change in
the intercept resulted.® In the last case, however, adjust-
ment was made at each temperature and a constant ratio
maintained, since higher terms were more likely to enter, and
did enter, into the extrapolation function,

Materials and Measurements.—The nitrilotriacetic acid
was obtained through the courtesy of Versenes, Inc., Fra-
mingham, Mass. It was further purified by successive re-
crystallizations from distilled water. The apparatus em-
ployed for e.m.f. measurements, the methods employed for
the preparation of electrodes and the purification of reagents,
and the experimental glass cell are the same as were previ-
ously described.® For each e.m.f. measurement a number
of platinum and silver-silver chloride electrodes were em-
ploved as a check on the condition of the electrodes. The
electromotive force values obtained for both cells were found

(5) J. R. Bates and G. Pinching, THis JoUrNaL, T1, 1274 (1949).
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to be reproducible to &= 0.05 mv. In most cases 5 hours
was sufficient to obtain reproducible readings, which were
found to remain constant a number of days. The tem-
perature of the experimental solution was maintained con-
stant within £0.01°,

Calculations

All extrapolations were made on the basis of equa-
tions obtained by suitable substitution in the gen-
eral equation for the e.m.f. of a cell consisting of
hydrogen and silver—silver chloride electrodes and
containing hydrogen and chloride ions. If g, m and

represent activity, molal concentration and activ-
ity coefficient, respectively, the final expression for
the thermodynamic constant K becomes

MHiA
MHi—1A

+ logjﬁamfcr (1)

in—|A

pKi = pwH + log

where pwH represents the function (E — EF/
2.303 RT + log #mc1-, according to usual practice.

The first and second terms on the right-hand of
equation 1 involve only measured quantities. The
third term is evaluated from the Debye—Hiickel
relationship

AZE /e
1 + Bafu'/:

The values of 4 and B have been given by Manov,
et al.,® and the othér terms have their usual mean-
ing. All terms in equation 2 can be readily ob-
tained, with the exception of a*, which was arbi-
trarily chosen to give a minimum slope to the ex-
trapolation function. It was found that only one
value was necessary at the various temperatures to
keep the slope of the extrapolation to infinite dilu-
tion reasonably low, In the caseof Kj, slight curva-
ture in the plots was eliminated by adding the
term —fBu?/; with 8 = 3.50, The evaluation of the
terms other than the constants on the right-hand
side of equation 1 was carried out in the following
manner.

pK;.—The third acid dissociation constant was
obtained from e.mJf. measurements containing
K;A and K;HA as the buffer solution. Because of
the high pH of these solutions, it was necessary to
take into consideration the hydrolysis of the very
basic anion, A~3.

Thus the equation employed in the extrapolation
is

—logf; = + Bm; (2)

m + mor- 4Au'/2
ne — WOH™ 1 + a,*Bp,’/z

The molalities were adjusted throughout the meas-
urements to maintain the ratio my:ma:m,; at the
constant value 5.025:0.31:0.69.

pK,—The second acid dissociation constant was
evaluated from the e.m.f. values of cell I containing
KH:A and K;HA as the buffering substances. In
addition to the equilibrium between these two sub-
stances, it is necessary to take into account the ex-
tensive dissociation of the H,A— anion. In this
case the equation used for the extrapolation of e.m.f.
data takes the following form

(3)

pK;: = pwH + log

me + mu+ 24 u/:

pK: = pwH — log o — e T 1 F 2 B (4)

Here also, the experimental solutions were adjusted

(6) G. Manov, R. Bates, W. Hamer and S. Acree, tbid., 65, 1765
(1943).
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so that the molality ratio m,:m,:m; would have a
constant value of 2.55:0.809:0.191.

pK1.—The first acid dissociation constant was
calculated from the product constant XK;K,, which
was determined by the method of Bates” for two
overlapping dissociation reactions.

