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heme,!* iron(111) pheophytin,'* iron(111) tetra-
phenylporphyrin,'* copper(11) pheophytin,'* and
sodium tetraphenylporphyrin.?! It is interesting
that zinc phthalocyanine, a coplanar molecule in
contrast to the preferred tetrahedral configuration
of zine, falls in this group, e¥en although all of the
other zinc chelate complexes studied to date appear
to exchange rapidly in pyridine.

The apparent rapid complete exchange of all the
other (‘“‘non-fused-ring’’) zinc complexes given in
Table 1 is either actual or is a catalyzed exchange
resulting from the addition of the chloroform-water
mixture used in the separation. The former seems
more likely, especially as the same separation
method gives little or no induced exchange with the
analogous copper(1l) chelate complexes. It is
interesting to compare these results for the zinc
complexes with those for analogous copper(11)
complexes!® and nickel(11) complexes?*?* at com-
parable concentrations.

For the 8-hydroxyquinoline complexes: mnickel
and zinc exchange rapidly, copper has not been
run, magnesium?!* exchanges rapidly in water solu-
tion (2-phase system).

For salicylaldehyde (sal) derivatives: no ex-
change of sal-o-phenylenediimine found in the case
of copper and nickel (3 and 48 hours, respectively),
rapid for zinc. Slow exchange of sal-ethylenedi-

(21) J. B. Barnes and G. D. Dorough, guoted by M. D, Kamen,
J. W. Kennedy and O. Myers, J. chim. phys., 48, 199 (1948).

(22) J. E. Johnson and N, F. Hall, THIs JoUrNAL, T0, 2344 (1948).

(23) N.T. Hall and B. R. Willeford, Jr., sbid., 78, 5419 (1951).
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imine observed for copper (2-hour half-time) and
nickel (no exchange in 48 hours), rapid for zinc.
Rapid exchange of sal-methylimine observed for
copper and zinc, nickel not run.

For the acetylacetone-ethylenediimine com-
plexes: copper (37-hour half-time) and nickel (no
exchange in 48 hours) exchange slowly, zinc rapidly.

The order of lability is what is expected from the
decreasing order of stability, Cu > Ni > Zn, with
two exceptions. The order of exchange lability
for the copper and nickel sal-ethylenediimine and
acetylacetone-ethylenediimine is apparently the
reverse of the stability order; this may be actual,
or it may be due to use of a 7:3 pyridine-methyl
cellosolve solvent in place of pyridine for the
nickel studies,?*

Of the zinc chelate complexes discussed in this
paper only zinc phthalocyanine appears suitable,
as far as its exchange properties are concerned, for
use in Szilard—Chalmers concentration of radio-
zine, assuming that the inorganic recoil zinc is
separated by the pyridine-chloroform-water pro-
cedure used in the exchange separations.

(24) Copper, nickel and presumably zinc form pyridine complexes
with two, four and six pyridine molecules per gram-ion of metal, de-
pending upon the relative concentrations [see, ¢.g., J. Bjerrum, **Metal
Ammine Formation in Aqueous Solution,”’ P, Haase and Son, Copen-
hagen, 1941; P. C. Sinha and R. C. Ray, J. Indian Chem. Soc., 38,
247 (1948)]. 1t is possible that the greater pyridine concentration in
the copper exchange studies resulted in formation of kinetically more
active pyridine complexes.
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Stability of Alkaline Earth—Organic Acid Complexes Measured by Ion Exchange!

BY Jack SCHUBERT AND ARTHUR LINDENBAUM
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The formation constants for the complex ions formed between Ca*+and Sr+*and a series of mono-, di- and tricarboxylic
acids have been measured in barbital buffered solutions at pH 7.2-7.3, 4 = 0.16, and ¢ = 25° by the equilibrium ion exchange

technique.

All the complex ions formed were of the 1:1 type.
the number, kind and position of the groupings within the organic molecule.

The degree of complex formation is found to be a function of
Calculations of the formation constant under

conditions where more than one complex ion is present in the solution and where the complex ion itself is taken up by the ion

exchanger are made.

Quantitative measurements of the stability of the
complex ions formed between trace metals and the
compounds involved in the tricarboxylic acid cycle?
are of fundamental importance for the elucidation
of many biological problems.® In this investiga-
tion, the formation constants between calcium and
strontium and seventeen different organic acids
have been determined under approximately physio-
Iogic?lgconditions, 1.e., ionic strength of 0.16 and pH
7.2-7.3.

