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proceeds mainly by the unsymmetrical activated 
complex. Experiments we have done confirm this 
conclusion and extend it also to other alcohols. 
Two experiments were done for each alcohol, one 
without alcoholate ion, and one with alcoholate ion 
added. The reaction mixtures were made up to the 
same over-all composition by adding sodium alco­
holate after reaction, also to the system which had 
none present during reaction. The NO2 was in­
troduced in CCl4 solution, so tha t the reaction me­
dium contained CCl4 in volume equal to the alco­
hol. The average concentration of alcoholate ion 
was 0.6 M. The salt which separated after reac­
tion was collected, washed, and the nitrite content 
determined.6 The fraction (percentage) of the 
NO2 converted to N O 2

- (corresponding to the al-
kyl nitrate as the co-product) for each alcohol, 
without and with Na alcoholate present was 
found as: E tOH, 0.025, 0.12; w-BuOH, 0.051, 
0.095; /-BuOH, 0.051, 0.11. In each case the un­
symmetrical cleavage is the predominant1 process 
(to form RONO and NaNO3) , but in each case also, 
there is a distinct increase in the fraction forming 
the nitrate ester when the alcoholate ion is present. 
The difference between the mode of action of NO2 

with the alcohols, and tha t assumed for water under 
some conditions may be caused in par t by the dif­
ference in rate of reaction. The rate difference was 
demonstrated by an experiment in which the oxide 
dissolved in CCl4 was shaken with a solution con­
taining 1 mole of water for every 100 of C2H5OH. 
After reaction, the solution was diluted with water 
and extracted with CCl4. I t was found tha t only 
Vs of the NO2 disappeared by the reaction which 
forms organic esters, so tha t the specific rate of 
reaction of the oxide with water exceeds tha t with 
alcohol by a factor of at least 400. In view of the 
rapid rate at which NO2 reacts in the liquid, this 
ratio is probably much below the true value, be­
cause diffusion of water through the alcohol will 
have limited the extent of the reaction with water. 
The much lower rate of reaction of NO2 with alco­
hol makes it seem possible that alcohol, bu t not 
water, allows time for rearrangement of N2O4 from 
a symmetrical (presumably the equilibrium struc­
ture) to an unsymmetrical structure. The increase 
in extent of the reaction to form N O 2

- and organic 
nitrate when alcoholate is present is consistent with 
this interpretation, because the ion may be expected 
to react more rapidly than the alcohol. 

Experiments 7, 14 and Ki were performed to learn 
whether the exchange of N O 2

- with NO2(N2O4) is 
rapid enough to compete with the reaction of the 
oxide with water. All experiments agree in showing 
effects of the exchange of N O 2

- with NO2, since the 
nitrate formed is found to be much closer to the iso-
topic composition of the N O 2

- (and of the solvent) 
than it is in experiments without added NO2* ~. 
I t is remarkable tha t the exchange of NO2 with 
N O 2

- can compete in rate with the reaction of NO2 

with water, even though the N O 2
- is much less 

abundant than is water. The effects of this ex­
change appear to be little felt in the other experi­
ments of Table I, although N O 2

- is delivered as 

(11} H. A. L iebhafsky ;ind K. H. Winslow, A mil Cliini., 11 , 189 
(1(1311). 

product in isotopic composition approaching that 
of the solvent. No appreciable effect of the nitrite 
as a uniformly distributed product would be ex­
pected (the concentration of the nitrite product did 
not exceed 0.01 M) but there would seem to be the 
possibility of extensive exchange in a local reaction 
zone. However, the nitrite would be present as 
HNO 2 rather than N O 2

- , and this may account for 
the failure to observe any exchange effects caused 
by product nitrite. 
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This note supplements previous diffusion data 
for dilute aqueous solutions of mixed solutes1 by 
presenting experiments in which there was simul­
taneous diffusion of mixtures of (a) glycolamide 
and sucrose and (b) glycine and glycolamide. 
The latter experiment illustrates clearly that , 
when the ratio of the diffusion coefficients of the 
two simultaneously diffusing solutes is between 
0.02 and 1.08, deviations of the Gouy fringes from 
their ideal positions are barely measurable. 
This problem of resolution is of major importance in 
interpreting diffusion experiments on proteins. 

