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The complexity constants of the complex ions formed between zinc(II) ion and ethylenediamine were investigated by the 
polarographic, pH and potentiometric methods. I t was found that the pH method and the potentiometric method gave 
complexity constants of the complex ions which were generally in agreement, while the polarographic method indicated 
somewhat more stable complexes. This discrepancy is probably due to the presence of gelatin required to suppress the 
maximum occurring in the polarograms of the zinc amine complex ion solutions. 

Previous investigations of the formation of zinc-
ethylenediamine complexes by Bjerrum and Ander­
son4 and by Carlson, McReynolds and Verhoek3 

by the pYi method of Bjerrum6 yielded results 
wherein essential agreement was obtained. The 
values of the complexity constants obtained by 
these authors are listed in Table III. A report of a 
polarographic investigation was made by D. Eyke,7 

wherein the results obtained were in agreement with 
the polarographic results reported here, in so far as 
the formation of the [Zn(en)2]++ ion was con­
cerned. However, as seen below, the results of the 
polarographic investigation gave complexity con­
stants considerably greater than those obtained by 
the pH method. The problem then was to deter­
mine whether the polarographic method or the pK 
method gave the more nearly correct values and to 
determine the reason for the discrepancy. 

Experimental 
Reagents.—Solutions of ethylenediamine, 2.01 and 3.92 

M, were prepared by dilution of distilled material (b .p . 
11.4° at 700 mm.) and were standardized by titration with 
standard hvdrochloric acid solution. 

A 0.203 M and a 0.0213 M solution of zinc chloride were 
prepared and standardized by precipitation of zinc as the 
double ammonium phosphate and subsequent ignition to the 
pyrophosphate. 

Salt solutions were prepared by dissolving weighed samples 
of reagent grade material. 

Gelatin solutions (0.1%) a n d methyl cellulose solutions 
(0.2%) were freshly prepared before use. 

Zinc amalgam was prepared by electrolysis of 1.4 M zinc 
chloride between a mercurj- pool cathode and a zinc anode. 
The amalgam was stored under oxygen-free distilled water. 

Polarographic Measurements.—All polarograms were 
obtained at 25° with a Fisher Scientific Company Elecdro-
pode. Applied potentials were determined by means of a 
Leeds and Xorthrup Student Potentiometer. The cell used 
in these experiments was an H-cell with an agar salt bridge 
to a bulb-type saturated calomel electrode. The mass of 
mercury flowing through the dropping electrode was 2.21 
mg . / s ec , and the drop time was 2.80 seconds at — 1.5 volts 
vs. the S.C.E. 

The solutions were prepared by dilution of the above 
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stock solutions. AU solutions had a zinc concentration of 
4.26 X 10-> mole per liter. Gelatin (0.008%) was em­
ployed as a maximum suppressor when the supporting elec­
trolyte was 0.1 or 1.0 M potassium chloride or 0.1 M so­
dium perchlorate. In one set of data taken in 0.1 M po­
tassium nitrate, 0.02% methylcellulose was employed as a 
maximum suppressor. The concentration of ethylenedi­
amine was varied from 0.02 to 2.8 M. 

In an attempt to get a more accurate value of the free 
ethylenediamine concentration, [en], in these solutions, a 
correction was made for the amount of ethylenediamine 
complexed with zinc and for the ionization of ethylenedi­
amine. I t was assumed that all the zinc was in the form 
of the [Zn(en)3] + + complex, and that only the monohydro-
gen ethylenediamine ion was produced in significant amount 
by the ionization of ethylenediamine. The constant for 
the ionization of the monohydrogen ethylenediamine ion is 
reported in a later section. This approximation is un­
doubtedly a better one than the assumption that the free 
ethylenediamine concentration is equal to the stoichiomet­
ric amount of ethylenediamine present. 

pH Measurements.—The pH measurements were made 
at an ionic strength of 0.5 molar at a temperature of 25°. 
In this series of measurements, the concentrations of zinc 
chloride, potassium chloride and hydrochloric acid were kept 
constant at 0.0203, 0.40 and 0.0390 M, respectively, and 
the total concentration of amine varied from 0.02 to 0.16 M. 
The solutions were placed in the thermostat for at least one 
hour before the pB. was measured. A Beckman Model G 
p~H meter was employed for determination of the pli and 
was standardized against standard buffers of either pH 7.00 
or 10.00, depending on the pH of the solution being tested. 