All measurements were made by the equilibrium
ion exchange method utilizing essentially carrier-

(1) The material in this paper was presented at the 118th Meeting
of the Am. Chem. Soc., Chicago, Ill., 1950 before the Division of Bio-
logical Chemistry, and the Symposinm on Complex Ions and Poly-
electrolytes, Division of Physical and Inorganic Chemistry and Di-
vision of Colloid Chemistry, Am. Chem. Soc., Ithaca, N. Y., June
18-20, 1951,

(2) H. G. Wood, Physiol, Rev., 28, 198 (1946).

{3) A. I.. Lehninger, ibid., 30, 3903 (1950).

free levels of radioactive cations.**—¢ In a recent
paper, Fronaeus,® has extended the ion exchange
method to systems in which more than one complex
is formed between the cation and ligand, ¢.e., MA *,
MA; and MA;~, etec. In applying the ion ex-
change method for complex ion studies we have
previously assumed that the complex ion itself is
not taken up by the cation exchanger and that
no other complex-forming ligands of any impor-
tance are present. An estimation of these effects
is considered.

(4) (a) J. Schubert, Manhattan Project Report, CN-2563, issued
February, 1945; (b) J. Schubert, J. Phys. Colloid Chem., 82, 340
(1948); J. Schubert and J. W. Richter, ibid., 62, 350 (1948); (c¢) J.
Schubert and J. W. Richter, THiS JourNaL, T0, 4259 (1948); (d) J.
Schubert, E. R. Russell and L. S. Myers, Jr., J. Biol. Chem., 188,
387 (1950); (e) J. Schubert and A. lindenbaum, Nature, 166, 913
(1950); (f) J. Schubert, Anal. Chein., 82, 1358 (1850); (g) J. Schubert,
J. Phys. Chem., 66, 113 (1952).

() 8. Fronaens, Acte Chemn. Scand., 8, 859 (1951).



Experimental

Procedure.—The general procedure followed was exactly
that described previously,* i.e., 100-ml. volumes of buffered
solutions at constant ionic strength containing tracer were
equilibrated with known weights of cation exchange resin
(Dowex-50) in the presence of known concentrations of a
given ligand.

Results

Formation constants, k:, were calculated from

the equation
(Ki/Kq) — 1
= onedisted 7o 1
(A (1)

where K§ and K, are the distribution coefficients of
the divalent cation, M*+, between the resin and so-
lution phases in the absence and presence of the lig-
and, A, respectively. From plots of 1/Kq us. (A) it
was found that all the complexes were of the 1:1
type, i.e., # = 1. The results are summarized in
Table I. Data for eight other complexes are in-
cluded for comparative purposes. Reasonable
agreement was usually obtained between the k¢
values determined by the equilibrium ion exchange
method and by methods such as e.m.f.,* the frog
lLeart,” electrometric titration® and solubility.?

On the average, the K3 (50 ml. of veronal buffer
present) for Ca*+ was 1.33, while that for Sr*+ was
2.40. In all instances, the value of K3 obtained by
extrapolation of 1/K4 to zero concentration of the
ligand was in agreement with the value measured
directly. Asa checkon the time allowed for equilib-
rium (3 hours), the k¢ for the Sr malate complex
was determined after 1, 2, 3, 27 and 51 hours of
continuous shaking at 25°. Within experimental
error, no differences in the B or K3 values were
found,

k¢

Discussion

It is possible to make approximate corrections
for the presence of adsorbable complex ions and
complex formation between M *+ and ligands other
than A. For calcium citrate, for example, it is of
interest to calculate the magnitude of the factor
needed to have k; refer to a ‘‘standard” state, 0.16
M NaCl at 25°. In this case the solution contains
a mixture of (CaCit)~ and (CaB)* where (B) rep-
resents the molar concentration of the monovalent
buffer components, acetate (b =F4.2) and diethyl
barbiturate (b, = 4.5) which are considered to act
as a single ligand, B, having a formation constant
of

The correction term is derived by including in the
distribution coefficient as many species as seems
reasonable under given experimental conditions.

Thus, in the calcium citrate example we have
_ (CaRy) + (CaB)R,

T (CatH) F (CaB)”
Ka

K3

(CaR,) + (CaB)R
(Ca**) 4+ (CaB)* 4 (CaCit)~

By following our previous procedure*d the cor-

(6) N. R. Joseph, J. Biol. Chem., 164, 529 (19486).

