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ABSTRACT 

This research dealt with steric factors in tertiary 

amine-transition metal complexes. Coordinating abilities 

of two unhindered bicyclic amines, quinuclidine (QUIN) and 

triethylenediamine (TEDA), were compared to those of their 

open chain analogues, triethylamine (Et^N), and N,N,N1,N'-

tetramethylethylenediamine (TMEN), using silver(l), cop-

per(ll) and cobalt(ll) cations as reference acids. In con

trast to the nonchelating bicyclic diamine, TMEN was found 

to form chelates with each of the metal cations studied. 

Complex formation constants of the amine-silver 

nitrate systems Mere determined in dimethyl sulfoxide (UMSO) 

using a silver electrode to measure silver ion concentration. 

The following results were obtained: 

Amine k^ kp 

St^N 4.3 x 10"*" None found 

QUIN 1.2 x 102 U-.3 x  101 

TMEN 2.4 X 103 x 102 

TEDA 1.2 x 102 3.0 x 101 

The following silver complexes were prepared by 

vacuum line techniques: AgNO^.St^N, AgN0^.2St^N, AgN0^.2QUIN, 

AgNOj . 2TIIEN, and AgNO^. 1. 5TEDA., The Et^N complexes underwent 

decomposition by oxidation-reduction below room temperature. 

The NMR and infrared spectra of the TMEN complex indicated 

xvi i 
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it to be a four-coordinate silver chelate. The TEDA complex, 

which could also be prepared by precipitation from acetoni-

trile, apxaeared to be polymeric. 

Spectrophotometric studies in DMSO showed that 

copper(ll) nitrate formed 1:1 complexes with TMEN and with 

TEDA, while QUIN formed the 2:1 amine:copper(II) complex. 

Both Et^N and QUIN were rapidly oxidized by copper(II) ni

trate, two moles of amine reacting with each mole of 

copper(ll) nitrate. 

•TMEN formed a 1:1 complex with cobalt(II) nitrate. 

None of the other amines could compete successfully with 

the DJI3G solvent for coordination sites on the cobalt(ll) 

cation. QUIN (but none of the other amines) was rapidly 

oxidized in cobalt(II) nitrate solution. 

An apparently polymeric substance, CuCl^'TEDA, was 

precipitated using an ethanol-benzene mixed solvent system. 

It was shown by an e.s.r. study to contain reversibly 

photoreducible copper(II). If a txvo-fold excess of amine 

was used with the same solvent system, the product 

(IITEDA + ) (CuCl^ (TEDA ) ~ ) was obtained. 

Using vacuum line preparative techniques the solid 

complex CuClg'TMEN was obtained. QUIN and TEDA appeared to 

form more than one complex of comparable stability with 

copper (II) chloride. The solid complex CoC^'SQUIN was 

prepared using the vacuum line. The reflectance spectrum 
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of this material indicated tetrahedral coordination. Two or 

more solid complexes of comparable stability were formed in 

the cobalt(II) chloride systems with TMEN and apparently 

with TEDA. 

It was concluded that the main result of steric hin-

derance in an amine was that fewer molecules of the amine can 

be accommodated in the coordination sphere of a metal ion. 



I. INTRODUCTION 

This research was undertaken to evaluate the ef

fects of steric factors in complex coordination compounds 

of tertiary amines with transition metal salts. A better 

understanding of the importance of such steric factors in 

coordination chemistry should contribute to our under

standing of the coordinate bond. 

The ability of aliphatic amines to form metal com

plexes is known to decrease in the order primary amines 

> secondary amines >tertiary amines. This decrease of 

complexing ability is believed to be due to the combined 

effects of decreasing polarity and increasing steric hin

drance with increasing alkyl substitution on nitrogen. 

Studies of gas phase reactions between trimethylborane 

and tertiary amines of differing steric requirements have 

confirmed the importance of steric factors in coordination 

Recently a number of complexes of triethylamine 

with transition metal salts have been prepared. These com 

plexes are fairly stable towards dissociation, although 

some, such as copper(II) complexes, undergo internal 

oxidation-reduction at room temperature. 

In the present work, tertiary amine complexes of 

silver(l), copper(II) and cobalt(II) were studied. Com

plexes were formed using triethylamine, N,N,N*,N'tetra-

methylethylenediamine (a chelating tertiary amine), 



quinuclidine, and 1,^-diazabicyclo(2,2,2)octane (also known 

as triethylenediamine). In both of the last two amines, 

the alkyl groups are "pinned back" leaving the nitrogen 

atoms exposed. Because of the rigidity and barrel shape of 

triethylenediamine, it can attach itself only to one site 

on a metal cation and thus cannot act as a chelating agent. 

The structural formulae of these amines are shown in 

Figure 1. 
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TMiN 

TSD.V 

Figure Is St^ictural formulae of selected amines. 
Et ~N~Trie thy laniine; O.UIN—Quinuclidine; 
TMSN--N,N,N',N1-Fetramethylethylenediamine; 
T3DA.--Triethylenediamlne, or, 1,4-diaza 
bicyclo(2,2,2)octane: these symbols will bo 
used throughout this Dissertation. 
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Some physical properties and molecular parameters 

of these amines are summarized in Table I. 

TABLE I.--Miscellaneous Properties of Selected Amines 

Property Et^N QUIN TMEN TEDA 

Molecular weight 101.2 111. 2 116.2 112.2 

Melting point -llU.7°(i) 154° (2) 1 ro
 
0
 
0
 

*
 

158°(3) 

Boiling point 89.4°(1) 150° (2) 119-122°(k)17k 0 (3)  

Vapor pressure 
(torr, 25 C) 66 (7) 2 (2 ) 21* 1 (3) 

C-C Distance (X) l.54(6)* * * * * 1.54(5)*** 1.57(8) 

C-N Distance (&) 1.47(6) * * 1.47(5)*** 1.46(8) 

N-N Distance (X) 
(non-bonded) 3.76(5)*** 2.63(8) 

C-N-C Angle 113 + 3°(6) * * 109°(5)*** 108.9(8) 

C-C-N Angle 113 + 3°(6) * * 109.5°(5)***H0.0°(8) 

* Estimated on the basis of observations in this study. 

** Not determined. Probably similar to that of TEDA. 

*** Not determined. Estimated assuming usual alkyl parameters. 



Literature values of the acid dissociation constants 

of the protonated amines are listed in Table II and may be 

compared with those determined in this work and reported in 

Table VI. 

TABLE II.--Acid Dissociation Constants of Substituted 
Ammonium Ions 

Et^NH+ QUINH* TMEN(H+)2 TEDA(H+)2 

pK 10.77 (28) 10.95 (9) 5.90 (10) 3.00 (3) 
al 

PK_ 9.1b (10) 8.7^ (3) 
2 

It is very interesting to compare the Bronsted-Lowry 

basicities of these amines. For monoprotonation, Et^N and 

QUIN are very similar, indicating the absence of a steric 

effect, and both are markedly stronger bases than TMEN and 

TEDA. The latter pair should have a statistical advantage, 

having two equivalent possible sites for binding of the 

proton. This is more than off-set by the deleterious in

ductive effect of the two nitrogens in the diamines on each 

other. Since the two nitrogens are closer in TEDA than in 

TMEN, the weakening of the base strength is even more marked. 

Any influence of differences in the inductive effects of the 

alkyl groups would be expected to be relatively small. For 

the second protonation step in the diamines, the proximity 

of the two positively charged centers is the dominant fac

tor. The shorter non-bonded N-N distance in TEDA than in 



TMEN causes the former to be markedly weaker as a base for 

diprotonation. This is in accord with the observation of 

Quagliano and co-workers (11), who found that pK for 
a 

(CH3)3N+CH2CH2NH3
+ was 6.91, while pK& for (CH3)5N+CH2CH2CH2-

NH3
+ was 8.82. 

The study of the amine-metal ion coordination re

actions in water is made complicated by energy and entropy 

factors involved in amine and aminium ion hydrogen-bonding 

with the solvent, and by competing reactions of amine pro-

tonation, of hydroxo-metal complex formation, and hydroxide 

precipitation. These complications limit the pH and con

centration ranges available for study, and hinder the 

interpretation of the data, particularly since tertiary 

amines are relatively weak complex-formers. For this rea

son, most of the studies made in solution were carried out 

in non-aqueous solvents. 

The metal-amine interaction was studied in a variety 

of ways. Preparation and characterization of the solid com

plexes using vacuum line techniques was possible because of 

the considerable vapor pressure of both the liquid and the 

solid amines. The stoichiometry of the reactions in non

aqueous solutions was studied spectrophotometrically in 

some cases using Job's Method of Continuous Variations. 

Formation constants of the complexes formed between the 

amines and the silver(I) and copper(II) cations were ob

tained by potentiometric titrations in dimethyl sulfoxide. 
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This work includes the first recorded study of 

metal-quinuclidine complexes. 



II. HISTORICAL 

A. Solid Complexes Prepared 

1. Metal Halide Complexes 

a. Et^N Complexes:—It has been stated that tertiary-

aliphatic amines have little or no tendency to coordinate 

with metal cations unless stabilized by chelation (12,13). 

Recent surveys of the literature, however, (14,15)* have 

shown that many metal complexes of triethyl-and trimethyl-

amine have been known for a long time. In addition, several 

new tertiary amine complexes have been prepared and studied 

recently (7). 

Many of the complexes of metal halides with the 

ethylamines are stable with respect to dissociation. The 

primary and secondary amine complexes often undergo base-

promoted dehydrohalogenation(ammonolysis)(15)• In some 

cases the alkylamine-metal complexes are unstable with 

respect to oxidation-reduction. The complex species con

taining the metal in a lower oxidation state have been 

characterized in a number of cases (7»15.16,17)* Only 

recently has the nature of amine oxidation been investiga

ted. Yoke and Weiss(7) found that the oxidation-reduction 

reaction between copper(II) chloride and triethylamine 

proceded through the following sequence: formation of the 

8 



dichlorobis(triethylamine)copper(IX) complex, one-electron 

oxidation of a coordinated molecule of triethylamine, and 

disproportionation of the resulting radical cation to form 

triethylammonium chloride and diethylvinylamine. 

b. TMEN Complexes:--Several complexes of transition 

metal cations with TMEN have been prepared. Small metal 

cations whose complexes commonly have a square planar con

figuration are generally not able to accommodate a second 

molecule of TMEN on the central atom owing to steric ob

struction by the methyl groups on the first TMEN molecule. 

Thus, Mann and Watson(13) isolated simple 1:1 complexes 

between TMEN and palladium(II) chloride, palladium(II) 

bromide, platinum(II) chloride, and iridium(II) chloride. 

A 1:1 complex between TMEN and copper(II) thiocyanate was 

also isolated. More recently, Meek was able to isolate a 

2:1 TMEN:palladium(II) chloride complex by precipitation in 

DMF. He postulated that this complex existed while the 

2:1 copper(II) complex did not because of the large size 

of the palladium(II) cation (18). 

Mutterties(19) was able to isolate TiF^.TMEN, al

though monodentate tertiary amines formed only 1:1 com

plexes with titanium tetrafluoride. 

Other complexes of TMEN that have been isolated 

include a 1:1 tetracoordinate complex with cadmium(II) 

chloride recrystallized from ethanol (13). and a hexaco-

ordinate 1:1 complexes with silicon, germanium and tin 

tetrachlorides (20). 
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c. TEDA Complexes: —Tennenhouse(21) iiras able to iso

late compounds corresponding to the following compositions: 

CuClg'TEDA, N1C12*2TEDA, PdCl,,* TEDA, and PdCl2*2TEDA. Mixed 

complexes containing 1:1:2 and 1:1:1* ratios of nickel(II) 

chloride: palladium(II) chloride: TEDA were also found. In 

most of these cases, these compositions were precipitated 

when stoichiometric amounts of reactants in dimethylformamide 

solutions were mixed. These compounds all were believed to 

be polymeric. 

2. Other Complexes 

a. Aluminum Hydride-Amine Complexes:--Complexes of 

aluminum hydride with several aliphatic amines, including 

Et^N, TMEN, and TEDA, have been prepared recently. The 

nature of the 1:1 aluminum hydricketriethylamine complex 

is not known. The melting point of the triethylamine com

plex (18-19°) is appreciably less than that of the tri-

methylamine complex (76°), and freezing point measurements 

have shown that the triethylamine complex is associated to 

a much lesser degree than the trimethylamine complex (22). 

It is known that the trimethylamirje complex exists as a 

hydride-bridged dimer in the vapor phase (23). 

TMEN is believed to act as a chelating ligand and 

to form the complex (I) jLi_dihydridotetrahydridobis (N,N,N' ,Nf -

tetramethylethylenediamine)dialuminum(III) (23) by reaction 

with aluminum hydride. 



/ \ / \ 

/ 
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TEDA is known to also form a 1:1 complex with 

aluminum hydride (2^). The structure is not known, but it 

is believed to be a polymer with the diamine serving as a 

bridging group. 

b. Trimethylborane-Amine Complexes:--In significant 

and classical studies of steric hindrance in vapor phase 

reactions, Brown and Sujishi(2) prepared and compared com

plexes of trimethylborane with Et^N and QUIN. Their results 

will be discussed in Section III. 

c. Miscellaneous Complexes:--Mann and Watson(13) 

isolated the complex jJ,-dihydroxobis (N,N, N1 ,N* tetramethyl-

ethylenediamine)dicopper(II) nitrate by evaporating an 

aqueous solution of copper(II) nitrate and TMEN. 

discussed previously, Tennenhouse reported (21) the isola

tion of complexes corresponding in composition to silver 

nitrate'TEDA, copper(ll) acetate*2TEDA, copper (II) 

laurate'TEDA, nickel(II)acetate'TEDA and nickel(II) 

plex was formed when equimolar amounts of reactants in 

dimethylformamide solution were mixed. 

In addition to the complexes with metal chlorides 

acetylacetonate'TEDA. The 1:1 silver nitrate: TEDA com-
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B. Complexes in Solution 

1. Aqueous Solutions 

a. Et^N Complexes:--Formation constants for complexes 

of Et^N and silver ion in aqueous solution have been deter

mined by three investigators. Pavelka(26) used potentio-

metric measurement of the silver ion concentration to 

determine the overall formation constant for bis(triethyl-

amine)silver(I) cation(found log /^2 = h.05 at 20°, 0.001 

ionic strength). Britton and Williams(27) used both 

potentioraetric measurement of the silver ion concentration 

and solubility measurements to find the overall formation 

constant, assuming the predominance of the 2:1 Et^N:sil-

ver(I) species (found log (32 = U-.50 and 27, respectively, 

at 15° and 0.3 ionic strength). Bjerrum and Refn(28), 

using a solution 0.U M in triethylammonium nitrate and 

potentiometric pH measurement found the logarithms of the 

stepwise formation constants to be 2.6 and 2.1 for forma

tion of the 1:1 and 2:1 Et^N:silver(I) complexes 

respectively. 

Bjerrum and Refn(28) also potentiometrically 

measured the formation constants of the 1:1 and 2:1 

Et^N:mercury(Il) complexes in an aqueous solution 0.U M 

in triethylammonium nitrate. The logarithms of the step

wise formation constants were both the same (7»8), giving 

an overall formation constant for the bis(triethylamine)-

mercury(II) cation with the logarithm 15.6. 



Measurement of the formation constant of a complex 

of Et^N with diacetyldibenzoylhydrazinonickel(Il) was also 

made (29) in a study of steric effects in solution. The 

results obtained will be discussed in Section III. 

b. TMEN Complexes:--The formation constant between 

TMEN and copper(II) in aqueous solution (log = 7.2) was 

determined by Martell and his coworkers using potentiometric 

pH measurements(10). 

Leussing(30) compared the complexing abilities of 

the C- and the N-substituted isomeric tetramethylethylene-

diamines. His results showed that the N-substituted amine 

complexes were much less stable than those of the C-substi-

tuted amine, as would be expected from steric considerations. 

He obtained the following logarithmic values for the forma

tion constants of metal: TMEN complexes by the potentio

metric pH technique: <0,9. ^.1 and 3.65 for 1:1 complexes 

of TMEN with manganese(II) nickel(II), and zinc(II) respec

tively. A 2:1 TMEN:zinc(II) complex was also found, of 

overall formation constant log (32 = 5.5. 

c. TEDA-Silver(I) Complex:--Schwarzenbach and co

workers (31132) determined the formation constant (log K^. « 

I.65) for the 1:1 TEDA: silver(l) complex in aqueous solu

tion by potentiometric pH determination. However, it 

appears that Schwarzenbach et al. did hot really have the 

correct amine. They synthesized their supposed TEDA by the 



method of Mann and Mukerjee(33) and characterized it by the 

melting point of the dihydrochloride and the analysis of 

the diperchlorate monohydrate. The synthetic work of Mann 

and Mukerjee was subsequently reinvestigated by Mann and 

Baker(3^). They found that the true melting point of 

TEDA*2HC1 differed by some 30 degrees from that previously 

reported, and that the melting point of the tetrachloride 

of the tetraamine CH^N(CHgCHg)gNCHgCHgN(CHgCHg)2NCH3 agreed 

with that observed by Schwarzenbach. The tetraperchlorate 

dihydrate of the tetraamine would have virtually the same 

analysis as that observed by Schwarzenbach. In addition, 

it may be noted that the pK values reported for the 
Si 

supposed TEDA by Schwarzenbach do not agree with the other 

literature values reported by Farkas et al.(3)(Table II), 

whereas the pK values determined in this work (Table VI) a 

are in good agreement with Farkas et al. 

2. Non-Aqueous Solvents 

a. Metal Complexes:--Streuli(35) compared the com-

plexing abilities of various amines and phosphines in 

anhydrous acetone systems by potentiometric measurements 

of the silver ion concentration during titration of the 

silver perchlorate with the complexing agents. Reaction 

between silver(l) and Et^N took place and a precipitate 

was formed. The reagents appeared to combine in a 1:1 

ratio, although the reaction did not go to completion. 



A stable complex ion, bis(tetramethylethylenediamine)-

silver(l), soluble as the perchlorate, was formed with 

TMEN. Formation constants were not measured. 

b. Hydrogen-Bonded Amine Species:—The equilibrium 

constant for the association between the protonated and un-

protonated forms of TEDA in acetonitrile was found to be 

16 (36). No evidence was found for a similar association 

for Et^N in acetonitrile, although, rather surprisingly in 

view of the steric demands of the triethylamine molecule 

and the very small size of the proton, evidence for such 

association was found in nitrobenzene solution (37). 



III. THEORY 

A. Structure and Conformation of the Diamines 

The intramolecular non-bonded N-N distance calcu

lated for TMEN in Table I is a maximum distance. Although 

free rotation around the carbon atoms between the amine 

nitrogens would allow closer approach, the replusion be

tween the similar partial charges on the nitrogen atoms and 

the size of the two terminal methyl groups on each nitrogen 

make the conformation having the maximum N-N distance most 

probable. A higher energy conformation must be adopted 

when TMEN acts as a chelating ligand. 

The intramolecular non-bonded.N-N distance shown 

for TEDA in Table I was calculated assuming that the 

carbon-carbon bond axes are parallel to the N-N axis. 

This is in keeping with the results of Parke^8), whose data 

indicated that the molecule was centrosymmetric and not 

skewed. Although a slight skew would appear to relieve 

torsional strain by increasing. H-H distances, study of 

the related hydrocarbon, bioyolo(2,2,2)octane, has shown 

that while twisting relieves strain around three sets of 

C-C bonds, it tends to eclipse six bonds and that the 

twisted form is very unlikely (38). 
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B. Amine Basicity 

1. Ion-Dipole vs. Valence Bond Approach 

a. Ion-Dipole Model:--In the electrostatic model, 

metal amine complexes are held together by the attraction 

between the positively charged metal cation and the nega

tive end of the dipole of the amine molecule, located near 

the nitrogen atom. V/hen the outer electrons of the metal 

cation have a large radial extension (as is the case with 

outer d electrons) their screening power is poor. When, 

as is often the case with transition metal cations, the 

electron cloud surrounding the cation is not spherically 

symmetrical, the screening efficiency of the outer elec

trons may be further reduced, and the effective charge of 

the cation thus increased. In this case, the negative e>r?d 

of the ligand molecule is permitted closer approach to the 

positively charged nucleus of the cation than it would be 

if the outer electron shell were spherical. The asymmetry 

of the outer shell, and thus the effective positive charge 

of the nucleus can be further increased by polarization of 

the cation as a result of the approach of the ligand. This 

effect is possible with some transition metal cations, giv

ing rise to ligand field stabilization energy. 

Ammonia and amine molecules have a tetrahedral 

shape with the nitrogen atom in the center of the pyramid, 

alkyl groups or hydrogen at three of the corners, and a 



stereochemically active ione pair of electrons at the fourth 

corner. It is this lone pair ;of electrons that is used in 

coordination reactions. Considering the bonding electrons 

of the amine, the electron density on the nitrogen atom 

would be increased by the positive inductive effect of the 

alkyl groups attached to it. Thus it should be possible to 

show a direct correlation between a measure of the inductive 

effect, such as the q~* values of Taft, with amine basicity 

and complex forming ability. If the amine basicity is 

measured by the ionization potential of the amines, Tirhich 

has been proposed as a measure of the "absolute" Lewis base 

strength of the amine uncomplicated by steric or solvent 

effects (39)t such a correlation is found. The ionization 

potential order of increasing energy for the non-bonding 

electrons is found to be tertiary <secondary <C primary 

amines and the values obtained from ionization potential 

measurements can be directly correlated with the Taft^cT* 

values (total inductive effects of all hydrogen and alkyl 

groups attached to the amine nitrogen) for the amines. 