The extrapolation function is

- A
%pKlKg = pwH — X log 7BAT | g5 K (5)
NIHA

2 1+ a*Bu'/»
The molality ratio m,:m, was maintained constant
at 2.52:1.00 throughout the measurements. The
ratio mpa-:/mu,a is obtained by successive ap-
proximations. In principle the method involves
the assumption of a reasonable value for K;. Then
from the previously-determined value of K, and
the activity coefficient of the medium, concentra-
tion constants are determined and the values of
mua-: and mu,s may thus be calculated for each
ionic strength. The extrapolation is then carried
out and the value of pKK, thus determined is used
to calculate a better value of K;. When the value of
K, obtained by extrapolation is the same as the one
chosen to evaluate the concentration quotient, the
correct value has been obtained.
Metal Chelate Constants.—The buffer systems
employed in cell IT contained the ligand anions

HA—?, A—% and a bivalent metal ion. The follow-
ing equilibria are involved
_ ar+aa-?
HA——> A3+ HY K, = EHA‘:
ama~!

+2 —3 —> -1 = 78
M* 4+ AT ZZ MAT Ky = 30—

The product of K; and K is the desired function

ama-'agt

K:Ky =
aM*2aEAT?

When this is substituted in the general extrapola-
tion expression, the following relationship is ob-
tained
LN
MM*tIMEA?
8Au'/

1% o Bas + Bu (6)

Since the pH values of all the solutions investigated
were below 7, the concentration quotient was evalu-
ated with the relationships

log Ky = pK; — pwH + log

mua- = mz + mar
mm*tt = m — m3; — mp*
my — mga*

muat
1+ 2,
where K is the concentration constant correspond-
ing to the ionic strength of the solution. The
buffer ratios mya/(mm+:) (mua) (Mc1-) were main-
tained constant throughout the investigation by the
addition of acid or base to the solution. The val-
ues employed were 38.8, 200, 111 and 69.0 for Mn,
Mg, Ca and Ba, respectively.

The extrapolations of the three functions devel-
oped above for the determination of acid dissocia-
tion constants are given practically in Fig. 1, and
the extrapolation of e.m.f. data of cell II are given
in Fig. 2 for each of the four metals involved. The

(7) R. Bates, THis JOURNAL, 70, 1579 (1948).
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Fig. 1.—Extrapolation of e.m.f. data of cell I to infinite
dilution: upper curve, 1/,pK1K; vs. u X 102; lower left,
pK, vs. p X 102; lower right, pK; vs. u X 102
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Fig. 2.—Extrapolation of e.m.f. data of cell II to infinite
dilution: upper left, log KMg; upper right, log Kca; lower
left, log KBa, lower right, log KMy, all plotted vs. 4 X 102

values of the parameters, a*, which were used in
these extrapolations are 4.0 for all acid dissociation
constants, and 1.25, 2.5, 4.0 and 1.25 for Kuy,
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Kumg Kca and Kg,, respectively. The value 4.0
was used for the constant B in the calculation of
the metal chelate formation constants.

The standard thermodynainic quantities AF?,
AH" and AS? associated with each of the chemical
reactions investigated were calculated by means of
the relationships

AFY = —2303RT log K 7
AFIO = 2.303RT\T: (log Ky — 108_19) (8)
T, — T
0 — 0
ASY = QIIT—AF (9)

The equilibrium constants calculated by means
of equations 3-6, and the thermodynamic changes
associated with the dissociation and chelate forma-
tion reactions, calculated by means of equations 7-9,
are given in Tables I and I1.

TABLE I

THERMODYNAMIC CHANGES FOR DiISSOCIATION OF NITRILO-
TRIACETIC ACID

4 AF0, + AH?Y, —ASe,
t, °C. Kz kcal./mole kcal./mole e.u./mole
30 10.23p 14.23 4.05 33.6
20 10.334 13.89 4.40 32.4
10 10.454 13.55 4.80 30.9
0 10.594 13.28 5.20 29.6
pKs
40 2.978 4.27 —-1.1 17.2
30 2.956 4.10 —-0.8 16.1
20 2.940 3.95 -0 13.5
10 2.948 3.83 +0.3 12.5
0 2.953 3.70 ~+0.4 12.1
PKn
40 1.686 2.42 —-1.75 12.3
30 1.66 2.31 —0.75 9.5
20 1.65 2.22 —0.25 8.4
10 1.65 2.14 +0.25 7.3
0 1.687 2.11 +2.0 2.1
TasLE II

