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Thermodynamic equilibrium constants have been derived from low ionic strength 
potentiometric measurements at temperatures from 0' to 45' C. for the association 
in aqueous solution of nickel and cobalt (11)  ions with the P-alanine anion. Values 
of AG, AH, AS, and AC, have been calculated for the reaction M2+ + A- 2 MA+. 
The enthalpies of formation of cobalt and nickel mono-P-alaninate, nickel and zinc 
monoglycinate, and cobalt and copper mono- and diglycinate complexes have been 
measured at an ionic strength of 0.1M using a sensitive differential calorimeter. 
The thermodynamic functions are discussed and compared with similar data for 
other amino acid and carboxylic acid complexes. 

MOST studies of transition metal amino acid complexes 
have been directed towards the determination of stability 
constants a t  one or more temperatures. Although there 
is a measure of agreement in some systems between thermo- 
dynamic data obtained by different workers (3, 18) widely 
different values have been reported in other cases where 
only a relatively narrow temperature range was studied 
(6, 7). The use of calorimetric methods for the direct deter- 
mination of the enthalpy changes accompanying the associa- 
tion reactions is clearly desirable. 

There have been very few calorimetric studies of complex 
formation involving amino acids and the divalent transition 
metal ions; most of these have been concerned with Cu 
(11) complexes (1 ,  6). To  obtain reliable data for the glyci- 
nates and p-alaninates is of interest in order to compare 
in more detail, the properties of five- and six-membered 
rings involving nitrogen and oxygen coordination. 
Corresponding data for the dicarboxylate complexes have 
already been obtained (12) and so the effect of replacing 
a nitrogen by oxygen in the chelate ring can be discussed. 
I n  the present work, the precise potentiometric measure- 
ments made with the glycinates ( 3 )  have been extended 
to cobalt and nickel 0-alaninates, and the heats of formation 
of the complexes have been measured. Calorimetric deter- 
minations have also been made of the enthalpies of associa- 
tion for the formation of nickel and zinc monoglycinate 
and of cobalt and copper mono- and diglycinate complexes. 

EXPERIMENTAL 

Analytical reagent grade reagents and grade A glassware 
were used throughout. Cupric and zinc perchlorate solutions 
were made by dissolving the oxides in perchloric acid; 
analysis for copper ions was made by thiosulfate titration 
and for zinc ions by complexometric titration (19). 

H2Pt /HA (ml ) ,  NaOH(mz), M CL(m,)/AgCl/Ag (1) 

where HA = p-alanine, and M2- = Ni2- or Co2- have 
been measured to within ~ k 1 5  pv. a t  O", 15", 25", 35", and 
45" C. Details of cell design and experimental technique 
have been given ( 1 4 ) .  

Potentiometric Experiments. E.m.f. values of the cells 
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Catorimetric Experiments. The calorimeter has been 
described (2 ,  16). Temperature changes were measured to  
i=5  x C. on the addition of identical 10.0-ml. volumes 
of a relatively concentrated solution of the amino acid 
in potassium hydroxide to: 300 ml. of divalent metal ion 
solution of ionic strength 0.1M maintained with potassium 
chloride (sodium perchlorate in the cases of copper and 
zinc); and 300 ml. of 0.1M potassium chloride (or sodium 
perchlorate) solution. Where necessary, hydrochloric (or 
perchloric) acid was added to the solution of metal ion 
in order to arrive a t  .a suitable final pH after mixing; 
the same volume of acid was also used in the corresponding 
blank experiments. Measurement of the pH of the final 
solutions with a glass electrode enabled corrections to be 
made for the heat effects associated with changes in the 
concentrations of protonated and unprotonated anions (16). 
Concentrations were chosen such that  not more than two 
complexes, MA' and MA,, were formed in the calorimeters. 
I n  experiments directed a t  the determination of A H l  values, 
the concentration of the second complex, MA2, was negligi- 
ble. 