On the other hand, the permanent dipole moments of 

the amines, to which the coordinating ability of amines 

has been correlated, have been shown to decrease in the or

der primary>secondary>tertiary amines (^0). The permanent 

dipole moment of amines may be considered as being made up 

of contributions from the bond moments and the lone pair. 



Since the bond angles at the amine nitrogen atom do not 

change appreciably with increasing alkylation, the increas

ing inductive effect and bond moment contribution with 

increasing alkyl substitution must be overcome by a de

creasing contribution from the lone pair. 

The Bronsted-Lowry basicities•fall in an irregular 

order, largely due to complicated solvent hydrogen-bonding 

energy effects, ion-pair association and entropy effects. 

Basicity relationships towards reference acids of larger 

steric requirements that the proton may be determined in 

part by steric strain in the adduct. 

The change in coordinating ability of amines in 

aqueous solution with increasing substitution is in part 

attributable to differences in solvation. Increased solva

tion of an ammonium ion or complex would tend to stabilize 

that ion or complex. Trotman-Dickenson (if-1) proposed that 

solvation occurs in ammonium ions by hydrogen bonding 

between N-H+ groups and lirater molecules. The more N-H + 

bonds the cation has, the more such hydrogen-bonding can 

occur. Thus increasing substitution on the nitrogen atom 

would lead to decreasing solvation and thus decreasing 

basicity of the amine. Hall(^2) supported the theory of 

Trotman-Dickenson, concluding that the number of hydrogen 

atoms attached to the amine nitrogen was of more importance 

in determining amine basicity than was the degree of steric 

hindrance of the amine. 
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Just as the electron cloud surrounding the cation 

can be distorted by the approach of a ligand, the elec

tron cloud of the ligand can be distorted and drawn toward 

the positively charged cation nucleus. Since this permits 

closer approach of opposite charges, such polarization 

tends to stabilize the complex formed. Cations with a 

high effective charge, such as most transition metal cations, 

would be expected to form much more stable complexes with 

polarizable ligands than other cations with a spherically 

symmetrical outer shells and lower effective charges. 

The lone pair polarizability of amines is known to 

remain about constant within each class of amines and to 

decrease in the order primary > secondary > tertiary (^0). 

This relationship, along with the solvation effects al

ready discussed, can be used to explain the results of 

studies of amine basicities by Hall(l4-2). He found that 

within each class of amine, a linear correlation exists 

between the pK& values for substituted ammonium ions and 

the lEcr* values representing the total inductive effect of 

all of the substituents on the amine nitrogen. Amines of 

different classes but of the same 2<X* value showed a de

crease in basicity in the order primary> secondary 

tertiary. 
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b. Valence-Bond Model;—The shape of the ammonia and 

amine molecules is approximately consistent with the theory 

3 o 
that the amine nitrogen uses sp bonding orbitals (at 109.5 

3 o 
from each other) instead of p orbitals (at 90 from each 

3 other). Three of these sp orbitals overlap _s orbitals of 

3 
hydrogen or sp orbitals of carbon atoms, while the fourth 

contains an unshared pair of electrons. This unshared pair 

of electrons can be used to form a bond between nitrogen 

and a metal cation in complex formation. No major re-

hybridization on the part of the nitrogen atom is necessary 

during this process, and the geometry around the amine 

nitrogen remains about the same. 

A change in orbital hybridization does seem to be 

indicated in increasing allcylation of phosphine. Thus, 

in phosphine itself, the bond angles are 93.7° (^3) in

creasing to about 99° in trimethylphosphine, suggesting a 

trend towards greater s-orbital participation in the bonds 

and greater p-character (spatially directed character) of 

the lone pair. 

2. Steric Effects 

Brown proposed a classification of three types of 

steric effects important in studies of amine basicities(W*). 

He originally felt that coordination of an amine with an 

acidic species required that the alkyl groups of the amine 

be pushed back and compressed as a result of .the formation 
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of the fourth bond. As was pointed out in the previous 

section, however, the geometry around the nitrogen in a 

trialkylammonium salt does not differ greatly from that in 

the trialkyl amine and the proposed back or "B" strain is 

no longer considered to be a realistic description. 

A second type of strain, internal or "I" strain, 

was said to result during the bonding of cyclic amines in 

which condition rehybridization placed the ring either un

der reduced or increased strain. This can be recognized 

as a special type of "B" strain, and subject to the same 

criticism. 

The third type of steric effect, front or "F" 

strain, deals with steric interactions between substituents 

attached to both donor and acceptor atoms in the complex, 

and is a function of the reference acid as well as of the 

amine. This effect is considered to be significant for 

ethyl and bulkier groups in tertiary amines, and its im

portance has been supported by results obtained by Hall(^2). 

Brown(2) simplified the study of steric effects by 

accentuating them through the use of a bulky acid, tri-

methylborane. A very important feature of his work was 

that the studies could be carried out in the gas phase. 

Solvation or lattice energy effects were thus eliminated. 

However, a significant extraneous energy term involved in 

the process arose from the rehybridization of the orbitals 
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of boron. The amine was allowed to react with trimethyl-

borane, a volatile borane derivative, and the pressure of 

the resulting complex in equilibrium with its components 

was determined at several temperatures above the boiling 

point of the complex (^5). Using this technique, he found 

that the complexing ability of methyl amines was in the 

order: dimethylamine > methylamine> trimethylamine, while 

that of the ethyl amines was in the order ethylamine> 

diethylamine» triethylamine (2). The triethylamine-

trimethylborane product was too unstable to be measured by 

this technique, although the quinuclidine-trimethylborane 

product was more stable than any of the other complexes 

studied. Since the main difference between triethylamine 

and quinuclidine is the tying back of the substituents on 

the nitrogen in quinuclidine, a large F-strain on the-part 

of triethylamine is apparent. 

Yoke and coworkers (7,14) noted that the stoichiome-

try of the reaction between amines and metal halides in the 

formation of solid complexes depends upon the degree of 

alkyl substitution on nitrogen-the maximum number of amine 

molecules coordinated to a metal ion decreasing with in

creasing substitution. One reason for this effect is 

believed to be the relative degree of expansion of the 

metal halide lattices needed to incorporate the amine ligands. 

Tertiary amines would be expected to expand the crystal lat

tice more than primary or secondary amines, with a resulting 

decrease in lattice energy. The expansion needed to 
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accommodate bicycllc amines should be somewhat less than that 

involved with their open chain analogues. 

Another effect, ligand-ligand repulsion between amine 

molecules attached to the same metal ion, might be expected 

to limit the number of bulky amine molecules that could be 

attached to a metal ion in either a solid or in solution, 

or to decrease the stability of the bulky amine-metal ion 

complexes, higher than the 1:1 complex, that are formed in 

solution. 

A similar example of strong enhancement of donor 

ability in a bicyclic ligand was found when the steric 

requirements of a phosphite ester were decreased. Verka.de 

and Piper(ij-6) found that although no complexes of cobalt(II) 

or nickel(II) with triethyl or trimethyl phosphites could be 

isolated as pure solids, stable complexes of methyl-2,6, 7-

trioxa-l-phosphabicyclo(2,2,2)octane-("Phos")(I) could be 

isolated. 

I 

Complexes of this phosphite were distinguished not 

only by -their stability, but also by the high number of 

ligands accommodated in the first coordination sphere of 

complexes of metal nitrates or perchloratds(!+7) . Both 

(Ag(Phos)^)N0^ and (Cu(Phos)^)N0^ were obtained. 
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The Phos molecule possesses a three-fold axis of 

rotation. It has an unusually high dipole moment (4.15 

Debye) compared to triethyl phosphite (48). 

3. Comparison of Nitrogen and Phosphorus as Donor Atoms 

In contrast to amines, the coordinating ability of 

the alkyl phosphines is much greater than that of 

There is a decrease in the lone pair polarizability of 

phosphines with increasing alkyl substitution of the phos

phorus atom, but the decrease is much less in the case of 

phosphines than in the case of amines (about 5$ vs 

about 12%). 

The enhancement of the basic strength of phosphines 

by substitution has various explanations. In terms of the 

Trotman-Dickenson theory(4l), it might be noted that phos

phorus is much less electronegative than is nitrogen 

(2.1 vs 3.0 for N, using the Pauling scale (5))» and stabi

lization of the phosphonium ion by hydrogen-bonding would 

be slight. 

From the valence bond point of view, it has been 

mentioned already that the bond angles between the alkyl 

groups in amines remain about constant while they widen 

with increasing substitution in phosphines (49,50), sug

gesting some variation in the degree of hybridization. 

From the ion-dipole point of view, penetration of a proton 

into the electronic cloud of nitrogen or phosphorus would 



bo expected to tighten the binding of the lone pair, whereas 

replacement of the protons by alkyl groups would loosen the 

lone pair. The more diffuse nature of the lone pair, in 

opposition to the greater inductive effect, presumably ac

counts for the fact that the dipole moments of the amines 

decrease with increasing alkyl substitution, whereas the 

dipole moments of the phosphines pass through a maximum. 

A very important factor is the relative size of the 

two donor atoms. The phosphorus atom is very much larger 

(1.10 X) than the nitrogen atom (0.70 &), and would thus 

not be as easily shielded or crowded. Measurements of com

plexes of amines and phosphines with diacetylbenzoylhydrazino 

nickel(II) in solution showed little difference in the 

enthalpy change during reaction of trimethyl-, triethyl-, and 

tripropylamines, but large differences in the entropy 

changes. The enthalpy changes for triethylphosphine and 

tripropylphosphine were about the same and were very simi

lar to those found for the amine, and the entropy changes 

also remained about constant (30). This was interpreted 

as showing the relative importance of steric effects in 

amines compared to the phosphines. 

Tertiary amines are at a particular disadvantage in 

the formation of metal-araine complexes compared to other 

amines or phosphines because a problem of charge disposal 

arises. During complex formation a formal positive charge 

vis -
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is developed on the donor atom. For complexes of phosphines 

with transition metal cations, this formal charge can often 

be removed by back TP bonding using empty d orbitals of 

phosphorus of suitable symmetry and energy. Since the 

nitrogen atom does not have similarly suitable orbitals, 

saturated amines cannot dispose of charge by this mechanism. 

In complexes of primary and secondary amines, a mechanism 

can be postulated for sharing the positive charge between 

the nitrogen and hydrogen atoms, bonded to the nitrogen, by 

hyperconjugative resonance forms. Since tertiary amines do 

not have any hydrogen atoms attached to the nitrogen, this 

form of charge dissipation is not available. 

Correlation of Various Measures of Amine Basicity 

The relationship between the Lewis and Bronsted-

Lowry base strengths of the amines has been studied by 

several investigators. Britton and Williams(27) determined 

the stability constants of silver(I)-amine complexes by 

measurement of the solubility of silver(I) oxide in amine 

solutions and decided that no relationship existed be

tween Lewis and Bronsted-Lowry base strengths. Subse

quently, Bruehlman and Verhoek(51) using potentiometric 

measurements found that linear relationships existed be

tween the pK values of the ammonium ions and the a 

logarithm of either the first formation constant or the 

overall formation constant for the 2:1 silver(I); amine 
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complex. Separate linear correlations were found for pri

mary, secondary and tertiary amines as classes. Amines of 

the same basicity towards the proton in water showed a de

crease of complexing ability towards silver(I) ion in the 

following order: primary > secondarytertiary amine. 

Another factor related to amine complexing ability 

and amine basicity is the "nucleophilicity" or the kinetic 

tendency of an amine to react with an electrophile. The 

most commonly used reaction for this study has been the re

action between an amine and methyl iodide to form the 

quaternary ammonium iodide. Studies of the nucleophili

city of amines have largely shown agreement between the 

kinetic criterion and such thermodynamic criteria as the 

energetics of vapor phase reactions of amines with substi

tuted boranes (5^). Similarly, reactions between phosphines 

and alkyl halides have confirmed the order of basicity found 

for phosphines (53). In general, phosphines are more 

nucleophilic than amines because of strong steric effects 

in amines (53). 

C. Study of Complex Formation in DMSO 

Complexes of non-chelating tertiary amines are not 

easily studied in water. Such complexes are often weak 

relative to aquo complexes. Competing equilibria of 

hydroxo-metal complex formation and of amine protonation 

complicate investigations in water and limit the 
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concentration ranges available. On the other hand, many of 

the complexes studied in this work are not appreciably sol

uble in many solvents such as diethyl ether, ethanol, ben

zene, chloroform and dioxane. The complexes are soluble in 

dimethyl sulfoxide (DMSO), however, and it was chosen as 

the solvent to be used. 

DMSO is a powerful solvent available at a low cost 

and in a high degree of purity (5^»55)« Some of the proper

ties of DMSO are listed in Table III (5^). 

TABLE III.—Properties of DMSO 

Formula 
Molecular \ireight 78.13 
Freezing point 18.h$° 
Boiling point I890 

Specific gravity 1.101 
Flash point 95 
Dielectric constant ^8.9 (20 ) 

^5.5 (fco°) 
Dipole moment 3.9 + Debjre -
Conductivity 3 x 10 * ohm cm (20 ) 

7 x IOZIq " " (8°'] 

Autoprotolysis constant 5 x 10"" 

Although DMSO is metastable under most conditions, 

it will disproportionate into dimethyl sulfide and dimethyl 

sulfone when it is heated in the presence of a catalyst such 

as osmium(VIII)oxide (55). 

DMSO is often referred to as an aprotic solvent (55)» 

although it does ionize according to the equation: 

2CH3S(0)CH3 - CH3S(0)CH2~ + CH3S(0H)CH3
+ 



The autoprotolysis constant which applies to this reaction 

is small enough, however, that the proton concentration 

remains very small and amine protonation does not take 

place to a significant extent. 

The formation of metal-amine complexes in DMSO in

volves competition between amine and solvent molecules as 

potential ligands for the metal cation. Numerical values 

of the formation constants thus involve energetic factors 

peculiar to the solvent chosen. 

The stoichiometry of metal-amine complex formation 

in DMSO can be studied spectrophotometrically using Job's 

Method of Continuous Variations (56). In this method, 

solutions are prepared in which the mole fractions of the 

amine and the metal cation are varied while the total num

ber of moles of both species together are kept constant. 

It is assumed that if complex formation takes place, the 

absorption of light at one or more wavelengths ifould be 

different in the mixed solutions than the xfeighted mean of 

the absorptions of metal or amine solutions taken individ

ually. If a deviation from additivity is found, its magni

tude is plotted against the composition of the solution 

stated as the fraction corresponding to the number of moles 

of amine divided by the sum of the number of moles of amine 

and moles of metal cation in the solution. Formation of a 

single complex is indicated by a maximum (or minimum) in 

this plot. A variation of this technique can also be used 
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to determine formation constants of colored species under 

certain favorable circumstances. 

The most common method used for determination of 

formation constants of complexes of basic ligands makes 

use of pH measurements to determine the extent of competi

tion between metal ion and the proton for the ligand (57)' 

Although the pH scale as such is not meaningful in non

aqueous systems, Reddy(58) showed that the acidity of a 

DMSO solution could be followed using a glass electrode 

stored in water until just prior to use. A hydrogen-

platinum black electrode could not be used as an acidity 

sensing electrode because the hydrogen reduced DMSO to 

dimethyl sulfide. In this study, acidity measurements 

were not used, for several reasons. Some difficulty was 

anticipated from the introduction of traces of water into 

the system from the glass electrode. The system might be 

further complicated by formation of ammonium-amine 

hydrogen-bonded complexes in the non-aqueous system as 

described in Section II. Perhaps most significant, how

ever, would be the limited accuracy available from such a 

study due to the weak metal-amine interaction compared to 

the strong proton-amine interaction. 

The formation constants of weak complexes can often 

be determined with a good degree of accuracy by following 

the metal ion concentration potentiometrically. A method 



used for calculation of the stepwise formation constants has 

been developed by Leden and modified by Fronaeus(59). A 

summary of the principles of this method is found in 

Section VI. 

A considerable amount of work has been done on 

electroraetric measurements in DMSO. Several investigators 

have studied the use of DMSO as a solvent in polarography 

(59,60,63). Kolthoff and Reddy(59,60) found that the drop

ping mercury electrode could be used between the limits of 

+0.25 to -2.80 volts and the rotating platinum electrode 

from +0.70 to -I.85 volts (vs. the saturated calomel elec

trode) if tetraethylammonium perchlorate were used as the 

supporting electrolyte. This offers a wide potential range 

in which to work. The half-wave potentials for the reduc

tion of the transition metal cations cobalt(II) and 

nickel(Il) in DMSO (-l.k and -1.0 volt respectively) are 

close to those for the reduction of those cations in water 

(-1.^ and -1.1 respectively). 

The study of Sears, Lester and Dawson (6U) on the 

conductivity of univalent electrolytes in DMSO has shown 

that salts of alkali metals with many univalent anions are 

- 3  completely dissociated in concentrations below $ x 10 M. 

This ability of DMSO to dissociate such electrolytes re

duces the probability of interference in the measurement 

of metal-amine complexes by competition with metal-nitrate 
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complex formation. The relatively high dielectric constant 

of DMSO may be taken as an indication of the high ionizing 

power of this solvent. 

From the data available, it appeared, possible to 

carry out potentiometric measurements in DMSO. Previous 

investigators (60) have found that polarographic reductions 

of cobalt(Il) and nickel(ll) were not reversible, which 

might limit measurements involving these cations. 



IV. STATEMENT OF THE PROBLEM 

This research is concerned with the study of transi

tion metal complexes of aliphatic tertiary amines, both 

bicyclic amines and their open chain analogues. The 

stoichiometries, stabilities and properties of complexes 

formed, both as the pure complexes and in solution, are to 

be studied. 

The purpose of the research is to investigate the 

effect of steric factors in complexes of tertiary amines 

on the stoichiometry of complex formation, the thermal 

stability of the complexes and their stability towards 

dissociation in solution, and the tendency of hindered 

and unhindered amines to form polynuclear complexes. 

3 U 



V. EXPERIMENTAL 

A. Materials 

1. Preparation and Purification of Amines 

a. Triethylamine:--Triethylamine (Eastman Kodak, an

hydrous, White Label grade) was purified by the method of 

Joseph F. Weiss (7). The amine was refluxed over phos

phorus (V) oxide for three hours and then distilled from 

the residue in a system fitted with a calcium hydride dry

ing tube. The fraction boiling between 89° and 90° was 

collected and stored over phosphorus(V) oxide until just 

prior to use. 

b. Quinuclidine:--Quinuclidine was prepared from 

4-hydroxyethylpiperdine according to the method of Leonard 

and Ellcin(65). The starting material was kindly supplied 

by the Reilly Tar and Chemical Corporation. 

^4-—Hydroxyethylpiperdine was volatilized at about 

20 torr pressure and passed through a column (0.75 inches 

in diameter, 13 inches long) of dried alumina (about 16 

mesh) maintained at ^00-^50° by a tube furnace. The dis

tillate was cooled in an air jacketed condenser and con

densed in a receiving flask surrounded by an ice-water bath. 

Solid condensing on the cooler part of the reaction tube, 

the condenser, the adapter and in the dry ice traps 
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between the receiving flask and the vacuum pump was dis

solved in acetone and added to the distillate. This solu

tion was then poured onto crushed dry ice and the resulting 

white precipitate was filtered off while still cold, using 

a medium porosity sintered glass filter and aspirator 

vacuum. The resulting solid was dried overnight in a vac

uum desiccator over phosphorus(V) oxide. The dried solid 

was resubliraed in vacuum twice and resublimed once again 

just prior to use. The equivalent weight of this sample 

was determined by titration of the quinuclidinium ion with 

standard base: Anal. found 112.6, calcd. 111.2. Carbon and 

hydrogen analyses of this sample were made by C. F. G-eiger, 

Ontario, California. C^H^N, Anal, found 7^.1.5;° C, 11.92"% H 

calcd. 75.624 C, 11.79^ H. The low carbon content and high 

equivalent weight value suggest the possible presence of 

water in the sample since quinuclidine is known to be very 

hygroscopic. However, vapor phase chromatography of another 

sample of quinuclidine showed no evidence of water, or of 

starting material, in the quinuclidine. 

c. THEN:—N.N.N1,N1-tetramethylethylenediamine 

(Aldrich Chemical Company) was dried over activated alumina 

and distilled at reduced pressure just prior to use. . 

d. TEDA:--Triethylenediamine (1,4-diazabicyclo(2,2, 2)-

octane, trade name Dabco) was kindly supplied by the Houdry 
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Process and Chemical Company. This chemical is reported to 

be about 99'% pure as received(3). It was recrystallized 

from acetone and further purified by vacuum sublimation 

just prior to use to remove any polymeric decomposition 

products formed during storage. The equivalent weight of 

this material was determined by tdtration of the diammonium 

ion to the first equivalence point. Anal. found 112.8, 

calcd. 112.2. Carbon and hydrogen analyses were made by 

C. P. Geiger. CgH^N,,, Anal, found 63.78$ C, 11.13# H, 

calcd. 6U.2Uf0 C, 10.78$ H. 