The first and second acid dissociation constants of the di-
hydrogen ethylenediamine ion, as determined in a solution 
of ionic strength 0.5 at 25°, were 3.98 X 10"8 and 7.24 X 
10-" . 

Potentiometric Measurements.—In this series of measure­
ments, the solutions prepared for the polarographic and pH 
investigations were used without any change whatsoever. 

The cell employed was similar to that made use of in the 
polarographic investigation with the dropping mercury 
electrode being replaced by a zinc amalgam electrode. 
Oxygen was removed from these solutions by passing oxygen-
free nitrogen through the solution. The potentials were 
measured with a Leeds and Xorthrup student-type poten­
tiometer, and it was found that they could be reproduced 
within ± 1 mv. 

Data and Results 

Polarographic Investigation.—In the polaro­
graphic study, the half-wave potential of zinc ion 
was determined for various concentrations of 
ethylenediamine. The data obtained with a 0.1 .1/ 
sodium perchlorate solution as a supporting elec­
trolyte are recorded in Table I and plotted in 
Fig. 1. Solutions using 0.1 M potassium nitrate, 
0.1 or 1 M potassium chloride as supporting elec­
trolytes gave results which, within experimental 
error, were the same as those obtained with sodium 
perchlorate. 

The general equation for the difference in half-
wave potentials of the simple and complex ions is 
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TABLE I 

VARIATION OF (E\/,\ AS A FUNCTION OF ETHYLENEDIAMINE 

CONCENTRATION 
Reciprocal 

slope of 
Ei. i VS. 

l o g ( ' ~\ - ( B V , ) » , 
[en]total, [en!, \»'d — </ id volts vs. 
(mole/1.) (mole/1.) (volts) (jiamp.) S.C.E. 

0.00 0.00 
.020 1.72 X K r 2 

.040 3.65 X 10- 2 

.1005 9.56 X 10-2 

.201 1.95 X lO"1 

.5025 4.93 X 10"1 

1.005 9.92 X lO"1 

1.96 1.94 
2.88 2.86 

given by equation I.8 In this equation, (-£>/,)„ 
(Ei/,), - (£./„)«. = RT/nFln (1 + ^,[en0] + 

J£2[en<>]2 + tf„[en°]') + ~I" In y (1) 

- 0 . 0 3 0 
- .034 
- .032 
- .032 
- .032 
- .033 
- .031 
- .031 
- .031 

3.02 
2.90 
2.89 
2.89 
2.81 
2.89 
2.76 
2.29 
2.14 

0.998 
1.299 
1.319 
1.347 
1.362 
1.392 
1.420 
1.450 
1.462 

and (.Ey,) c are the half-wave potentials of the sim­
ple and complex ions, respectively; I s and Ic are the 
diffusion current constants of the simple and com­
plex ions, respectively; K1, K2 and K3 are the equi­
librium constants for the reaction of free metal ion 
with the proper number of molecules of ethylenedi­
amine to form the complex ions [Zn(en)]++, 
[Zn(en)2]++ and [Zn(en)3]

 + 4 , respectively; and 
[en0] represents the concentration of ethylenedi­
amine at the electrode surface. 

In this case, the data can be reproduced satisfac­
torily by the equation 

RT, 
(Ey1) , - (JSyOc 

nF In (K1 [en°]2 + 

K [en«]») + * |" In £ 
nF I, (2) 

if K2 is 4.5 X 1013 and K3 is 3 X 10u . This is illus­
trated in Fig. 1 where the points represent experi­
mental data and the curve is that calculated from 
equation 2 using the above values of K2 and JY3 and 
the experimental values of Ic and /s, which are di­
rectly proportional to the diffusion currents. The 
term (1 + Kx[en0]) is not included in equation 2 
because it is small compared to the term (K2[en0]2 

+ ^[en°]»). 
It should be mentioned at this point that the 

plots of (Ed. e.) vs. log i/(id — i) gave reciprocal 
slopes ranging from 0.034 volt at the lowest amine 
concentration to 0.031 volt at the highest. The re­
ciprocal slope for a reversible reduction at 25° 
should be 0.0296 volt for a two-electron reduction. 

pR Investigation.—For completeness of this 
investigation as a whole, a reinvestigation of the 
system by Bjerrum's p¥l method4-6 was carried 
out. The values obtained for the complexity con­
stants of the three species of complex ions are as 
follows: K1 - 1.00 X 106, K2 =*= 1.29 X 10n and 
K1 = 1.41 X 1013. 