RESULTS AND DISCUSSION 

I t  was first necessary to determine the protonation dis- 
sociation constants of p-alanine, kl = [H+][HA]/[H2A-] and 
k 2  = [H+][A-]f:/[HA] kl was obtained from the e.m.f., 
E ,  of cells 

Hz, Pt/HA(m4), HCl(ms)/AgCl/Ag (2) 

in which the molality of the hydrogen ion is given by 

- log[[H'] = ( E  - E o ) / k  + log m5 + 2 log fi  

Table I. Determination of k l  at 25" C. 

103m4 103ms ( E  - EO) 104[H+] 103[H2A'] 103[HA] 104k1 

11.1456 5.0344 0.35697 2.139 4.820 6.325 2.81 
13.5367 3.9242 0.38016 1.094 3.815 9 722 3 79 
10.5218 
7.7396 
7.8944 
7.5282 
9.4399 
9.0871 

3.2742 
2.0512 
5.1638 
5.0572 
4.5933 
4.1341 

0.38222 
0.39957 
0.33869 
0.33804 
0.35616 
0.36183 

1.197 
0.949 
4.256 
4.450 
2.406 
2.127 

3.154 
1.956 
4.738 
4.612 
4.374 
3.921 

7.367 
5.783 
3.156 
2.916 
5.065 
5.166 

w 15" 25" 35O 45" 
Mean 

lO'k1 2.24 2.61 2.81 2.95 3.04 
10'kl (8) 2.21 2.61 2.81 2.99 

-. . ~ 

2.80 
2.81 
2.84 
2.81 
2.79 
2.80 
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Table II. Determination of k p  at 25°C. 

5.1640 1.5290 
5.4704 1.3377 
4.3634 0.9654 
7.3054 0.9955 

14.0563 2.4697 
13.3120 1.0338 
12.2758 1.8575 
13.4139 2.8135 

0" Mean 
10"k2 0.891 

10"kz (8) 0.999" 

103m8 

2.7297 
2.8025 
2.7789 
3.0129 
6.4307 
6.6041 
5.7960 
6.3115 

15" 
2.62 
2.98 

( E  - E') 10"[H+E 103[A-] 103[HA] lO"k2 

0.73614 0.319 1.453 3.711 5.16 
0.72929 1.677 1.278 4.193 5.19 
0.72612 1.913 0.913 3.451 5.06 
0.70973 3.340 0.965 6.340 5.09 
0.69859 2.415 2.428 11.628 5.04 
0.67429 6.055 1.017 12.295 5.01 
0.69692 2.859 1.822 10.454 4.98 
0.70459 1.948 2.762 10.652 5.05 

25" 35" 45" 

5.07 9.35 16.6 
5.83 10.88 

where m represents molality, and k = 2.3026 RT/F.  The 
concentrations of ionic species were calculated from equa- 
tions for total p-alanine 

m4 = [HZA'] + [HA] 

and for electroneutrality 

[H-] + [HIA+] = ms 

Activity coefficients were obtained from the Davies equa- 

kp was obtained from the e.m.f. of the cell 
tion ( 5 )  with the ionic strength, I = m2 (Table I). 

H2,  Pt/HA(m6),  NaOH(mi), KCl(m8) / AgCl/ Ag (3) 

in which [HZA-] could be neglected. Concentrations of 
species were calculate? from the equations for total p-alanine 

m6 = [HA] + [A-] 

for electroneutrality 

IH-] + m, + [K-] = m8 + [OH-] ( [A-] 

and for the ionic product of water (17) 

K ,  = [H-][OH-]f? 

Computations were made by successive approximations for 
I using an electronic computer, (Table 11). 

