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compound or some multiple having the same com­
position. 

It is interesting to note that Feldman, et al.,5* 
observed inflections in the pH range 5-8 when the 
ratio of moles of base added to moles of UOa(VI) 
salt was equal to 1 2/3 plus the number of carboxyl 
groups present in the ligand in the cases of the 1:2 
chelates of lactate, citrate, tartrate and malate. 
There is no evidence at this point, however, indi­
cating that the reactions observed in this paper, 
and those of Feldman, et al.,ba- represent the same, 
of even related, phenomena. 

MoO2(VI).-In the reaction of a MoO2(VI) salt 
with various ligands such as EDTA, HEDTA, 
5-SSA and DNS, the titration data showed very 
little difference between the metal ion alone and 
metal solutions containing ligand. In all cases 
there is no evidence from the potentiometric data 

that any reactions other than simple formation of 
the molybdate ion occurred along with neutrali­
zation of free ligand as base was added to the solu­
tion. In the case of PDS (Tiron), however, there 
was a definite pH effect indicating the formation of 
a stable chelate between some electropositive molyb­
denum species, such as MoOa+2, with one or more 
moles of ligand. The inflection corresponding to 
the formation of the molybdate anion in the case 
of the other titrations occurred at the same position 
in the presence of Tiron. Before definite conclu­
sions can be drawn concerning the extent and the 
nature of the interaction of MoO2(VI) with this 
ligand, it will be necessary to study the interaction 
by measuring other properties of this system such as 
ultraviolet absorption spectra, 
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The interactions of N-hydroxyethylethylenediamine (HEN), N,N'-dihydroxyethylethylenediamine (2-HEN), 1,3-diamino-
propane (DAP), diethylenetriamine (DIEN) and triethylenetetramine (TRIEN) with equivalent amounts of Cu(II) ion 
were investigated over the entire pH range. Chelate formation constants, chelate hydrolysis constants and chelate olation 
constants are reported for the chelate compounds formed with bidentate ligands, and hydrolysis constants are reported for 
the 1:1 Cu(II) chelates of D I E N and T R I E N . Hydrolytic tendencies of the chelates decrease with an increase in the 
number of donor groups in the ligands, while olation reactions occur with only the diamine chelates to form binuclear com­
pounds. 

In a recent publication2 in which the hydrolytic 
tendencies of a large number of copper(II) chelates 
were compared, it was shown that the degree of 
formation of soluble hydroxo complexes generally 
increases with decreasing metal chelate stability, 
increasing charge of the central metal ion and de­
creasing number of donor groups associated with the 
ligand. Thus the Cu(II) chelate of ethylene-
diamine readily forms hydroxo complexes, while 
no measurable hydrolysis can be detected for the 
analogous chelate of ethylenediaminetetraacetic 
acid. 

Since the formation of a monohydroxo complex 
may be considered to be the first step in dimer for­
mation, which proceeds according to the reaction 

' N OH H2O N^ 
\ / \ / 

Cu + Cu 
/ \ 

kX OH2 HO N / 
H 

' N O N \ 
\ / \ / \ 

Cu Cu + 2H2O 
/ \ / \ / 

^N O N/ 
H 

it would seem logical to assume that the same gen­
eral rules apply also to dimer formation as well. 

(1) This paper reports work done under contract with the Chemical 
Corps, U. S. Army, Washington 25, D. C. 

(2) A. E. Martell, S. Chaberek, Jr., R. C. Courtney, H, Hyytiainen 
and S. J. Westerback, T H I S JOURNAL, 79, 3036 (1957). 