(7) A. B. Hastings, F. 8. McLean, L. Eichelberger, J. I.. Hall and 1.
DaCosta, ibid., 107, 351 (1934).

{8) R. K. Cannan and A. Kibrick, TrIS JOURNAL, 60, 2314 (1938).

(9) J. Muus and H, Lebel, X. Danske Vidensk Selsk., Math.-tys
Aedd (18, No 19 (14361

(2)
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rection term, 4.e., the term which multiplies the
right-hand side of equation (1), is

(1 4+ NB)/(1 + NB — BK3RF /K5*™™)  (3)

where N = K$*B kP /K.

In the experiment, in which 100 ml. of solution,
100 mg. of sodium resin and 50 ml. of buffer were
used, B = (0.02856 X 2 X 50)/100 = 0.02856 M.
In pure 0.16 M NaCl the value of K$*"" is 1.5,
while K = 1.33. In the expression for N the term
K§$*®" must be evaluated. This is difficult to do
experimentally but a reasonable estimation can be
made by assuming that the exchange affinity of
CaB*isequivalent to Na*, At worst, this assump-
tion is uncertain by a factor of about two. Since
the resin contains 0.39 meq. of Na*, and the solu-
tion 16 meq., K$*®" = 0.39/16 X 100/100 =
0.024. Consequently N = (0.024 X 4.3)/1.5 =
0.069, and NB = 0.069 X 0.02856 = 2.0 X 1073
By substitution of the numerical terms in the cor-
rection factor (3) we find that it is equal to 1.12,
hence an increase of about 12% in the value of
k¢ for the calcium citrate complex when 50 ml. of
buffer is present yields the value of k¢ in pure NaCl.

In similar manner when a positively charged
complex ion such as calcium gluconate only (CaG™)
is formed the correction term is equal to

1/(1 = K§*¢*/Kq) )

from which the correction term is readily estimated
to be about 2%,. The correction (4.e., standardiza-
tion) factors for the formation constants have not
been included in Table 1 because, under the re-
stricted solution concentrations employed, these
factors usually fali within the range of experimental
uncertainty in the value of the formation constant
itself.

From Table 1 can be deduced a measure of the
effect of the number and position of groups such as
the ~OH, ~COOH and double bonds on k.. The
conclusions drawn are somewhat tentative since at
¢ = 0.16 the activity ceefficient corrections may re-
verse an apparent order of stability when compari-
sons are made at 4 = 0. Of particular interest is
the 5-fold increase in bonding affinity following a
shift of the ~OH group in isocitric acid from the
alpha carbon atom to the center carbon atom to
give citricacid. An increase in chain length by one
~CHj, group results in about a 2-fold change in the
formation constant for all the types of organic acids
listed in Table 1. The relations of binding affinity
to configuration in most of the other compounds
listed in Table 1 have been commented upon by
several investigators, te-8.6.8-11

1t is worth noting that the differences in stability
of the Ca and Sr complexes of the various organic
acids might be utilized to effect their chromato-
graphic ion exchange separations.
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FORMATION CONSTANTS BETWEEN Cat+ aND Sr*+ AND ORGANIC ANIONS AT pH 7.2-7.3, 1 = 0.16, AND ¢ = 25°°

Parent
acid
Acetic

Gluconic

Glycine

Lactic

Pyruvic
Aspartic*?

Citraconic

Fumaric¥/

Glutaric
Itaconic

a-Ketoglutaric
Maleic¥

Malic

Malonic
Oxalacetic®
Succinic4
Tartaric#

Aconitic (¢frans)

a-Carboxypimelic

Citricd.e.4e

Isocitric

Oxalosuccinice

Tricarballylicte

Ascorbic

Diethylbarbituric

a I\.'uplbers in parentheses are approximate because of large experimental errors.
determined at about « = 0.2. ¢ Measurements made at 3°,

