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Nickel(II), Copper(II), and Zinc(I1) Complexes Containing Nine- through 
Twelve-Membered Cyclic Triamine Ligands 
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The acidity constants of three cyclic triamines, 1,4,7-triazacyclodecane ([ 10]aneN3), 1,4,8-triazacycloundecane ([ 1 l]aneN3), 
and 1,5,9-triazacyclododecane ([12]aneN3), were measured at  25 O C  in aqueous 0.1 F KN03. The formation constants 
of each of these amines with Ni(II), Cu(II), and Zn(I1) were obtained as well as the hydrolysis equilibrium constants for 
several of the complexes. The results indicate that these complexes are generally more stable than those with the corresponding 
linear or branched triamine ligands. The stability of the cyclic triamines varies inversely with ligand ring size. The electronic 
spectra of Ni[x]aneN3*+ (x = 9, 10, 11, 12) are presented and trends in the ligand field parameter (04) and nephelauxetic 
ratio (@) for these complexes are discussed. The compounds [Ni[ 12]aneN,(OH)(H20)2]C10, and [Cu( [ 1 l]aneN&J- 
(N03)2.H20 were synthesized and isolated. Electronic and infrared spectra are presented along with magnetic susceptibility 
data. 

Introduction 
The series of cyclic triamines shown in Figure 1 presents 

a nearly ideal system to study the properties of metal com- 
plexes which contain ligands with similar coordinative 
tendencies yet which progressively distort the stereochemical 
environment of the metal. Although the synthesis of [12]- 
aneN3 was published in 1966,’ few studies of metal complexes 
containing cyclic triamines were reported prior to 1972., Since 
that time, several investigations of metal complexes of cyclic 
triamines have appeared in the literature3-’* and it is likely 
that interest in these and similar cyclic compounds where one 
or more nitrogens are replaced by other heteroatoms will 
continue to grow. 

The extra stability of [9]aneN3 complexes has been well 
documentedM and our preliminary work5 with the remaining 
congeners suggested that these cyclic amines behave similarly. 
In this work the preliminary study has been refined and 
considerably extended, and we show that this entire series of 
cyclic amines forms complexes which are generally several 
orders of magnitude more stable than those which contain 
corresponding linear and branched triamines. Trends in acid 
dissociation among the ligands as well as complex stability in 
relation to ligand ring size are also presented and discussed. 

Another interesting aspect of cyclic triamine chemistry is 
the spectroscopic behavior of the complexes. In particular, 
the bis nickel(I1) complexes show a wide range of values for 
the ligand field parameter (Dq).  As with the macrocyclic 
complexes of saturated tetraamine~,’~ those complexes con- 
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taining the smaller ring ligands have the largest values of Dq. 
On the basis of an octahedral model, the values of Dq for 
Ni( [9]aneN3),,+ and Ni( [ 10]aneN3)22+ are among the largest 
reported for any alkyl amine^.^,' We now report the electronic 
spectra of the mono nickel(I1) complexes of the triamines. 
Both Dq and @ (the nephelauxetic ratio) are calculated for 
these complexes and based upon these values certain aspects 
of their structure and bonding are discussed. 

The synthesis and characterization of two new complexes, 
[ Ni [ 1 21 aneN3( OH) (H,O),] C104 and [ Cu( [ 1 1 ] aneN,),] - 
(N03),.H20 are also described. 
Experimental Section 

Materials. All reagents and solvents used were reagent grade and 
were used without further purification. Solutions of nickel(II), 
copper(II), and zinc(I1) as the nitrates were standardized by com- 
plexometric  technique^.'^ The cyclic triamines were all synthesized 
using Richmann’s modificationi5 of the method of Koyama and 
Y o ~ h i n o . ~  The trihydrochloride salts of the amines were prepared 
in nearly quantitative yield from the trihydrobromide salts: Analyses, 
N M R  spectral data, and melting points of these salts are given in 
Table I. 