In order to provide a comparison between anal­
ogous Cu(II) chelates having different numbers of 
free aquo positions attached to the metal ion, the 
interactions of Cu(II) nitrate with N-hydroxy­
ethylethylenediamine (HEN), N,N'-dihydroxy-
ethylethylenediamine (2-HEN), 1,3-diaminopro-
pane(DAP), diethylenetriamine(DIEN) and tri­
ethylenetetramine (TRIEN) were investigated. 
While DAP may function only as a bidentate chelat­
ing agent, the analogous chelates of HEN and 2-
HEN could possibly act as tri- or tetradentate 
donors, provided that the hydroxyethyl groups 
take part in chelation. DIEN and TRIEN are 
normally considered to function as tri- and tetra­
dentate ligands, respectively. 

Experimental 
Reagents.—A solution of J . T . Baker Analyzed Reagent 

cupric nitrate was standardized both by thiosulfate titration 
and by the method of Schwarzenbach3 in which standard 
disodium ethylenediaminetetraacetate was employed as a 
t i trant with murexide as an indicator in ammoniacal solu­
tion. Results obtained by the two methods agreed within 
three parts per thousand. Samples of diethylenetriamine, 
triethylenetetramine, 1,3-diaminopropane, N-hydroxyethyl­
ethylenediamine and N,N'-dihydroxyethylethylenediamine 
were purified by fractional distillation and were then isolated 
as the corresponding hydrochlorides. Standardization of the 
aqueous solutions of these chelating agents was effected by 
means of potentiometric titration with standard carbonate-

(3) G. Schwarzenbach, "Die komplexometrische 
Ferdinand Enke, Stuttgart, 1955, p. 68. 

Titration," 
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free potassium hydroxide, which was prepared by the method 
of Schwarzenbach and Biedermann.4 

Potentiometric Titrations.—The calculation of the dis­
tribution of the various chelate forms as a function of pH and 
total metal ion concentration was carried out on the basis of 
titration curves obtained by measuring the change in pH of 
the metal chelate solution as a function of the amount of 
standard potassium hydroxide added. A Beckman Model 
G pH meter with extension glass and calomel electrodes was 
used to record the hydrogen ion concentration. The elec­
trode system was calibrated with acetate buffer making use 
of data given by Harned and Owen.6 I t was assumed that 
the "concentration constant ," [H+] [Ac - ] / [HAc] , where 
HAc represents acetic acid, is the same in a 0.1 M potassium 
nitrate solution as the value given for a potassium chloride 
solution. Standardization at extremely high and low pK 
values was carried out using standard potassium hydroxide 
and hydrochloric acid, respectively. The titrations were 
carried out in a 200-ml. multi-necked flask designed to ac­
commodate a mercury seal stirrer, gas inlet and outlet tubes, 
microburet delivery tube and electrodes. The ionic strength 
was maintained relatively constant by using an electrolyte 
medium of 0.1 M potassium nitrate and relatively low con­
centrations of copper chelate. 

For each of the five chelate systems investigated, four to 
five titrations over approximately a tenfold range of con­
centration were carried out. In order to obtain a carbon 
dioxide-free system, presaturated nitrogen was bubbled 
through the solutions during the course of the titrations. 
All measurements were made at a temperature of 25 ± 0.1°. 
When thermal equilibrium was obtained, increments of 
standard carbonate-free 0.1 M potassium hydroxide were 
added, and readings of —log[H+] were recorded for each addi­
tion until values of 10.5-11.0 were obtained. In all cases, 
titration data were recorded for solutions containing equi­
molar concentrations of ligand and cupric ion. 

M a t h e m a t i c a l T r e a t m e n t of D a t a 
S o l u t i o n E q u i l i b r i a . — I n m o s t of t h e c o p p e r ( I I ) 

c h e l a t e s y s t e m s s t u d i e d w h i c h c o n t a i n e q u i m o l a r 
c o n c e n t r a t i o n s of l i g a n d a n d m e t a l ions , fou r spec ies 
h a v e b e e n s h o w n t o e x i s t : a n o r m a l d i a q u o c h e l a t e , 
C u A 2 + ; a m o n o h y d r o x o c o m p o u n d 6 C u [ O H ] A -
( H 2 O ) 1 + ; a d i h y d r o x o species , C u [ O H ] 2 A ; a n d a 
d i m e r , ( C u [ O H ] A ) 2