plex as reported in reference 4e was found to be inaccurate,

yellow color,

Structural formula
CH;—COOH
OH on on

l
HOOC—CH—CH—CH—CH—CH.OH

OH
CH,—COOH

!
NH,
CH;—CH—COOH

OH
CH;—CO—COOH
HOOC—CH,—CH—COOH

NH.
CH;—C—COOH

|
CH—COOH

HOOC—CH

CH—COOH
HOOC—CHy—CH,—CH:—COOH
HOOC—CH:—C—COOH

CH,
HOOC—CHy—CH,—CO—COOH
CH—COOH

!
CH—COOH
HOOC—CH—CH,—COOH

OH
HOOC—CH,—COOH
HOOC—CH,—CO—COOH
HOOC—CH,—CH,—COOH
HOOC—CH~—CH—COOH

OH OH

HOOC—C—CH,—COOH

|
CH—COOH

$H2~CH2~CH~CH2~CH

!
COOH COOH  COOH

CH, C,(OH>~!CH2

|
COOH COOH COOH
Hﬁ:(OH)—CH— CH,

! !
COOH COOH COOH

0=$ CllH——C!:H
COOH COOH COOH
CH,—CH— CH,

| ! !
COOH COOH COOH

OH OH ?H

[
O=C—C=C—CH—CH—CH.OH
L J—

'ozc’:-—l’\'H
(GH)—C C=0
0—C—NH

Concn. range of

parent acid

(moles/liter)
0.016-0.15
.008- .08
04— .12
.04- .08
.04- .08
.015- .12
.006- .025
.01- .05
.02- .04
.01- .04
005~ .04
.004- .04
.005- .04
.004- .04
.01- .04
.007- .04
.005- .04
.009- .03
.02- .005
.001- .02
.0002-.004
.0008-.002
.002- .01
.002- .01
.002- .02
.02- .08
.016- .15

log kf as reported in literature

log kf for similar u
Ca Sr Ca Sr
(0.62) (0.10) 0.53,60.53% 0.43%
1.22 1.01 1.218 1.008
(0) (0.6)
(0.8) (0.5) 0.82%1.07¢ 0.70%
(0.8)  (0.5)
0.44 0.9
1.3 1.3
(0.48) (0.54)
(0.55) (0.6) 1.06%
1.2 0.96
1.29 1.14
1.1 1.1
2.06 1.45
.. 1.42 1.808 1.458
1.36 1.27  1.468 1.258
1.60 ..
0.9 1.16,61,208 1,068
1.78 1.59 1.80% 1.65,8 1,94%
1.50 1.51
1.59 1.54
3.15 2.82 3.17,863.227 2,928 2.707
3.16 2.88 3.21°
2.47 2.02
(1.5)
1.82 1.68 (1.61-1.87)
(0.19) (0.35)
(0.68) (0.48)

b The values listed for reference (8) were
¢ The preliminary value for the k¢ of the calcium citrate com-
¢ Acid assayed at 959, purity. However, when dissolved gave
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tural Experiment Station, P. O. Box 1106, New
Haven, Conn., for furnishing us with the dimethyl
ester of isocitric lactone and the directions by which
we converted it to the free acid. Dr. B. Vennes-
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land of the Department of ‘Biochemistry, Univer-
sity of Chicago, very kindly gave us a specially puri-
fied sample of oxalacetic acid.
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Studies on Some Ferrous Complexes of Substituted 1,10-Phenanthrolines!

By WARREN W. BRANDT anD DELORA K. GULLSTROM

RECEIVED JANUARY 2, 1952

The stabilities of some 3-substituted 1,10-phenanthroline-iron(11) complexes were determined using rate data and equi-

libritm studies.

‘The stability decreases in this order: 5-methyl, 1,10-phenanthroline itself, 5-phenyl, 5-chloro, 5-nitro.

The stability of these coinplexes appears to be depeudent only upon the acid dissociation constant for the organic molecule,
A correlation was shown to exist between K, K4 aud the forinal potential of the {Fe(Phen);} **~[Fe(Phen);}* * * half-cell re-
action, and calculations were made of the stability of the ferric conuplex utilizing this relationship. The change of fornial
potential with hydrogen ion concentration tends to support the 1:1 combination of [Fe(Phen);]*** and hydrogen ion
postulated by Lee, Kolthoff and Leussing. A relationship was observed between stability and wave length of maximum ab-
sorption in the case of the ferric complexes, but not the ferrous.

Introduction

The factors affecting the stability of complex
ious have been of interest for many years. Most of
the early work was only qualitative or semi-quan-
titative in nature. In recent years, however,
workers have attempted to control the variables
and to measure in a quantitative manner the effect
of changing the metal or substituents in the com-
plexing group. Generalizations have been made
upon complex stability of certain metals.

