
Inorganica Chimica Acta, 125 (1986) II-82 

!3olu tion Properties of Cu( II) -La+alaninehydroxamic Acid 

BARBARA KURZAK*, KRZYSZTOF KURZAK 

Institute of Chemistry, Pedagogical University, 08-110 Siedlce, Poland 

and JULIA JEZIERSKA 

Institute of Chemistry, University of Wroclhw, 50-383 Wroctaw, Poland 

(Received January 28,1986; revised April 3, 1986) 

II 

Abstract 

In the aqueous solution of copper(H) ions, bi- 
dentate Lo-alaninehydroxamic acid (CHaCH(NH& 
CONHOH = HL) binds cupric ion forming of mono-, 
dimeric and bis(L-o-alaninehydroxamato)copper(II) 
complexes. These complexes were studied by poten- 
tiometric, ESR and spectrophotometric methods. 

The ESR studies provide important evidence for 
the formation of different Cu(I1) complexes with 
L-o-alaninehydroxamic acid, depending on pH. The 
ESR spectra can be used to follow the appearance 
of the individual complexes, to estimate the coor- 
dination sphere around Cu(I1) and to observe the 
equilibria between different complexes. 

The solution electronic spectra are reported. The 
experimental curve was resolved into precise- 
positioned absorption bands by Gaussian analysis 
for the bis(L-a-alaninehydroxamato)copper(II) 
species, These data were used in a weak tetragonal 
ligand field model to calculate ligand field param- 
eters. 

The distribution and the relevant stability con- 
stants of species present in aqueous solutions were 
obtained by analytical potentiometry. 

Introduction 

Hydroxamic acid and its metal complexes were 
found to play an important role in living systems as 
constituents of antibiotics, growth factors, tumor 
inhibitors, cell-division factors and pigments [l-3]. 
They are intimately associated with iron transport 
phenomena in the metabolism of microorganisms 
[4-61. At the same time hydroxamic acids have a 
number pharmacological actions including anti- 
tuberculous, antifungous and antileucemic activities 
[7,8]. Some of iron(II1) hydroxamates have been 
patented as metallotherapeutics [9]. Some amino- 
hydroxamic acids have been applied with the aim 
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of designing metal chelates as suitable sources of 
various trace elements essential in animal nutrition 
[lo-121. The formation of different complexes 
between Cu(I1) and glycinehydroxamic acid was 
recently postulated on the basis of potentiometric 
titrations, absorbance and ESR spectra of liquid 
solutions [ 131. 

In spite of the great interest in hydroxamic acid 
and metal hydroxamates and their biological func- 
tion, the studies on aminohydroxamic acid metal 
complexes are rather scarce. 

In this paper we report the data on the behaviour 
of bidentate Lo-alaninehydroxamic acid in the 
presence of C$II) ions in water solution, extending 
the studies on the ESR of frozen solutions, and on 
the numerical interpretation of the spectrum of the 
most stable CuLZ complex. 

Experimental 

Reagents and Materials 
L-cu-alaninehydroxamic acid (HL) was prepared 

by mixing ice-cold methanol solutions of L-cr-alanine 
methyl ester (0.1 mol) and hydroxylamine (0.1 mol). 
When the mixture was cooled, HL crystallized easily, 
and after washing with a small amount of cold water 
gave pure crystals: yield 50%. Anal. Calc.: C, 34.61; 
H, 7.74; N, 26.90. Found: C, 34.60; H, 7.44; N, 
26.72%. 

Bidistilled water was used throughout and all 
titrations were carried out under an atmosphere of 
purified argon. All reagents were of analytical grade. 
Stock solution of copper(I1) perchlorate (0.1 mol) 
was prepared by dissolving a proper amount of 
copper(I1) perchlorate hexahydrate in water. The 
exact concentration of the solution was determined 
by the iodometric method. 