2 + . T h e so lu t i on equ i l i b r i a m a y 
b e def ined b y t h e e q u a t i o n s 

Cu2 CuA2 H 

KM A = 

CuA2 + + H 3 O : 

^M[OH]A = 

CuA 2 + + 2H2O 

-KM[OH]JA = 

2CuA2 + + 2H2O Z 

K, 

[CuA2+] 
(D 

(2) 

(3) 

(4) 

[Cu2+][A] 

Z Z t C u [ O H ] A 1 + + H + 

[Cu[OH]A1 +][H+] 
[CuA2+] 

Z Z t C u [ O H ] 2 A + 2H + 

[Cu[OH]2A][H+]2 

[CuA2+] 

Z Z t ( C u [ O H ] A ) 2
2 + + 2H 

[(Cu[OH]A)2
2 +][H+]2 

MM[OH]A)! - [ C u A 2 + ] 2 

T h e a m o u n t a n d d i s t r i b u t i o n of t h e v a r i o u s c h e l a t e 
species p r e s e n t u n d e r v a r y i n g c o n d i t i o n s of pH 
a n d t o t a l c o n c e n t r a t i o n m a y b e c a l c u l a t e d f rom 
t h e a b o v e equ i l ib r i a a n d f rom t h e r e l a t i o n s h i p 
b e t w e e n t h e t o t a l c o p p e r ( I I ) c o n t e n t , t h e v a l u e of 
— log [H ] + a n d t h e a m o u n t of h y d r o x i d e a d d e d . 

(4) G. Schwarzenbach and W. Biedermann, HeIv. Chim. Acta, 31, 
331 (1948). 

(5) H. S. Harned and B. B. Owen, "The Physical Chemistry of 
Electrolytic Solutions," 2nd Hd., Reinhold Publ. Corp., New York, 
N. Y., 1950. 

(6) Brackets around OH within the formula of a coordination com­
pound indicate a hydroxyl ion bound directly to the metal,-whereas 
a set of brackets enclosing the entire formula indicates molar concen­
tration. 

If 2"OH r e p r e s e n t s t h e h y d r o x i d e a d d e d t o a 
s o l u t i o n of t h e d i a q u o che l a t e , [ C u A ] , d u r i n g t h e 
t i t r a t i o n , t h e n 

Ton + [H+] - [OH-] = [Cu[OH]A] + 
2[Cu[OH]2A] + 2[(Cu[OH]A)2] (5) 

I n e q u a t i o n 5, c h a r g e s of ions h a v e b e e n e l i m i n a t e d 
for a c h i e v i n g c l a r i t y . S i n c e t h e c o n c e n t r a t i o n 
of t h e d i h y d r o x o c h e l a t e is sma l l in t h e reg ion 
p r e c e d i n g t h e c ros sove r p o i n t ( i n t e r s e c t i o n of 
c u r v e s in F i g . 1) 

Ton + [ H + ] - [OH-] = [Cu[OH]A] + 
2[(Cu[OH]A)2] (6) 

T h e t o t a l c o n c e n t r a t i o n of c h e l a t e species , TA, is 
def ined b y t h e r e l a t i o n s h i p 

TA = [CuA] + [Cu[OH]A] + [Cu[OH]2A] + 
2[(Cu[OH]A)2] (7) 

T h e r e f o r e i n t h e r eg ion p r e c e d i n g t h e c ro s sove r 

TA = [CuA] + [Cu[OH]A] + 2[(Cu[OH]A)2] (8) 

a n d 
[CuA] = T x - TOE. - [H+] + [OH"] (9) 

C o m b i n a t i o n of e q u a t i o n s 2 , 4 a n d 6 g ives t h e 
express ion 
Ton + [H+] - [OH-] 

[CuA]/[H+ ] 

K M [ O H ] A + 2K(M[OH]A)I VTT+1 ( I " ) 