Because the tris-1,10-phenanthroline iron(II) ion
is of considerable analytical interest, a study of
this system might give further impetus to a theory
which would enable the analytical chemist to pre-
dict in advance the properties of a given chelate.
With data of this nature, he could order a tailor-
made complex for a particular use,

Investigations have been carried out on the sta-
bility of the tris-1,10-phenanthroline-iron(II) com-
plex itself by Lee, Kolthoff and Leussing.? They
also determined the kinetics of complex formation
and decomposition, the effect of acid concentra-
tion and the stabilities of the corresponding ferric
complex. It would then appear to be of general
and analytical interest to examine these same prop-
erties for a number of substituted phenanthrolines.
From such an investigation information could be ob-
tained as to the effects of substitution upon the
properties of the complex and insight could be
gained in predicting what changes in the molecule
might enhance its use for a particular purpose.

The compounds studied were four substituted
1,10-phenanthrolines as well as the parent com-
pound. The substituents were in every case in the
H-position.

Experimental

Materials Used.-—1,10-Phenanthroline (ortho phenan-
liroline) monohydrate, 5-nitro-1,10-phenanthroline and 5-
tnethyl-1,10-plienanthrolitie were obtained from the G.

(1} An abstract of a thesis submitted by Miss Delora K. Gullstrom
to 1he Graduate School of Purdue University, 1951, in partial fulfill-
mient of the requirements for the Degree of Master of Science.

() (a) T. 8. Lee, I M. Kolthoff and D. I,. Leussiug, THIS JoURNAL,
70, 2348 (1948); (b) 70, 359y (1948).

Frederick Smitli Chemical Compauny. The 5-phenyl-1,10-
phenanthroline was furnished by Professor Francis Cuse,
Temple University, and the 5-chloro-1,10-phenanthroline
was furnished by Professor (. Frederick Sinith, University
of Illinois.

Standard solutions of the following compounds were pre-
pared from analytical reagent chemicals and standardized
by accepted procedures: sulfuric acid, hydrochloric acid
and ceric sulfate.

Spectrophotometric Data.—A Beckman DU spectro-
photometer was used to obtain spectrophotometric curves
of the various complexes studied. Values for the molar
absorbancy index were based on the amount of iron present.

Determination of K,.—XK,, the acid dissociation constant
of the organic molecule, was determined by measuring the
hydrogen ion activity in a solution containing 25 mg. of the
substituted 1,10-phenanthroline and enough hydrochloric
acid to react with approximately three-fourths of the pheu-
anthroline present. Because of the insolubility of the sub-
stituted compounds it was necessary to determine the ap-
parent pH in water—dioxane mixtures, The total volume
used in all cases was 50 ml. 1,10-Phenanthroline itself was
measured in solutions containing from 0 to 14 ml. of dioxaite.

Determination of Egis.—Suitable amounts of ferrous
ammonium sulfate and the substituted phenanthroline to be
studied were weighed out and mixed in a 100-ml. volumetric
flask. From 5 to 50 ml. of 2 M sulfuric acid was added and
the solution made up to volume using iron-free distilled
water. Zero time was taken when half of the acid had been
added. At intervals the amount of complex present was
determined by measurements of the absorbancy at the pre-
viously determined wave length of maximum absorbancy.
These measurements were made on a Beckmai DU spectro-
photometer.

Rates of Formation.—Reaction mixtures were prepared
by mixing together sulfuric acid of the desired molarity and
an appropriate amount of ferrous ammonium sulfate in a
100-ml. volumetric flask. A weighed amount of the sub-
stituted phenanthroline dissolved in a known amounut of
sulfuric acid was added and the solution was made up to
volume. After various reaction periods, the mixtures were
analyzed spectrophotometrically for the amount of complex
formed. 1In the determination of the rate of formation of
the complexes, the concentrations of all the reactants were
kept large relative to the amount of complex formed.

Determination of kgis,. from Equilibrium Data.—Equilib~
rium values were obtained on iroi(11)-phenanthroline solu-
tions by taking spectrophotoinetric readings on solutions
of the complex until the value was constant for 12 hours.

Ozxidation-Reduction Potentials.—Potentiometric curves
were run on 4 Leeds-Northrup student-type potentiometer
using a calomel reference electrode and a platinum indicator
electrode. Ceric sulfute wus used as the titrant in all cases
and all solutions were | F in sulfuric acid.