Potentiometric Titrations 
Measurements of pH were carried out on OP-208 

pH-meter (Radelkis) with a digital readout, equipped 
with a glass (OP 7183) and a saturated calomel 
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TABLE I. Logarithmic Stability Constants (log &) of Com- 
plexes Species MpHqLr (M = Cu, L = L-o-alaninehydroxa- 

mate Ion). I = 0.1 (NaC104), T = 25 “C 

pq r Numerical method Bjerrum method 

(SCOCS) 

0 21 9.15 + 0.01 9.13 

0 11 16.34 i 0.02 16.36 

101 10.90 i 0.08 11.30 

2 -1 2 21.41 * 0.03 

102 19.65 f 0.02 19.85 

1 -1 2 9.14 f 0.03 

(OP 830) electrodes. The measuring system was 
thermostated at 25 + 0.1 “C. Constant ionic strength 
(0.1) was maintained by means of NaC104. Small 
amounts of titrant were added with the use of a 
micropipette. 

Ligand titrations were performed in the absence 
of copper ions (in this case, titration curves were 
obtained by varying the initial concentration of 
L-a-alaninehydroxamic acid at 1 .O X lo-‘, 2.5 X 
10m2 and 5.0 X 10V2 M, respectively) and in the 
presence of copper ions (in this case, the concentra- 
tion ratios of ligand to metal ions varied in the range 
of 2:l and 1O:l). Formation constants were calcu- 
lated using Bjerrum method [14] and a modified 
version of the computer program [ 151. The resulting 
formation constants are given in Table I. 

ESR Measurements 
The ESR spectra were obtained using a JES-ME 

X-band spectrometer, proton magnetometer and ESR 
standards, at 295 K and 170 K. The samples were 
prepared from a stock solution containing 4.0 X 10M3 
M copper(B) ions and 1.0 X 10M2 M L-o-alanine- 
hydroxamic acid in bidistilled water. The pH was 
regulated by addition of 1 .O M NaOH solution. 

Spectrophotometric Measurements 
Absorption in the region 400-900 nm were 

obtained on SPECORD M-40 (C. Zeiss, Jena) spec- 
trophotometer and samples (4.0 X 10-j M) were 
scanned at a series of pH values from pH 2.5-11.0 
by using l-cm quartz cells thermostated at 25.0 “C. 
Measurements of potential were done with the system 
used in the potentiometric titrations. The stock 
solution (0.1 M in NaC104, 4.0 X 10V3 M in Cu(II) 
and 1.0 X 10U2 M in L-cu-alaninehydroxamic acid) 
was adjusted by adding 1 .O M NaOH solution. 

Results and Discussion 

Titrations 
In the normal aqueous titration range, Lo- 

alaninehydroxamic acid can liberate two protons, one 
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Fig. 1, Species distribution in the Cu(II)/L-cu-aIaninehydrox- 

amic acid system as a function of pH, CM = 3.0 X 10M3 M; 

CL= 1.0 X 10” M. Percentages of the species refer to total 

metal except for the metal-free forms, which refer to total 

ligand. 

from the protonated amino group (NH,+), pKtH 
and one from the OH- group of the hydroxamic 
group (NHOH), PK,~. These show buffering behav- 
iour in the pH ran e 7.5-9.5. The final refined values 
of pKIH and pKs !r are 7.19 and 9.15, respectively. 
Evaluation of the (jpqr constants, using the computer 
program SCOGS, led us to include a fourth copper(H) 
species. The results are shown in Table I and the 
species distribution is given in Fig. 1. It is note- 
worthy that the formation of CuL+ complex, sug- 
gested on the basis of graphical comparisons between 
experimental and simulation titration curves, is 
strongly supported experimentally by the ESR 
spectra of frozen solutions (see below). 

ESR Spectra 
The ESR spectra of liquid solution of Cu(II)- 

L-cw-alaninehydroxamic acid as a function of pH 
are almost identical to those observed recently for 
Cu(II)-glycinehydroxamic acid [ 131. The spectrum 
at pH 2.75 is characteristic for uncomplexed Cu(I1) 
ions in water solution. However, the pH increase 
to 3.20 results in a new spectrum assigned to the 
CuL’ complex; the spectrum of Cu(II) ions at pH 
3.20 is still visible. At pH 3.46 the overlapping of 
two spectra is consistent with the presence of Cu(I1) 
aquoions and of CuL’ complex. The general dis- 
appearance of the ESR spectra observed at pH 4.36 
is diagnostic for domination of the dimeric complex 
Cu2HrL2+ in solution; the presence of weak signals 
corresponds to small admixture of CuL+ and a 
similar form (see below). The distinct spectrum 
assigned to the CuL2 complex appears at pH 5.67 
and it becomes stronger when the pH increased to 
10.35, without any change of its parameters. 