T h u s if a d i m e r is f o rmed , a s t r a i g h t l ine is o b ­
t a i n e d w h e n (Ton + [ H + ] - [ O H - J ) [ H + ] / 
[ C u A ] is p l o t t e d a g a i n s t ( C u A ] / [ H + ] , t h e s lope 
of w h i c h is e q u a l t o 2K(M. [OHJ A)1 a n d t h e i n t e r c e p t 
a t [ C u A ] / [ H + ] = 0 is e q u a l t o X M I O H J A - I t is of 
cou r se poss ib le t h a t h i g h e r p o l y m e r s of t h e f o r m 
( C u [ 0 H ] A ) „ " + m a y b e f o r m e d . F o r i n s t a n c e , if 
a t r i m e r w e r e fo rmed , a s t r a i g h t l ine w o u l d b e 
o b t a i n e d w h e n ( F 0 H + [H + ] - [ O H - ] ) [ H + ] / 
[ C u A ] is p l o t t e d a g a i n s t [ C u A ] V ( H + ] 2 , t h e s lope 
of w h i c h w o u l d b e e q u a l t o 3 J L ( M ( O H J A ) I . I n all 
cases s t u d i e d in t h i s i n v e s t i g a t i o n , t h e p r e s e n c e of 
a d i m e r w a s i n d i c a t e d . 

^ M [ O H ) 1 A m a y b e c a l c u l a t e d f rom t h e v a l u e of 
— l o g ( H + ] w h e r e t h e c u r v e s in F i g . 1 cross , in ac ­
c o r d a n c e w i t h t h e r e l a t i o n s h i p 

^ K M [ O H ] 2 A = 2 ( - 1 O g [ H + ] ) (11) 

s ince a t t h i s p o i n t i t m a y b e a s s u m e d t h a t t h e con­
c e n t r a t i o n s of C u [ O H ] 2 A a n d of C u A a r e e q u a l . 
H o w e v e r , s ince i t is difficult t o l o c a t e w i t h c e r t a i n t y 
t h e c ros sove r p o i n t f rom t i t r a t i o n c u r v e s h a v i n g 
s t e e p inf lect ions , i t w a s c o n s i d e r e d m o r e des i r ab l e 
t o c a l c u l a t e - K M [ O H ] 2 A a lgeb ra i ca l l y u s i n g t h e v a l u e s 
of X M [ O H ] A a n d jct(M[OH]A), a l r e a d y d e t e r m i n e d . 
C o m b i n a t i o n of e q u a t i o n s 2, 3 , 4, 5 a n d 7 y i e ld s 

KM[OH])A = 

[ H + ] 2 ( r 0 H + [H+] - [OH-] - [Cu[OH]A] -2[ (Cu[OH]A) 2 ] 
2[CuA] 

(12) 

T h e q u a n t i t y [ C u A ] m a y b e d e t e r m i n e d b y so lv ­
ing t h e q u a d r a t i c e q u a t i o n 

-b ± V i 2 - 4oc 
[CuA] = 

w h e r e 

a = 2 K ( M [ O H ) A W ' [ H + ] 2 

4 = 2 + KM [OH] A / [H + ] 
c = Ton + [H+] - [OH-

2a 

] - 2 7 \ 

(13) 
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Fig. 1.—Potentiometric titration of 1:1 eopper(II)-N-
hydroxyethylethylenediamine chelates. Concentrations: 

, 5.21 X W-3M; . . . . . 2.61 X 10~» M; , 
1.04 X 10"» M; , 5.21 X 10~4 M; t = 25.0°; y. = 
0.10 (KNO3); m — moles of base added per mole of 1:1 
chelate compound present. 

Having determined the equilibrium constants 
associated with equations 2-4, the concentrations 
of the various metal chelate species present at a 
particular value of total concentration and ^H may­
be calculated from the equation 
2JC(M[OH]A)I r o . . 4 12 J_ ["?» 