Potentiometric Investigation.—A potentiometric 
investigation was carried out in an effort to corrobo­
rate the results of the polarographic investigation. 
The data are presented in Table II and are plotted 
in Fig. 1. For the solutions previously used in the 

(8) D. D. DeFord and D. N. Hume, THIS JOURNAL, 73, 5321 (1951). 

0.1 0.2 0.3 0.4 
[E. - Eo] or [(JSy8), - (JSy2)J, (volts). 

Fig. 1.—Variation of [JS, — JS0], the difference of zinc 
amalgam electrode potentials in the absence and in the 
presence of ethylenediamine, and [(JSy2), — (J5y,)0], the 
difference in polarographic half-wave potentials in the ab­
sence and in the presence of ethylenediamine, as a function 
of the logarithm of the ethylenediamine concentration: 
O, [JS, — Ec] for solutions used in pH measurements; 
CD, [JS, — JSc] for solutions used in the polarographic mea­
surements; 9 , [(JSy,), - (Ey4)„]. The circles represent 
experimental data and the curves are calculated from the 
constants listed in the text. 

pH. studies, the concentration of free amine had 
been calculated, and thus it remained only to deter­
mine the electromotive force of the cell. 

The equation for the difference between the elec­
trode potentials of the zinc amalgam electrode in 
the presence and absence of a complexing agent is 
quite analogous to equation 1 and is given by 

E, Ec = RT 
In (1 + JT1[CIi] + A'2[en]2 + JCs[en]») 

(3) 

It was found that with Xi = 1,0 X 106, K2 = 
6.5 X 1010 and A"3 = 9.5 X 1012, the experimen­
tal data could be represented satisfactorily over 
most of the concentration range, as is shown in Fig. 
1, where the points are the experimental values 
and the solid curve is that calculated from equation 
3. 

TABLE II 

VARIATION OF THE POTENTIAL OF A ZINC AMALGAM E L E C ­

TRODE AS A FUNCTION OF ETHYLENEDIAMINE CONCENTRA­

TION FOR THE SOLUTIONS USED IN THE POLAROGRAPHIC AND 

pH INVESTIGATIONS 
Polarographic 

[Zn]1OfI = 4 X 10 
Ii = 0.1 

[en] 
(mole/1.) 

0.00 
1.72 X 10- 2 

3.65 X 10~2 

9.56 X 10~2 

1.95 X lO" 1 

4.93 X lO"1 

9.92 X 10~ l 

1.94 
2.86 

soln. 
-* mole/1.; 

~E 
(volts vs. 
S.C.E.) 

1.097 
1.333 
1.355 
1.383 
1.420 
1.455 
1.482 
1.512 
1.531 

pK soln. 
[Znjtofi - 2 X 10-

n = 0.5 

[en], 
(mole/1.) 

0.00 
2.35 X 10 - ' 
9.44 X 10*7 

2.17 X 10-6 

5.38 X 10~6 

1.21 X 10 - ' 
3.2 X 10"» 
9.21 X 10~< 
7.49 X 10~s 

2.13 X 10"» 
5.25 X 1 0 - ! 

» mole/1.; 

-E 
(volts vs 
S.C.E.) 

1.073 
1.076 
1.082 
1.086 
1.100 
1.115 
1.135 
1.214 
1.277 
1.312 
1.345 

Effect of Gelatin on (£•/,)«..—The half-wave 
potential of zinc in a 0.1 M sodium perchlorate and 
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0.0204 M ethylenediamine solution was deter­
mined as a function of gelatin concentration. I t 
was found tha t a gelatin concentration of 0.005% 
was necessary to eliminate the maximum. At 
gelatin concentrations less than 0.005%, the half-
wave potentials taken arbitrarily, because of the 
maximum, as the potential of the dropping mercury 
electrode at a current equal to one-half the diffu­
sion current, were essentially constant at —1.280 
volts. From 0.005 to 0.02% gelatin, the half-wave 
potential was a function of gelatin concentration 
and increased from — 1.293 at the former to —1.318 
volts a t the latter. From 0.02 to 0.05%, the half-
wave potentials were again essentially constant at 
— 1.320 volts. Since there is a maximum involved 
and since the effects of a maximum suppressor are 
rather unpredictable, a plot of gelatin concentra­
tion vs. Ey2 cannot be extrapolated to zero gelatin 
concentration in order to obtain the half-wave po­
tential in the absence of gelatin. 