2. Preparation of Anhydrous Metal Salts 

a. Copper(II) Chloride:--Copper(II) chloride dihy-

drate (Baker's Reagent Grade) was dehydrated by heating 

at 110° until all of the blue dihydrate had become brown 

(66). This material was stored in a desiccator over sul

furic acid and heated at 110° for two hours just prior 

to use. 

b. Cobalt(ll) Chloride:—Cobalt(II) chloride hexa-

hydrate (Reagent Grade) was dehydrated by heating at ^00° 

in a stream of hydrogen chloride for four hours. The re

sulting blue solid was analyzed for chloride gravimetri-

cally. CoClg, Anal, found 5*1-. CI, calcd. 5k. 5% CI. 

c. Silver(I) Nitrate:--The last traces of water were 

removed from silver(l) nitrate (Mallinckrodt, c.p.) by 
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heating it to fusion (220-235°) for 30 minutes and cooling 

the flux under a blanket of nitrogen as described by 

Kolthoff and Sandell(67). 

3. Preparation of Metal Salt-DMSO Complexes 

a. Copper(II) Nitrate-DMSG Complex:—Copper(ll) 

nitrate trihydrate (9.95 g. °f Baker's Reagent Grade) was 

dissolved in 50 ml. of DMSO and the water and excess of 

DMSO were distilled off under reduced pressure at 80°. 

The resulting solid was analyzed for copper(II) by iodo-

metric titration. Anal. found 16.Cu, calcd. for 

bis(dimethylsulfoxide)copper(II) nitrate 18.5^ Qi, calcd. 

for tris(dimethylsulfoxide)copper(II) nitrate 12.5^ cu. 

This composition corresponds to a mole ratio of 2.6:1 

DMSO:copper(II) nitrate. The product obtained by this 

method in the literature (68) contained 16.79^ copper. 

b. Copper(II) Fluoborate-DMSO Complex:—An excess 

of copper (II) carbonate was treated with 25 ml. of 5O/0 

fluoboric acid (Baker's Purified). The undissolved solid 

was filtered off and 50 ml. of DMSO was added to the fil

trate. The water and a portion of the excess DMSO were 

distilled off ii^ vacuo. Distillation was stopped while 

the solids were still moist to prevent decomposition of 

the fluoborate. Anal. found 9.9. 9.3$ Cu. 
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c. Tetrakis-(dimethylsulfoxideJcobalt(II) Nitrate:— 

Cobalt(II) nitrate hexahydrate (31.5 g of Baker's Reagent 

Grade) was mixed with 100 ml. of purified acetonitrile and 

SO ml. of DMSO. To this mixture was added 20 ml. of 

2,2-dimethoxypropane (kindly supplied by the Dow Company). 

An endothermic reaction occurred and the solid phase 

dissolved to form a dark purple solution. This solution 

separated into two liquid phases when diethyl ether 

(400 ml.) was added to it. The heavier phase, a viscous 

purple oil, was drawn off using a separatory funnel and 

the volatile components in this phase were removed by 

evaporation under reduced pressure. The resulting oil 

was dissolved in methylene chloride. The solution was 

cooled to induce crystallization, and a purple solid 

product was obtained: Anal., found 12.01™ Co.calcd. for 

tetrakis(dimethyl sulfoxide)cobalt(II) nitrate 11.9^. 

1*. Purification of Solvents 

a. Dimethyl Sulfoxide:--Dimethyl sulfoxide (DMSO) 

(Crown Zellerbach Corporation) was reportedly 99.0-99.9$ 

pure as received(58). It was water white with a very 

slight odor, and gradually turned light yellow on stand

ing. It was purified according to the method of Kolthoff 

and Reddy(60) just prior to use. It was stirred for three 

days with finely divided (200 mesh) alumina that had been 

activated by heating to 500° for two hours and then cooled 



in a desiccator over phosphorus(V) oxide. It was distilled 

under reduced pressure just prior to use. Karl Fisher 

titration showed a negligible (less than 15 p.p.m. or 

1 x 10~^ M) concentration of water. Its vapor phase 

chromatogram showed only one component. 

b. Chloroform:--Chloroform (Baker's Reagent Grade) 

was freed of the ethanol (0.5 to 0.8't added as stabilizer) 

by washing it with an equal volume of water three times in 

a separatory funnel. The washed chloroform was dried over 

molecular sieve (Linde, 4A) for 36 hours prior to use. 

c. Acetonitrile:—Industrial grade acetonitrile was 

purified by the method of Edward J. Colcal (69) with some 

modifications. The acetonitrile was distilled from phos

phorus (V) oxide. The distillate was then shaken three 

times with ice cold 50 Per cent sodium hydroxide solu

tion in a separatory funnel. This was followed by shaking 

with anhydrous sodium sulfate and filtration. The filtrate 

was shaken with successive batches of phosphorus(V) oxide 

until the solid remained dispersed throughout the liquid. 

The mixture was allowed to sit overnight and then distilled 

under nitrogen. A middle fraction was collected, b.p. 78.3-

79.0° (uncor.)/698 mm. The boiling point at this pressure 

calculated from data in the literature should be 77•3°(1)• 
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d. Methylene Chloride:—Technical grade methylene 

chloride was dried over phosphorus(V) oxide and distilled. 

A middle fraction was collected, b.p. 37-39°/ ca. 700 mm., 

lit. k0.2°/760 mm.(1). 

All other chemicals used in this study were of 

Reagent Grade quality unless otherwise stated. 

B. Vacuum Line Methods 

1. Pressure-Composition Isotherms 

The technique used in the determination of pressure-

composition isotherms is described in detail by Weiss(7). 

A glass high vacuum system such as that described by 

Sanderson(70) was used. Stopcocks and ground glass joints 

were lubricated with Dow Corning silicone high vacuum 

grease. The system was evacuated by a combination of a 

mechanical oil fore-pump and a mercury diffusion pump 

with residual non-condensable gas pressure of 10 ̂  torr 

being obtained. Equilibrium pressures of the triethylamine 

systems were measured using a mercury manometer and a meter 

stick. A cathetometer was used in equilibrium pressure 

measurements of the TMEN systems. 

The sample of anhydrous metal salt was transferred 

in a nitrogen-filled dry box to a tared reaction assembly 

consisting of a reaction flask containing a Teflon coated 

magnetic stirring bar and fitted, through ground glass 

joints, with a connecting tube having a stopcock, per

mitting attachment to, and removal from, the vacuum system. 



The usual procedure was to attach the empty reaction assem

bly to the vacuum system and to evacuate the entire unit. 

The assembly was then detached from the system, the joint 

connecting the reaction assembly to the vacuum system was 

wiped free of grease, and the assembly was weighed. The 

evacuated assembly was then opened in the dry box and the 

metal salt was transferred to the reaction flask. The sys

tem was reassembled, evacuated again, and weighed again to 

determine the exact weight of the metal salt. 

For the study of complexes of the liquid amines, 

Et^N and TMEN, the reaction assembly was then reattached 

to the vacuum system. A 10- to 15-fold excess of the 

volatile amine, previously stored in a cold trap in the 

vacuum system, was then allowed to distill into the re

action flask which was cooled in a Dry Ice-acetone or simi

lar cold bath. The stopcock in the reaction assembly was 

then closed and the system stirred for one to three days. 

The temperature chosen for the reaction was maintained by 

a bath. When the reaction was complete the excess of amine 

was distilled from the reaction system back into the amine 

storage vessel. The equilibrium pressure of the volatile 

amine in the reaction mixture could be determined by open

ing the system to a mercury manometer. The equilibrium 

pressure was measured as a function of composition for each 

metal salt-amine system in the course of step-wise removal 

of the volatile amine. When all of the amine in excess of 



that involved in complex formation had been removed, the 

equilibrium pressure dropped sharply. At this point, the 

stopcock in the reaction assembly was closed, and the as

sembly was removed from the vacuum system and reweighed. 

The increase in weight, representing combined amine, was 

determined and the mole ratio of metal salt to amine was 

calculated. The stoichiometry of the coordination reaction 

was thus obtained. 

All of the complexes thus prepared had negligible 

(i.e. less than 0.5 torr) equilibrium dissociation pressures 

of the volatile amine. Complex formation was readily de

tected by the sudden drop in the pressure exhibited by the 

reaction system. 

2. Yeight Loss-Composition Isotherms(Rate of Attainment 

of Constant Weight) 

Since the bicyclic amines are not liquids below 

150° they could not be used as solvents for the coordina

tion reactions and a different technique was used. A por

tion of the metal salt was weighed into a tared reaction 

assembly and the weight of the salt was found as described 

above. Enough purified acetonitrile was then added to the 

reaction assembly by syringe to dissolve the metal salt 

completely. After the metal salt was dissolved, a solu

tion of the amine (10- to 15-fold excess) in acetonitrile 

was added by syringe. The reaction mixture was stirred 

for three to seven days and the acetonitrile was then 
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removed to a cold trap by distillation in the vacuum system. 

The stopcock attached to the reaction assembly was then 

closed, and the reaction assembly was then removed from 

the vacuum system and weighed. It was then reattached to 

the vacuum system and reweighed after each of several meas

ured increments of time during which the reaction assembly, 

at room temperature, was open to the pumping system of the 

vacuum line. Complete removal of the excess of amine was 

indicated by a sharp decrease in the rate of weight loss. 

In some cases the reaction mixture was broken up with the 

stirring bar and allowed to sit for 2k hours between read

ings to permit unreacted amine occluded in the solid com

plex to migrate to the surface of the particles. 

The stoichiometry of the reaction was determined as 

in the case of the pressure-composition isotherms from the 

weight of combined amine after the sharp decrease in rate 

of weight loss had been noted. In some cases, a gradual 

decrease took place because of formation of several com

plexes. A slight residual vapor pressure was found in 

some cases due to continuing evaporation of the amine from 

the stopcock grease in which the amines were all noticeably 

soluble. 
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C. Spectrometric Techniques 

1. Electron Paramagnetic Resonance Spectra 

All e.p.r. spectra were recorded on a Model V-^5°l 

Varian 100 kc. modulation e.p.r. spectrometer. Quartz sam

ple tubes were attached to the vacuum system and evacuated 

prior to spectral study. A V-45^7 variable temperature 

accessory was used to regulate the temperature of the sam

ple. 

The effect of irradiation with white light on the 

e.p.r. signal could be studied by use of a 500 watt pro

jection lamp focused on the sample cavity. The light beam 

was passed through an optical filter to remove infrared 

radiation, and focused on the cavity by a lens system. 

2. Visible and Ultraviolet Spectra 

All visible and ultraviolet spectra were measured 

using a Cary Model 14 double beam recording spectrophoto

meter. The sample and reference solutions were contained 

in a matched set of one cm. quartz cells. 

3. Nuclear Magnetic Resonance Spectra 

Proton n.m.r. spectra were recorded on a Varian 

A-60 n.m.r. spectrometer. Sample tubes were loaded in a 

nitrogen-filled plastic bag and closed with plastic caps. 
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Infrared Spectra 

Infrared spectra were recorded either on a Perkin-

Elmer Infracord or a Beckman Model IR-1* double beam record

ing infrared spectrophotometer. 

5. Reflectance Spectra 

A Beckman Model D. U. single beam spectrophotometer 

fitted with the standard reflectance attachment was used to 

obtain the reflectance spectra. Reagent Grade magnesium 

carbonate was used as the reflectance standard. The sample 

and standard were either contained in small glass cups or 

were held betiween two layers of Scotch Brand Mending Tape. 

D. Potentiometry 

1. Aqueous Systems 

Potentiometric measurements in aqueous systems were 

limited to pH measurements. A Leeds and Northrup Model 

No. 7^01 pH meter equipped with a glass electrode and a 

fiber-type calomel electrode was used in these studies. 

The meter was standardized with Mallinckrodt BuffAR pH ̂ .01, 

7.00 or 10.00 buffer solutions (depending on the pH region 

of interest) each time before use. 

2. Nonaqueous Systems 

The pH meter used in the study of the aqueous sys

tems was calibrated against a previously standardized dry 

cell wired to give 1.0 volt and attached to a 10-turn 
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helipot. The results of the calibration are shown in 

Table IV. 

TABLE IV.—Calibration of pH Meter 

mv mv mv mv 
applied read applied read 

000 000 550 544 
50 51 600 593 
100 100 650 642 
150 150 700 692 
200 200 750 741 
250 250 800 791 
300 300 850 841 
350 349 900 890 
400 398 950 940 
450 446 1000 990 
500 495 

The apparatus used to make potentiometric measure

ments in DMSO is shown in a photograph in Figure 2 and in 

a sketch in Figure 3. The setup shown used the cell: 

Ag/AgCl , NaCl //NaNO„ //AgNO,, NaNO~ /Ag. 
' satd. satd. 0.1M ^=0.1 

DMSO was used as the solvent throughout the system. The 

solution used in the reference cell is the same as that 

used by Kolthoff and Reddy(58). It was made by stirring a 

mixture of dried sodium chloride and dried silver chloride 

in DMSO for a minimum of three days. The salt bridge con

sisted of a tube with fine fritted glass discs connecting 

the electrode chambers. A flowing salt bridge was used in 



some of the preliminary work to minimize diffusion between 

the electrode chambers. Such diffusion was negligible when 

the fine porosity fritted glass discs were used. The cell 

was maintained at 25.0 + 0.2° and under a nitrogen atmos

phere. A stream of nitrogen was used to stir the test 

solution prior to the potentiometric measurement. Since 

the vapor pressure of DMSO at 25°, is extremely low (0.55 

torr), it was not necessary to saturate the incoming nitro

gen stream with DMSO, although nitrogen flow was kept low 

to prevent loss of amine from the test solution. 

The silver electrodes were made from No. 16 gage 

silver wire (E. H. Sargent and Co., 99•5-99.pure). 

The cell was found to behave reversibly, and show 

-2 -U 
Nernst Law behavior within the 10 to 10 M silver 

nitrate concentration region as shown in Table V and Figure 

This indicates complete dissociation of silver nitrate 

in DMSO, and is in agreement with the results of Sears, 

Lester, and Dawson(64), who found complete dissociation 

of other simple 1:1 electrolytes in this concentration 

range in DMSO. 



Figure 2: Photograph of cell used for potentioraetric 
measurements in DMSO. 



50 



51 

<L 

Cn 

Figure 3: Sketch of cell used for potentiometric measure
ments in DMSO. \. Reference Electrode, 
B. Fritted Discs, C. Teflon Stopcocks, D. Buret 
Inlet Port, E. Nitrogen Inlet, F. Nitrogen Out
let, G. Silver v/ire Electrode. 
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Figure Response of silver-silver(I) electrode in DM30, 
Cell: Ag, AgCl+NaCl (satd.) 
DMS0//AgN0- + Na»I0.1(.n,-0.1)DM'30, Ag. 
Temperature: 2 5 .0. '  

DMS0//NaN0-3(0.1M) 
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TABLE V.--Response of Silver Electrode in DMSO to Silver(I) 
Concentration 

Molarity Reading 
(Ag + ) pAg mv 

2.02 x 10"2 1.70 374 
2.1*2 x 10£ 2.62 312 
2.90 x 10"; 3.54 257 
2.32 x 10 £ 4.64 185 
2.78 x 10 5.56 122 

The lack of any significant amount of silver(I)-nitrate 

ion-pair formation or of formation of nitrate complexes of 

silver was further verified by adding increasing amounts of 

- 3  sodium nitrate to a solution 1.2 x 10 M in silver ion. 

The potential reading did not change although the nitrate 

-3 - 2  concentration was increased from 1.2 x 10 to 1.0 x 10 M. 

In the study of an amine-silver nitrate system, a 

known amount of silver ion (0.01 to 0.0U millimoles) dis

solved in 20.0 ml. of DMSO was placed in the experimental 

cell. The cell was then placed in a water bath maintained 

at 25.0 + 0.1° for 30 minutes for thermal equilibration. 

Increments of standard amine solution were added from a 

buret. The solution was stirred with nitrogen after each 

addition. The potential of the cell was measured with the 

calibrated pH meter described previously, after addition of 

each increment of amine solution. 
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E. Job's Method Studies 

1. Nitrate Systems 

Solutions approximately 0.0125 M in copper(II) or 

cobalt(II) were made up by dissolving the correct amount 

of copper(II) nitrate- or cobalt(II) nitrate—DMSO solvates 

in DMSO and diluting the solutions to a known volume. Amine 

solutions of the same concentration were made up in DMSO. 

Measured portions of these solutions, such that the total 

volume of the two portions was 2.0 ml., were transferred 

through a rubber serum bottle cap to a quartz optical cell 

of 1 cm. pathlength and about 2.5 ml. capacity. Each mix

ture was diluted with 0.5 ml. DMSO so that the final total 

concentration of components was 0.0100 M. The spectrum of 

the resulting solution was rapidly obtained using the Cary 

Model 14 recording spectrophotometer. Air and water were 

excluded from the test solutions at all times. 

2. Fluoborate Systems 

A DMSO solution 0.0202 M in copper(II) fluoborate 

was made up by dissolving 1.2669 g of the copper(II) 

fluoborate-DMSO solvate in DMSO and diluting to a total 

volume of 100.0 ml. After analysis confirmed the copper(ll) 

content of the solution, DMSO solutions about 0.020M in 

amine were made up. Measured portions of these solutions, 

such that their total volume was 5«0 ml. were made up and 

the absorbance of the solutions was read at appropriate 

wavelengths. 
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F. Analytical Methods 

1. Silver Determination 

Silver was determined gravimetrically as the chlo

ride by a method analogous to that used for chloride deter

mination. Dilute hydrochloric acid was used as the 

precipitant. The concentration of excess chloride was 

carefully controlled to avoid dissolution of the silver 

chloride by formation of the dichloroargentate(I) 

complex ion. 

2. Copper Determination 

Copper was determined iodometrically by the method 

of Foote and Vance(71). 

3. Cobalt Determination 

Cobalt was determined complexometrically as des

cribed by Kolthoff and Elving(72). A measured excess of 

standard EDTA solution was added to an acidic solution 

containing the cobalt. The pH was then adjusted to 10 with 

aqueous ammonia solution and the excess of EDTA was titrated 

with standard zinc solution to the Eriochrome Black T end 

point. The titration must be carried out rapidly and a 

greater amount of indicator than usual must be used to pre

vent the end point from being obscured by the color of the 

cobalt(II)-EDTA complex. 
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J*. Chloride Determination 

Chloride was determined gravimetrically in the 

standard manner. 

5. Amine Determination 

Amines were determined by addition of a known excess 

of standard nitric acid and back titration with standard 

sodium hydroxide in aqueous solution. The titration was 

followed potentiometrically and the end point was taken as 

the point of maximum pH change in the titration of a sample 

of the pure amine. Diammonium ions were titrated to the 

first end point. 



VI. CALCULATIONS 

A. Acid Dissociation Constants 

The constants obtained for dissociation of the 

substituted ammonium ions are concentration constants in 

each case. Although the titrations from which these con

stants were calculated were carried out at constant ionic 

strength, no attempt has been made to correct for ionic 

strength effects. Since no charge separation takes place 

during dissociation of these ions, any ionic strength ef

fects are probably within the experimental error of these 

determinations as they were carried out. 

1. 3UIN: 

The dissociation of the quinuclidinium ion takes 

place according to the reaction: 

HQ+ = H+ + Q 

To determine the dissociation constant, a measured amount 

of the amine is treated with an excess of standard per

chloric acid and the mixture is then titrated with standard 

sodium hydroxide solution. The dissociation constant can 

be calculated using the following relationships: 

Mass balance: C^ = (!IQ + ) + (Q) , from which 

Q = Cn  - (l-IQ +  ) ,  where Cn  is the total y, 

amine concentration. 
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Charge balance: (HQ+) + (H+) + (Na+) » (ClO^ ) + (OH ) 

from which: (HQ+) = (ClO^ ) + (OH ) - (Na+) - (H+) 

Since the measurements were made in the pH region near pH 10, 

the hydrogen ion concentration is very small compared to the 

rest of the terms and can be neglected. 

The dissociation constant can be stated: 

Ka - -SSll 
m-Jm: 

or, substituting from the mass and charge balance equations: 

Ka = (H+)(CQ - (HQ+) ) 

(HQ + ) 

and Ka - (H+)(CQ - (C10^) + (OH-) -(Na+) 

(ClO^-) + (OH-) -(Na+) 

Since both the quinuclidine and quinuclidinium con

centration terms include the total volume as a denominator, 

the amounts of these species rather than the concentrations 

were used in calculations. 

2. TMEN and TEDA 

The dissociation of the diprotonated diamines takes 

place in two steps: 

1) H2A++ = <HA + > + (H+) 

2) HA+ =» (H + ) + (A), in which A represents the diamine. 

The charge and material balances used to calculate 

the two dissociation constants are given below: 



Mass balance: CA = (H2A++)+(HA+)+(A) 

Charge balance: 2(H2A + + )+(HA + )+(Na + )+(H+) =• (ClO^ )+(0H ) 

In the pH region chosen for measurement of the first 

dissociation constant, K , (pH 5 to 7) the concentration of 
al 

the free amine is less than 0.5$ of the total amine concen

tration and the amine material balance can be stated: 

CA - (H2A++) + (HA+) 

or: (HA+) - CA - (H2A++) 

In this pH region, also, the hydroxide ion concen

tration is negligibly small (less than 0.2$ of the concen

tration of the dominant amine species), and in the case of 

TMEN, the hydrogen ion concentration is also very small 

(less than 0.6$ of the dominant amine species). 