KMIOHHA + q [ C u A ] 

[H < 
[CuA]2 + I ^ P P + 

rA = o (14) [H + ]* 
and equations 2, 3 and 4. 

Results and Discussion 
HEN, 2-HEN and DAP Chelates.—The titration 

curves illustrated in Fig. 1 for Cu(II)-HEN show 
that an increase in metal ion concentration results 
in a shift of the buffer regions to lower pH. in the 
range of neutralization values from 2-3. The 
portion of the curves corresponding to "m" values 
from 0 to 2 (not shown in figure) indicates neutral­
ization of the two moles of HCl present per mole 
of ligand. Beyond the crossover at m = 3, the 
second buffer region is displaced to higher pK 
values with a corresponding increase in the con­
centration of the metal chelate. Similar sets of 
titration curves were obtained for the copper(II) 
chelates of 2-HEN and DAP. The increased 
requirement of base at a particular pH with an in­
crease in the concentration of metal chelate is an 
indication of the formation of a polymer of the type 
(Cu[OH]A)n"+. 

As is shown graphically in Fig. 2, a plot of (Ton 
+ [H+] - [0H-])[H+]/[CuA] M. [CuA]/[H+] 

0 8 -

C C U A : I / : H + 3 X I O " ' 

Fig. 2.—Graphical demonstration of dimer of mono-
hydroxocopper(II)-N-hydroxyethylethylenediamine che­
late. Concentrations: O, 7.82 X lO"3 M; d, 5.21 X lO"3 

M; C, 2.61 X lO"3 M; ©, 5.21 X lO"4 M; ©, 2.61 X 10"4 

M. 

gives a straight line, which verifies the formation 
of the binuclear diolate chelate compound. Simi­
lar plots were obtained for the Cu(II)-2-HEN 
and Cu(II)-DAP chelates. Some scattering of 
the experimental points in Fig. 2 is apparent, espe­
cially for those calculated from data at the lower 
concentration levels. However, both the slope 
and intercept of the straight line may be de­
termined with reasonable accuracy. On the basis 
of plots similar to that illustrated in Fig. 2, equi­
librium constants involving the formation of mono-
hydroxo and dimeric chelate species were de­
termined for the interaction of Cu(II) with all 
three ligands. A summary of the equilibrium 
constants obtained is given in Table I. By use of 
these equilibrium constants in conjunction with 
equations 2, 3, 4 and 14 it was possible to determine 
the distribution of the various chelate species 
as a function of - log[H + ] and total metal chelate 
concentration. The sample distribution plot shown 
in Fig. 3 for a 7.82 millirnolar solution of Cu(II)-
HEN, indicates the successive replacement of 
CuA2+ by Cu[OH]A1+, (Cu[OH]A)2

2+ and Cu-
[OH]2A as the principal forms of the metal chelate 
compounds in solution. 

Although the chelate stabilities of the Cu(II) 
chelates of HEN, 2-HEN and DAP are approxi­
mately equivalent, the tendency toward hydroxo 
chelate formation is somewhat greater for the hy-
droxyethyl substituted compounds. This may be 
an indication of the formation of chelates of types 
I and II of HEN and 2-HEN, respectively. For 
Cu(II)-HEN, the inflection at m = 3 may corre­
spond to the complete conversion of the normal 
chelate I to a hydroxo complex III or to a com­
pound such as IV in which a proton has been dis­
sociated from the coordinated ethanolic group. 
Actually structures III and IV are tautomeric and 
no doubt are in rapid equilibrium in aqueous solu­
tion. 
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Fig. 3.—Distribution of copper(II)-N-hydroxyethylethyl-
enediamine chelate species as a function of the hydrogen ion 
concentration: A, diaquo chelate, [CuA+ 2] ; B, mono-
hydroxo chelate, [Cu[OH]A+ 1] ; C, dihydroxo chelate, 
[Cu[OH]2A"]; D, dimer [(Cu[OH]A)2

+*]; OH, hydroxyl 
ion: TA = 7.82 X 10"3 M; t = 25.0; M = 0.10 (KNO3). 