THERMODYNAMIC CHANGES ASSOCIATED WITH COMBINA-
TION OF NITRILOTRIACETATE AND METAL JoNS

—AFo, —AHSY, +AS,
£, °C. log KM keal./mole kcal./mole e.u./mole
Reaction: Mnt2 + A—3 — MnA—

30 8.644 11.98 —3.5 51.1
20 8.573 11.49 —-2.0 46.0
10 8.534 11.05 —-0.8 41.9
0 8.527 10.67 ~0 39.1
Reaction: Mg*?2 + A~% — MgA~
30 6.612 9.167 —4.8 46.0
20 6.500 8.714 —4.3 44.3
10 6.396 8.282 —3.4 41.2
0 6.310 7.88 —2.5 38.0
Reaction: Cat*? + A=3 — CaA~
30 7.595 10.52 ~0 34.6
20 7.608 10.21 1.0 31.4
10 7.652 9.90 1.7 29.0
0 7.704 9.64 2.1 27.5
Reaction: Bat2 + A~3 — BaA~
30 5. 587 8.12 0.50 25.1
20 5.875 7.88 1.20 22.8
10 5.914 7.66 1.70 21.0
0 5.968 7.455 2.25 19.1
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Discussion

Acid Dissociation Constants.—All of the acid
dissociation constants reported in Table IIT show
a non-linear variation as a function of tempera-
ture, and the enthalpy change thus varies with
temperature. For the first and second dissocia-
tions, there is a minimum in pK for the temperature
range investigated. This property has been ob-
served for most weak acids, and many examples of
such behavior have been given by Harned and
Owen.® A satisfactory interpretation of this phe-
nomenon seems to be that offered by Gurney,?
whereby the quantum-mechanical binding energy
(exchange forces) is decreased with an increase of
temperature as a result of an increase of potential
energy of the binding electrons. On the other hand
the electrostatic binding energy increases with
temperature as a consequence of the decreasing di-
electric constant of the medium. In the case of
carboxyl groups the latter effect is strong enough
to counterbalance the former. Since the dielectric
constant change is a function of molar volume, and
decreases more rapidly at higher temperature, a
minimum in pK (¢.e., a maximum in K) is observed.
Although there is no corresponding minimum in
pK,, which involves the binding of a proton to a
basic nitrogen atdm, it is probable that the same
factors operate in this case as well.

The difference between the first and second acid
dissociation constants is perhaps more than would
ordinarily be expected in view of the similarity of
the dissociating groups. On the basis of statistical
considerations alone, a difference of 0.5 in pK would
be predicted. This is, however, only a small part
of the observed difference of 1.3 pK units. The
statistical factor would show up in the entropy
term. It is seen from the data of Table I that all
of the difference in these dissociation constants is
attributable to entropy factors, and the reason for
the greater-than-predicted difference in dissociation
constant therefore has to do with structural and
charge characteristics of the amino acid species in-
volved.

The third acid dissociation constant is much
weaker than the corresponding constant of glycine!®
(pKs = 9.78 at p4 = 0 and 25°). The increased
basicity of the nitrogen atom in nitrilotriacetic acid
is apparently a consequence of the inductive effect
of the three attached acetate anions. It is further
noted that the thermodynamic constants reported
in this paper are larger than the concentration con-
stants Ky’ and K, (pK; = 1.9, pK, = 2.49) and
smaller than the concentration constant K; (pK; =
9.73) reported by Schwarzenbach, etal.,'* for 0.10 M/
potassium chloride solution at 20°.

Stability Constants.—The thermodynamic che-
late stability constants listed in Table II are in all
cases considerably higher than the concentration
constants determined by Schwarzenbach, e af.1112

(8) H. Harned and B. Owen, '’The Physical Chemistry of Elec-
trolytic Solutions,” Second Edition, Reinhold Publ. Corp., New
York, N. Y., 1950.

(9) R. W. Gurney, “’Ionic Processes,” McGraw—Hill Book Co., New
York, N. Y, 1954,

(10) J. Bjerrum, Chem. Revs., 46, 381 (1950).

(11) G. Schwarzenbach, Ackermann and Ruckstuhl, Hely. Chim.
Acta, 38, 1175 (1949).