Metal Complexes. The complexes of [9]aneN3 and [ 10]aneN3 were 
prepared as the nitrate and/or perchlorate salts by methods previously 
d e s ~ r i b e d . ~ . ~  

[ C ~ ( [ l l ] a n e N ~ ) ~ ] ( N 0 ~ ) ~ “ ~ 0 .  To an ethanolic (1 5 mL) slurry of 
120 mg of [ l  l]aneN3.3HC1(0.450 mmol) was added 76 mg of KOH 
(1.4 mmol), and the solution was then heated at  60 “C for 15-20 min. 
After being cooled, the solution was filtered into 10 mL of an ethanolic 
solution containing 54.4 mg of C U ( N O ~ ) ~ . ~ H , O  (0.225 mmol). Blue 
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Table I 

Leverett J. Zompa 

% C  %H % N  % c1 
compd mp, "C calcd found calcd found calcd found calcd found NMR G(Me,Si) D,O 

~~ ~ 

[ lo]  aneN3.3HC1 (C,H,,N,Cl,) 239 dec 32.32 33.12 7.99 7.80 16.65 16.19 42.04 41.41 3.90 (t, 4H, H,(trimethylene)) 
3.85 (s, 8H, H(ethy1ene) 
2.60 (m, 2H, Hp(trimethy1ene) 

[1l]aneN3.3HC1 (C,H,,N,Cl,) 243 dec 36.03 36.02 8.32 8.51 15.76 15.46 39.89 39.56 3.94 (s, 4H, H(ethy1ene) 
3.88 (t. 8H, HAtrimethyleneN 
2.66 (m, 4H, g'(trimethy1ene)) 

[12] aneN3.3HC1 (C,H,,N,Cl,) 260 dec 38.51 38.41 8.62 8.95 14.97 14.89 37.90 38.01 3.89 (t, 12H, &(trimethylene)) 
2.75 (m, 6H, Hp(trimethy1ene)) 

H 

Figure 1. Cyclic triamine structures: I = m = n = 2, 1,4,7-tria- 
zacyclononane ([9]aneN3); I = m = 2 and n = 3, 1,4,7-triazacy- 
clodecane ([10]aneN3); I = 2 and m = n = 3, 1,4,8-triazacyclodecane 
([ll]aneN3); 1 = m = n = 3, 1,5,9-triazacyclododecane ([12]aneN3). 

crystals of the complex formed after partial evaporation of the solvent. 
Anal. Calcd for C16H40N807C~: C, 36.95; H, 7.75; N, 21.55. 

Found: C, 37.16; H, 7.39; N,  21.73. Magnetic moment: keff = 1.75 
/.Q at 20 "C. 

The free amine [ 12]aneN3 
employed for this synthesis was prepared by neutralization of an 
aqueous solution of [ 12]aneN3.3HC1 with sodium hydroxide solution 
followed by extraction of the amine with ether, drying of the solution 
(Na2S04), and evaporation of the solvent. To a solution containing 
1.000 g (5.78 mmol) of [12]aneN3 in 20 mL of ethanol was added 
an ethanolic solution (20 mL) containing 0.705 g (1.93 mmol) of 
nickel(I1) perchlorate hexahydrate. The solution was refluxed for 
15 min and then filtered while hot to remove a blue-green powder. 
The filtrate was cooled and upon standing several days in a sealed 
flask, blue crystals were formed. Filtration yielded 0.35 g of the blue 
solid which was dried in vacuo at 60 "C. Analysis consistently 
indicated an approximate composition of [Ni( [ 12]aneN3)2].xH20 (x 
= 2-4) (see Results). This material was then dissolved in a minimum 
of hot water and the pH adjusted to ca. 8 by addition of sodium 
bicarbonate solution (1 F). Sodium perchlorate solution (1 F) was 
then added to the hot solution to produce a blue crystalline solid. Upon 
cooling the mixture, more crystals formed which were of suitable size 
for X-ray diffraction studies. The solid was then dried in vacuo at 
60 "C. 

Anal. Calcd for C9H26N307ClNi: C, 28.26; H, 6.85; N, 10.99; 
C1, 9.27. Found: C, 28.00; H, 6.29; N, 10.22; C1, 9.39. X-ray 
molecular weight: calcd, 383; found, 394. Magnetic moment: perf 
= 3.20 I .~B at 20 "C. 

Spectroscopic and Magnetic Measurements. Spectra of solutions 
and solids were obtained with a Cary Model 14 recording spectro- 
photometer. Diffuse transmittance spectra were obtained on Nujol 
mulls of the solids. Infrared spectra were recorded on a Perkin-Elmer 
137 spectrophotometer employing KBr disks and/or Nujol mulls 
containing the sample. The NMR spectra were recorded with a Varian 
A-60 or Perkin-Elmer R-24 spectrometer using D 2 0  solvent, and the 
chemical shifts are relative to Me4Si (external capillary). 

Magnetic susceptibilities were measured by the Faraday method 
a t  20 "C on a Cahn Model 7600 system. The instrument was 
calibrated using H ~ ( C O ( N C S ) ~ ) ~ .  