The formation of compounds represented by-
structures I and I I is supported by additional evi­
dence. Although Basolo and Murmann 7 have 
shown tha t the introduction of alkyl groups into 
the ethylenediamine molecule substantially lowers 
the stabili ty of the resulting Cu(II ) complex, only a 
slight difference between the corresponding che­
lates of H E N , 2 - H E N and ethylenediamine is 

H2C CH2 
/ \ 

HO NH 

Cu 

H3O NH 

- I 

"H 2 C—CH 2 

2+ r 

CH; 

•Hi 

H , C - C H 2 
/ \ 

HO NH 

CH; 

Cu 
CH: 

HO NH 

2+ 

r 
HO N H . 

Cu 
/ \ 

HO NH1 

III 

CHi 
I 

CH: 

L H 2 C - C H 2 

II 

~H2C CH2 

0 N H . 

\ / 
Cu 

/ \ . 
H2O NH2 

IV 

J 

CH : 
I 

CH5 

observed. Also while the introduction of a second 
hydroxyethyl group into the H E N molecule re­
sults in a drop in basicity of the ligand of 0.6 pK 
unit, the resultant drop in chelate stability is only 
0.2 log K unit . Metal chelate formation with 
these ligands therefore involves two opposing 
tendencies; decreased ligand basicity which tends 
to decrease the metal ion affinity and additional 

(7) F. Basolo and F. Murmann, T H I S JOURNAL, 74, 5243 (1952). 

TABLE I 

EQUILIBRIUM CONSTANTS FOR C O P P E R ( I I ) CHELATES 

t = 25.0°; M = 0.10 (KNO3) 

Ligand 

H E N 
2-HEN 
DAP° 
D I E N 
T R I E N 

log KmA 

9.90 
9.68 
9.81 

1 5 . 9 ^ 
2 0 . 5b-d 

PKM[OK]A PKM[OH]IA ^K(M[OH]A)J 
log 

7.30 17.24 12.42 2.18 
7.15 16.52 12.92 1.38 
7.70 19.05 12.84 2.56 
9.03 

10.8 
* No supporting electrolyte employed; kw assumed to be 

1.3 X 10-'4. 6Det. at 20°, » = 0.1 Af(KCl). 0 J . E. 
Prue and G. Schwarzenbach, HeIv. Chim. Acta, 33, 985 
(1950). d G. Schwarzenbach, ibid., 33, 974 (1950). 

weak coordination through the ethanolic groups 
which tend to increase the affinity. 

For a given metal ion and similar donor atoms 
in the chelate rings, it would seem logical to as­
sume tha t an increase in the polar character of the 
A x M - O H linkage would increase the tendency 
for olate bridging. The geometric arrangement 
of the chelate rings as well as steric repulsions 
between the groups at tached to the nitrogen atoms 
of the ligands differ so greatly tha t valid compari­
sons cannot be made readily on the basis of varia­
tions of any one structural or constitutional feature. 
However, it may be noted t ha t the dimerization 
tendencies of the monohydroxo species of the various 
chelates increase in the order 2 -HEN < H E N 
< D A P . The decreased tendency toward diolate 
bridging in the former cases may again be partially 
explained by the presence of the hydroxyethyl 
groups which may occupy coordination sites on the 
central metal ion and /or prevent polymerization by 
means of steric repulsions. 

DIEN and TRIEN Chelates.—The ti tration 
curves obtained for the cupric diethylenetriamine 
system are shown in Fig. 4. When the trihydro-
chloride of diethylenetriamine interacts with the 
Cu(I I ) ion, three moles of acid per mole of chelate 
may be t i t rated readily a t low pH. This corre­
sponds to the reaction 

Cua+ + H3A
3 CuA2+ + 3H + 

Between pK 8 and 10 there is a second buffer re­
gion which requires one mole of base per mole of 
metal chelate. The formation of a monohydroxo 
chelate seems to be the only possible conclusion 
tha t may be drawn from the potentiometric data, 
since no precipitation of metal hydroxide takes 
place and no excess of ligand is present. 