(12) G. Schwarzenbach and E, Freitag, ibid., 34, 1492 (1951).
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at 20° and 0.10 ionic strength. The relationship be-
tween the thermodynamic and concentration con-
stants is

Since the activity coefficient factor should always
be considerably greater than one, in view of the
rather considerable charges of the jons in the denom-
inator of the expression, the observed differences at
ionic strengths 0 and 0.1 are in the direction pre-
dicted by the above equation.

Perhaps the most significant and interesting char-
acteristic of the thermodynamic data in Table IT is
the generalization that all the enthalpy changes
associated with metal chelate formation are very
low, and that most of the driving force for the metal
chelate formation reaction is an entropy effect.
Thus it may be stated that the formation of nitrilo-
triacetate chelates of the more basic divalent metal
ions is similar to the corresponding reactions of the
ethylenediaminetetraacetate anion, and is in agree-
ment with the entropy concept? of the stability of
chelate rings.

The plots illustrated in Fig. 3 indicate that the
entropy increases listed in Table IT vary in an ap-
proximately linear manner with the value of ¢* 2/r of
the metal 1on and the sum of the first and second
ionization potentials of the metal. Since the partial
molar entropies of the metal ions also depend on
e?/r, it seems that the factors which influence the
entropy of the aquo metal ion influence in the same
manner the entropy change which occurs in the
formation of the nitrilotriacetate chelate. All of the
reactions studied in this investigation may be for-
mulated in the same manner

/Cchoo—
M(H:0)! + N—CH,CO0~ —>

CH.COO~

CO

Hy—m——
CHzCOO - 0

N M(H:0)n_4 + 4H,O
CH.COO~

Since all the metal ions investigated have a coordi-
nation number of 4 or more, this tetradentate ligand
probably displaces four of the coérdinated water
molecules from the hydration sphere of the metal
ion. Consequently the main differences in the se-
ries of reactions investigated occur in the initial and
final states of the species containing the metal. It
is therefore possible to state that the variation of
entropies of the metal chelates of the nitrilotriace-
tate anion is a linear function of the entropies of the
aquo metal ions and of the value of e?/r of these
ions. Further, it can be stated that the slope of this
function, (Sma- — Swma-)/(e¥/nn — €¥/r), s
greater (i.e., miore positive) for the metal chelate
compounds than for the aquo metal ions. Thus the
chelating agent may be considered to have a level-
ing influence on the large negative entropy of the
aquo metal ion and that the effect is greater on the
ions with the most negative entropy (greatest
value of €?/r). This is a result of the fact that the
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donor atoms of the ligand are more polarizable than
the aquated water molecules.

401
as'.|
301

20

S50+ ~30°

20

Fig. 3.—Correlation of AS® of metal chelate formation
with ratio of electronic charge squared to ionic radius,
e?/r, and with the sum of the first and second ionization
potentials Jo,.

A very interesting comparison may be made be-
tween the entropy changes in the formation of ni-
trilotriacetate chelates and those of ethylenedia-
minetetraacetateanion. In the latter case the maxi-
mum entropy increase in thé-alkaline earth series
occurs with the Ca(I1) ion, while there is a regular
increase in entropy values of the nitrilotriacetate
chelates from Ba(II) to Mg(II). The difference in
pattern is probably a consequence of the lower co-
ordinationrequirement of Mg*+, which is believed to
have a codrdination number of about four, whereas
the larger alkaline earth ions have codrdination
numbers of at least six. Therefore when Ba*+ and
Ca** combine with the ethylenediaminetraacetate
anion, approximately six water molecules are dis-
placed from the codrdination sphere of each metal
ion, resulting in a considerable entropy increase
which variesdirectly with e?/r. In the case of Mgt+,
however, the fact that only four aquo ions are dis-
placed more than makes up for the still larger value
of €*/r with the result that the entropy increase is
less. On the other hand the nitrilotriacetate anion is
only tetradentate, so that the difference in codrdina-
tion number of members of the alkaline earth series
has little influence (all the reactions are exactly
analogous), and a linear variation of entropy with
e2/r is found for the whole series.

The correlations illustrated in Fig. 3 indicate that
the entropy values obtained for the formation of
the Mn(II) chelate are somewhat anomalous. In
addition to displacement of most of the Mn(II)
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values from the linear relationships which hold for
the alkaline earths, the variation of AS? with tem-
perature is also abnormally large. The reason for

Kazuo YAMASAKI AND MOTOO YASUDA

Vol. 78

the unique behavior of Mn(II) in this case is not

apparent.