Potentiometric Titrations. An Orion 801 pH meter was used in 
combination with Beckman glass and calomel electrodes. Calibration 
of the meter-electrode system was previously described.6 The titrant 
was added by a Radiometer ABU12 Autoburet. All measurements 
were done at  25 "C in 0.1 F KN03. 

Solutions of the ligands as the trihydrochloride salts (H3L3+ + 3C1-) 
were prepared and standardized by titration with standard sodium 
hydroxide solution. In general, metal-ligand titrations were performed 
over a tenfold concentration range (1.0 X 10-3-l.0 X lo-* F) with 
equimolar quantities of metal and ligand although in some cases the 

[Ni[12]aneN3(OH)(H20)2]C104. 

metal-ligand ratio was varied. An "out-of-cell" titration procedure 
was used in the nickel(I1)-ligand systems because of the slow es- 
tablishment of equilibrium. Each titration point was obtained from 
a single solution which was prepared by adding equimolar amounts 
of metal and ligand, sufficient solid potassium nitrate for a 0.1 F 
solution, the amount of base required to achieve a specific a value 
(a  equals the moles of base added per mole of ligand present), and 
water to the appropriate volume in a volumetric flask. These solutions 
were stored in sealed containers in a constant-temperature bath (25 
"C) and their pH values were recorded at  biweekly intervals until 
they remained constant. Solutions generally required 3-4 months 
to attain equilibrium and were monitored for up to 1 year in order 
to make certain that no further reaction had occurred. 

Equilibrium constants were calculated from the titration data by 
means of the generalized program S C O G S ~ ~  adapted for a time-sharing 
Control Data Corp. 6600 facility and modified as described previ- 

Because of the very high pKa3 value encountered with these amines, 
the usual technique of meter standardization that employs a buffer 
of known pH did not give good results. Further the nonlinear response 
of the glass electrode in very alkaline solutions precluded the usual 
data analysis. An alternative procedure was employed which essentially 
compared the amine titration with a second blank titration. First, 
the pH-volume data from the potentiometric titration of the amine 
salt with standard base were recorded in the interval from a = 2 to 
a = 3 (this corresponds to the reaction HL' + OH- - L + HzO). 
A second "blank" solution which contained sodium, potassium, and 
nitrate ion concentrations identical with the ligand solution at  a = 
2 was also titrated with the same standard base. Plots of pH vs. volume 
were made, and from the two curves differences in volume at  various 
increments of pH were determined. This volume difference corresponds 
exactly to the amount of HL' titrated. The concentrations of L and 
HL' were calculated at  each increment from 

ously." 

From these the value of pK, is determined. For example, the pKa3 
of [12]aneN3 was determined from 18 points taken from three separate 
titration pairs with solutions ranging in ligand concentrations from 
6 X to 1 X lo-' F. The standard deviation of the acid dissociation 
constant was 0.05 and the data showed statistical scatter throughout 
the range (a  = 2.1-2.9). 

Results 
Potentiometric Titrations. The neutralization titration 

curves of the [x]aneN3.3HC1 (x = 10, 11, 12), as with that 
of the [9]a11eN~-3HCl,~ all show two steep inflections at a = 
1 and 2 corresponding to the loss of two acidic protons from 
the amine salts. The third proton is too weakly acidic for an 
inflection to be observed. With the exception of [12]- 
aneN3.3HC1 the first acid dissociations are those of a strong 
acid. The acid dissociation constants are given in Table 11. 

The copper(I1)-ligand 1: 1 titration curves are shown in 
Figure 2. For [10]aneN3, like [9]aneN3, the complex for- 
mation is measurable throughout the a = 0-3 range. The 
larger ring ligands do not appear to measurably react with 
copper(I1) until the concentration of HL' is appreciable ( a  
> 1). For example, in the copper(I1)-[12]aneN3 equilibrium 
system there is no appreciable reaction between the metal ion 
and H2L2+. Within experimental uncertainty the only complex 
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Table 11. Acidity Constants of the Cyclic Amines in 0.1 F KNO, at 25.0 "C 
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reaction [9] aneN," [ 101 aneN , [ 111 aneN, [ 121 aneN, 

H,L3+ =+ H,Lz+ + H* strong strong strong 2.41 f 0.03 
H,LZ+ ?= HL+ t H+ 6.82 f 0.02 6.59 i 0.02 7.61 i 0.02 7.51 f 0.02 
HL++L + H+ 10.42 i 0.02 12.02 f 0.02 11.96 f 0.02 12.60 f 0.05 

a From ref 6. 