The results of potentiometric studies of the 1:1 
Cu(II ) chelates of tr iethylenetetramine are given 
in Fig. 5. The t i tration curves of this compound 
are seen to be quite different from those of di­
ethylenetriamine in t ha t four moles of base are 
required per mole of metal chelate formed, and 
all the t i t rat ion curves are characterized by a 
single steep pH rise a t m = 4. The formation of 
the metal chelate thus may be represented by the 
neutralization reaction 

Cu2+ + H4A
4+ ^ Z t CuA2+ + 4H + 

The high stability of the Cu(II ) chelate of triethyl­
enetetramine is apparent from the low pK a t which 
the above reaction takes place. T h e shape of the 
high pH buffer region does not make it possible to 



Feb. 5, 1959 DlMERIZATION OF C O P P E R ( I I ) CHELATES 523 

2 
TTl. 

Fig. 4.—Potentiometric titrations of 1:1 copper(II)-
diethylenetriamine chelates. Concentrations: 
(lower left, upper right), 9.83 X 10~3 M; , 4.92 X 
1 0 - ' M; 1.97 X 1 0 " 3 M ; ,9.83 X 10-" M; 

(upper left, lower right), 4.92 X 10~4 M; t = 25.0°; 
n = 0.10 (KNO3). 

draw conclusions concerning the possible formation 
of a hydroxo metal chelate, although it is ap­
parent that no interaction of the normal chelate 
with base can take place below pK 9. 

The difference in behavior between the Cu(II) 
chelates of diethylenetriamine and triethylenetetra-
mine toward excess base is interesting in relation 
to the structures of these two chelate compounds, 
indicated in formulas V and VI. 

X H 2 

CH2 

NH-

NH2 

C u - O H ; 

CH2 ,NH 2 

CH2' 

XH2 

CH2 

NH-

CH2 

NH2 

-Cu- -NHi 

CH2' 

^NH CH; 

""CH^ 

Diethylenetriatnine-Cu(II) 
ion (V) 

Triethylene-
tetramine-Cu(II) ion (VI) 

It is apparent that the fourth position in V, which 
is occupied by the relatively weak ligand, H2O, is 
more reactive toward hydroxyl ion than are any 
of the coordinated positions in VI. The formation 
of the monohydroxo derivative of V probably takes 
place, therefore, through the neutralization and 
removal of a hydrogen ion from the coordinated 
water molecule. Such a reaction is less likely in the 
case of VI since it would require the displacement 
of a strongly-bound amino group by a weaker co­
ordinating group, H2O. 

The effect of concentration on the potentio­
metric titration data illustrated in Figs. 4 and 5 for 
Cu(II)-DIEN and Cu(II)-TRIEN, respectively, 
is so slight that no condensation of metal chel­
ates to form higher molecular weight substances 
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TTl. 
Fig. 5.—Potentiometric titration of (1:1) copper(II)-

triethylenetetramine chelates. Concentrations: • 
(lower left, upper right), 6.08 X 10"3 M; , 3.04 X 
1 0 " 3 M ; . . . ., 1.52 X 10-» K ; ,7.59 X XQ-1M; 

(upper left, lower right), 3.80 X lO"4 M; t = 25.0°, 
M = 0.10 (KNO3). 

seems to occur. The spread of the low pH buffer 
regions seen in both figures can be accounted 
for entirely on the basis of variation of the degree 
of dissociation of acid forms as a function of con­
centration. The spread in the high ^H buffer 
region of Cu(II)-DIEN is not significant until the 
pTL approaches 10, and the shift that does occur 
in this region is accounted for on the basis of the 
free hydroxide ion present (i.e., the spread is due 
primarily to the fact that different quantities of 
standard base were required to produce the same m 
value since the total concentrations of chelate dif­
fered considerably). Thus the principal species 
present above the high pH buffer region is mono­
hydroxo chelate VII and no significant amount of 
polymerization is assumed to occur. 