TABLE III 

LOGARITHM OF THE COMPLEXITY CONSTANTS OF THE ZINC-
ETHYLENEDIAMINE COMPLEX IONS 

Method 

log K1 

1OgK1 

log K3 

Temp., 0C. 
M 

This investigation 
Polaro- Potentio- Bjerrum4 Carlson5 

graphic metric PK PH pH 

6.00 6.00 5.92 5.71 
10.81 11.11 11.07 10.37 
12.98 13.15 12.93 12.09 

13.65 
14.48 

25 
0.1,1.0 0.1,0.5 0.5 1.0 

Discussion 

30 
1.3 

In Table I I I are collected the complexity con­
stants for the zinc-ethylenediamine complex ions 
which were determined in this investigation and 
those previously reported by other investigators. 

The general agreement of the complexity con­
stants, as determined by £ H measurements and po-
tentiometric measurements, is such tha t it would be 
difficult to dispute their validity. The activity of 
the zinc ion is determined directly in the potentio-
metric method and indirectly in the pYL method, 
and yet these two vastly different procedures yield 
values in close agreement. 

The complexity constants determined polaro-
graphically are much greater than any of those de­
termined by other methods. If there were ever to 
be any agreement between the potentiometrically 
and polarographically determined values, it should 
be in this case where portions of the same identical 
solutions were used in both investigations. In prin­
ciple, the polarographic method and the potentio-
metric method are both based on direct measure­
ment of the activity of the zinc ion, and since they 
require the measurement of the same quanti ty, the 
two methods should give identical values for the 
complexity constants. 

I t should also be observed tha t the two sets of 
data obtained in the potentiometric investigations, 
where the nature of the solutions and the ionic 
strengths were different, could be interpreted with 
the same set of constants. 

One possible explanation of why the potentiomet­
ric method and the polarographic method do not 
give the same result might lie in the fact that , in the 

polarographic method, ethylenediamine is liber­
ated at the surface of the dropping mercury elec­
trode as the zinc complex ion is reduced. In order 
for the reciprocal slope of the reversibility plot to 
be 0.0296 volt, the concentration of free amine 
must be so large tha t the amount of amine gener­
ated a t the electrode surface by reduction of the 
zinc complex ion is negligible. If the concentration 
of the amine is not great enough for the increase at 
the electrode surface to be negligible, the polaro­
graphic wave will be more drawn out, and the 
half-wave reduction potential will be more negative 
than if the increase is negligible. Overlooking this 
increase results in the complexity constants evalu­
ated from polarographic da ta being greater than 
those evaluated from potentiometric data. Ring-
bom and Eriksson9 have outlined a method of treat­
ment of da ta to take into account such an increase. 
The increase in concentration of amine a t the elec­
trode surface can also be calculated approximately 
in a manner indicated by Kolthoff and Lingane.10 

I t would be expected tha t any influence of the in­
crease of amine concentration would be greatest at 
the lowest concentration of ethylenediamine, be­
cause the increase is independent of the total amine 
concentration. For 1.72 X 1 0 - 2 M ethylenedi­
amine, the increase is calculated to be 0.6 X 1 0 - 3 

mole/1., and its effect on the half-wave potential is 
calculated to be of the order of 1 mv. An effect of 
the order of 65 mv. is necessary to account for the 
difference between the polarographically and po­
tentiometrically determined constants. Thus the 
discrepancy between the constants cannot be at tr ib­
uted to the increase in amine concentration a t the 
electrode surface. 

I t is usually assumed, when the reciprocal slope 
of the reversibility plot is between 0.030 and 0.035, 
tha t the reduction process is reversible. However, 
Randies11 and Somerton12 have found tha t the rate 
constant for the exchange of zinc ion between a 
zinc salt solution and a dropping zinc amalgam 
electrode is somewhat smaller than the rate con­
stants for the corresponding process for thallous, 
plumbous, cadmium and alkali metal ions. Conse­
quently the zinc electrode system would not be as 
reversible as the others. In addition, these authors 
also found t ha t the presence of gelatin retarded the 
exchange reaction. Thus the presence of gelatin 
in the solutions under investigation here would 
tend to make the reduction process still more irre­
versible. 