Table 111. Metal Complex Formation Constants in 0.1 F KNOB at 25.0 "C 
reaction [9] aneN," [ 101 aneN, [ 111 aneN, [ 121 aneN, 

c u z +  + L ?= CULZ+ 15.52b 15.48 14.44 12.63 
Cuz+ + L + OH- =+ CuLOH+ 23.17 18.27 
Znz+ + L + ZnLz+ 11.62 11.28 10.41 8.75 
Zn2+ + L + OH- f; ZnLOH+ 16.01 15.04 
Ni2+ + L ?= NiL2+ 16.24 14.58 12.88 10.93 

From ref 6. Standard deviations in calculated constants are k0.08 for Ni complexes and i0.05 or less for all other complexes. 

Figure 2. Titration curves for copper(I1)-ligand (1 : 1) systems: curve 
1, [9]aneN3; curve 2, [10]aneN3; curve 3, [lX]aneN,; curve 4, 
[12]aneN3. Concentration 7 X lo-, F. The arrow indicates precipitate 
formation. 

species detectable in the region a = 0-3 is CuL2+. At a > 3 
hydrolysis of the complexes leads to precipitate formation 
([x]aneN, ( x  = 10, 11)). For the [ 12]aneN3 titration it was 
possible to make equilibrium pH measurements. The pK, 
calculated for the complex Cu[ 12]a11eN,~+ (CuL(H20)?+ a 
CuLOH(H20),-1+ + H+) is 8.14. 

Examination of the data from the zinc(I1)-[x]aneN, (x = 
10, 11, 12) 1:l titrations, Figure 3, shows that there is no 
measurable metal-ligand interaction in the a = 0-1 region and 
that between a = 1 and a = 3 the only detectable complex 
species is ZnLZ+. At a > 3 hydrolysis of the complexes occurs. 
Unlike the zinc(11)-[9]aneN3 equilibrium system these hy- 
drolysis reactions do not lead to the formation of insoluble 
products and pK,s were obtained for ZnL(H20),2+ (pK, = 
8.20 and 7.51 for L = [ll]aneN3 and [12]aneN3, respectively). 
In the case of the zinc(I1)-[ 10]aneN3 complex, the hydrolysis 
reaction likely involves polymeric species, and no attempt to 
study this equilibrium was made. A monoprotic hydrolysis 
reaction occurs in an overlapping equilibrium with complex 
formation in the zinc(I1)-[12]aneN3 1:l system. 

The 1:l nickel(I1)-[x]aneN3 (x = 10, 11, 12) titration 
curves were examined between a = 0.4 and a = 2.7 using the 
out-of-cell technique. The curves appear quite similar to those 
of copper(I1) and as with the copper(I1) and zinc(I1) systems, 
the only detectable complex species in solution at pH values 
where data were collected was NiL2+. 

The metal complex formation constants are given in Table 
111. 

Synthesis and Electron Spectra of the Nickel(I1) and 
Copper(I1) Complexes. The nickel(I1) bis complexes of the 
[lo]- and [ l  l]aneN, were synthesized as the perchlorate salts 

I 2 3 4 5 
a 

Figure 3. Titration curves for zinc(I1)-ligand (1:l) systems: curve 
1, [9]aneN3; curve 2, [lO]aneN,; curve 3, [IlIaneN,; curve 4, 
[12]aneN,. Concentration 7 X F. The arrow indicates precipitate 
formation. 

using the method of Nonayama' and as the nitrate salts using 
methods previously described for the syntheses of [Ni( [9]- 
aneN3)2] (N03)2.H20.6J8 In our attempts to isolate the bis 
nickel(I1) complex of [ 12]aneN3 we obtained blue crystals of 
a compound whose elemental analysis and molecular weight 
agree with the composition [Ni[ 12]aneN3(OH)(H20)2]C104.1g 
Although elemental analyses of material isolated from the 
reaction of the amine with nickel(I1) perchlorate in ethanol 
appeared to indicate that we had also isolated the bis complex, 
the electronic spectrum of the solid appears identical with the 
mono complex. In aqueous solution spectroscopic evidence 
obtained from Job'sz0 plots of solutions containing varying 
amounts of nickel(I1) and [ 12]aneN3 indicates that only the 
1:l complex forms. The solutions used in the spectroscopic 
study were heated to 80 OC until no further change in the 
absorption spectrum occurred (approximately 15 min) before 
readings were recorded. This procedure was necessary because 
of the slow formation of complex at room temperature. 