May and Felsing (8) have made similar measurements 
of the ionization constants of p-alanine and their results 
are included in Tables I and 11. Agreement between the 
kl values is good but the hz values calculated from their 
results are consistently higher than those of the present 
study. May and Felsing reported their high pH measure- 
ments as k i ,  the equilibrium constant for the reaction 

HAOH-: HA + OH- 

and there was a distinct curvature of the log k: us. I plots. 
In  contrast, log k: values calculated from the data of Table 
I1 show the expected slight linear dependence on ionic 
strength and are therefore considered to be more reliable 
than the values obtained by the above authors. 

Concentrations of ionic species in the presence of metal 
ions were calculated from the e.m.f. of cells of Type 1 
by using equations for total p-alanine 

ml = [H,A-] + [HA] + [A-] + [MA+] 

for total metal ion 
m3 = [M2+] + [MA-] 

for electroneutrality 
[H-] + 2[M2-] + [MA+] + m2 + [HLA-] = [A-] + 2m3 

and for the dissociation constants of p-alanine. Association 
constants, K1 = [MA+]/[M*+][A-] f 2 ,  were calculated by 
successive approximations for the ionic strength 

I = % (  [H-] + [MA-] + [H2A*] + [A-] + m2 + 2m3 + 4[M2-]) 

using an electronic computer and the activity coefficiem 
expression: 

log f a  = - A i l  __ - C I J  
1 + P 2  (4) 

The small increase in dielectric constant of the amino acid 
solution ( ~ 0 . 2 0 )  over that  of pure water was taken into 
account in calculating the Debye-Huckel constant A .  The 
effect was negligible in the nickel p-alanine systems but 
amounted to increases of from 0.5 to 2.070 in {Z for the 
cobalt p-alanine experiments with their higher free metal 
ion concentrations. Calculations were made a t  each tem- 
perature with values of C = 0.0, 0.1, 0.2, 0.3, 0.4, 0.5, 
and 1.0 in order to determine the best value of this parame- 
ter. There was little to choose between values in the range 
0.1 to 0.5, and the data given in Table I11 have been 
calculated with the C = 0.3 recommended by Davies ( 5 ) .  
The consistency of the K1 values adds support to  the 
assumption made that only one complex, MA', is present 
in the solutions. Introduction of K?[ = [MA2]/ [MA+][A-x]  
values up to lo3 liter mole-' has only a very small effect 
(<0.670) on the calculated K1 values. 

The nonlinear variation of log K1  with the reciprocal 
temperature could be expressed, with an accuracy of about 
1%, by the equation log K1 = a + bT + cT2. Values 
of the parameters, evaluated as previously described (9) 
are given in Table IV. aG and AH7 calculated from AG 
= -RTlnK1 and AH, = 2.303 RT2(b + 2cT) at  298°K. 
are included in Table IV. As was found with the corre- 
sponding dicarboxylates (9, I O ,  15) and the glycinates (3 ) ,  
accurate measurements over a range of temperature indicate 
non zero AC, values [aCp = 4.606RT(b + 3cT)], for CoA' 
of 35 + 13 cal. mole-' degree-' and for NiA' of 31 i 
6 cal. mole-' degree-' 

The results of the calorimetric experiments are sum- 
marized in Table V in which LW; and AH: are the stepwise 
enthalpies of formation at an ionic strength of 0.1M. The 
concentrations of ionic species in the solutions were cal- 
culated using values for the dissociation constants for glycine 
( 4 )  (H2G+) ,  k 1  = 4.46 x and k z  = 1.67 x lo-'' and 
the association constants (3, 13) K1 (COG') = 1.18 x 1@, 
K1(NiGS) = 1.51 x lo6, K1(ZnG+) = 3.39 x lo5, Kl(CuG+) 

x IO6 liters mole-'. The mean enthalpy values in Table 
V have been corrected to the AH, values a t  I = 0 (11) 
given in Table VI. The agreement with the values obtained 
from the potentiometric measurements over a wide range 
of temperature is very satisfactory. The recently reported 
calorimetrically determined enthalpy values ( I )  for the 
formation of copper mono- and diglycinate complexes, A H 1  
= -6.22 kcal. mole-' and LWS = -6.96 kcal. mole-', are 
in good agreement with the values given in Table VI. 