The charge balance may thus be simplified: 

2(H2A++)+(HA+) = (C10^")-(Na+)-(H+) 

or, combining the mass balance: 

(H2A++)+ CA - (C10^~)-(Na+)-(H+) 

so: (H2A+ + ) . (ci0lf")-(Na + )-(H+)- CA 

Again, using the mass balance relationship, 

CA - (HA+) = (C10u")-(Na+)-(H+)- CA 

or (HA+) - 2 CA -(C10^~)+(Na+)+(H+) 

We may use these relationships to find the first 

dissociation constant: 

Ka » (H + ) (HA*) 

1 (H2A++) 
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or: Ka » (II + ) (2CA»(C10^~)+(Na+)+(H+) 

(C10u~)-(Na+)-(H+)- CA 

Similarly, for determination of the second acid 

dissociation constant, the concentration of the dipro-

tonated species, the hydrogen ion and the hydroxide ion 

concentration are all less than 0.8$ of the total amine 

concentration and can be neglected. The following simpli

fied relationships are then found to exist: 

Mass balance: CA = (HA+) + (A) 

or (HA+) - CA - (A) 

Charge balance: (IIA + ) + (Na + ) = (C10^ ) 

or (HA+) - (ClO^-) - (Na+) 

and (A) = CA ~ (010^") + (Na+) 

The second dissociation constant may be calculated 

using these relationships: 

K_ - (H+)(A) 

2 (HA + ) 

or Ka = (H + )(CA-(C10lt")+(Na + ) ) 

(C10^") - (Na+) 

B. Metal-Amine Complex Formation Constants 

1. Potentiometric Determinations 

a. Formation Constants in Aqueous Solution 

Approximate formation constants for complexes of 

silver(I) ion and the diamines in aqueous solution were 



calculated by assuming that only the 1:1 complex is formed 

under the conditions of the titration. The following rela

tionships and definitions hold during the titration. 

lc = (H + )(I-IA+) , k = (H+) (A) 
a — r 11 1 '— a„ • 1 i i i ii . 
1 (H2A++) ^ (l-IA + ) 

from which, (HOA++) » (H*)(HA+) , and (HA+) = (H*)(A) 
k k 
al a2 

The mass balance equation for the amine (assuming only one 

complex is formed in significant amounts) is: 

CA = (H2A + + ) + (HA+) + (A) + (AgA+) 

from which: (AgA+) » CA -(H2A + + ) - (HA + ) - (A) 

The equation for the charge balance is: 

(Ag +) + (II+) + 2(H2A + +)+(HA + )+(Na + ) = (ClO^")+(0H~) 

Neither the hydrogen ion nor the hydroxide ion concentra

tion is significant relative to the concentration of other 

charged species within the pH region in which complex forma

tion can be studied, so the charge balance equation simpli

fies to: 

2(l-I2A + + )+(HA + ) - (C10^-)-(Na + )-(Ag + ) 

or 2 (H+)2 (A) + (H+)(A) = (ClO.")-(Na+) 

ka ' ka ka al 2 2 

or: (A) = (C104~) - (Na+) - (Ag+) 

2(H+)2 + (H+) 
lc . k k 

1 2 2 

Similarly, using the mass balance equation, it is 

seen that: 
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(AgA+) , C, - (H+)2 (A) - (H+)(A) 
k . k k 
al 2 2 

and the free silver ion concentration is: 

(Ag + ) - CAg - (AgA+) 

Thus, if the assumption is made that only one 

metal-amine complex, the 1:1 complex between silver ion and 

the diamine, is present in significant amounts under the 

conditions used, it is possible to calculate the formation 

constant of that complex. If this assumption is valid, the 

values of the formation constant as calculated at each 

point in the titration should not vary greatly. It should 

be emphasized that the constant so derived must be consider

ed only approximate until confirmed by a more accurate 

method. Since the average number of bound ligands per 

metal ion (n) is much less than unity in both of the titra

tions studied, the usual n vs log (A) plot would not be 

very useful in a study of the data reported in this work. 

The pH region in which the complex was studied was 

bounded by that pll at which the concentration of the silver-

amine complex became significant on the one hand, and by the 

pH (3.2) at which silver oxide was precipitated on the other. 

b. Formation Constants in DMSO 

Formation constants of metal-amine complexes in 

DMSO were determined by potentiometric measurement of the 

metal ion concentration during titration with an amine 
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solution. The data was interpreted using the method of 

Leden(59). The notation used below is that of Ahrland 

et al. (73. 7*0 • 

The following cell was set up using DMSO as the 

solvent throughout: Ag/AgCl , NaCl //NaNO_ // 
satd. satd. 0.1M 

AgNOo» NaNO_ /Ag. Each concentration of silver ion 

corresponded to a different potential according to the Nernst 

equation for a one-electron change. The initial concentration 

of silver ion, c'^i gives a potential reading of E'o which 

can be expressed as the sum of several factors: 

E' « E. + E, + RT In C1. 
° 3 k "TTF" Ag 

where E. is the sum of the junction potentials, E, is the 
J K 

potential of the cell when the silver ion concentration is 

1.0, and the other symbols have their usual designations. 

After addition of a solution of the ligand (with consequent 

dilution), the total metal concentration has decreased to 

C, and the free metal concentration has decreased even 
Ag 

further due to complex formation. A graphical method of 

compensation for the dilution effect will be introduced 

at a later stage in the calculations. 

The concentration of silver ion after addition of 

ligand gives a potential reading of E, corresponding to: 

E  =  E .  +  E . +  R T  I n  A g  +  

3 K nlT 
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From these data we get: 

E - E = E « (E.+ E. + RT- In C. ) - (E. + E. + RT In (Ag+) 0 m j k Ag j k -

= RT (In C. - In (Ag + ) ) 
nF S 

= RT In °Ag 

n3? (Ag + ) 

or, letting X = CAg Em - RT In X (1) 

(Ag+) ' nF 

Silver ion in solution exists either as the free 

(solvated) metal ion or in one or more amine complexes, so, 

assuming monomuclear complexes only: 

CAg = f Ag +) + (AgA+) + (AgA2+) + . . . + (AgAn) 

or, CAg = (Ag +) + P 1 (Ag  +  )  (A )  + /32(Ag+) (A)2+ . . . + $n(Ag + )(A)n 

where, (AgAn+) 

(Ag +)(A)" 

From this it can be seen that: 

X = CAg = 1 + /^( A) + A ) 2  + . . . + f3n (A)" (2) 

(Ag + ) 

so that X is a function of the ligand concentration only. 

To make use of this relationship, Em is plotted against the 

total ligand concentration for at least three different 

initial values of C. (see Figure 27). Lines representing 
Ag 

constant values of E are drawn for several values of E . 
m m 

The points corresponding to the intersection of these lines 

with the curves representing the different initial metal 

concentrations are replotted as lines of constant E values m 



on a plot of the total metal concentration vs the total 

ligand concentration. By using a contracting axis for the 

metal concentration, compensation can be made for dilution 

of the metal ion during titration with the ligand solution. 

The most straightforward way to use the contracting axis 

calls for drawing a line (Af-) parallel to the x-axis 

(metal concentration), passing through a point on the 

y-axis (ligand concentration) corresponding to one-half 

the concentration of the titrant ligand solution. At this 

point, the volume of the tijbrant added is equal to the 

original volume of the solution and the total metal con

centration of the diluted solution would only be one-half 

of the original metal concentration. Lines are then drawn 

from the points, representing the original metal concen

trations on the x-axis, to points only one-half that far 

from the y-axis on line A-j. These lines represent the de

creasing total metal concentration as a function of the 

volume of titrant added. 

Extrapolation of a line representing constant Em 

to zero metal concentration (the y-axis) gives a value of 

corresponding to the unique value of (A), the free 

ligand concentration to that value of Em, and thus to the 

corresponding value of X. 

For ligands of relatively weak complexes, calcu

lation of the stepwise formation constants is relatively 
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simple. Using Equation (2), we find: 

X - 1 = A) + Pz(A)2 + + Pn(A)n 

or: X - 1 = /2, + /X(A) +/jL(A)n~1 (3) 
(A) 1 2 " 

letting X - 1 = X, , lire see that as (A) approaches zero, 
JT) 

j3̂  approaches X̂ . Extrapolation of a plot of X̂  vs (A) 

would give f3^ as an intercept, with the slope at the inter 

cept as /3Thus, if the X^ vs (A) line has an appreciabl 

slope or curvature, it is an indication that more than one 

complex is formed. Conversely, if a horizontal line (slope 

zero) is obtained in the plot of X^ vs (A), it can be con

cluded that only a single complex is formed. Subsequent 

formation constants can be determined from Equation (3): 

Xx - !31 = P2(A) + P3U)2 + ....+ ̂ (A)"-1 

or X, - ̂  s  X n  ~  G n  +  ' / 3  ( A )  +  . . . .  =  0  { A)"""2 
^ 2 2 3 

Thus, as (A) approaches zero, X2 approaches /32 and extra

polation of a plot of X2 vs (A) to zero (A) gives 

Formation constants of stronger complexes call for 

further calculation since the values of (A) corresponding 

to low E values are difficult to read accurately. These m . 

formation constants are calculated using the following 

technique. The slope of the constant E lines in the plot 
m 

Q mm ( A ) — 
of vs is A or n. Since CA - (A) represent 

°A g 

the total concentration of the ligand bound in complex 

species, the following relationships may be stated: 



CA- (A) => (AgA+) +2(AgA2+) +....+ n(AgAn+) 

= (Ag + )(/01(A) + 2/32(A)2 + . . . + n/3n(A)n) 

N N 

so n = iASL-1 
+ \ n/3 (A)n n/? # « \n ) n = l = n = l r-> n (A) 

N 
Ag 

= n?i n̂ n(A)" 

X 

(Ag + ) 

(*0 

By differentiating Equation 2, the following is obtained: 

dX 
dJTF 

= /31 + 2/32(A) =....+ n/5n(A)n"1 

and (A) dX = yQ. (A) + 2/3 (A)2 + . . . + n/3 (A)n 

37x7 
N 
2 n&<A>» 
n=l 

dX 
so n = (A) d(A) 

X 

or d In (A) = 

dX 
X 

"5TaT 
AT 

= d In X 
d In (A) 

d In X 

n 

Integrating: In <A>a 

TaJT 

x  ( A )  
/ a 

(A) 

d In X 

n 

Using this relationship, it is possible to deter

mine values of (A) accurately at high values of X. Using 

a value of (A) corresponding to a high value of X, and the 

ratio of a known value of (A) at high X to an unknown value 

of (A) at low X, the unknown value of (A) may be determined. 
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The ratio needed is obtained by graphical integration of a 

plot of In X vs 1 between the appropriate values of X. 

(See Figure 33)# ° The values of (A) so obtained are plotted 

against the corresponding X^ and successive formation con

stants are obtained as in the case of weaker complexes. 

The existence of polynuclear complexes would result 

in an erroneously low value of n, as found by the slope of 

the constant E lines in the plot of C. vs. C. . The pres-
IT) A 

ence of significant amounts of such complexes would be 

shown by a difference in the n values obtained graphically 

and those calculated at the corresponding values of X using 

the formation constants obtained for those complexes. For 

significant amounts of such complexes to be present, their 

formation constants would have to be of the same order of 

magnitude as the formation constants of the mononuclear 

complexes. 

2. Spectrophotometric Determinations 

Overall formation constants for 2:1 amine:copper(II) 

complexes in solution were estimated spectrophotometrically 

in the Et^N-, QUIN-, and TEDA-copper(II) fluoborate sys

tems. Although the constants so obtained in this work are 

of limited accuracy and may be subject to serious errors, 

it is hoped that they will furnish a basis for comparison 

between the complexing abilities of the amines studied. 



The spectra of solutions of the copper(Il) fluo-

borate and the copper(II) fluoborate in the presence of a 

15 to 20 fold excess of amine were recorded. The complex 

species absorbed at a slightly lower wavelength and 

slightly more intensely, masking the absorbance of the 

free copper(II). When Job's Method studies showed forma

tion of 2:1 complexes as the dominant species in solution, 

the following method of calculation was used to estimate 

the formation constants. 

The absorbance of the solution may be expressed as 

the sum of the absorbances of all absorbing species at that 

wavelength. If it is assumed that only free copper(II) and 

the 2:1 complex are present in significant amounts, then: 

a^fCu) + a2(CuA2) « A 

From the mass balance equation, it is assumed that: 

CCu = (Cu) + (CuA2), so that 

a^Cu) + a2(CCu -(Cu) ) - A . 

or (Cu) « A - a2CCu 

If measurements are made at wavelengths where a^ 

(the absorptivity of the free copper(II)) and a2 (the ab

sorptivity of the complexed copper species) are signifi

cantly different, the concentration of free copper(ll) and 

of complexed copper may be found. The overall formation 
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constant is calculated as shown below: 

$2 = (CUA2 ) = 
ccu - (Cu) 

(Cu)(A)2 (Cu)(CA - 2 (Cu))2 

The relativity low values of.the absorptivities of 

the species involved and the assumption that the 2:1 amine: 

copper(II) complex is the only species absorbing both at 

medium and very high araine-copper(II) ratios cast some 

doubt on the absolute values obtained for the formation 

constants. In general, spectrophotometry methods are not 

applicable to the very accurate study of other than 1:1 

c o m p l e x e s  ( 5 6 ) .  



VII. RESULTS 

A. Acid Dissociation Constants 

The acid dissociation constants of protonated 

QUIN, TEDA and TMEN were determined potentiometrically at 

ionic strength 0.10. The data are presented in Tables VIII, 

IX, and X for QUIN, TMEN and TEDA respectively and the re

sults are summarized in Table VI. The calculations used in 

these determinations are described in Section VI. 

TABLE VI.—Acid Dissociation Constants of Substituted 
Ammonium Salts 

Ammonium 
Ion 

K 
al 

pKa 
1 

K 
A2 

pKa 2 

HQUIN + 

H2TMEN++ 

H2TEDA++ 

6.5 x 

1.2 x 

7.9 x 

!0-12 

10"6 

IO""1* 

11.2 

5.9 

3.1 

HQUIN + 

H2TMEN++ 

H2TEDA++ 

6.5 x 

1.2 x 

7.9 x 

!0-12 

10"6 

IO""1* 

11.2 

5.9 

3.1 

6. 

1. 

2 

2 

x 10"10 

x 10~9 

9.2 

8.9 

B. Silver-Amine Complexes 

1. Preparative Studies 

a. Silver Nitrate-Et^N:—An excess of Et^N was con

densed on a sample of silver nitrate and the mixture was 

stirred for two hours at -23° (carbon tetrachloride slush 

bath). A white solid was formed. Removal of the excess 

71 
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of amine left a product corresponding in composition to 

AgNO^-Et^N. Anal.mole ratio found, 0.97» 1.03 

Et^NsAgNO^. 

When a similar reaction mixture was stirred for two 

hours at -16° (ice-saturated ammonium chloride bath), and 

the excess of amine was distilled off, the white solid re

maining corresponded in composition to AgN0^.2Et^N. 

Anal. mole ratio found, 2.01 Et^N:AgN0^. The data are 

recorded in Table XI and shown graphically in Figure 5. 

The white silver nitrate-Et^N complexes darkened 

and melted when they xvere allowed to warm to 0°, with the 

formation of a silver mirror and a dark liquid. The liquid 

decomposed rapidly when air was allowed to come in contact 

Tfith it, giving metallic silver and undetermined oxidation 

products. 

b. Silver Nitrate-TMEN:--Reaction between silver 

nitrate and an excess of TMEN was very slow below room 

temperature. When the mixture was allowed to warm to room 

temperature, however, an exothermic reaction took place and 

if the temperature were allowed to exceed 80-100° the re

sulting product darkened. Data obtained in the isothermal 

pressure-composition study of the system are shown in 

Table XII, and presented graphically in Figure 6. They 

indicate the formation of the compound bis-(N,N,N',N*-

tetramethylethylenediamine)silver(I) nitrate. 
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Figure 5s Silver nitrate-Et„N pressuro-cornposition 
isotherms. J 
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Tisuro 6: 3ilvor nitrate-TMSN pres-ure-coniposition 
isotherm at H5°. 
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Anal. . AgNO^. iiTMEN, mole ratio found, 2.01 TMEN: AgN0^, 

$ Ag found 27.O, 27.6, calcd. 26.9. The complex was a 

white solid which decomposed in a sealed tube under nitro

gen at about 100°C., forming a dark product and a silver 

mirror. The proton NMR spectrum of the complex in deutero-

chloroform solution is shown in Figure 7. The spectrum 

consists of two peaks, in the intensity ratio 3:1. corres

ponding to the four methyl groups and two methylene groups 

shifted downfield slightly from the resonance of the free 

ligand in the same solvent. 

c. Silver Nitrate-QUIN:--An excess of QUIN in aceto-

nitrile was added to a solution of silver nitrate in 

acetonitrile and the solution was stirred for 2k hours at 

room temperature. The acetonitrile was then removed by 

distillation in the vacuum system, and the excess of QUIN 

was removed by sublimation at room temperature. When the 

silver nitrate-QUIN system was brought to constant weight, 

the gain in weight, representing the combined QUIN, in

dicated formation of bis(quinuclidine)silver(I) nitrate. 

Anal., mole ratio found, 1.95 QUINrAgNO^. found 27.1$ Ag, 

55.9# QUIN, calcd. for AgNO^QUIN 27.5% Ag, 56.7$ QUIN. 

This complex was a white solid which darkened at 145-50°, 

and melted at 158° in a sealed tube under nitrogen to form 

a dark liquid with a silver mirror on the surface of the 

liquid. 



Figure ?'• Nuclear magnetic resonance spectrum of 
AgNO^.2TMEN 

Sample 
Concentration 
Solvent 
Filter Bandwidth 
R. F. Field 
Sweep Time 
Sweep Width 
Sweep Offset 
Spectrum Amplitude 
External Reference 

Curve 1 

AgNO *2TMEN 
About 20% 
CDCI3 
2 cps 
0.0*f mG 
250 sec. 
500 cps 
0 cps 

3.2 
(CH3)^Si 

Curve 2 

TMEN 
20 io 
CDC1 
^ cps 
0. 0& mG 
250 sec. 
500 cps 
8 cps 

1.0 
(CH3)^Si 



Ultlu 
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d. Silver Nitrate-TEDA:—An excess of TEDA in aceto

nitrile was added to a solution of silver nitrate in ace

tonitrile. A white precipitate formed immediately. The 

mixture was stirred for three days at room temperature and 

the acetonitrile was removed by distillation. The excess 

of TEDA was removed by sublimation for 15 minute time inter

vals, the loss in weight being measured after each time 

period. The resulting data are shown in Table XIII and 

the weight loss-time curve is found in Figure 8. The prod

uct obtained at constant weight by this method corresponds 

to the complex AgNO^.1.5 TEDA. Anal., mole ratio found 1.53. 

TEDAsAgNO^. found 31.8Ag, hS.2f0 TEDA, calcd. for AgNO^.1.5 

TEDA 31 • 8fo Agn, k^.7% TEDA. The same complex was prepared 

by addition of a solution of 8.23 mmole TEDA in acetonitrile 

to a solution of U.06 mmole silver nitrate. A white solid 

precipitated immediately. The mixture was shaken and al

lowed to stand overnight. The supernatant liquid was re

moved by decantation. The white precipitate was washed 

four times with acetonitrile and dried at room temperature 

in vacuo. Anal. 31.8$ Ag, ^9.1/0 TEDA, calcd. for AgNO^.1.5 

TEDA, 31.8# Ag, ^9.7# TEDA. A recording of the infrared 

spectrum of this material as a Nujol mull indicated the 

absence of the nitrile solvent. 

e. Silver Chloride-St^N:—An excess of Et^N was con

densed on solid silver chloride. The mixture was stirred 
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Mole Ratio: TEUA/AgNC„ 

Figure 8: Weight loss-composition isotherm for silver 
nitrate and TEDA at 25 . 



for 10 hours at room temperature. A pressure-composition 

study made during the distillation of the unreacted Et^N 

from the solid phase showed no silver chloride-Et^N com

plex formed by this method. 

2. Potentiometric Studies 

a. Aqueous System 

(1) Silver Perchlorate-TMEN:--A 65.0 ml. portion 

of solution 0.01J+ M in silver perchlorate, 0.0060 M in 

perchloric acid and 0.0021 M in TMEN, and adjusted to ionic 

strength 0.10 with sodium perchlorate was titrated with 

0.0964 M sodium hydroxide solution. The course of the 

titration was followed using the calibrated pll meter. The 

data obtained are shown in Table XIV and summarized in 

Table VII. The results were calculated using the proce

dure described in Section VI-B-1. 

(2) Silver Perchlorate-TEDA:—A 65.0 ml. portion 

of solution 0.014 M in silver perchlorate, 0.0060 in per

chloric acid and 0.0017 M in TEDA and adjusted to ionic 

strength 0.10 with sodium perchlorate was titrated with 

0.096k- M sodium hydroxide solution. The course of the 

titration was followed using the calibrated pH meter. 