, C H , 

CH2 

N H -

NH2 

- C u - O H 

CH2 ,NH2 

CH2 

I+ 

Monohydroxo-diethylenetriamine-Cu(II) ion (VII) 

In the case of Cu(II)-TRIEN, formation of a 
monohydroxo chelate VI was indicated. Such 
an assumption would mean the opening of a por­
tion of the chelate structure to allow coordination 
with the Cu(II) ion, since the number of strong 
coordination positions of copper (II) is four (VI, VII). 
This reaction is not without precedent, however, 
and is rendered more likely by the fact that tri-
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Fig. 6.—Distribution of copper(II)-diethylenetriamine 
and -triethylenetetramine chelate species as a function of 
the hydrogen ion concentration. A and B, normal and mono-
hydroxy chelates, respectively, of triethylenetetramine; C 
and D, aquo and monohydroxo chelates, respectively, of 
diethylenetriamine; OH, hydroxyl ion. TA = 4.47 X 1O-3 

M; t = 25.0°, M = 0.10 (KNO3). 

ethylenetetramine cannot quite conform to the 
square-planar s t ructure indicated in formula VI 
with the result t ha t some strain is introduced 
into the metal- l igand bonds. 
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C H 2 CH. 2 

VII 

For both chelate systems, therefore, the only 
species assumed to be present for calculation pur­
poses are the normal chelate, CuA, and the mono­
hydroxo chelate, Cu[OH]A. For reasons given 
above, the dimer and the dihydroxo chelate were 

assumed to be absent. The values of .KM[OHI A ob­
tained for C u ( I I ) - D I E N and Cu(II) T R I E N over 
a range of total concentration are shown in Table I I . 
These values remained essentially constant for the 
Cu(II ) D I E N system although a larger spread was 
observed for the lat ter system. In view of the 
difficulties usually encountered in the high hy­
droxide concentration range a t which these con­
stants were determined, the values listed may be 
considered to be essentially constant. 

VARIATION OP KM 

TA 

1.84 X 10- 3 

2.68 X 10- 3 

4.22 X 10~s 

7.37 X IO-3 

1.42 X 10- 3 

2.68 X 10~3 

7.35 X 10"3 

TABLE II 

[OH)A WITH TOTAL M E T A L CHELATE 

CONCENTRATION 

- l o S [ H + ] KM[OH]A 

C u ( I I ) - D I E N 

9.04 9.6 X 10"10 

9.07 9 .5 X 10-'» 
9.09 9 .2 X 10-10 

9.05 9.4 X IO"10 

Av. 9.4 X 10-10 

Cu( I I ) -TRIEN 

10.32 1.9 X 10- 1 1 

10.59 1.0 X 10"1 ! 

10.16 2 .2 X 1 0 " n 

Av. 1.7 X 10~ u 

£KI&[OH]A 

9.02 
9.02 
9.04 
9.03 
9.03 

10.7 
11.0 
10.7 
10.8 

The success thus obtained in calculating the 
equilibrium constants KM [OHJ A seems to strengthen 
somewhat the validity of the original assumptions 
involved. On the basis of these assumptions, 
therefore, the concentrations of various species 
present as a function of —log[H+I and total con­
centration, TA, were calculated. These concentra­
tions are plotted as a function of —log[H+] for 
both ligands in Fig. 6 for a single total concentra­
tion of metal chelate species. I t is interesting to 
note tha t the concentrations of both normal metal 
chelates remain relatively constant through most 
of the range, bu t drop off somewhat a t higher pR 
as the monohydroxo forms VII and VI I I become 
more important . The lat ter effect occurs to a 
greater extent with the diethylenetriamine chel­
ate since in this case the hydroxo chelate is formed 
a t lower pH. 
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