= 4.17 x lo8, KS(COGP) = 9.40 X lo4, Kz(CuG2) = 9.35 
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a Reaction -10'b 10% 
seen by comparing the AG values in Table VI. @-Alakne, 
containing the -NH2 group in the @ position undergoes 

Ni" + A -  12.988 4.612 6.475 complex formation with a considerably smaller positive 
Co2- + A -  13.242 5.183 7.218 entropy change than the corresponding a-substituted 

103m3, M 

19.99 
19.99 
19.99 
19.99 
13.21 
16.51 

13.10 
13.10 
6.548 
6.548 

6.548 
9.822 
8.185 
9.822 
8.185 

5.257 
6.308 
6.308 
5.257 
4.205 
4.205 

6.823 
6.303 
9.100 
9.100 
9.100 

103m1, M 

1.637 
1.964 
1.801 
1.637 
1.964 
1.801 

3.280 
2.628 
2.944 
3.280 
2.628 
2.944 

Table V. Calorimetric Results at 25" C. ( I  = 0.1M) 

-AH;, 
10'ml, M pH 103[MA-], M K cal. Mole-' 

Cobalt Mono-p-alaninate 

2 .ooo 7.39 9.3150 3.31 
2.000 7.35 0.2924 3.38 

10.01 7.75 2.743 3.67 
10.01 7.79 2.905 4.16 
9.997 7.96 2.702 3.67 
9.997 7.87 2.799 3.83 

Mean -AH{ = 3.67 & 0.22 kcal. mole-' 

Nickel Mono-0-alaninate 

10.00 6.95 1.927 4.08 
10.00 6.95 1.927 4.10 
10.00 7.34 1.926 4.06 
10.00 7.34 1.926 4.38 

Mean -AH; = 4.16 * 0.14 kcal. mole-' 

Cobalt Monoglycinate 

1.676 8.13 1.436 2.84 
1.676 7.76 1.360 2.91 
1.676 7.76 1.277 2.75 
1.676 7.78 1.371 2.95 
1.676 7.72 1.277 2.72 

Mean -AH{ = 2.83 + 0.05 kcal. mole-' 

Copper Monoglycinate 

1.676 5.30 1.607 7.10 
1.676 5.00 1.572 6.99 
1.676 5.03 1.579 7.11 
1.676 5.33 1.611 7.18 
1.676 5.48 1.612 7.20 
1.676 5.45 1.608 7.07 

Mean -AH{ = 7.11 * 0.04 kcal. mole-' 

Zinc Monoglycinate 

12.17 5.15 0.2741 3.97 
12.33 5.02 0.2829 4.05 
2.500 5.18 0.08567 3.20 
2.500 5.57 0.1982 3.78 
2.500 5.20 0.08954 3.71 

Mean -AH; = 3.74 & 0.17 kcal. mole-' 
-AH;, 

103m2, M pH 103[MA+], M 103[MA2], M Kcal. Mole-' 

Cobalt Diglycinate 

6.704 9.300 0.2238 1.386 2.75 
6.704 9.110 0.3932 1.531 2.76 
6.704 9.180 0.3083 1.460 2.71 
6.704 9.310 0.2209 1.389 2.69 
6.704 9.310 0.3932 1.531 2.65 
6.704 9.210 0.2962 1.472 2.78 

Mean -AH; = 2.72 i 0.02 kcal. mole-' 

Copper Diglycinate 

6.704 7.69 0.1697 3.110 7.06 
6.704 10.03 0.466 2.628 7.38 
6.704 9.55 1.490 2.942 6.82 
6.704 7.71 0.1650 3.115 6.94 
6.704 9.99 0.480 2.628 7.19 
6.704 9.53 0.153 2.942 6.99 

Mean -AH; = 7.06 * 0.09 kcal. mole-' 
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Table VI. Thermodynamic Properties at 25” C. 