The compound [Cu([ 1 l]aneN3)2](N03)2.Hz0 was also 
isolated and the electronic spectrum of the solid shows a single 
broad absorption maximum at 16.0 X lo3 cm-'. When the 
complex is dissolved in water, the absorption maximum shifts 
to that of the 1 : 1 compound (1 5.1 X 1 O3 cm-'). Analysis of 
potentiometric titration data in solutions with ligand-to-metal 
ratios as high as 4:l shows no evidence of complexes with 
ligand-to-metal ratio greater than 1 : 1. The magnetic moment 
of the complex measured at 20 OC is 1.75 pB. Our attempts 
to synthesize the bis copper(I1)-[ 12]aneN3 complex as with 
that of nickel(I1) has not met with success. 
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Scheme I. Microscopic Equilibria for H, [x]aneN3,+ 
(x = 10,1= 3, m = n = 2 ; x  = 11, I = 2, m = n = 3) Deprotonation 

Leverett J. Zompa 

Discussion 
Protonation of the Cyclic Amines. The triprotonated cyclic 

amines are strongly acidic, and only in the case of the 
[ 12]aneN3 was it possible to determine the acidity constant 
for the loss of the first proton. The characteristic strong acid 
behavior of these triprotic amines may be explained on the 
basis of positive charge localization. The protonated amine 
functions are forced into close proximity by the cyclic nature 
of the compound and loss of a proton is facilitated. In the 
12-membered ring the protonated amines are separated by the 
largest distance and therefore the H3[ 12]aneN3,+ is least 
acidic. The trend in acidity among the H2L2+ and HL+ species 
is difficult to interpret. Not only are conformational effects 
important, but in the case of the [ 101- and [ 1 l]aneN, several 
microscopic processes involving protonated intermediates of 
different tautometric forms are possible (see Scheme I). Thus 
the use of simple charge-repulsion arguments does not explain 
the reversal of the order of acidities (pKa2) for the [9]- and 
[10]aneN3 and the [11]- and [12]aneN3 (Table 11). 

The loss of the last proton from these amines is worthy of 
comment. Linear and branched triamines (e.g., 2,2-tri, 2,3-tri, 
3,3-tri, tame, ptn, and c-tach)21 have pK,, values in the 
9.5-1 1.7 range22 while the corresponding values for the [lo]-, 
[ 11]-, and [ 12]aneN, show even weaker acidic behavior. We 
feel that the unusually weak acid properties of the mono- 
protonated [lo]-, [113-, and [ 12]aneN, are due to the trapping 
of H30+ by an efficient hydrogen-bonded interaction. Both 
Dreiding and space-filling (CPK) models show that the cavity 
symmetry of [ 12]aneN3, in particular, presents an ideal space 
for a hydrogen-bonded H,O+. As ring size decreases, this 
interaction diminishes and pK,, of the [9]aneN3 falls in the 
expected range for the monoprotic triamines. Arguments 
based upon favorable hydrogen-bonded interactions have been 
suggested to account for the extremely weak acid behavior of 
macrocyclic amines.23 Recent work by Cram and c o - ~ o r k e r s ~ ~  
with Host-Guest alkylamines and macrocyclic polyethers also 
appears to support this hypothesis. 

Metal Complexes. The formation constants of the [9]- 
[ 12]aneN3 series of ligands with nickel(II), copper(II), and 
zinc(I1) are presented in Table 111. For the [lo]-, [ 11]-, and 
[ 121 aneN, complexes the normal (Irving-William~)~~ order 
of stability Cu2+ > Ni2+ > Zn2+ is observed, The reversal of 
this trend, NiZ+ > Cu2+, for the complexes of [9]aneN3 has 
already been discussed.6 It is also shown that the magnitude 
of the formation constant decreases with incresing ligand ring 
size for all metals investigated to date. Stated in a different 

I I 
I 

15 

L 

IO 12 

Figure 4. Trends in the stability of 1:l Ni(II), Cu(II), and Zn(I1) 
complexes of the cyclic amines. Plot of log PML vs. number of atoms 
in ring of ligand ([x]aneN3, x = 9, 10, 11, 12): NIL (X), CuL (O), 
and ZnL (.). 