The data obtained are shown in Table XV and are summarized 

in Table VII. The results were calculated using the pro

cedure described in Section VI-B-1. 
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TABLE VII.--Formation Constants of 1:1 Silver(I)-Diamine 
Complexes in Water 

Diamine Kf Log Kf 

TMEN 

TEDA 

7.9 x 

6.2 x 

102 

101 

2.1 

1.8 

The data for both amines are consistent with the 

assumption that only the 1:1 complexes were formed in sig

nificant concentrations. Calculations made assuming that 

the 2:1 amine:silver(I) complex was the only such complex 

formed showed a two- and an eight-fold decrease in the 

value of the overall formation constant for the TEDA and 

TMEN species respectively in the pl-l region studied. It 

should be emphasized, however, that a more careful study 

should be made to test for higher or polynuclear complexes 

before a refined value of the formation constant of the 

1:1 complex can be obtained. 

b. DMSO System 

(1) Silver Nitrate-Et^N:--Twenty ml. portions of 

DMSO solutions of silver nitrate (0.0100, 0.00500, and 

0.00100 M) were titrated with a 0.100 M solution of Et^N 

in DMSO. All solutions had been adjusted to an ionic 

strength of 0.10 with sodium nitrate. The concentration 

of the silver ion was measured potentiometrically during 
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the titration as described in Section V-D-2. The forma

tion constants were calculated as described in Section VI-

B-2. The original data and the graphs necessary for calcu

lation of the formation constants are shown in Tables XVI 

and XVII, and in Figures 22 and 23. All of the data could 

be interpreted satisfactorily in terms of the formation of 

a single complex, Ag(St^N) +» with a formation constant 

Ic^ = 4.3 x 101. The graphical analysis of the data (plot

ting the function X^ against (A)) did not indicate the 

formation of a higher complex under the conditions studied. 

A decrease in the potential of the system indicated some 

reduction of the silver(I) ion at the high amine:silver(I) 

concentrations when the solution was allowed to sit for a 

period of several hours. 

(2) Silver Nitrate-QUIN:—Twenty ml. portions of 

DMSO solutions of silver nitrate (0.0100, 0.00500 and 

0.00100M) were titrated with a solution 0.100 M in Q.UIN 

in DMSO at an ionic strength of 0.10 exactly as described 

in section (1). The original and derived data are pre

sented in Tables XVIII and XIX, and the graphs necessary 

for calculation of the formation constants are shown in 

Figures 2U-, 25 and 26. The formations constants found 

2 , 1  
were = 1.2 x 10 , - 4.3 x 10 . The highest complex 

formed in DMSO solution under the conditions of this study 

xtfas indicated to be AgfQUIN^ +» since the function 



not vary appreciably with (A). 

(3) Silver Nitrate-TEDA:--Twenty ml. portions of 

DMSO solutions of silver nitrate (0.0100, 0.00500, and 

0.00230 M) were titrated with a solution 0.100 M TEDA in 

DMSO in the same manner described above. The original and 

derived data are presented in Tables XX and XXI, and the 

related graphs are shown in Figures 27, 28 and 29. Forma-

2 1 
tion constants of k^ » 1.2 x 10 and kg = 3»0 x 10 were 

found. The highest complex formed was AgfTEDAjg +» 

(4) Silver Nitrate-TMEN:—Twenty ml. portions of 

DMSO solutions of silver nitrate ((0.0200, 0.0100, 0.00500, 

0.00250 and 0.00100 M) were titrated with a solution 0.100 M 

in TMEN in DMSO as described in Section 1. The complexes 

formed were so stable that it was not possible directly to 

calculate accurately the values of the free ligand concen

trations at low total ligand concentrations. The free 

ligand concentrations were calculated using graphical 
1 

integration of a plot of log X vs. - as described in 

Section VI-B-2. The original and derived data are pre

sented in Tables XXII and XXIII, and the related graphs 

are presented in Figures 30, 31, 32 and 33. Two complexes, 

Ag(TMEN)+ and Ag(TMEN)2 
+ are indicated by the data, with 

3 2 
formation constants k^ = 2.k x 10 and k2 - 5.^ x 10 . 
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C. Copper-Amine Complexes 

1. Preparative Studies (Vacuum Line) 

a. Copper(II) Chloride—TMEN:—An excess of TMEN was 

condensed into a vessel containing anhydrous copper(II) 

chloride. The mixture was stirred for 36 hours at room 

temperature. The excess of TMEN was removed by distilla

tion in the vacuum system in the course of isothermal (25°) 

pressure-composition measurements. The data are recorded 

in Table XXIV and are shown graphically in Figure 9. A 

sharp drop in pressure at a mole ratio of 1:1 indicates 

formation of the complex dichloro(N,N,N',N*-tetramethyl-

ethylenediamine ) copper (II) . Anal. CuClg.TMEN, fc Cu found 

23.5, 23.1, calcd. 23.CI found 28.3, calcd. 28.3$;TMEN 

found 44.6, 44.2, calcd. 46.4. The low values found for 

TMEN by titration are probably due to interference from 

the copper ion. The compound was a dark blue solid with a 

negligible dissociation pressure at 25°. It melted at 136°, 

changing to a yellow oil, darkening above 140° and becoming 

black as the temperature approached 165° • 

b. Copper(ll) Chloride—QUIN:--An excess of QUIN dis

solved in acetonitrile was added to a vessel containing 

anhydrous copper(II) chloride dissolved in acetonitrile 

maintained at -23° (carbon tetrachloride slush bath). A 

bright orange solid precipitated soon after the solutions 
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were mixed. The mixture was stirred for two hours at -23°» 

and the solvent was removed by distillation in the vacuum 

system. The solid remaining was orange on the bottom of the 

flask and green on the sides. When the unreacted QUIN was re

moved by sublimation until the mixture reached constant weight, 

the mole ratio of the reactants was 1:1.65 CuClgjQUIN. The 

solid product began to decompose at 150° and melted at 170°. 

c. Copper(II) Chloride--TEDA:—An excess of TEDA dis

solved in acetonitrile was added to a vessel containing an

hydrous copper(II) chloride dissolved in acetonitrile. A 

brown precipitate was formed immediately. The mixture was 

stirred 45 minutes at room temperature and the solvent was 

removed by distillation. As the last of the solvent was re

moved, the solid in the flask turned purple. The absence of 

nitrile solvent was verified by an infrared spectrum. An 

electron spin resonance study of this material showed the 

presence of three absorbance peaks. The middle peak disap

peared and the solid changed to a yellow-brown color if it 

were allowed to stand overnight. A similar change in color 

took place if air were admitted to the tube or if TEDA were 

removed by sublimation until the mole ratio of the reactants 

decreased to less than 2:1 TEDA:CuCl2. 

This experiment was carried out several times. The 

composition of the product when all of the excess of TEDA 

had been removed varied from CuCl2:1.83 TEDA to CuClg:2*!? 

TEDA depending on the vacuum used and the amount of time 



36 

10 

1 O 3 

Molo Ratio: TMEN/CuCl2 

Figure 9: Copper(II) chloride-TMUN pressure 
composition isothorm at 25 . 



the system was open to the vacuum. The final solid is multi

colored and obviously a mixture of compounds. The CuClgJ 

2.17 TEDA charred at I7O0 and melted with decomposition at 

173°. 

2. Preparative Studies (Precipitation of TEDA Complexes 

from Solution) 

a. Benzene Solvent:--Although copper(II) chloride was 

not appreciably soluble in benzene, an attempt was made to 

obtain a benzene-soluble copper(II) chloride-TEDA complex 

by refluxing a benzene solution of TEDA over solid cop-

per(ll) chloride. After a solution of 7»4 g- TEDA in 

200 ml. benzene had been maintained at reflux over cop

per (II) chloride for one week, the benzene solution was 

colored a dark red. Evaporation of the colored benzene 

solution yielded less than 0.05 g. of solid. A white solid 

was floating on top of the benzene solution. This material 

melted above 160° and gave a strong positive chloride test 

with aqueous silver nitrate solution, probably indicating 

that the solid was the chloride salt of mono- or dipro-

tonated TEDA. Unidentified green and black solids were 

found on the bottom of the flask. 

b. Dioxane Solvent:--When dioxane solutions of 

copper(II) chloride (4.0 x 10~^ M) and TEDA (4.0 x 10~^) 

were poured together an orange-colored precipitate was 

formed. If the reactants were present in equimolar amounts, 
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the supernatant liquid was colorless, although if either 

reactant was present in excess, the supernatant liquid was 

colored a shade of red. An electron paramagnetic resonance 

study of the dried orange precipitate showed the typical 

g 
broad resonance of d copper(II). The resonance signal was 

reversibly partially quenched when white light was focused 

on the sample. 

c. Benzene-Ethanol Mixed Solvent: —viThen solutions of 

copper(II) chloride in absolute ethanol and TEDA in benzene 

were mixed, a brown or yellow precipitate was obtained. 

The composition of the precipitate obtained depended on the 

ratio of the reactants mixed and varied between the extremes 

copper(ll) chloride.TEDA and copper(ll) chloride.2TEDA, sug

gesting the presence of two or more insoluble complexes in 

varying amounts. 

When 5.52 g. copper(ll) chloride (40 ramole) dis

solved in 150 ml. of ethanol was added to 4.53 g. TEDA (40 

mmole) dissolved in 200 ml. of benzene, the precipitate 

formed was brown in color. This precipitate was filtered 

off, washed with ethanol, and dried in vacuo. Analysis of 

this material showed that it corresponded approximately to 

the 1:1 complex. Anal. f0 Cu found 2k. 6, 24.8, calcd. 

25.8, io CI found 27.1, calcd. 28.8. The reflectance spec

trum of this dried solid is found in Figure 10-A(Table XXV). 

An electron paramagnetic resonance study of this material 
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Figure 10-A: Reflectance spectra of copper(II) chloride 
TEDA complexes. Turve Is Cuj312.TEDA. 
Curve 2; HTEDA+ . |CuCl3(TBDA)5 . 

g|,-2.00 g_L»2,22 

Figure 10-n: Eloctron spin resonance spectrum of 
CUC12.TEDA. 
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showed resolution of the d^ copper(II) signal according to 

the anisotropy in the g values (g = 2.22, g = 2.00, instru

ment calibrated with diphenylpicrylhydrazyl)(Figure 10-B). 

The signal was partially quenched when the sample was irra

diated with white light and restored when the illumination 

was discontinued. The sample became diamagnetic (as indicated 

by disappearance of the resonance signal) on heating at 150° 

for two hours, although heating at 100° did not affect the 

signal strength. 

If a solution of 2.7 g. copper(II) chloride (20 mmole) 

in 100 ml. absolute alcohol was slowly added to a solution of 

4.48 g. TEDA (40 mmole) in 200 ml. benzene, a golden yellow 

precipitate was formed immediately. The precipitate was 

washed with ethanol and dried in vacuo. The supernatant 

liquid was a dark red color. Analysis of the dried material 

indicated that it was a salt of protonated TEDA. Anal. found 

# Cu 15.6, 15.8, % CI 26.1, 26.6, 26.6, calcd. for TEDAH+ 

Cu(TEDA)Cl<j~ fo Cu 16.1, $ CI 27.0. The reflectance spectrum 

of this material (Figure 10-A, Table XXV) showed an absorbance 

3 -1 
maximum at 30.3 x 10 cm. , similar to that found for 

trichlorocuprate(ll) complexes (75). 

When the copper(II) chloride-TEDA complexes ob

tained by this method, or when the reactants themselves 

are dissolved in DMS0, the color of the solution is strong

ly dependent on the temperature of the solution and the 

ratio of the reactants present. If the molar 
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concentration of TEDA is greater than that of copper(II) 

chloride, the solution becomes colorless when hot and 

brown when it cools. If copper(II) chloride is in excess, 

the solution is yellow when hot and colorless when cool. 

If the reactants are present in equimolar amounts, the 

solution is red until it is heated the first time, follow

ing which it is colorless, both when hot and cool. The 

color changes taking place during the heating-cooling 

cycles are reversible through many cycles. 

3. Spectrophotometry Studies 

The spectra of copper(ll) nitrate and copper(II) 

fluoborate solutions in DMSO are almost identical. Job's 

Method studies were carried out with copper(II) fluoborate 

solutions with Et^N and QUIN which darkened rapidly in 

copper(II) nitrate solutions. 

a. Copper(II) Nitrate-Amine Systems 

1) Copper(II) Nitrate-Et^N:--DMS0 solutions 

0.0126 M in copper(II) (prepared by dissolving 0.2556 g. 

of a solid copper(ll) nitrate-DMSO solvate containing 

15.S'fo copper in a total volume of 50.0 ml. DMSO solution) 

and 0.013 M in Et^N (prepared by dissolving 0.064 g. Et^N 

in a total volume of 50.0 ml. DMSO solution) were used in 

a Job's Method study as described in Section V-E. The 

solutions darkened rapidly upon standing as shown in 

Table XXVI and Figure 11. The maximum found in a plot 
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Kinetics of amine oxidation by copper(ll) 
nitrate in DMS0. Absorbancos read at 
500 millimicrons. 



based on data obtained with aged solutions (Table XXVII, 

Figure 13) indicated that the reaction that had taken 

place had involved two molecules of Et^N for each molecule 

of copper(II) nitrate. 

There was no indication of decrease of the absorb-

ance in the 650-850 millimicron region during the darken

ing of the solution at lower wavelengths prior to the 

obscuring of this region by the solution darkening. 

2) Copper(II) Nitrate-QUIN;—A DMSO solution 

0.012*1- M in QUIN was prepared by dissolving 0.0695 g. QUIN 

in a total volume of 50.0 ml. DMSO solution. The same 

techniques and copper(ll) nitrate solution described above 

were used in this study. A spectrophotometric study of 

the kinetics of the darkening reaction was carried out by 

measuring the time rate of change of absorbance at a suit

able wavelength (500 millimicrons) in a solution containing 

a stoichiometric excess of QUIN (Figure 11, Table XXVIII). 

The Job's Method data for solutions measured 

immediately after mixing are shown in Figure 12, Table XXIX). 

Although the absorbance of these solutions was changing 

while the measurements were being made, the measurements 

were made within three minutes after mixing and formation 

of a 2:1 QUIN:copper(II) complex is clearly indicated. The 

data taken 17 hours after mixing (Figure 13, Table XXIX) do 

show an even more pronounced maximum in the Job's plot indi

cating reaction of two moles of QUIN for each mole of 
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Figure 1 2  i  Job's Method study of iUIN-copper (II) 
nitrate in DMSO. Combined molarity: 0.010 M. 
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Figure 13; 

X. (Amine) 

(Amine) + (Cu ) 

Job's Method study of agod amino-copper(II) 
nitrate solutions. Absorbances read at 
*,'•00 millimicrons, combined molarity: 0.010. 
Curve 1 represents Cu(N0~) + Et_N, aged 6 hours. 
Curve 2 « « * + quiN aged 17 hours. 
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copper(II) nitrate. 

There was no indication of decrease of the absorbance 

in the 650-850 millimicron region during the darkening of 

the solution at lower wavelengths prior to the obscuring 

of this region by the solution darkening. 

3) Copper(II) Nitrate-TMEN:—A DMSO solution 

0.0100 M in copper(II) nitrate was prepared by dissolving 

0.36i*l g. of a solid copper(II) nitrate—-DMSO solvate, 

containing 17.3^ copper, in a total of 100.0 ml. of DMSO 

solution. A solution 0.0101 M in THEN was prepared by 

dissolving 0.1172 g. TMEN in DMSO and diluting to a total 

volume of 100.0 ml. with DMSO. Portions of these two solu

tions were mixed such that the total volume of the mixture 

was ml., and the absorbance of the resulting solution 

was read immediately after mixing. These solutions did not 

darken on standing. The results of the absorbance meas

urements are shown in Figure l*t (Table XXX), and indicate 

that the complex species formed in solution corresponds to 

a 1:1 copper(II)-TMEN complex. 

d. Copper(II) Nitrate-TEDA:—A DMSO solution of 

copper(II) nitrate was made up by dissolving 0.7229 g. 

copper(II) nitrate-DMSO solvate in 100.0 ml. total volume 

solution. Anal., 0.017^ M in Cu. A 0.0175 M TEDA solution 

was prepared by dissolving 0.107 g. TEDA in DMSO and diluting 
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Figure 1U: Job's Method study of TMEN-copper(II) nitrate 
in DMSO. Combined molarityi 0.10; wave
length: 650 millimicrons. 



the solution to a total volume of 150.0 ml. Mixtures of 

the solutions were made as in the case of the copper(II)-

TMEN study and the absorbances of the solutions were read. 

The mixtures did not darken at an appreciable rate. The 

data (Figure 15, Table XXXI) indicated the formation of a 

1;1 complex. 

b. Copper (II) Fluoborate-Ainine Systems:--The spectra, 

in the region 6OO-85O millimicrons, of BJISO solutions of 

copper(II) fluoborate, and copper(II) fluoborate in the 

presence of large excesses of amines are shown in Figure 16. 

1) Copper(II) Fluoborate—Et^K:--A DM30 solution 

0.010 in copper(ll) fluoborate was made up by dissolving 

0.55S5 g. of the copper(II) fluoborate-DMSO solvate in 

100.0 ml. DMS0. A solution 0.010 H in Et^N was made up 

by dissolving' O.O^Ol g. Et^N in a total of 50^0 ml. DMSO 

solution. Portions of these two solutions were mixed so 

that their total volume was 5.00 ml. and the absorbances 

of the resulting solutions were read in a Job's Method 

study as described in Section V-E-2. The results (Figure 

17» Table XXXII) do indicate formation of a complex, al

though the stoichiometry of the complex cannot be clearly 

discerned. 

Spectrophotometry measurements were made on solu

tions containing an excess of Et^K in an effort to estimate 

the formation constants using the method of calculation 
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Figure 15t Job's Method study of TEDA-copper(II) nitrate 
in DMSO. Combined molarity: 0.017^; 
wavelength: U50 millimicrons. 
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Figure 16: Spoct.ra of free and complexed copper(ll) in 
DMSO. Total copper(II) fluoborate concentra
tion in each case: 0.02 M. Et_N concentra
tion: 0.60 M. QUIN concentration: 0.U0 M. 
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Figure 17i Job' s  Method study of Et_N-copper(II) 
fluoborate in DMS0, Total concentration 
of (Cu++)and.(Et_N)» 0.01 M. Absorbances 
read at U25 millimicrons. 
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described in Section VI-B-2. The most consistent results 

were obtained assuming a 2:1 Et^N:Cu(ll) complex. Values 

3 
of 2.1, 1.5, and 1.6 x 10 were obtained for the overall 

formation constant of the 2:1 complex using solutions 

0.020 M in copper(ll) fluoborate and O.Ol+O, 0.060 and 

0.080 M in Et^N respectively. (Table XXXIII-A). 

2) Copper(II) Fluoborate--QUIN:—A DMSO solution 

0.020 M in copper(II) fluoborate was made up by dissolving 

1.2669 g. of the copper(II) fluoborate solvate in 100.0 ml. 

DMSO. Anal. 0.0202 M Cu. A solution 0.0200 M in QUIN was 

made up by dissolving 0.1120 g. QUIN in a total of 50.0 ml. 

DMSO solution. The Job's Method study carried out using 

these solutions (Figure 18, Table XXXIII) showed the for

mation of a 2:1 QUIN:copper(II) complex. 

Calculations based on spectrophotometric measure

ments, made assuming that the 2:1 complex was the only 

complex present in significant concentrations, gave values 

for the overall formation constant of 4.0, 2.9. and 2.0 x 10 

for DMSO solutions 0.020 M in copper(ll) fluoborate and 

0.040, 0.050, and 0.060 M in Q.UIN respectively (Table XXXIV). 

D. Cobalt—Amine Complexes 

1. Preparative Studies (Vacuum Line) 

a. Cobalt (II) Chloride—TMEN:—A considerable excess 

of TMEN was condensed onto a sample of blue anhydrous 

cobalt(II) chloride and the mixture was stirred at room 
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?igure 18: Job's I'.othod study of QUIN-coppor(II) 
fluoborate in DMS0. Absorbances road at 
U25 millimicrons: total concontration: 
0.02 M. 
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temperature for a period of five to seven days. The solid 

phase became colored lavender in part. The unreacted TMEN 

was removed at room temperature by distillation in the 

vacuum system in the course of pressure-composition meas

urements, until a sudden drop in the equilibrium pressure 

of the system to a negligibly small value occurred. The 

resulting solid appeared heterogeneous with blue and laven

der portions. The combining mole ratio TMEN:CoCl2 was 

found to be 1.60 in one run employing 0.7235 g« cobalt(Il) 

chloride, and 1.30 in another run using O.3227 g. cobalt(II) 

chloride. In the latter run, the pink (lavender) portion 

of the product was separated mechanically and analyzed for 

chloride. The result, 2^.3^ CI, is intermediate between 

the values calculated for CoClg^'TMEN and CoC12-2TMEN. 

From these results, it is apparent that a mixture of com

plexes is formed in this system. 

b. Cobalt(ll) Chloride--QUIN:—A solution of 1.1096 g. 

QUIN (10.00 mmole) in 10 ml. acetonitrlle was added to a 

solution of 0.l6l6 g. cobalt(II) chloride (I.25 mmole) in 

30 ml. acetonitrile. The combined solution was stirred for 

four days at room temperature. The solvent was removed by 

distillation in the vacuum system and the unreacted QUIN 

was removed by sublimation at room temperature. When the 

reaction mixture reached constant weight, the combining 

weights indicated formation of the compound dichlorobis-
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(qulnuclidine)cobalt(II). Anal. mole ratio found 2.03, 

fo CI found 19.9. calcd. 20.1. The reflectance spectrum 

of the resulting blue solid is shown in Figure 19 

(Table XXXIV). 

c. Cobalt(II) Chloride—TEDA:—A solution of 2.0^13 g. 