To aid in interpreting the second experiment, 
single-solute diffusion and refractive index data 
were obtained for the recrystallized sample of 
glycine; these data are also compared with previ­
ous measurements.2 3 The notation of Akeley 
and Costing1 will be adopted and only the most 
important definitions repeated; hence constant 
reference should be made to this former work. 

Materials, Solutions and Experimental Procedure 
The same sucrose and glycolamide samples were used in 

these experiments as in work reported earlier.1'4 A com­
mercially available sample of C.P. glycine6 was once recrys­
tallized from conductance water, drained centrifugally and 
dried at 6(3° for 48 hours in vacuo. The procedure for mak­
ing up solutions and calculating their molarities, C, has been 
described elsewhere.1 In these calculations the following 
molecular weights were used: sucrose 342.296, glycine 
75.068 and glycolamide 75.068. For the mixtures, solution 
densities, d, were measured in 30-ml. Pyrex pycnometers; 
also, using the apparent molal volumes, <j>, in ml. per mole, 
given below6'7 for aqueous solutions of single solutes, corre­
sponding densities for these three component solutions were 

(1) D . F . Akeley and I.. J. Goat ing . T H I S J O U R N A L , 75 , 5685 (1933). 
(2) M . S. L y o n s a n d J . V. T h o m a s , ibid.. 72 , 4506 (1950). 
(3) L. G. Longs-.vorth, ibid.. 75 , 5705 (1953). 
(4) P . J. D u n l o p and L. J. Gos t ing . ibid.. 75 , 5073 (1953). 
(5) Ob ta ined from Pfansl iehl Chemica l C o m p a n y , W a u k e g a n . Il­

linois. 
(U) F . T. Gucker . Jr , W. I.. Ford ami C. U. Mnsur, ./. Pliy.s. Chtm.. 

43 , 153 (1939). 
(7) O. Jones and S. K. Ta l ley , T H I S J O U R N A L , 55, (121 (1933). 
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Exp. 
no. 

I 
II 
III 
IV 

Solutei 

Glycolamide 
Glycine 
Glycine 
Glycine 

Solutes 

Sucrose 

< J e x „ . 

1.00218'' 

Glycolamide 1.00340"" 

Ci, 
moles/1. 

0,24998 

.09999 

. 2000, 
125O4 

TABLE I" 

G. 
moles/1. 

0.000259 

0.1249« 

0.0517 

Calcd. 

111.65 

0.4068 130.15 

Obsd. 

111.57 
61.77 

123.29 
130.06 

Xc x 10J 

13.568 
13.539 

£>A X 10«, cm.Vsec. 
Calcd. d Obsd. 

1.077.. 1.075s 
1.050« 
1.04I1 

1.0828 1.079„ 

" The concentration and density data are for the lower solutions used to form the initial boundary: in all experiments 
the upper phase was the solvent, doubly-distilled water, saturated with air. h-c The corresponding calculated values are 
1.00217 and 1.00344. All starting time corrections At, were less than 11 seconds. '' Calculated from equation 10, ref. 1. 

calculated.1 Good agreement was obtained between cal­
culated and experimental values (see Table I ) . 

08,1(! ro8e = 2 1 2 ( 1 ) 
^glycine = 43.199 + 0.8614C (2) 
^glycolamide = 5 6 . 1 5 6 + 0 . 1 5 9 5 C ( 3 ) 

The Gouy diffusiometer used to measure the "height-
area average" diffusion coefficients, D_\, and the refractive 
index increments, An/AC, has been adequately described,4'8 

as have also the methods employed to obtain D A , An/AC, 
and the graph of the relative fringe deviations, fi, (equation 
91), versus reduced fringe number f(f,)1- An average S 
correction of —17 microns was applied in all experiments 
and in all cases the same Tiselius cell, with a 2.4862 cm. 
"a" dimension, was used. All experiments were performed 
within ±0 .005 ° of 25 ° and the diffusion coefficients corrected 
to 25.00o° by means of the Stokes-Einstein relation. 