manner-the greater the number of five-membered chelate 
rings, the more stable the complex. This behavior is atypical 
for most metal complexes since it has been demonstrated that 
the replacement of one five-membered chelate ring by a 
six-membered ring in complexes containing a sequence of 
five-membered rings generally enhances the stability of the 
complex. Apparently the larger ring replacement does not 
relieve strain in the cyclic triamines as it does in other 
complexes (linear, branched, and macrocyclic) due to the 
coordinative environment of the triamines which resembles a 
puckered crown attached to the face of the coordination 
polyhedron of the metal ion. With the exception of the 
copper(I1) complexes of 2,2-tri and 2,3-tri the cyclic ligands 
are more stable than saturated linear and branched triamines. 
The argument6 based upon the weak axial bonding site in 
copper(I1) which was used to explain the stability trend 
C~(2 ,2- t r i )~+ > C~([9]aneN,)~+ may readily be extended to 
include the results obtained from stability comparisons of the 
2,3-tri and [ 10]aneN3 copper(I1) complexes. 

The stability relationships for the systems studied are 
demonstrated by a plot of log PML vs. ligand (Figure 4). For 
those metals studied the greatest stability difference occurs 
between the [ 111- and [ 12]aneN3 complexes. The slope of the 
log pMc curve is nearly constant in the case of the nickel(I1) 
sequence and varies considerably in the copper(I1) and zinc(I1) 
series. These trends undoubtedly reflect the stereochemistry 
of the metal ions. In the case of the copper(I1) 1:l complexes 
similar trends are also observed spectrophotometrically by 
corresponding wavelength shifts of the absorption maxima. 
The 1:l copper(I1) complexes show little change in the ab- 
sorption maximum with [9]- and [lO]aneN, but the maximum 
shifts to progressively lower energy with larger ring ligandss 

If the stability constants of cyclic triamine complexes are 
compared with saturated amine complexes with similar co- 
ordinative environments and chelate ring size, the cyclic ligands 
always form more stable complexes. For example, [ 12]aneN3, 
tame,26 and c-tach2’ form 1:l metal complexes with facial 
tridentate coordination and also form three six-membered 
chelate rings. The [12]aneN3 complexes are more stable 
(Table IV). The greater solution stability of the cyclic 
complexes is further illustrated by comparison of log PML for 
complexes of ptn, a 5-5-6 chelate ring system with facial 
coordination, with those of [10]aneN3, also a 5-5-6 facial 
system. The [ 10]aneN3 complexes are more stable by several 
orders of magnitude. Although thermodynamic data (AH and 
AS) are not available for many of the compounds mentioned 
above, it appears that complexes containing cyclic ligands are 
more stable because these ligands are preoriented to their 
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Table IV. Comparison of Formation Constants for Some Tridentate Amines 
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ligand 

complex [9] aneN,a [ 101 aneN, [ 111 aneN, [ 121 aneN, 2,2-trib 2,3-trib 3,3-trib tameC c-tachd ptne 
NiLz+ 16.2 14.6 12.9 10.9 10.6 11.2 9.2 10.1 9.9 10.1 
CULZ+ 15.5 15.5 14.4 12.6 15.8 16.6 14.2 11.0 10.6 11.0 
ZnLZ+ 11.6 11.3 10.4 8.8 8.8 8.8 7.9 6.6 6.9 6.2 

a R .  Yang and L. J. Zompa,Inorg. Chem., 15,1499 (1976). R. Barbucci, L. Fabbrizzi, and P. Paoletti,Inorg. Chim. Acta, 7 ,157 (1973). 
A. Sabatini and A. Vacca, Coord. Chem Rev., 16, 161 (1975). dR. F. Childers, R.  A. D. Wentworth, and L. J.  Zompa, Inorg. Chem., 10, 

302 (1971). e J. E. Prue and G. Schwarzenbach, Heh. Chin Acta, 33,995 (1950). 

Table V. Electronic Absorption Spectraa and the Ligand Field 
Parameter for Ni([x] aneN3)z2+ Based on an Octahedral 
Model (u .  = 10Da) 

9 12.5 19.8 30.8 1250 
10 12.5 19.5 30.6 1250 
11 11.2 18.0 28.6 1120 

a Absorption maxima are reported in cm-' X lo3 and recorded 
in aqueous solution at 20 'C. 
the u,  band position is best determined from the perchlorate 
salts. 

coordinative environment. It has already been demonstrated 
that a favorable entropy term is principally responsible for the 
exceptional stability of certain tetramine macrocycles2* as well 
as Cu( [9]aneN32+.11J2 Thus, a reduction in configurational 
entropy might account for the greater solution stability of 
complexes containing the cyclic triamines as ligands. If this 
argument is valid, rigid triamines which fix three nitrogens 
in triangular fashion with their nonbonded orbitals in a fa- 
vorable orientation for tridentate coordination, ke., cis-tria- 
zatris-~-hornobenzene,~~ should form metal complexes with 
stabilities of similar magnitude to the cyclic triamines and also 
should show extraordinarily large positive values for their 
entropy of complex formation. 