(18.00 mmole) of TEDA dissolved in 10 ml. acetonitrile was 

added to a deep blue solution of 0.2798 g. cobalt(ll) 

chloride in 35 ml. acetonitrile. A light blue precipitate 

form-id immediately. The mixture was stirred for U6 hours 

at room temperature and the solvent was removed by dis

tillation in the vacuum system. The unreacted TEDA was 

removed by sublimation at room temperature. The rate of 

weight loss during sublimation dropped to a very small 

ratio at a mole ratio value CoC12:TEDA of approximately 

1:3, and analysis of the sample at this point was also 

in accord with these findings. Anal. , CoCI^^TEDA, f CI 

found I5.5, calcd. 15.2. However, it is not clear if the 

apparent combining mole ratio observed actually corresponds 

to the formula of a pure complex of this composition, or to 

the formation of a mixed product. The reflectance spectrum 

of this material, shown in Figure 19 (Table XXXIV), very 

closely resembles the complex CoClg•2QUIN. Both spectra 

are typical for four-coordinate psuedotetrahedral cobalt(ll). 
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amine complexes. 
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2. Spectrophotometry Studies 

a. Cobalt(II) Nitrate—TMEN:--Of the amines studied, 

only the chelating ligand, TMEN was observed to displace 

solvent from the coordination sphere and form a complex 

with cobalt(II) in DMSO solution. 

A DMSO solution containing 4.8835 g« tetralcis 

(dimethyl sulfoxide)cobalt(II) nitrate in a total volume 

of 100.0 ml. solution (0.0995 M) was prepared. The visi

ble spectrum of this solution is shown in Figure 20 

(Table XXXV). Two absorption maxima are present in the 

visible and ultraviolet spectra of the cobalt(ll) nitrate 

solution. One maximum, at 539 millimicrons, is due to the 

hexakis(dimethyl sulfoxide)cobalt(II) ion (76). and the 

other maximum, at 310 millimicrons, is due to the nitrate 

ion (77)- Complexation by TMEN shifts the maximum at 

539 millimicrons to about 5^5 millimicrons. 

A solution containing 0.5844 g. TMEN in a total 

volume of $0.0 ml. DMSC solution was made up (0.100 M). 

Measured portions of this solution were combined with por

tions of the 0.0995 M cobalt(Il) nitrate solution such that 

the total volume of the solutions was 5.00 ml* The Job's 

Method data obtained show the presence of a 1:1 complex 

(Figure 21, Table XXXVI). 
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Figure 21; Job's Method study of TMEN-cobalt^II) nitrate 
in DMSO. Combined molarity: 0.10; wave
length: 310 millimicrons. 



b. Cobalt(II) Nitrate—QUIN, Et^N, and TEDA:--The Job's 

Method studies showed that none of these three amines had 

an effect on the wavelength or intensity of the cobalt(II) 

transition at 539 millimicrons. However, solutions of 

cobalt(II) nitrate and QUIN in DMSO were observed to darken 

rapidly on standing. A 1:1 mixture of 0.0995 M cobalt(II) 

nitrate solution and 0.10 M CJUIN (0.110 g. in 10.0 ml. 

DMSO solution) showed an absorbance of 0.65» ^+0 seconds 

after mixing, and an absorbance of 1.05, three minutes af

ter mixing, at the wavelength characteristic of the nitrate 

ion (310 millimicrons). These results suggest oxidation of 

QUIN to an unknown oxidation product characterized by intense 

ultraviolet absorption. Since the intensity of the cobalt(II) 

absorption maximum at 539 millimicrons did not change during 

this time, the oxidation is believed to be caused by the 

nitrate ion. 



VIII. DISCUSSION 

A. Silver—Amine Complexes 

It was considered when this research was begun 

that a measure of steric effects could be determined both 

by comparing complexes of Et^N and Q.UIN, and also by com

paring complexes of TMEN and TEDA. The latter comparison 

would be valid only if silver(I) should form bicoordinate 

linear complexes itfith these amines, so that TMEN would not 

be able to act as a chelating ligand. 

The complexes of THEN with silver(l) were, however, 

much stronger than those of TEDA in both aqueous solution 

and DMSO, thus strongly suggesting chelation with TMEN. 

The NMR study of the 2:1 TMEN:silver nitrate complex 

showed a symmetrical coordination environment for TMEN in 

the silver complex. This indicates that the TMEN is act

ing as a bidentate ligand. If it were acting as a bridging 

group between two silver ions, the formula AgN0^.2TMEN 

would require four-coordinate silver and a completely 

cross-linked polymer. The ready solubility of the complex 

in chloroform precludes this interpretation. It follows 

that the complex contains the chelated mononuclear 

Ag(TMEN)2 + ion. This conclusion is substantiated by the 

potentiometric results, which indicated mononuclear complex 

111 
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formation. The results of Streuli(32), which show formation 

of a 2:1 TMEN:silver perchlorate complex readily soluble 

in acetone, again indicate formation of the same species. 

The bis(N,N,N1, N1-tetramethy1ethylenediamine) 

silver(I) nitrate complex is presumed to have a tetrahedral 

configuration, which is common for four-coordinate 

silver(I) (78). 

The infrared spectrum of (Ag(THEN)2)NG^ in chloro

form solution shows absorptions at 135° cm« ^ (very strong) 

and 1070 cra."^ (medium) characteristic of the uncoordinated 

nitrate ion. Other characteristic ionic nitrate absorptions, 

at lU60 cm. ^ (strong) and 81+5 cm. ^ (medium) are also 

present, but coincide with absorptions of the free amine. 

On the other hand, absorptions supposedly characteristic 

of covalent, i.e., coordinated nitrate, at lkSO-1530 cm. \ 

— 1 and at 780-820 cm. , are absent in the complex. Thus, it 

is apparent that the nitrate is not coordinated to the 

silver in this complex (79). 

Silver nitrate is seen to react with Et^N in two 

steps, giving the complexes AgNO^'Et^N and AgN0^*2Et^N. 

The second step is very slow, causing the 1:1 complex to 

appear as the metastable equilibrium phase at -23° C. 

The formation of the higher complex is observed at a 

slightly higher temperature. The apparent violation of 

the general rule for the formation of lower complexes at 
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higher temperatures in such systems is thus attributed to a 

kinetic factor. 

The lack of formation of a stable amine complex 

with silver chloride when the solid salt is stirred with 

Et^N is probably due to the unfavorable lattice energy 

changes which would be involved in complex formation. 

As would be expected, it was observed that the 

volume of all of the silver(I)--amine complexes, particu

larly those of Et^N and TMEN, are considerably larger than 

that of the silver nitrate from which they are made, in 

accord with a sizeable expansion of the crystal lattice 

during complex formation. The low melting point of the 

AgN0^*2Et^N solid complex is probably a measure of the 

expansion, and thus weakening, of the lattice. 

The structural similarity between QUIN and TEDA 

suggests that both should have about the same steric re

quirements for complex formation. Indeed both amines form 

complexes with silver ion of essentially the same stability 

towards dissociation in DMSO. The marked difference in 

the acid dissociation constants of the protonated amines 

in water shows that the proton is a much more sensitive 

reference acid to inductive effects than is silver ion. 

This result had been previously found by Bruehlman and 

Verhoek(39) who showed that the variation of log K^. values 

for silver-amine complexes in water was only one-fourth 
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that of the pK values of the corresponding substituted 
81 

ammonium ions. Since the proton is essentially a point 

charge, capable of penetrating the electron cloud of the 

ligand, it is different in kind from other reference acids 

of finite size, and unique behavior may be expected. 

No comparison of the complexing ability of the two 

amines towards silver ion in water was attempted, since it 

was believed that measurements in DMSO, not complicated by 

competitive protonation and silver oxide precipitation reac

tions, would allow a more accurate comparison of the complex

ing ability of the amines that measurents in the aqueous 

system. 

The stability constant of the Et^N-silver(I) com

plexes determined in water by other investigators (28) seems 

surprisingly large, in spite of the strong Bronsted-Lowry 

basicity of this amine. The results obtained in those pre

vious studies, if valid, are particularly difficult to un

derstand in the light of results obtained in this study. It 

may be noted that the details of the previous study by 

Bjerrum have never been published. 

Although in DMSO, the first formation constant of 

silver(I)-QUIN is about three times as great as that for 

silver(i)-Et^N, this represents a rather small (about 0.6 

Kcal, per mole) difference in free energy for the formation 

of those complexes. More significant is the existance of 

a second measureable complex for the silver(I)-QUIN system 

where no such complex was measureable for the silver-Et^N 
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system in DMSO. This indicates steric hinderance on the part 

of Et^N, in that bonding of a second amine molecule to the 

solvated, amine-complexed silver ion is prevented. In the 

absence of DMSO, a second Et^N molecule can add to silver(I). 

The values of n calculated for the TEDA system using 

the derived formation constants and Equation 4 of Section VI-

B-2 generally agreed with, or were slightly lower than, 

those observed experimentally from plots of ^^ . 

°Ag 
This indicates the lack of polynuclear & 

complexes, although the presence of such complexes might 

escape unnoticed because of the poor precision of the 

measurements compared with requirements needed for rigorous 

application of the n test. 

Polynuclear complexes of TEDA are believed to be pre

cipitated in weaker solvents. Tennenhouse(21) found an in

soluble 1:1 complex formed when stoichiometric amounts of 

silver nitrate and TEDA were mixed as concentrated dimethyl-

formamide solutions. He believed this material to be a 

polymer with bridging TEDA groups. Similarly, an insoluble 

1:1.5 silver nitrate:TEDA complex was formed by precipita

tion from dimethylformamide solution in the presence of an 

excess of TEDA (Tennenhouse(80)) , from acetonitrile in the 

presence of an excess of TEDA (this work), or by vacuum 

line preparation using an excess of amine and acetonitrile 

as the solvent (this work). The 1:1.5 product was insoluble 

in each case, probably indicating that it contains bridging 

TEDA groups in part. 
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Polynuclear complexes were also found by Schwarzen-

bach(32) in his studies of diamines and silver ion in aqueous 

solutions. The diamines showing strong tendency towards 

polynuclear complex formation (ethylenediamine, propylene-

diamine, and piperazine) were primary and secondary amines. 

He found no polynuclear complexes lormed with the tertiary 

tetraamine he believed to be TEDA. 

Duplicate runs were made in the determination of sil-

ver-amine formation constants in DMSO. The readings agreed 

within an average of one millivolt, with a maximum spread 

of three millivolts between readings in runs made on separate 

days. This is within the limit of accuracy of reading the 

pH meter. However, this error would give rise to a signi

ficant variation in the results obtained. In the calculation 

of the first formation constant of the silver(I)-TEDA system 

in DMSO for example, a variation of plus or minus one milli

volt would give rise to a variation in the values of the 

2 2 
formation constant ranging from 1.1 x 10 to 1.6 x 10 . 

The existance of a higher complex is apparent from the 

graph of the free ligand concentration vs. the function X1 

(Section VI-B-2), despite this variation, however. 

B. Copper(II)--Amine Complexes 

Weiss(7) found that dichlorobis(triethylamine) 

copper(II) underwent decomposition by internal electron 

transfer in the solid phase at 0°. In contrast, the copper(II) 
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chlorlde-QUIN reaction product obtained in this work was 

stable towards decomposition at 150°. This product had the 

composition CuClg" I.65 Q.UIN and appeared to be a mixture of 

complexes. The increased thermal stability of the QUIN-

copper(ll) chloride complexes may be due to the inability 

of the bridgehead nitrogen atom in Q.UIN to form a double 

bonded species similar to that postulated as an intermediate 

in the oxidation of Et^N by copper(II) chloride. 

Job's Method studies showed that QUIN forms a 2:1 

amine:copper(II) complex in DM30. Similar studies of the 

aged solutions of the copper(II) nitrate Et^N and QUIN 

systems indicated that two amine molecules were oxidized 

by each copper(Il) nitrate molecule for the same two amines. 

Despite the similarity of kinetics and stoichiometry with 

the copper(II) chloride system, it seems probable that the 

amine molecules are oxidized by nitrate instead of copper(ll) 

in this case. This is indicated by the lack of darkening 

of the copper(ll) fluoborate-amine solutions and also by 

the persistence of the copper(II) absorption band during 

the oxidation reaction. 

Although, as pointed out in Section VI-B-2, the 

absolute values of the estimated overall formation constants 

of the 2:1 Et^N: and QUIN:copper(II) complexes may be 

questioned, it is believed that they do show a trend towards 

greater stability for the QUIN complex. 
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Copper(ll) ion is found to react with only one mole

cule of TMEN in the formation of a solid complex or in DMSO 

solution as shown by spectrophotometry studies. This is 

in agreement with previous studies. Although Mann and Wat

son (13) originally concluded that no square planar complex 

could contain more than one molecule of TMEN, a recent 

study by Meek(l8) reported the formation of a 2:1 TMEN com

plex of larger cation, palladium(II). Meek, however, con

firmed that use of molecular models indicated that no 2:1 

complexes could be formed with smaller cations such as 

copper(ll) or nickel(II) due to steric hinderance, and he 

was not able to prepare the 2:1 complex of either cation. 

The formation constant for the 1:1 TMEN-copper(II) 

complex in DMSO was not measured. It has been reported in 

aqueous systems, however (log K^=7«20 (10)) and the forma

tion constant in DMSO would probably be of about the same 

order of magnitude. 

Complexes of copper(II) chloride and TEDA show 

interesting behavior both in solution and in the solid state. 

The temperature dependence of the color of copper(II) 

chloride-TEDA solutions in DMSO can be explained.in terms 

of competition between the amine, DMSO and chloride ion for 

coordination sites on the copper(ll) cation, with different 

species being more stable at different temperatures. The 

nature of the colorless product would be of interest, in 



119 

view of the relatively few colorless copper(II)-containing 

species known. 

The formation of a precipitate and colorless super

natant liquid when equimolar amounts of copper(II) chloride 

and TEDA are mixed, although the supernatant liquid is 

colored if either reactant is in excess, probably indicates 

formation of an insoluble polymeric 1:1 complex. This ef

fect was noted in dioxane and in a mixture of ethanol and 

benzene in this work, and a corresponding product was iso

lated from dimethylformamide by Tennenhouse(21). The color 

of the supernanant liquid probably indicates incomplete 

precipitation of copper(ll) when excess copper is present, 

or the presence of a somewhat more soluble, higher copper(II)-

TEDA complex in the presence of excess TEDA. 

Attempts to apply Job's Method to copper(ll) chloride 

and TEDA solutions in DMSO were unsuccessful because of pre

cipitation at room temperature. The precipitate dissolved 

when the solution was heated, with the temperature-dependent 

color changes reported previously. The formation of a 

precipitate in the chloride but not the nitrate systems may 

indicate that the copper(II) chloride-TEDA polymer is bridged 

by chloro- as well as, or possibly instead of, TEDA bridges. 

No solvent was found in which the CuCl2*TEDA species 

could be dissolved and subsequently recovered in the same 

form, thus preventing either recrystallization or deposition 
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•>. of the complex as a film or a filament. Since solution did 

not take place without disruption of the polymeric structure, 

it was not possible the measure the molecule weight of the 

polymer. 

The reversible reduction of copper(II) shown in the 

electron spin resonance study of CuClg'TEDA is shown to a 

much lesser extent by copper(II) chloride. The charge 

transfer process probably involves formation of a chlorine 

atom rather than charge migration into the amine portion of 

the polymer network". 

The stability of the copper(II) chloride-TEDA complex 

towards decomposition at elevated temperatures may be due 

in part to the same factors that stabilize the copper(ll) 

chloride-QUIN complex, i.e., the location of the nitrogen 

at a bridgehead position. In the vacuum line preparative 

study of the copper(II) chloride-TEDA solid system, the exis-

tance of more than one complex was suggested by the color 

changes deserved. The composition of the metastable dark 

purple species, formed while a large escess of amine was 

still present, is not known, although it apparently contains 

no complexed acetonitrile (used as solvent). The electron 

spin resonance data on this material suggest the presence 

of at least two species, one of which disappeared when the 

sample stood overnight. During that time the solid changed 

from a dark purple to a yellow-brown color. 
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The golden yellow precipitate obtained from ethanol-

benzene solutions of copper(II) chloride and TEDA had a 

composition corresponding to (HTEDA + ) [cuci^ (TEDA )"*] . The 

protonated TEDA could be readily formed by reaction with 

the protic solvent, ethanol, to give a protonated amine 

and an ethoxide ion. 

C. Cobalt(II)-Amine Complexes 

The spectrum and magnetic susceptibility of the 

1:1 cobalt (II) chloride-Et^N complex reported by Hatfield 

and Yoke(l4) indicate that it is psuedo-tetrahedrally co

ordinated, presumably by means of a dimeric chloride-

bridged structure. The reflectance spectrum of dichlorobis 

(quinuclidine)cobalt(II) indicates that it, too, has a 

tetrahedral structure. A monoraeric species containing two 

chloride ions and two amine molecules attached to each 

cobalt(II) cation would explain the spectrum and the 

ready solubility of this material. The decreased steric 

hinderance of QUIN compared to Et^N would have two effects. 

It would permit the more ready approach of a second amine 

molecule to the coordination sphere. Also, it would permit 

the closer approach of the amine nitrogen to the cobalt(II) 

cation, thus making QUIN effectly a stronger ligand and 

more able to compete with a bridging chloride ligand. 

The nature of the cobalt(II) chloride-TEDA complex 

is more enigmatic. Judging from weight loss measurements, 
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the cobalt(II) chloride-TEDA product contains three molecules 

of TEDA for each atom of cobalt. The reflectance spectrum 

indicates tetrahedral coordination. The insolubility of 

this product indicates polymer formation. From these data, 

it appears that either the TEDA is able to displace chlorine 

in the coordination sphere, or that the apparent 3:1 TEDA: 

cobalt(ll) chloride ratio of the product is accidental. 

The true nature and structure of complexes formed in this 

system remain to be determined. 

Apparently several complexes of comparable stability 

are formed between cobalt (II) chloride and TMEN \vrhen the 

pure reactants are mixed. Two distinct solids were obtained 

in the attempted vacuum line preparation of a cobalt(II) 

chloride-TMEN complex. One solid was blue and the other, 

present in much greater proportions (although still not 

obtainable in a pure state) was lavender. 

Of the amines tested, only TMEN was able to dis

place the DMSO from the coordination sphere to form an 

amine-cobalt(II) complex in DMSO solution. The spectrum 

of the 1:1 TMEN-cobalt(II) species was very similar to 

that of the cobalt(II)-DMSO species in solution. 

Attempted spectral studies of complex formation 

between cobalt(II) nitrate and amines in DMSO were of 

interest not only in the study of the amine-cobalt(II) 

interaction, but also because of the nature of cobalt(II)-

DMSC complexes. Solid complexes of the following 
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compositions have been obtained: Co(NO^)2"8DMS0 (52), 

(Co(DMSC)g(Co(N03)^) (81), and Co(NO^)2*UDMSO (this work). 

The spectrum of cobalt(XI) nitrate in DMSO showed absorbance 

maxima at 5^-0 millimicrons and at 310 millimicrons. The 

first absorbance corresponds to that found for hexakis -

(dimethylsulfoxide)cobalt(II) by Meek, Drago and Piper(75). 

The second absorbance corresponds to that found for nitrate 

ion (77). The intensity of the nitrate band decreases more 

rapidly than expected when the solution is diluted. The 

reason for this apparent failure of Beer's Laitf is not known. 

Mixed solutions of QUIM and cobalt(ll) nitrate in 

DMSO darkened very rapidly, although none of the other 

amines showed this effect. Since the concentration of 

cobalt(ll) ion (as indicated by the absorption at 5^0 milli

microns) did not change during the darkening of the solution, 

it is believed that the darkening is due to oxidation of 

QUIN by nitrate. The dark products formed during this 

process obscure any change in the absorption band due to 

the nitrate. 



IX. CONCLUSIONS 

A comparison of the complexing ability of QUIN and 

the more sterically hindered Et^N showed that more molecules 

of QUIN than of Et^N could be accommodated in the coordina

tion sphere of a normal ion. 

The solid silver nitrate and copper(II) chloride 

complexes of QUIN and TEDA were more stable towards thermal 

decomposition than were the corresponding Et^N complexes. 

QUIN and TEDA formed silver(I) complexes of com

parable stability towards dissociation in DMSO. 

In the cases of copper(II) chloride with QUIN and 

TEDA and cobalt(II) chloride with TMEN, complexes of more 

than one stoichiometry had comparable stability. 

TEDA acts as a monodentate ligand towards silver 

in solution, but probably acts as a bridging ligand in 

solid complexes with silver nitrate, copper(ll) chloride 

and cobalt(II) chloride. 

QUIN is readily oxidized by nitrate ion in the 

presence of cobalt(ll) ion in DMSO. 

No valid comparison of the steric effects in com

plexes of THEN and TEDA could be made, since TMEN was able 

to act as a chelating agent with all three cations studied 

and thus was a much stronger complexing agent than TEDA and 

formed complexes of different structure. 