The ESR spectra of frozen solutions collected 
in Fig. 2 give further information about the com- 
plexes. At the lowest pH (2.75) the parameters of 
the ESR spectrum (Table II) are typical for Cu(I1) 
ions coordinated by H20 molecules [ 161. The same 
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TABLE II. The Parameters of the ESR Spectra 

PH 2.15 4.32 5.61 6.64 10.35 

Form Cu(II)aquo 

gil 2.401 
IAll 146 
[10-4 cm-‘] 

cuL+ xa Cu2H-rL2+ Cu,H_rLa+ CuLa CuL2 CuH_,L2- 
2.326 2.283 - - 2.185 2.185 2.178 
167 168 _ - 213 213 215 

aAdditional N20, coordination sphere. 

Fig. 2. ESR spectra of Cu(II)L-ol-alaninehydroxamic acid as 
a function of pH, cM = 4.0 X lo+ M; CL = 1.0 X 10v2 M, 
solvent: H20, temperature: 170 K, microwave frequency: 
9.186 GHz. 

complex still exists at pH 3.46. At pH 4.32 the 
decrease of contribution of Cu(II) monomer gives 
rise to an ESR signal which corresponds to simul- 
taneous formation of the dimer. At this pH two new 
sets of parallel copper hy-perflne peaks are evidence 
for the formation of two copper(R) complexes. CuL+ 
is the only complex established on the basis of po- 
tentiometric titration and liquid solution ESR mea- 
surements at this pH. The relatively small differences 
between 811 and IA 111 values of the two species suggest 
the same N202 coordination sphere around Cu(I1) 
[17, 181 as for CuL+. At pH 5.67 the spectrum 
practically disappears and only weak signals due to 
a small admixture of CuL+ and CuL2 complexes are 
observed. This is a further proof of existence of the 
dimeric Cu2H_rL2+ complex as a predominant 
form. The ESR parameters of a strong, well resolved 
spectrum at pH 6.64 (Table II) are typical for Cu(I1) 
complexes with chelating ligands coordinated by 
four nitrogen atoms in the plane [17, 191 which 
supports the formation of CuL2 complex. The 
small changes of the spectra with pH increase to 
10.35 suggest the existence of the same coordination, 
in spite of the appearance of the species CuH_rL2-, 
which is well characterized by the absorption spectra. 

0.5 
r 

0.1 

24 20 16 12 

o~loJcm_' 

Fig. 3. Visible spectra of Cu(II)/La-alaninehydroxamic 
acid as a function of pH, CM= 4.0 X 10-j M; CL = 1.0 X 

10m2 M, (1 cm cells). 

Electronic SpectralpH Profile 
Since the literature on the systems is very poor, 

we were forced to do the qualitative interpretation 
of the absorption spectra by comparing them with 
the well known spectra of Cu(II)-amino acids and 
dipeptides. The absorption spectra of Cu(II)-L-o- 
alaninehydroxamic acid exhibit, in general, approx- 
imately the same changes with increasing pH to 
those stated for the Cu-glycinehydroxamic acid 
system [13]. Some differences are observed in the 
energy of the characteristic absorption maxima. 

The formation of the complexes between Cu(I1) 
and the investigated ligand begins at low pH value 
(Fig. 3). The maximum of the broad spectrum near 
the infrared region shifts towards the visible region 
with increase of pH. At pH 4.56 the maximum 
occurring at 654 mn corresponds to the greatest 
concentration of the dimeric complex (Fig. 1). The 
characteristic isosbestic point seen at 595 mn is 
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TABLE III. Spectrophtoometric Data for CuLz Species as 
a Function of pH (pH range 6- 11) 

PH Band maxima 
(nm) 

Absorption 

6.010 550 0.32 
6.649 541 0.34 
7.390 538 0.35 
7.612 538 0.35 
7.928 538 0.35 
8.057 538 0.35 
8.315 538 0.35 
8.640 535 0.35 
9.480 532 0.35 

10.610 518 0.37 

ES ,- 
‘T1. /” 

wxt ION Oh ‘4h 

Fjg. 4. Splitting of d 9 2D term in Oh and Deb (elongated 
along z axis) ligand fields (not to scale). 

associated with an equilibrium between the Cus- 

H--L2 + and CuL2 complexes. The maximum at 
538 nm does not change its energy from pH = 7.4 
to 8.3 (Table III), which corresponds to the pre- 
dominant concentration of CuL2 complex in this 
pH range. The next shifting of the maximum with 
further increase in pH above 10 is consistent with 
the formation of new CuH-rL2-’ complex. 