Results 
To test the applicability of equation 23' for pre­

dicting the relative fringe deviation graphs for 
mixtures of sucrose and glycolamide, an experi­
ment was performed in which o:sucrose, the refrac­
tive index fraction of the boundary due to that 
solute, was approximately 0.05. The relative 
fringe deviation graph, given in Fig. 1, indicates 
that the experimental plot is in reasonable agree­
ment with that calculated from equation 23J by 
using the previously reported14 diffusion co­
efficients, D, and refractive index increments, 
An/AC, from single-solute experiments at the same 
mean concentrations, C. Reference to Table I, 
experiment I1 shows that the experimental and 
calculated values of the total number of fringes, j m , 
are in good agreement, while the calculated value 
of D& is 0.2% high. 

Since a recrystallized sample of glycine was pre­
pared for the glycine-glycolamide experiment, 
two single-solute diffusion measurements, experi­
ments II and III of Table I, were performed with 
this preparation. Both experiments yielded data 
which were lower by 0.3% in D and 0.1% in 
An/AC than those of Lyons and Thomas. Hence 
the two equations given below were adopted for 
the present work.9 

EXP. 1 

O-sucrose= 0 0 5 1 7 

D / D • 2.162 

glycine X 106 = 1.06O2 - 0.1924_C C <0.56 (4) 

An/ACsiyciae X 103 = 13.60, - 0.642C C <0.56 (5) 

In each equation the slopes are those previously 
(8) L. J. Costing, E. M. Hanson, G. Kegeles and M. S. Morris, 

Rev. Set. Instruments, 20, 209 (1949). 
(9) Neither Lyons and Thomas nor Longsworth recrystallized 

their glycine samples. Presumably the difference between our 
values and those of the previous workers is due to the fact that the 
present sample was recrystallized. In any case, the values of D and 
An/AC in equations 4 and 5 which describe measurements on this 
sample in the present apparatus should be the best values to use 
for predicting D\ for the glycine-glycolamide experiment IV. For 
comparison, Longsworth (ref. 3) with C = 0.03988 and AC = 0.07976 
obtained D X 10* = 1.0.554 and An/AC = 13.567. The corresponding 
values calculated from equations 4 and 5 are D X 10:> = 1.0526 and 
An/AC =•- 13.57.V 

Fig. 1.—Relative fringe deviations for sucrose impurity 
in glycolamide, aSUi:rose = 0.0517. The dashed line gives the 
plot predicted from the first term of equation 23 and the 
solid line that from the first two terms. At a given value of 
f(f) crosses indicate the average of the experimental points 
obtained from ten different Gouy photographs of the same 
boundary. Individual points are represented with dots. 

reported24 but the limiting values of D and An/AC 
have been adjusted to fit the present experimental 
data. Relative fringe deviation graphs for the 
single-solute diffusion of both the glycine and 
glycolamide samples are shown in Fig. 2. That 
values of Qj are zero within experimental error at 
all values of f (ft) indicates that the boundaries were 
Gaussian within the limits of experimental meas­
urement. 

Equation 27' describes the relative fringe devia­
tion graphs when r2, the ratio of the diffusion co­
efficients of the two solute components, is ap­
proximately unity. This equation shows that the 
deviation graph tends to zero as r% approaches 
unity, regardless of the relative amounts of the 
two solutes, and that it becomes impossible from 
this graph to detect impurities with diffusion co­
efficients similar in value to the main component. 
Glycine and glycolamide, two isomers, have similar 
diffusion coefficients and provide an excellent 
system for testing and illustrating this point. 
Figure 3 shows the deviation graph for a mixture, 
experiment IV of Table I, in which the refractive 
index fractions of glycine and glycolamide are 
almost equal. The deviations from Gaussian 
form are barely detectable experimentally and 
are of the same order of magnitude as an error of 
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Fig. 2,- Relative fringe deviation graphs for glycine and 
glycolamide. The glycolamide deviation graph is for an 
experiment (ref. 4) in which the mean concentration was 
C = 0.12499 and the difference in concentration across the 
boundary was AC = 0.2499s. 

two or three microns in S. Calculated and ex­
perimental values of j m are in good agreement 
while those for DA differ by 0.4%. 