\2k 
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TABLE VIII.--Determination of Acid Dissociation Constant 
for Q.UIN (H +) 

Cone. NaOH—0.1068 M 
HCIO^ present .497 nunole 
QTJIN present—0.395 mmole 

ml. mmole 
NaOH NaOH pH (H+) 

Initial volume--35•0 ml. 
Temperature--25.0 + 0.2 C. 
Ionic strength--0.10 

mmole mmole mmole K 
' OH" HQ+ a a 

1.10 
1.20 
1.30 
i.4o 

1.50 
1.60 
1.70 
1 . 8 0  

*1. 90 
2.00 
2.10 
2. 20 

2.30 
2.40 
2.50 
2.60 

0.117 
0 .128  
0.139 
0 .150  

0.160 
0.171 
0 . 1 8 2  
0 . 1 9 2  

0.203 
0.214 
0.22k 
0.235 

0.246 
0.256 
0.267 
0.278 

9.72 
10. 00 
10.16 
10.28 

10.35 
10.45 
10.51 
10.53 

10.64 
10.67 
10.72 
10.76 

1 0 . 8 1  
10.84 
10.88 
10.91 

1.9 x 10 0.002 
0.004 

10 0.005 
1.0 
6 . 9  x  
5.2 

4.5 
3.6 
3.1 
2.6 

2.3 
2 . 1  
1.9 
1.7 

6 
5 
3 
2 

0.007 

0.008 
0. 010 
0. 012 
0. 014 

0. 016 
0.017 
0.019 
0. 022 

0. 024 
0 .  0 2 6  
0 . 0 2 9  
0.030 

0.382 0.013 6.73x10 
0.373 0.022 5.90 
0.363 0.032 6.08 
0.354 o.o4i 6.02 

0.345 0.050 6.52 
0.336 0.059 6.32 
0.327 0.068 6.45 
0.319 0.076 6.19 

0.310 0.085 6.31 
0.300 0.095 6.65 
0.292 0.103 6.70 
0.284 0.111 6.64 

0.275 0.120 6.98 
0.267 0.128 7.19 
0.259 0.136 6.83 
0.249 0.146 7.04 

-12 

-12 
Average of 16 values: K = 6.53 x 10 ! pK 0 11.19 

Standard deviation: = 4 x 10 -13 
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TABLE IX.--Determination of Acid Dissociation Constants 
for TMEN(H +)0 

Cone . 
I-IC10U 
TMEN 
NaCIO, 

NaOH— 0.096b 
present--0.395 mmole 
present--0.166 mmole 
present--5.0 mmole 

K 

Initial volume—65.0 ml, 
Temperature--25.0 £ 0.2 C, 
Ionic strength--0.10 

rnl. 
NaOH 

mmole 
NaOH pH (H+) 

mmole mmole 
H2T + + HT" 

K 

0.80 0.077 k.97 l.l X 10Is 0.152 0.015 1.01x10 
0.90 0.037 5.18 6.6 X 10 0.142 0.024 1.12 " 
1.00 0.096 5.3^ k.6 0.133 0.034 1.14 " 
1.10 0.106 5.k8 3.3 0.123 0.044 1.15 " 
1.20 0.115 5.60 2.5 0.113 0.053 1.14 " 

1.30 0.125 5.70 2.0 0.104 0.063 1.19 " 
1.1+0 0.135 5.81 1.6 0.09^ 0.072 1.23 " 
1.50 0.1k 5 5.91 1.2 0 . 084 0. 082 1.17 " 
1.60 0.15k  6.01 9.8 X 10 7 0.075 0.092 1.19 " 
1.70 0.16k  6.12 7.6 0.065 0.101 1.18 " 

1.80 0.17k  6.22 6.0 0.055 0.111 1.21 " 
1.90 0.183 6.35 ^.5 0.046 0.121 1.17 " 
2.00 0.192 6.W 3.3 0.036 0.130 1. 24 " 
2.10 0.202 6.6k 2.3 0.026 0.140 1.18 " 
2.15 0.207 6.73 1.9 0.022 0.145 1.24 " 

Average of 15 values: K 
al 

Standard deviation: s = 6 

= 1.17 x 10"6; pK = 5.93 
1 
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TABLE IX.—(continued) 

K 
ml. mtnole a2 mmolo mtnole IC 
NaOH NaOH pH (H + ) I-IT + T a2 

2.55 0.2 46 8.25 5.6 x lO-9 0.149 0.017 6.29 x 10"10 

2.60 0.251 8.38 4.2 It 0. 145 0. 022 6.33 " 
2.65 0.256 8.48 3.3 tl 0.140 0. 026 6.23 " 

2.75 0.265 8.62 2.4 tl 0.130 0.036 6.66 " 
2.80 0.270 8.69 2.0 tl 0.125 0. 041 6.53 " 
2.90 0.280 8.81 1.6 Tl 0.116 0.050 6.98 " -
3.00 0.289 8.92 1.2 It 0.106 0.060 6.81 " 

3.10 0.299 9.12 7.6 X 0
 1 H
 
0
 

0.096 0.070 5.50 " 
3.20 0.309 9.21 6.2 tl 0. 087 0.079 5.67 " 
3.30 0.318 9.30 5.0 It 0.077 0.089 5.78 " 
3.40 0.328 9.40 4.0 tl 0.0 67 0.099 5.85 " 

3.50 0.337 9.50 3.2 t! 0. 058 0.108 6.00 " 
3.60 0.347 9.60 2.5 tt 0.048 0.118 6.12 " 
3.70 0.357 9.70 2.0 11 0.039 0.128 6.61 " 

Average of 14 values: K0 = 6.24 x lO""*^; pK = 9.20 
2 1 

-11 Standard deviation: s = 5 x 10 
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TABLE X.—Determination of Acid Dissociation Constants 
for X.EDA(H + )2 

Cone. NaOH 0.0964 M 
HCIO^ present 0.395 mmole 

Initial volume—65.0 ml^ 
Temperature--25.0 + 0.2 C, 

TEDA present--0.108 mmole 
NaClO^ present-- 8.7 mmole 

K 

Ionic strength—0.10 

ml. mmole 
NaOH NaOH DH (H + ) 

mmole 
H + 

mmole 
H2A 

mmole 
I-IA + 

1.95 0.188 3.15 
-4 

7.1 x 10 0. 048 0.051 0.057 7.94x10 
2.00 0.193 3.13 6.6 " 0. 044 0.050 0.058 7.66 " 
2.05 0.198 3.21 6.2 " 0. 042 0.047 0.061 8.05 " 

2.10 0.202 3.23 5.9 " 0. 040 0.045 0.063 8.26 " 
2.15 0.2 07 3.28 5.2 " 0.035 0.045 0.063 7.28 " 
2.20 0.212 3.31 4.9 " 0.033 0.042 0.066 7.70 " 
2.25 0.217 3.34 4.6 " 0.031 0.039 0.069 8.14 " 

2.30 0. 222 3.39 4.1 " 0.028 0.037 0.071 7.87 " 
2.35 0.227 3.41 3.9 " 0.026 0.034 0.074 8.49 " 
2.40 0.231 3.46 3.5 " 0. 024 0.032 0.076 8.31 " 
2.1*5 0.236 3.51 3.1 " 0. 021 0.030 0.078 8.06 " 

2.50 0.241 3.58 2.6 " 0.018 0.028 0.080 8.00 " 
2.55 0.246 3.63 2.3 " 0. 016 0.025 0.083 7.64 " 
2. 60 0.251 3.71 2.0 " 0. oi4 0.022 0.086 7.82 " 

-4 

Average of 14 values: K =» 7.9^ x 10 pK = 3.10 

Standard deviation: s = 3 x 10 -5 
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TABLE X.continued) 

K 

ml. 
NaOH 

mmole 
NaOH PH (H + ) 

mmole 
I1A.+ 

mmole 
A 

Ka 
2 

3.10 0.299 8.08 8.3 X 0
 

1
 

vo
 

0.096 0. 012 1.04 x 10"9 

3.15 0.30k  8.23 5.9 f t  0.091 0.017 1.10 I t  

3.20 0.308 8.34 4.6 I t  0.087 0. 021 1.11 I I  

3.25 0.313 8.42 3.8 t t  0.082 0.026 1.20 i  r 

3.30 0.318 8.52 3.0 t t  0.077 0.031 1.27 

3.35 0.323 8.61 2.5 t t  0.072 0.036 1.25 t t  

3.40 0.328 8.69 2.0 t t  0.068 0. 040 1.18 t t  

3.^5 0.333 8.76 1.7 0.063 0.045 1.21 t t  

3.50 0.337 8.84 1.5 I t  0. 058 0.050 1.29 i t  

3.55 0.342 8.90 1.3 t t  0.053 0.055 1.35 t t  

3.60 0.347 8.99 1.0 I t  
— in 0. 048 0.060 1.25 i t  

3.65 0.352 9.09 8.1 X 10 10 0.0 43 0.065 1.22 t t  

3.70 0.357 9.15 7.1 t t  0.038 0.070 1.31 t t  

3.75 0.362 9.23 5.9 t !  0. 034 0. 074 1.28 t r  

3.30 0.366 9.32 4.8 t r  0.029 0.079 1.31 t t  

Average of 15 values: K 

Standard deviation: s = 

= 1.22 
2 
1 x 10" 

x 10~9; 

10 

pK = 

2 
8.91 
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TABLE XI.--Pressure-Composition Isotherms for Silver Nitrate 
and Triethylamine 

-23°C. -16°C. 
Mole Ratio Pressure Mole Ratio Pressure 
Et^N/AgNO^ (Torr) Et^N/AgNO^ (Torr) 

5.13 3 6.33 8 
^.90 3 k .26  8 
1. 2k 2 3.22 8 
l.l 6 2 2. 6k- 7 
l» 07 0 2.31 6 

2.15 k  
2.07 3 
2.01 0 

TABLE XII.--Pressure-Composition Isotherm for Silver Nitrate 
and THEN at 25°C. 

Mole Ratio Pressure 
TMEN/AgNO^ (Torr) 

11. 12 16 
9.06 16 
6.72 16 
5.68 16 
J+.95 16 
4.32 16 
3.5^ 16 
2.80 16 
2.28 15 
2.05 11 
2. 01 0 
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TABLE XIII.--Weight Loss-Composition Isotherm for Silver 
Nitrate and TEDA 

Weight Loss Total Minutes on Mole Ratio 
g./ 15 rain. Vacuum System TEDA/AgNO^ 

0.1149 15 3.37 
0.io4i 30 3.12 
0.1177 45 2.86 
0.0996 60 2.64 
0.0966 75 2.4l 

0.0865 90 2.24 
0.0723 105 2. 08 
O.O676 120 . 2. 05 
0.0504 135 1.93 
0. 041*6 150 1.82 

0.0364 165 1.72 
0.0277 180 1.64 
0.0110 195 1.58 
0.0075 210 1.55 
0.0019 225 1.53 
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TABLE XIV.--Determination of Silver(I)-THEN Formation 
Constant in Water 

Cone. NaOH — 0.096k  M Initial volume--65. 0 ml. 
AgCIO i present--0 .947 mmole Temperature—25.0+ 0. 2°C 

Ionic strength--0.10 
HClOj. present—0 .395 mmole 
THEN present--0 . 166 mmole 
NaCIO ̂ present--^ .0 mmole 

ml. K-. 
NaOH pH (Ag + )  (TMEN) (AgTMEN+) I  

2.70 7.62 1.35 X 10" 2 4.43 X 10 4.59 x  10~ k  7.7 
2 

x  10 
2.75 7.7 0 1.35 11 5.17 " 5.14 " 7.4 t t  

2.80 7.78 1.34 I t  6.05 " 5.75 " 7.1 t t  

2.85 7.81 1.33 I f  6.3k  "  6.38 " 7.6 t i  

2.90 7.85 1.32 I t  6.63 " 7.03 " 8.0 t t  

2.95 7.95 1.32 t t  
7.95 " 7-55 " 7.2 t t  

3.00 7.9 8 1.31 I t  8.24 " 8.19 " 7.6 t t  

3.05 8.01 1.30 t !  8.38 " 8.88 " 8.2 t t  

3.10 8. Oil 1.30 t t  8.66 » 9.52 " 8.5 t t  

3.15 8.10 1.  29 t t  9.39 " 10.14 " 8 . 4  
t t  

3.20 8.14 1.23 t t  9.68 " 10.79 " 8.7 t t  

3.25 8.21 I.27 t t  10.84 " 11.36 " 8.3 t t  

2 
Average of 12 values: = 7.9 x 10 ; Log = 

1 
Standard deviation: s = 5.6 x 10 

2 . 1 0  
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TABLE XV.-rDetermination of Silver(I)-TEDA Formation 
Constant in Water 

Initial volume--65.0 ml, 
Temperature--25.0 + 0.2 C. 
Ionic strength--0.10 

ml. 
NaOH PH (Ag+) (TEDA) (AgTEDA+) 

Kf 

3.13 7.9k 6.90 x lo"3 1.51 
-4 

x 10 5.8 7 x lO-5 5.6 x 101 

3.18 8.10 6.86 " 2 . 05 IT 8.80 tt 6.3 11 

3.23 8.21 6.8k " 2.51 M 10.26 11 6.0 1! 

3.28 8.32 6.82 " 3.03 1! 11.72 11 5.7 !! 

3.33 3.40 6.78 " 3.^2 t l  16.10 11 6.9 11 

3.38 8.k9 6.76 " 3.93 I t  17.55 11 6.6 I f  

Average of six values: = 6.2 x 10^; Log Iv^ = 1.21 

Standard deviation: s = 5 x 10^ 

Cone. NaOH—0.0964 
AgdlO, present--0.k7k mmole 

I-ICIO^ present--0.395 mmole 
TEDA present—0.108 mmole 
NaClOi, present--3.0 mmole 
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TABLE XVI.--Potentioraetric Titration of Silver Nitrate 
Solutions with Et^N in DMSO 

Cone. Et_N—0.0999 M Temperature—25.0 + 0.2°C. 
-r ... n t nn n i Ionic strength--0.10 Initial volunje—20.0 ml. ^ 

Readings in millivolts 

ml. 0.010 M AgN0? 0.0050 M AgN0~ 0.0010 H AgN0„ 
Et 02J E B J S E J 3 E 
3 m mm 

0.00 357 _ _  339 - - 297 — 

0.50 354 3 335 4 294 3 
1.00 351 6 333 6 292 5 
1.50 349 8 332 7 291 6 
2.00 348 9 331 8 289 8 

2.50 3 UrJ 10 329 10 288 9 
3.00 345 12 328 11 286 11 
3.50 344 13 326 13 284 13 
4.00 3U.3 14 324 15 283 14 
4.50 342 15 324 15 282 15 

5. 00 3U1 16 323 16 282 15 
5.50 340 17 322 17 281 16 
6.00 340 17 321 18 280 17 
6.50 339 IS 320 19 279 18 
7.00 339 18 319 20 278 19 

7.50 338 19 318 21 2 77 20 
8.00 338 19 317 22 275 22 
8.50 337 20 316 23 2 75 22 
9.00 336 21 315 24 274 23 
9.50 335 22 314 25 273 24 
10. 00 335 22 31^ 25 273 24 
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TABLE XVII.—Calculation of St N-Ag+ Formation Constant 
in DMSO 

V 
m 

(Et3N) X X1 

5 5 x 10"3 1.215 4.3 x 101 

10 11.8 " 1.476 4.0 " 
15 18.5 " 1.79^ 4.3 " 
20 26.2 " 2.180 4.5 " 

Average of four values: 4.3 x 10?" 
= 4.3 x  10 

Since there is no variation in X^, only one complex is 

formed. 
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Figure 22: Effect of added Et„N on silver(l) ion con
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TABLE XVIII.--Potentiometric Titration of Silver Nitrate 
Solutions with QUIN in DMSO 

Cone. QUIN--0.1000 M Temperature--25.0 + 0.2°C. 
Initial volume--20.0 ml. Ionic strength—0.10 

Readings in millivolts 

ml. 0.010 M AgN03 0.0050 M AgNO^ 0.0010 H AgNOj 

0. 00 357 _ _  339 297 — 

0.50 353 J* 332 7 289 8 
1.00 3k8 9 328 11 281+ 13 
1.50 3kk  13 322 17 279 18 
2.00 3k l  16 319 20 27k 23 

2.50 337 20 315 2k 270 27 
3.00 33k 23 312 27 267 30 
3.50 330 27 308 31 261+ 33 
*+.00 327 30 305 3k 260 37 
1+.5 0 32if- • 33 302 37 257 1+0 

5. 00 322 35 299 ho 251+ ^3 
5-50 319 38 296 1+3 251 1+6 
6. 00 316 Ul 29I+ 1+5 21+9 1+8 
6.50 314 ^3 292 1+7 21+7 50 
7.00 312 ^5 290 1+9 21+5 52 

7.50 310 ^7 288 51 21+3 51+ 
3. 00 308 i+9 285 5k 21+1 56 
8.50 306 51 283 56 239 58 
9.00 301+ 53 282 57 237 60 
9.5 0 303 54 280 59 235 62 
10.00 301 56 279 60 23I+ 63 
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TABLE XIX.—Calculation of QUIN-Ag+ Formation Constants 
in DMSO 

E 
m 

(QUIN) X xl X 2  

10 3.0 x io"3 1.476 159 1.3 x 10^ 
15 5.3 " 1.794 150 5.5 x 10J 

20 7.4 " 2.180 159 5.1 I f  

25 9.5 " 2.649 174 5.5 i r  

30 12.7 " 3.218 175 4.3 r r  

35 15.3 " 3.910 190 4.5 11 

4o 17.7 " 4.751 212 5.1 r r  

^5 20.3 " 5.773 235 5.6 1!  

50 24. 0 " 7.015 251 5.^ t l  

55 27.0 " 3.523 2 79 5.9 r r  

From the intercept found in Figure 

f3 ̂  x 10^; estimated error,+0.1 x 10^ 

From the average of nine X^ values: 

= 5.2 x 10*^; standard deviation, s = 5 x 10^ 

K 0  = 4.3 x  101 
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TABLE XX.--Potentiometric Titration of Silver Nitrate 
Solutions with TEDA. in DMSO 

Cone. TEDA--0.1001 M Temperature--25.0 + 0.2°C. 
Initial volume--20.0 ml. Ionic strength--0.10 

Readings in millivolts 

ml. 0.010 M AgN0„ 0.0 050 M AgNO 0.0 0 25 M AgNO 
rED A. - — -

EE EE EE m m m 

0 .00 354 — 33S — 320 — 

o .50 351 3 330 312 8 
1. 00 347 7 323 10 303 12 
1.50 344 10 324 14 304 16 
2.00 341 13 322 16 300 20 

2.50 333 IS 319 19 297 23 
3. oo 335 19 314 2k 294 26 
3.50 332 22 3H 27 290 30 
4. 00 330 24 309 29 287 33 
4.50 328 26 306 32 285 35 

5.00 325 29 303 35 283 37 
5.50 323 31 301 37 281 39 
6.00 321 ̂  33 299 39 279 41 
6.50 319 • 35 297 4l 2 77 43 
7.00 317 37 2 95 43 2 75 45 

7.50 315 39 293 45 273 47 
8 .00 313 4l 291 117 271 49 
3.50 311 1*3 289 I19 269 51 
9.00 309 45 288 50 268 52 
9.50 308 4-6 285 53 266 54 
10 . 00 306 48 284 5^ 264 56 
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TABLE XXI.--Calculation of TEDA-Ag+ Formation Constants in 
DMSO 

E m 
(TEDA) X X1 x2 

10 2.3 X 10"3 1.476 20 7 5.8 x 103 

15 5.2 " 1.794 153 3.6 " 
20 7.2 2.180 151 3.6 " 

25 10.3 " 2.649 160 3.9 " 
30 12.8 " 3.218 173 3.9 " 
35 15.8 " 3.910 184 3.3 " 

40 19.8 " 4.751 189 3.7 " 
45 23.0 " 5.773 208 3.7 " 
50 27.O " 7.015 223 3.7 " 

From the intercept found in Figure 

(3̂  = = 1.2 x 10̂ ; estimated error, + 1 x 101 

The average of eight Xg values gives: 

(3̂  ~ 3'7 x 103; standard deviation, s = 1 x 10̂  

K2 = 3.0 x 101 
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TABLE XXII.--Potentiometric Titration of Silver Nitrate 
Solutions with TMEN in DMSO 

Cone. TMEN--0.1001 M Temperature—25.0 + 0.2°C. 
Initial volume—20.0 ml. Ionic strength—0.10 

Readings in millivolts 

ml. 0.020 M AgN0„ 0.010 M AgN0~ 0.0050 M AgNO. 
TMEN * •» * 

E EE E E_ 
m m m 

0.00 376 357 - - 339 — 

0.50 371 5 3^9 8 328 9 
1.00 367 9 342 15 314 25 
1.50 363 13 334 23 300 39 
2.00 359 17 325 32 281 58 

2.50 353 23 318 39 262 77 
3.00 350 26 308 49 246 93 
3.50 346 30 295 62 234 105 
4.00 342 34 284 73 222 117 
4.50 33 6 40 270 87 213 126 

5.00 330 46 2 57 100 206 133 
5.50 324 52 247 110 199 140 
6.00 319 57 238 119 192 147 
6.50 311 65 231 126 187 152 
7.00 303 73 223 134 183 156 

7 .50 294 82 218 139 179 160 
8.00 287 89 212 145 175 164 
8.50 2 79 97 208 149 172 167 
9.00 271 105 203 154 169 170 
9.50 262 114 199 158 166 173 
10.00 255 121 194 163 163 176 



150 

TABLE XXIII.—Calculation of TMEN—Ag + Formation Constants 
in DMSO 

Em Log X n 1_ TMEN X X.. X0 m — l z 
n 

10 0.17 0.20 5.00 1.6 x 
_4* 

10 . 1.48 3.0xl03 1.9x10 
20 0.34 0.45 2.22 4.0 11 * 

* 2.18 2.9 t i  7.3x10 
30 0.51 0.76 1.32 8.4 I t  *  

_ O *  3.22 2.6 n 3.1 " 
40 0.68 1.04 0.96 1.3 x 10 3* 4.75 2.8 11 2.1 " 

50 0.85 1 .18 0.85 2.0 » * 7.02 3.0  i t  1.5 " 
60 1.02 1.3^ 0.75 2.5 I I  *  10.36 3.7 11 1.5 " 
70 1.18 1.46 0.68 3.7 I I  15.29 1.0 " 
80 1.35 1.57 0.64 4.3 i t  22.57 1.2 " 

90 1.52 1.64 0.61 5.5 t i  33.33 6.1 11 1.1 " 
100 1.69 1.73 0.58 6.3 1!  49.21 1.2 " 
110 1.86 1.74 0.57 8.2 t t  72.66 1.1 " 
120 2.03 1.7^ 0.57 10.0 11 107.3 1.1 " 

130 2.20 1.76 0.57 11.8 t t  158.4 1.1 " 
140 2.37 1.96 0.51 13.0 11 233.8 1.4 " 
150 2.51* 2.03 0.49 15.8 i t  345.2 1.4 " 
160 2.71 1.85 0.54 20.0  i r  509.7 1.3 " 

* These values determined using the Log X vs. l/n plot 
(Figure 32). 