According to Narain and Shulka [20] the position 
of the absorption maximum for Cu(I1) complexes 
in water solution depends on the number of Cu-N 
bonds. The maximum at 620-630 mn is typical 
for Cu(I1) coordinated by two nitrogen atoms of the 
ammo- or amido-groups of the o-amino acids or 
peptides, respectively 120-221. Since the dinuclear 
complex Cu2H1L2+ exhibits h,, at 654 nm, it 
is possible to conclude that one copper cation is 
coordinated by two nitrogen atoms of the ligand. 
The studies of the equilibria existing between Cu(I1) 
ion and glycinehydroxamic acid has indicated the 
presence of an OH- in the dinuclear species [13]. 
This one OH- ion acts as a bridging group. The sim- 
ilar bridging of [CuL+] units by OH- group is pos- 
tulated in Cu2HlL2+ complex. It is interesting to 
note that the same coordination (via two nitrogens) 
as in [CuL+] unit is determined for analogous CuL+ 
complex on the basis of ESR spectra of frozen solu- 
tion. 

As follows from refs. 22, 23 the complexes of 
Cu(II) with dipeptides in the stoichiometric ratio 
1:2 show the absorption maximum at 540-560 mn. 
Moreover, [Cu(en)?] 2+ complex (en = ethylenedi- 
amine) with two chelate rings and four Cu-N bonds 
has the spectrum in the same region [24]. Conse- 
quently, the appearance of the absorption maximum 
at 538 nm in the case of the studied Cu(II)/HL 
system suggests the coordination of one copper 
cation by two ligands forming two five-membered 
rings and supports its CuL2 formula. In this complex 
the coordination is realised by two nitrogens of 
&-amino- and NHOH groups. In agreement with the 

predicted bidentate character of the ligand and 
hence its chelating effect is the greatest value of 
the stability constant for formed CuLs complex 
(Table I). 

Interpretation of Spectrum of the &L2 Species 
Most octahedral and pseudo-octahedral complexes 

of Cu(I1) yielded electronic spectra that are traceable 
to the doublet term system display one (in the case 
of octahedral) or more absorption bands. The 
theoretical energy level diagram [27] for a dg metal 
ion in 0, and Ddh symmetry is presented in Fig. 4. 
The diagram indicates that as many as three doublet- 
doublet transitions may be observed in the electronic 
spectra of complexes with Dhh symmetry. Observed 
spectra for such compounds rarely display more 
than two absorption bands. In some cases, however, 
all three absorption bands can be detected [28]. 
But they are never completely separated from other, 
and sometimes one band is totally hidden by the 
other two so that it does not even appear as shoulder. 
This results from splittings that are small compared 
to band widths, This complication requires careful and 
detailed analysis of the experimental spectra as an 
essential aspect of their assignment, ie., to determine 
the parameters of component bands and particularly 
of the band maxima positions. Gaussian analysis was 
performed on the electronic spectrum discussed 
herein using a nonlinear least-squares computer 
program [29]. All band maxima reported here are 
derived from Gaussian analysis of the experimental 
curve. 

It is well known that any curve may be considered 
to be the sum of an infinite number of Gaussian com- 
ponents. However, it is conceivable that a unique 
fitting could be obtained if account was taken of 
the relative symmetry. This would require a sophis- 
ticated model. To be realistic the model must allow 
for possible reduction in the symmetry of the system. 
The possible effective symmetry of the investigated 
system are 0, and Dab. The further reduction in 
symmetry (C,,) theoretically provides additional 



Cb(1I.kL-wAlaninehydroxamic Acid 81 

splittings and should, at best, result in band broaden- 
ing. However, if the additional splitting (beyond 
DQ) is small compared to the principal splittings 
that derive from the presence of four nitrogen donors 
in an equatorial plane and two different donor atoms 
on the axis perpendicular to that plane, then the 
assumption of Ddh symmetry may be adequate to 
account for the spectral band locations. 