The hydrolysis of the copper(I1) and zinc(I1) complexes in 
aqueous solution exhibit the expected behavior. In those cases 
where equilibrium constants were determined the magnitude 
of the hydrolysis constants fall into the usual range for loss 
of a proton from water coordinated to copper(I1) and zinc- 
(II).22 For Cu([ 12]aneN3),+ the hydrolysis involves the loss 
of one proton per molecule of complex to form Cu([12]- 
aneN3)0H+ which may dimerize to a compound similar to 
that reported by N ~ n o y a m a . ~  

Several copper(I1) and nickel(I1) complexes of the cyclic 
triamines have been r e p ~ r t e d . ~ ? ~  We have synthesized and 
characterized two additional complexes of importance, 
[Cu([ 1 l]aneN3)2](N03)2.H20 and [Ni([12]aneN3)(OH)- 
(H20)2]C104, and some spectroscopic properties of these and 
other complexes of the cyclic amines are now discussed. 

The bis nickel(I1) complexes exhibit a wide range of Dq with 
the [9]- and [10]aneN3 having the largest reported values of 
any aliphatic triamines (Table V). Examination of the 
near-infrared (Oh, vi, 3A2, - 3T2g) and visible (Oh, v2, - 3T,, (F)) bands in the spectra obtained from Ni([x]ane), 
( x  = 9, 10, 11) shows that they consist of at least two 

Since NO; absorbs in this region, 

3A,28 

'. * \-.' 
Figure 5. Geometrical isomers of NiL2*+, where L = [ 10]aneN3. 
Similar structures can be drawn for L = [ 1 l]aneN3 by replacing the 
ethylene bridging groups with trimethylene groups and the tri- 
methylenes with ethylenes. 

components. This band splitting likely arises from a trigonal 
distortion from octahedral symmetry in the case of the Ni- 
( [9]aneN3)22+,30 but in the cases of Ni( [x]aneN3)?+ ( x  = 10, 
11) a more complicated perturbation of the octahedral field 
may result. Because of the inertness of the nickel(I1) cyclic 
t r i amine~ ,~~  the existence of two kinetically stable geometrical 
isomers for N i ( [ ~ ] a n e N ~ ) , ~ +  ( x  = 10, 11) is possible (Figure 
5 ) .  The solution spectra of these complexes therefore would 
likely consist of an average spectrum of the two isomers. 
Although the spectra of the solids Ni([x]aneN,),Y, (x = 10, 
11; Y = NO,-, C104-) do not differ significantly from their 
solution spectra, it is not clear at this time if the solids isolated 
contain either one or both isomers. 

Further complicating the interpretation of the spectra of the 
Ni([x]aneN3),,+ (x = 9, 10, 11) is the lE, level crossing in 
the region of the low-energy spin-allowed band. For nickel(I1) 
complexes with Dq = 1200 cm-' it has been suggested that 
interaction of the low-energy spin-allowed term, 3T2g, with the 
spin-forbidden term, 'E , gives rise to .intermediate coupling 
and the exact position ofthe pure 3A2h-r 3T2g transition does 
not appear at the band maximum. Thus a meaningful 
spectral interpretation of the bis nickel(I1) complexes must 
await structural determinations so that the type and degree 
of distortion from octahedral symmetry can be assessed. 