From the intercept found in Figure 33: 

P 1  = K 1  m 2.4 x 103 

The average of 12 values gives: 

= 1.2 x 10^; standard deviation, s = 2 x 10^ 

K2 - 5.0 X 102 
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TABLE XXIV.-Pressure-Composition Isotherm for Copper(II) 
Chloride and TMEN at 25°C. 

Mole Ratio Pressure 
TMBN/CUC19 (Torr) 

h.56 18 
3 .53  17  
2 .93  16  
2 .35  15  

1 .78  15  
1.12 lb 
0 .99  9  
0 .96  0  
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TABLE XXV.—Reflectance Spectra of Copper(II) Chloride— 
TEDA Complexes 

Readings in Absorbance Units 

HTEDA+CuClyTEDA CuClg'TEDA 

milli- milli
microns Absorbance microns Absorbance 

300 
310 
320 
330 
340  

350  
360 
370  
380  
390  

4oo  
410 
420  
430 
440  

450 
46o  
470  
480  
490  

500 
510  
520 
530  
540  

550  
560  
570  
58  0  
590  

600  
615  
625  
630  
645  
660 
675  

1 .03  
1 .30  
1 .50  
1 .65  
1 .55  

1 .52  
1 .46  
1 .42  
1 .40  
1 .38  

1 .36  
1 .37  
1 .33  
1 .32  
1 .26  

1 .23  
1 .17  
1 .08  
o .965  
0 .820  

0 . 6 7 0  
0 .550  
0 .435  
0 .350  
0 .282 

0.232 
0.182 
0.162 
0.138 
0 .119  

0.108 
0.108 
0.116 
0.120 
0 .145  
0.180 
0 .242  

320  1 .60  
330  1 .60  
340  1 .7  
350  1 .7  
360  1 .7  

370  1 .7  
380  1 .7  
390  I . 65  
400  1 .65  
410  1 .65  

420  1 .65  
430  1 .60  
440  1 .60  
450  1 .55  
460  1 .50  

470  1 .42  
480  1 .33  
490  1 .23  
500  1 .20  
510  1 .05  

520  O. 96  
530  0 .880  
540  
550  0 .730  
560  0 .635  

570  0 . 568  
580  0 .512  
590  0 .465  
600  0 .450  
625  0 .540  

650  0 .710  
675  0 .89  
700  1 .02  
725  1 .13  
750  '  1 .18  
775  i . 25  
800  1 .30  
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TABLE XXVI.—Darkening of Et3N-Cu(NO )2 Solutions in DMSO 
(Absorbances read at 560  millimicrons) 

Cone. Cone. Hours 
Et^N Cu(N03)2 Aged Absorbance 

0.0070 M 0.0030 M 0 0.07 
3 0.19 
6  0.22 
18 0.29 
2k 0.33 
19 7 0 .52  

0.0200 M 0.0100 M 0 0.13 
k 0.**2 
6 0.46 

18  0.61 
25 0.58 
38 0.66 
72 0 .76  

96 0.81 
225 0.95 
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TABLE XXVII.—Job's Method Studies of the Et N-Cu(N0.J2 
System in DMSO 

(Combined Molarity of Cu(II) and Et^N: 0.010) 

X* Read Immediately After Mixing Aged Six Hours 
375 m LL 1*00 m U 14,00 mJU, 
A A A A flA A A A 

0.0 0.29 0.00 0.04 0.00 0.15 0.00 
0.1 0.50 0.24 0.15 0.11 0.21 0.08 
0.2 0.45 0.22 0.14 0.11 0.36 0.24 
0.3 0.45 0.25 0 .15  0.12 0.54 0.49 

0.4 0.47 0 .29  0.20 0.18 0 .67  0.6l 
0.5 0.46 0. 31  0 . 2 5  0 .23  0.86 0.78 
0.6 0.42 0.30 0.24 0.22 0.98 0.92 

0.7 0.47 0 .38  0.28 0 .27  0.98 0.93 
0.8 0.38 0.32 0 .25  0.24 0.80 0.77 
0.9 0.22 0.19 0.15 0.14 0.44 0.42 
1.0 0.00 0.00 0.00 0.00 0.00 0.00 

*.X - (Et^N) 

(Et^N) + (Cu(N0 3 ) 2 )  
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TABLE XXVIII.—Darkening of QUIN-CufNO^Jg Solutions in DMSO 

(Solution 0.0070 M QUIN, 0.0030 M Cu(Il): 
Absorbance Read at 500 millimicrons) 

Hours Aged Absorbance 

0  0 . 1 7  
3 0.39 
6 0. 42 

18 0.51 
24 0.54 
197 0.66 

TABLE XXIX.—Job's Method Studies of the QUIN-Cu(N0„)2 
System in DMSO 

(Combined Molarity of Cu(II) and QUIN: 0.010) 

^ Read Immediately after Mixing Aged 17 Hours 
X 375 mix 400 mil 400 mLl 

A Aa A AA A £A 

0.0 0.35 0.00 0.04 0.00 0.22 0.00 
0 . 1  0 . 6 0  0 . 2 9  0.24 0 . 2 0  0.31 0.11 
0.2 0.84 0 . 5 6  0.43 0.40 0.57 0.39 
0.3 1.21 0 . 9 8  0.72 0 . 6 9  0 . 8 7  0 . 8 0  

0.4 1.50 1 . 2 9  0.95 0 . 9 3  1 . 1 5  1.02 
0 . 5  1.62 1.44 1 . 0 5  1 . 0 3  1.44 1.33 
0 . 6  1.65 1 - 5 1  1.10 1.08 1 . 7 8  1.69 

0 . 7  1.87 1 . 7 6  1.30 1 . 2 9  1.80 1.73 
0.8 1.56 1.49 1.11 1.10 1.28 1.24 
0 . 9  0.89 0 . 8 5  0.63 0 . 6 3  0.58 0.56 
1.0. 0.00 0.00 0.00 0.00 0.00 0.00 

* X = (QUIN) 

(QUIN) + (Cu(N03)2) 
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TABLE XXX.—Job's Method Studies of the TMEN-Cu(N0^)2 System 
in DMSO * 

(Combined Molarity of Cu(II) and TMEN: 0.010) 

Wavelength (millimicrons) Absorbance Read at: 

X* 650 700 750 
A AA A AA A AA 

0.0 0.04 0.00 0.12 0.00 0.25 0.00 
0.1 0.17 0.13 0.25 0.14 0.34 0.12 
0.2 0.22 0.19 0.28 0.18 0.33 0.13 
0.3 0.32 0.29 '0.36 0.28 0.3 6 0.18 

0.4 0.37 0.35 0.41 0.34 0.38 0.23 
0.5 0.45 0.43 0.47 0.4l 0.40 0.2 7 
0.6 0.37 0.35 0.38 0.33 0.31 0.21 

0.7 0.29 0.28 0.29 0.25 0.23 0.15 
0.8 0.19 0.18 0.19 0.17 0.15 0.10 
0.9 o.i4 0.l4 0.13 0.12 0.10 0.07 
1.0 0.00 0.00 0.00 0.00 0.00 0.00 

(TMEN) 
(TMEN) + (Cu(N0^)2) 
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TABLE XXI.--Job's Method Studies of the TEDA-Cu(N0„)2 System 
in DMSO J 

(Combined Molarity of Cu(ll) and TEDA: 0.0175; 
Absorbance Read at k50 millimicrons) 

*  a  X Absorbance AAbsorbance 

0 . 0  0 . 0 0  0 . 0 0  
0.1 0.57 0.57 
0 . 2  1 . 0 2  1 . 0 2  
0.3 1.^5 1.^5 

0. if 1.66 1.66 
0.5 1.79 1.79 
0.6 1.75 1.75 

— ' v 

0.7 1.57 1.57 
0.8 1.17 1.17 
0 .9  0 .56  0 .56  
1 .0  0 .00  0 .00  

X* =» (TEDA) 
(TEDA) + (Cu(N03)2) 

% 
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TABLE XXXII.—Job's Method Studies of the Et N-Cu(B5V) 2  

System in DMSO 

(Combined 

X 

Molarity: .020, Wavelength: 
Absorbance 

450 millimicrons) 
AAbsorbance 

0.0 0.02 0.00 
0.1 0.13 0.11 
0.2 0.15 0.13 
0.3 0.18 0.17 

0.4 0.20 0.19 
0.5 0.25 0.24 
0.6 0.29 0.28 

0.7 0.31 0.30 
0.8 0.35 0.35 
0.9 0.2 7 0.27 
1.0 0.00 0.00 

X = (Et^N) 

(Et^N) + (Cu) 

TABLE XXXIII.—Job's Method Study of the QUIN-Cu(BFh) 2  

System in DMSO 

(Combined Molarity: 0.020, Wavelength: 425 millimicrons) 

X Absorbance AAbsorbance 

0 . 0  0 . 0 6  0 . 0 0  
0.1 0.29 0.24 
0.2 0.49 0.44 
0.3 0.74 0.70 

0.4 0.92 0.88 
0.5 1.07 1.04 
0 . 6  1 . 2 1  1 . 1 9  

0.7 1.22 1.19 
0.8 0.98 0.96 
0.9 0.65 0.64 
1.0 0.00 0.00 

X = (QUIN) 

(QUIN) + (Cu++) 
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TABLE XXXIII-A,--Absorbance of Copper(II) Fluoborate 
Solutions in the Presence 

of Excess Amine 

Wavelength 700 mu, 
Absorptivities: Cu(Il) solution a = 13 

Cu(ll) -Et_N complex, a • 58 
Cu(II) -QUIN complex, a = 59 
Cu(II) -TEDA complex, a = 64 

Molarity Copper(II): 0 .0202 M 

Molarity Amine Absorbance B0calc 
Et^N Q.UIN TED A 

/ 

.02 0.52 0 

.04 0.69 2.1 x 103 

.06 0.83 1.5 •3 

.08 0.93 1.6 x 10* 
.02 0.66 1.1 x 104 . 04 .99 4.0 x 10^ 
.05 1.06 2.9 i i  

-- .06 — 1.10 2.0 i i  i ,  
. 02 .63 2.4 x 10? 
.04 .87 6.4 x 1 01 .06 .91 1.6 x 1 03 - .08 1.11 2.6 x 103 
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TABLE XXXIV.—Reflectance Spectra of Cobalt(II) Chloride-
Amine Complexes 

Reading in Absorbance Units 

Wave
length 
(milli
microns ) 

Absorbance 

CoClg* CoClo* 
2 QUIN 3TEDA 

Wave
length 
(milli
microns) 

CoCl2. 
2QUIN 

CoCl2 
3TEDA 

330 0.508 0.470 580 1.23 1.06 
340 0.522 0.345 590 1.30 1.08 
350 0.532 0.280 600 1.32 1.12 
360 0.536 0.253 610 — 1.14 
370 0.542 0.246 620 1.15 

380 0.538 0.228 625 1.37 
390 0.53^ 0.217 630 1.08 
4oo 0.212 640 —  — - 0.90 
410 0.522 0.212 650 1.17 0.70 
420 0.193 660 1.08 0.564 

670 O.388 
430 0.495 0.180 
44 0 0.160 675 0.785 
450 0.468 0.161 680 0.725 0.275 
460 0.468 0.193 690 0.608 0.186 
470 0.485 0.215 700 0.495 0.140 

710 0.387 0.113 
48o 0.472 0. 221 
490 0.472 0.221 720 0.325 0.106 
500 0.542 0.315 730 0.295 0.098 
510 0.652 0.400 740 0.292 0.097 
520 0.739 0.450 750 0.283 0.097 0.739 0.450 

760 0.0287 0.102 
530 0.858 0.550 

0.106 540 1.05 0.692 770 0.291 0.106 
55 0 1.16 0*. 85 780 0.296 0.113 
560 1.20 0.95 790 0.305 0.124 
570 1.22 I.05 800 0.31^ 0.138 
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TABLE XXXV.—Visible and UV Spectrum of 0.05 M Solution 
of Co(NO^)g in DMS0 

Wavelength 
(Millimicrons) Absorbance 

280 0.22 
290 0.10 
300 0.30 
310 0.1*4 
320 0.4-2 
330 0.23 
340 0.04 
350 0.00 

375 0.00 
400 0.00 
425 0.01 
450 0.05 
475 0.24 
500 0.40 

525 0.59 
540 0.64 
550 0.60 
575 0.35 
600 o.ll 
625 0.06 
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TABLE XXXVI.—Job's Method Studies of the TMEN-Co(NCU)2 
System in DMSO 

(Combined Molarity of Co(ll) and TMEN: 0.10 M) 

+ 310 millimicrons 539 millimicrons 
X Absorbance AAbsorbance Absorbance AAbsorbance 

0.0 1.07 0.00 1.26 0.00 
0.1 1.14 0.16 1.12 -0.01 
0.2 1.17 0.30 1.04 0.03 
0.3 1.17 0.41 0.96 .08 

0.4 1.16 0.50 0.83 0.08 
0.5 1.11 0.56 O.76 0.13 
0.6 0.95 0.51 0.61 0.11 

0.7 0.68 0.35 0.45 0.07 
0.8 0.47 0.25 0.33 0.08 
0.9 0.31 0.20 0.22 0.09 
1.0 0.00 0.00 0.00 0.00 

* X - (TMEN) 
(TMEN) + (Co(N03)2) 



APPENDIX II 

Potentiometric Measurements of Copper(II) Concentration 
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The silver wire electrode was found to respond lin

early to the concentration of free copper(II) ion in DMSO 

solutions. A plot of the logarithm of the free copper(II) 

concentration against, the potential (Table A-l), using the 

cell and reference electrode described previously, gave a 

straight line with a slope of ^5 millivolts per leg concen

tration unit. This differs from the theoretical slope of 

59 millivolts for a one electron change or 29.5 millivolts 

for a two electron change predicted for a reversible elec

trode at 25°. Further indications of the lack of reversi

bility included a slow response time and a noticeable effect 

due to stirring. Although this indicates that a second re

action was taking place, it was hoped that formation con

stants derived using this system would give an indication 

of the complexing ability of the amines tested. 

Although reasonable values were obtained for both 

Et^N and QUIN systems, addition to TEDA to a copper(II) 

nitrate solution caused an apparent increase in the copper(II) 

concentration as indicated by the potential. Measurements 

in the Et^N and QUIN systems were complicated and limited 

by the reduction of copper(II) in solutions containing a 

large excess of amine. 

Attempts to use a copper electrode or copper-plated 

platinum or silver wires were unsuccessful, since it was 

found that the copper dissolved from the wires when placed 

into DMSO. 
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a. Copper(II) Nitrate--Et^N: Twenty ml. portions 

of DMSO solutions of copper(II) nitrate (0.0250, 0.0100 and 

0.00250 M) were titrated with a 0.100 M solution of Et^N in 

DMSO. All solutions had been adjusted to an ionic strength 

of 0.10 with sodium nitrate. The concentration of the cop

per ion was followed potentiometrically. The formation 

constants of the system were calculated as described in 

Section VI-B-2. The original data for the graphs necessary 

for calculation of the formation constants are shown in 

Tables A-II and A-III, and Figures A-2, A-3 and A-4. The 

first formation constant was found to be 28. The second 

formation constant (k2^ appeared to be approximately 80. 

Measurements were made at low amine/copper(II) ratios 

only, to avoid reduction of the copper(II), so any possible 

higher complexes were not observed. 

b. Copper(II) Nitrate--QUIN: Solutions of cop

per (II) nitrate in DMSO were titrated with a solution 

0.100 M in QUIN in DMSO at an ionic strength of 0.10 exact

ly as described in the previous section. The original data 

are found in Table A-II and A-IV. The stepwise formation 

constants for the first and second complexes were found 

1 2 
to be about 1.5 x 10 and 2.8 x 10 respectively. 
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TABLE A-I:--Response of the Silver Electrode to Copper(ll) 
Concentration 

Molarity of 
Cu(II) Solution Log (Cu(II)) 

Potential Read 
(Millivolts) 

2.1 x 10 1.68 255 
1.2 " „ 1.92 Zbb 
9.3 X 10~-> 2.03 2ho 
6.3 " 2.20 Z3h 

4.8 " 2.32 229 
" 2.1+7 222 

2.0 " 2.70 212 
1.3 " 2.89 201 

7.9 x 10 3.10 183 
3.3 " 3.^8 158 
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TABLE A-II:—Potentiometric Titration of Copper(II) Nitrate 
Solutions with Et^N in DMSO 

Cone. Et~N--0.1006 M .. Temperature--25. 0 + 0.2°C. 
Initial volume--20.0 ml. Ionic Strength—0.10 

Readings in millivolts 

ml. 0.025 M Cu(NO-)0 0.010 M Cu(N0-)o 0.0025 M Cu(N0o)« 
et w —2-£ _JL£ —«L_£ 

0.00 246 — 235 - - 214 — 

0.50 245 1 23U 1 212 2 
1.00 243 3 232 3 211 3 
2.00 , 241 5 229 6 207 7 
3.00 238 8 228 7 204 ^ 10 

J*.00 — — _ — 226 9 199 15 
4.50 234 12 a m* — mm — 

5.00 — — 223 12 — — 

6.00 232 14 221 14 193 21 
7.00 — — 218 17 191 23 

7.50 229 17 _ _ M Mi 

8.00 mm - - 215 20 188* 26 
9.00 228 18 213 22 . — —  -

10.00 227 19 212 23 •m mm 

* Reduction of copper(II) became significant at this point. 

A duplicate titration of the 0.010 M Cu(ll) solution gave 
E^ values an average of 1 mv different than those found 
originally, with a maximum range of 2 millivolts difference. 
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TABLE AtIII:--Calculation of Et-N-Cu(II) Formation Constants 
J in DMSO 

E 
m 

(Et3N) X X1 

3 if. 5 X 10"3 1.24 40 
6 9 " 1.5^ 51 
9 12 " 1.91 60 

12 15 " 2.37 81 
15 19 " 2.3b 102 
18 21 " 3.65 129 

/^l" Ki = 3 x 101; estimated error 1 x 101 

{3 2- 2 x 103; K2 » 7 i 101 
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TABLE A-IV:—Potentiometric Titration of Copper(II) Nitrate 
Solutions with QUIN in DMSO 

Cone. QUIN—o. 0999 M Temperature 25.0 + 0 .2°C.  
Initial volume—20.0 ml. Ionic Strength—o7l0 

Readings in millivolts 

ml. 0.025 M Cu(N0„) 2  0.015 M Cu(N0„) 2  0.010 M Cu(N0„) 2  
OUIN 1 ?  r  
y U  E E EE EE m m m 

0.00 2 U-7 — 239 — 234 — 

0.50 2U7 0 239 0 231* 0 
1.00 2if6 1 239 0 233 1 
2.00 2^5 2 237 2 230 k 

3.00 3 23^ 5 226 8 
4.00 zbz 5 232 7 222 12 
5.00 zbo 7 229 10 217 17 
6.00 238 9 22k 15 212 22 

7.00 236 11 220 19 _ _ 

8.00 234 13 217 22 - -

9.00 232 15 213 26 — 

10.00 231 16 208 31 — 

At the higher amine/Cu(Il) ratios, the potential 
drops 5 to 10 millivolts in 30 minutes. 
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TABLE A-V:--Calculation of QUIN-Cu(II) Formation Constants 
in DMSO 

£ m (QUIN) X X1 

3 6 x 10~3 1.18 29 
6 9.5 " 1.39 41 
9 13 " 1.6U ^9 
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