The experimental curve was resolved herein into 
precise-positioned absorption bands by Gaussian 
analysis which allowed Oh (one band) and DJh 
symmetry (three bands). However, both analyses 
were different in terms of the root-mean-square 
deviation (RMS%) calculated from observed values. 
Fine detail of spectral shape is reproduced more 
faithfully for the following RMS% values: 1.56 for 
Oh and 0.56 for DJh symmetry. Thus, it is apparent 
that D4,, symmetry should be taken into account. 
This result is in agreement with the axial character 
of ESR frozen solution spectra of the CuLZ complex. 
Moreover, the X-ray crystal studies on similar 
Cu(II)-glycinehydroxamic acid complex [30] have 
proved essentially the same symmetry. 

14 16 16 20 22 24 

‘J lo-? cm-’ - 

Fig. 5. Absorption spectrum of CuLa(HaO)a: - experi- 
mental spectrum; - - - composite bands. 

to be expected and their energies in terms of Dq, 
Ds and Dt parameters are given by the expressions 
[26] : 

Finally, the assignments and calculated positions 
of the maxima are based on two assumptions: 

ul=E(Blg-Alg)=-4Ds-5Dt 

(1) the effective symmetry about the metal ions 
is Ddh ; 

v2 = E(B,, - B2s) = 1ODq 

(2) the ligand field model is adequate for the de- 
duction of spectral parameters. 

v3 = E(Br, -Es) = 1ODq - 3Ds + 5Dt 

Figure 5 shows the experimental spectrum and 
component bands obtained from spectral resolution. 
Table IV summarizes the results of resolution, param- 
eters of components bands, their oscillator strength 
values and root-mean-square deviations. On the basis 
of the well known rule that ligands exert a stronger 
field as they lie on the right side of the water in 
the spectrochemical series, in this compound the 
tetragonal distortion takes the form of an elongation 
of the octahedron, such that the two axial Cu-HZ0 
bonds are considerably longer than the four equa- 
torial bonds. In this case, as shown in Fig. 4, the 
Br, term will be ground state and the energy order 
of the excited states will be 2A1,r < ‘B2s < ‘Es (weak 
distortion). Thus, three spin-allowed transitions 
from the 2B1, state to the other doublet states are 

From the set of equations the formulae for the 
ligand field parameters Dq, Ds and Dt were derived 
to calculate these parameters from the positions of 
bands found in the spectrum: 

Dq = v2/10 

Ds = (v2 - Yr - Q/7 

Dt = (1/35)(4(v3 - v2) - 3ur) 

From the transition energies and band assignments 
included in Table IV, the ligand field parameters 
for [CuL2(H20),J complex were calculated. Derived 
values of ligand field parameters are as follows: Dq = 
1880 cm-‘; Ds = -2642 cm-‘; Dt = - 1246 cm-‘. 

TABLE IV. Parameters of the Composite Bands Resulting from Gaussian Analysis of the Absorption Spectrum of [CuL2(HaO)a] 
(L = L-walaninehydroxamate ion)a 

Assignment 
Fdm’/mol cm) ;cm-1) 

TW f 
(cm-r) 

2B Ig-‘2Ara 33.585 16799.2 4147.8 6.404 X lo4 
2B1g + ZB2g 48.113 18824.0 4191.8 9.272 x IO4 
2B -, ‘Eg rg 29.558 20517.7 5066.8 6.855 X lo4 
Unassigned band 712.121 31853.4 7212.0 2.360 x 1O-2 

=RMS% = 056; region of spectrum: 12 000-25 000 cm’? 
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Conclusion 

The above potentiometric, ESR and spectroscopic 
results have shown that Lo-alaninehydroxamic acid 
coordinates to Cu(I1) via the o-amino nitrogen and 
the nitrogen atom of the -NHOH group and that 
aqueous solutions contain dimeric species in the pH 
range 4.0-6.0. In the pH range 7.4-8.3 only the 
CuLz species is suggested. On the basis of the results 
of Gaussian analysis of electronic spectrum, the 
diagram for the CuLa species of Dqh symmetry was 
assumed to be relevant for this species. 
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