-AH,, -aHT, -AG, Gs”, 
Kcal. Kcal. Kcal. Cal. Deg;’ 

Reaction Mole-’ Mole-’ Mole-’ Mole-’ 
Metal P-Alaninates 

Go2+ + A- 3.32 i 0.22 3.60 5.74 i 0.02 8.1 =I= 0.8 
Ni2+ + A -  3.81 f 0.14 3.46 6.84 f 0.01 10.2 i 0.5 

Metal Glycinates 
Co2- + G- 2.48 * 0.05 2.82(3) 6.29 it 0.01 12.8 it 0.3 
Ni’- + G- 4.14 i 0.10 4.09(3) 8.43 f 0.01 14.4 + 0.4 
Cu2- + G- 6.76 i 0.04 11.71 + 0.01 16.6 & 0.3 
Zn2+ + G- 3.39 i 0.17 7.50 f 0.02 13.8 + 0.7 
COG- + G- 2.55 i 0.02 3.55 5.42 i 0.02 9.6 f 0.2 
CuG’ + G- 6.89 f 0.09 9.47 f 0.02 8.7 + 0.3 

“Calculated AS values are based upon the calorimetric AH?. 

glycine. This probably reflects the greater loss of librational 
entropy of the substituted ligand when i t  chelates with 
the metal ion. 

For the corresponding five- and six-membered ring oxalate 
and malonate complexes, the heats of formation are endo- 
thermic (22)  which is consistent with the  essentially electro- 
static forces involved. Their stabilities are wholly dependent 
on the  large favorable entropy changes accompanying the 
reactions which offset the  unfavorable enthalpy effects. In 
contrast, the inclusion of a nitrogen atom in the  chelate 
ring gives rise to  a greater covalency, owing to  the increased 
electron-donor capability of the nitrogen atom, and this 
is reflected by the exothermic heats of complex formation. 
In Table V the calorimetric heats of formation follow the 
order predicted from a consideration of ligand field stabiliza. 
tion, increasing in exothermicity from Co2- to  Cu2+. 
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Ethanol-Acetic Acid Esterification Equilibrium 

with Acid Ion-Exchange Resin as Catalyst 

ALAN DARLINGTON and WlLLlAM B. GUENTHER 
University of the South, Sewanee, T e n n .  

Equilibrium coefficients, Q = ( X E , A ) (  X H Z O ) / ( X H A ) (  X E t O H ) ,  in terms of mole fractions, 
X ,  were determined in various mixtures of the four substances ih contact with sulfonic 
acid resin at 15“, 25“, 35”, and 50°C. A t  25‘C., Q varied from 1.91 to 4.58 
over the composition range studied. The effect of temperature on Q was small. 
The times required for equilibration were about the same as those with strong 
acid homogeneous catalysts which, however, give higher Q values. 

S I N C E  the work of Berthelot and St. Gilles in 1862, 
the ethyl acetate equilibrium has been studied extensively 
with strong acid homogeneous catalysts or at high tem- 
peratures t o  accelerate the  slow reactions. Published 
equilibrium coefficient values, Q,  at room temperatures 
range from about 3 to  15. (Q is dimensionless and numeri- 
cally the same whether concentrations are expressed in 
molality, molarity, or mole fraction.) Q is used in place 

of a true equilibrium constant because activity coefficients 
are not available and they may vary as much as 100- 
fold in these concentrated, nonideal solutions. Studies 
employing HC1 ( I )  and HClO, ( 5 )  as homogeneous catalysts 
yield results different from each other. An ebullioscopic 
study ( 4 )  and experiments in which dioxane was used as 
an inert solvent ( 3 ) ,  among many others, also give divergent 
results. Data  obtained before 1950 are reviewed in ( 2 ) .  
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