If the system were not a reversible one, the effect 
of an overvoltage on a cathodic process would be to 
make the half-wave potential more negative and 
thus increase the apparent formation constant, 
which is in agreement with the observed deriva­
tions. I t was found in this investigation tha t a 
maximum variation in the half-wave potential of 
approximately 40 mv. could be achieved by chang­
ing the gelatin concentration. I t is entirely possi­
ble tha t gelatin would have sufficient effect on the 
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polarographic half-wave potential, while not hav- between the polarographically and potentiometri-
ing a corresponding effect on the potential of a sta- cally determined values of the complexity constants, 
tionary electrode, to cause the difference observed PULLMAN, WASHINGTON 
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A Qualitative Theory of Metachromasy in Solution1 

BY MAXWELL SCHUBERT AND ANNE LEVINE 

RECEIVED FEBRUARY 1, 1955 

A theory is proposed to account for the production of metachromatic colors in solutions of anionic mucopolysaccharides 
or anionic detergents. I t is based on four points: (1) that chromotropes exist in solution as anionic clusters or micelles, (2) 
that cations are reversibly bound within such micelles, and are bound more firmly the higher the cationic charge, (3) tha t 
metachromatic dyes exist in solution in a set of equilibria among polymeric dye ions with different charges, (4) that the chro-
motropic micelle selectively and reversibly binds the dye ion of highest charge and so causes a shift in the equilibrium of dye 
ions in the intermicellar space. Some, new experimental data in support of this theory are found in a detailed examination of 
the deviations from Beer's law of several dyes. The theory is able to make some predictions on whose verification its validity 
will depend. 

Previous studies from this Laboratory2-4 as well 
as from others6-7 provide a collection of data which 
with further data here presented makes possible a 
theory of metachromasy limited to aqueous solu­
tions. The theory is therefore not directly appli­
cable to the conditions under which tissues are 
stained for histological purposes. Though it is 
only qualitative, it should be possible to develop 
it quantitatively when further information is 
available. 

The theory consists of four postulates, parts of 
which have been proposed by earlier workers. (1) 
Chromotropes exist in solution as anionic globular 
clusters or micelles whose charge density depends 
on the nature of the chromotrope and the solution 
environment. These micelles are separated by in­
termicellar spaces of small anion density. (2) 
Cations are reversibly, and more or less firmly, 
bound within such anionic clusters or micelles. 
The relative firmness of binding of different cations 
increases with their charge. (3) In solutions of 
metachromatic dyes there is a set of equilibria 
among several polymers of the cation represented 
by the equations, 

D + ^ : D 2
+ + ^ ± : D 3

+ + + ^ ± : D 4
+ + + + ^ ± : (i) 

The proportions of the several molecular species will 
depend on the dye concentration. Each molecular 
species has its own characteristic absorption spec­
trum. (4) The metachromatic color is produced 
as a result of the selective and reversible binding 
within the anionic cluster, of the polymeric dye 
cation of highest charge available. Binding of the 
dye cation of high charge causes a shift in the equilib­
ria (I) with a drop in the concentration of ions of 
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lower charge. The effect is that even in dilute dye 
solutions the concentration of dye cations of high 
charge is increased in the total micellar and inter­
micellar space. Experimental data in support of 
each of these postulates will now be discussed. 

Chromotropes are of two kinds: anionic poly-
electrolytes of high molecular weight such as chon-
droitin sulfate, heparin, hyaluronate, alginate, sili­
cates and metaphosphates and anionic detergents. 
Work of Ogston and Stanier8 and of Blumberg and 
Oster9 shows that hyaluronate exists in solution as 
spherical particles of molecular weight of the order 
of 107. The same particle shape is assumed by 
Fuoss and Strauss10 to account for the viscosity 
properties of synthetic linear polyelectrolytes. De­
tergents have been assumed to exist in solutions as 
micelles.11 Thus the first postulate extends to all 
chromotropes a property which has been found for 
some and is generally assumed for others. 

That cations become reversibly bound within 
charged globular micelles is supported by experi­
mental data on the properties of Fuoss clusters12 

and Hartley micelles.13 That the firmness of binding 
of cations within such micelles should increase with 
the cationic charge is an extension of this idea. 
The dependence of firmness of binding on cationic 
charge is a phenomenon analogous to the rule of 
Schulze and Hardy in the flocculation of hydropho­
bic colloids14 and to the reversal of charge produced 
in anionic polyelectrolytes by cations of different 
valence.15 The second postulate is merely a state­
ment of the behavior that would be expected of cat­
ions in a solution containing anionic micelles. 
Such binding can lead to precipitation particularly 
with cations of high charge. This occurs when lyso-
zyme or protamine is added to solutions of chon-
droitin sulfate, heparin or hyaluronate, or when dye 
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