WORCESTER, MASS,
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Stability of Zinc and Cadmium Complexes with 2,2’-Bipyridine and 1,10-Phenanthroline

By KAzuo YAMASAKI AND MoT0O YASUDA
RECEIVED Aucust 18, 1955

The stability constants of zinc and cadmium complexes with 2,2’-bipyridine and 1,10-phenanthroline were determined by

the pH titration method at 25°.

The stepwise stability constants log ki, log k: and log %; and the over-all constant log K

for Cd- and Zn-bipyridine complexes were found to be 4.5, 3.5, 2.5, 10.5 and 5.4, 4.4, 3.5, 13.3, respectively. The values of
log k» and log k; for Cd- and Zn-phenanthroline complexes were 5.2, 4.2 and 5.9, 4.8, respectively.

Stability constants of bivalent metal complexes
of 2,2'-bipyridine' and 1,10-phenanthroline? have
been reported by several authors. The ferrous
complex,? in particular, has been studied because of
its importance from the standpoint of analytical
chemistry. During spectrochemical studies of sev-
eral bipyridine and phenanthroline complexes* we
have determined the stability constants of zinc and
cadmium complexes with bipyridine and phenan-
throline by the titration method of Bjerrum,’ and
compared them with data previously determined
by other methods.

Experimental

Method and Apparatus.—By means of potentiometric
pH determinations the acid dissociation constants of bipyri-
dine and phenanthroline were determined in 0.1 M potas-
sium nitrate solution at 25°. Fifty ml. of 0.001 M ligand
solution was titrated with standard nitric acid solution.
Similar measurements were then made on solutions in which
the metal being investigated was maintained at a concentra-
tion of about 2-5 X 107* Af and that of the ligand 5-10 X
107¢ M. 1In all cases a very large excess of KNO; over all
other ionic species present was added to maintain the ionic
strength at about 0.1. A glass electrode combined with a
thermionic amplifier was used. The pH values in duplicate
titrations agreed within 0.01 pH unit.

(1) B. E. Douglas, H. A, Laitinen and J. C. Bailar, Jr., THIS JoUR-
NAL, T2, 2484 (1950); E.I. Onstott and H. A. Laitinen, ¢bid., 72, 4724
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(2) 1. M. Kolthoff, D. L. Leussing and T. S. Lee, 1bid., 73, 390
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81, 97 (1947); T. S. Lee, I. M. Kolthoff and D. L. Leussing, THis
JourNaL, T0, 2348 (1948); J. H. Baxendale and P. George, Nature,
162, 777 (1948); 163, 725 (1949); P. Krumholz, THis JOURNAL, T1,
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Materials.—2,2’-Bipyridine and 1,10-phenanthroline em-
ployed were reagents prepared by the Osaka Government
Industrial Research Institute and G. F. Smith Co., U.S.A.,
respectively. Nitrates of both metals were analytical grade.

Results

The acid dissociation constants determined are:
bipyridine, —log # = 4.44; phenanthroline, 4.92.
The —log % value reported by Krumholz® at 25°
and ionic strength ‘of 0.33 is 4.43 for bipyridine.
The —log % value for phenanthroline determined
by Lee, et al.,® under the same conditions as ours is
4.91.

The data for bipyridine and phenanthroline
complexes are given in Table I. The first forma-
tion constant, &, of the phenanthroline complexes
could not be determined for both metals; only k.
and k; were determined. This difficulty occurs be-
cause the mixed solution of metal ion, ligand and
nitric acid behaves as a strong acid.

TaBLE 1
log log log
Complex k1 ke k3 log K Author
Cd-bipyridine 4.5 3.5 2.5 10.5  Present study
.. L. . 10.47 Douglas, ¢! al.’
Zn-bipyridine 5.4 4.4 3.5 13.3 Present study
Cd—phenanthroline 5.2 4.2 ... Present study

Douglas, ¢/ al.!
Present study
Kolthoff, ef al.?

5.9 4.8

Zn—phenanthroline .
6.43 ~58 ~4.8 ~17.0

The values obtained here agree well with those
of other authors determined by different methods.
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