The solution spectra of the mono nickel(I1) complexes 
Ni[x]aneN3,+ ( x  = 9, 10, 11, 12) shown in Table VI allow 
computation of Dq and B (Racah parameter) based upon the 
octahedral model. Values of Dq and B were calculated by a 
best-fit method33 from the visible absorption bands. Although 
these values vary somewhat from those calculated from the 
equations given in Table VI, the general trends are maintained. 
In the case of the mono complexes the [E, transition is suf- 
ficiently removed from the spin-allowed bands (3A2g - lE, 

Table VI. Electronic Absorption Spectra and Ligand Field Parameters for Ni[x] aneN32+ in Aqueous Solution at 25 "Ca 

9 10.4 17.4 29.9 1040 1061 (0.204) 1073 1057 
10 10.4 17.4 28.4 1040 949 (0.266) 973 926 
11 10.3 16.9 27.5 1030 887 (0.144) 900 882 
12 10.0 16.3 26.7 1000 860 (0.079) 861 85 6 

Energy of the band positions reported in cm-' X lo3.  The values of B are obtained by a nonlinear regression method attributable to 
Gauss.,, The column labeled rms represents the root-mean-square deviation of absorption maxima calculated from the best arameter given 
in the table and the experimental peak positions. 
B are obtained by interpolation of the data given in tables of ref 37. 

The values of B are calculated from the equation (v2  + u 3  - 3u1)/15 .34 l T h e  values of 
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occurs at (12.7 i 0.1) X lo3 cm-l) and intermediate coupling 
is not important. As with the bis nickel(I1) complexes, the 
order of Dq varies inversely with ligand ring size ([ 101 - [9] 
> [ 111 > [ 121). The calculated values of B also vary inversely 
with ring size and therefore the nephelauxetic ratio (/3)34 shows 
the same trend. 

The inverse relationship between ligand ring size and Dq 
likely reflects the degree of distortion from octahedral sym- 
metry, the Ni[ 1 2]aneN3 fitting nearly perfectly the octahedral 
model (Table VI). Although there are several contributing 
factors to 0, it is generally agreed that a decrease in size 
indicates a greater covalency of the metal-ligand bond. This 
would indicate that covalency of the metal-ligand bond in- 
creases as ligand size increases for these complexes. Although 
our initial experimentsS with copper(I1) and zinc(I1) led us 
to believe that orbital overlap might be more efficient with 
the smaller ring ligands, it now appears that, at least in the 
case of nickel(II), the larger ring amines allow more efficient 
overlap. Steric effects caused by the constraining nature of 
the smaller ring ligands cause the direction of the nitrogen 
lone-pair orbitals to be shifted away from the metal orbitals. 
This argument would effectively account for the observed 
trends in both Dq and /3, that is, more distortion and poorer 
orbital overlap in the complexes containing the smaller ring 
ligands. Another way to describe this situation is to have the 
metal being squeezed from a position in the cavity of the ligand 
as ring size decreases. 

Two types of copper(I1) complexes of cyclic triamines have 
been reported: (1) bis complexes which likely contain the 
CuN6 chromophore with tetragonally distorted octahedral 
stereo~hemistry~~’ and (2) dimeric species containing chloro 
and/or hydroxy bridges7 The larger ring ligands apparently 
have a propensity toward the formation of the chloro- and 
hydroxy-bridged  dimer^.^ We have isolated a copper(I1) 
complex of the [ 1 l]aneN3, [Cu([ 1 l]aneN3)2](N03)2”20, and 
we have studied its infrared and electronic spectra and 
magnetic susceptibility. The infrared spectrum indicates that 
nitrate is present as the free ion35 with bands observed at 825 
(m, sp), 1370 (vs, br), and 707 cm-’ (w, sp). The electronic 
spectum of the solid is similar to the spectra of the bis cop- 
per(I1) complexes of [ 9 ] -  and [10]aneN3 containing a single 
absorption maximum at 16.0 X lo3. The room-temperature 
magnetic moment of the compound (1.75 ,uB) is slightly low 
for copper(I1) complexes but apparently does not possess the 
anomalously low moment which has been attributed to 
copper-copper magnetic exchange interaction in the case of 
the dimers. These results combined with the elemental analysis 
indicate unequivocally that this complex is of the type 1 class 
mentioned above. 

In aqueous solution the bis complex dissociates to the mono 
complex. The cyclic triamines as well as ~ - t a c h * ~  show this 
behavior. The above ligands all form stable complexes when 
bonded in a tridentate fashion, but our studies have found no 
evidence of either bidentate or unidentate coordination. The 
uni- and bicoordinated species are apparently substantially 
unstable with respect to the tricoordinated species under all 
pH conditions. Therefore the cyclic triamines and c-tach are 
either coordinated to their full potential (tridentate) or not 
coordinated to the metal at all. Since addition of a fifth and 
sixth nitrogen to the coordination sphere of copper(I1) in 
aqueous solution is not thermodynamically f a ~ o r a b l e , ~ ~  the 
equilibrium C U L ~ ~ ’  G CuL2+ + L lies far to the right and 
dissociation occurs. 
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