EXP. TV 

10-)-

'S?": 
0 

- 4 — « - —*-

a « i y 

V = 
—* T * — 

• i 

0.5 

colamide= 0 .4068 
0.922 

Jk X i 

f(f). 
Fig. 3.—Relative fringe deviations for the glycine-glycol-

amide mixture, agiycoismide = 0.4068. 

I t should be noted that , for three component 
systems in which r2 is close to unity, as a2 varies 
from one to zero the experimental DA values vary 
from D 2 to D\ even though the relative fringe 
deviation graph remains close to zero in all cases 
(see Fig. 3). For example, a t the same mean 
concentration, C, used in experiment IV, equation 
101 indicates tha t DA values will range from 1.048 
(^glycine = 1) to 1.136 (agiycoiamide = 1). I t is im­
por tant tha t this point be remembered when using 
relative fringe deviation graphs to s tudy hetero­
geneity in proteins, since in the range 0.92 < r2 

<1.08 the presence of impurities cannot be de­
tected without still greater experimental accuracy. 
For this case it is thus impossible to know whether 
the diffusion coefficient measured experimentally 
represents a value for a single-solute or is a "he ight -
area average." 

Tha t the calculated values of DA for both the 
above mixtures differ a little from the experimental 
values could be due to two factors which have been 
assumed negligible.1 Firstly, the solute flows in 

three-component systems may interact slightly, 
and secondly, the differential diffusion coefficient of 
a solute, measured for a two-component system, 
could differ from the value obtained when tha t 
solute diffuses in a system of three components. 
In the absence of interaction between the solute 
flows the correct values of the differential dif­
fusion coefficients, Dk, to use in equation 10 should 
be measured by experiments in which all solutes, 
except the diffusing component "k," are a t the 
same concentration in both solutions forming the 
initial boundary. However the experiments de­
scribed in this paper and those previously re­
ported1 show that , when Fick's first law10 is suffi­
cient to describe the flows of solutes in dilute solu­
tion, the differential diffusion coefficients, ob­
tained from two component systems, are adequate 
to a first approximation for computing height-
area average diffusion coefficients from equation 
10. Further experiments with other three com­
ponent systems are planned to investigate the case 
when the solute flows interact. 
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The li terature1 records several studies of com­
plexes of copper(II) with ethanolamine and its 
derivatives, usually involving analysis of precipi­
tates. In some of these studies it has been suggested 
tha t both the hydroxyl and the amino groups are 
coordinated to the copper(II) ion. The present re­
search was undertaken to determine the formulas 
of some of the complexes and their formation con­
stants by a polarographic method. 

Experimental Method 
Chemicals.—Solutions for electrolysis were prepared from 

reagent chemicals, used without further purification, with 
the exception of the ethanolamines which were of the best 
commercial grades and were vacuum distilled just before 
use. The diethanolamine and the ethylethanolamine were 
supplied by Carbide and Carbon Chemicals Company and 
the monoethanolamine was provided by Sharpies Chemicals, 
Incorporated. 

(1) (a) F. Garelli, AUi accad. set. Torino, Classe sci. fis., mat. e nat., 
68, 398 (1933); F. Garelli and A. Tettamanzi, Gazz. chim. Hal., 63, 
570 (1933); H. Brintzinger and B. Hesse, Z. anorg. allgem. Chem., 252, 
293 (1944); 248, 351 (1941); W. Hieber and E. Levy, ibid., 219, 225 
(1934); J. C. Duff and E. H. Steer, J. Chem. Sue, 2861 (1932); J. M. 
Holliiig aud J. L. Hall. THIS JIHJKXAI., 75, 3953 (1953); I,. A. Nikulaev, 
Ycstnik, Mosltov. Unir.. No. fi, 113 (1947); (b) J. L. Harvey, C. I. 
Tewksbury and H. M. Haendler, THIS JOURNAL, 71, 3(141 (1949). 


