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Study of the Interaction between Chromium(l11) and Hydroxamic Acids

Mehmet Suat Aksoy*
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The complexes of the chromium(l11) ion formed by acetohydroxamic acid (Aha, HL) and benzohydroxamic
acid (Bha, HL) were investigated by means of potentiometry and spectroscopy, at (25.0 + 0.1) °C and an
ionic strength of 0.1 M KNO3 and 0.1 M KCI, respectively. Over the acidic pH range, the coordination of
the Cr(l11) ion to acetohydroxamic acid and benzohydroxamic acid occurs in a 1:1 mole ratio, and the
CrL2* type complex is formed. At near neutral pH, the CrL(OH)™ type hydroxo complex is formed. The
acid dissociation constants of the ligands and the formation constants of the chromium(l11) complexes were
determined in 0.1 M KNO; ionic medium by potentiometric titration using the BEST computer program. In
terms of the ligands, the stability of the complexes ranks in an order such as acetohydroxamic acid >
benzohydroxamic acid. The stabilities of hydroxamic acid complexes for V(1V), Cr(l11), and Fe(ll1) ions

that have similar ionic radii increase in the order CrL < VOL < Fel.

Introduction

Chromium(l11) is one of the most stable, general, and
biologically important oxidation states of chromium with a d®
configuration. The radius of Cr(111) is 0.76 A for coordination
number 6, and it acts as a hard acid in agueous solution.™ There
is no evidence for any toxic effects of Cr(Il1), which is an
essential trace element in mammals (required daily intake (50
to 200) ug), and it was shown that Cr(I11) is required for proper
carbohydrate and lipid metabolism in mammals.**©

Hydroxamic acids (RC(=O)N(OH)R") are naturally occurring
compounds of great biological importance. Hydroxamic acids
form stable, five-membered [O,0] chelates with many metal
ions. On the basis of thisinteraction, numerous microorganisms
developed hydroxamate type metal sequestering siderophores
for the uptake, storage, and transport of metal ions with
biological relevance.” ®

Metal binding to hydroxamic acids (1:1) usualy occursin a
bidentate fashion (Scheme 1) with the formation of singly or
doubly deprotonated (hydroxamato or hydroximato) ligands.°
Complexes of hydroxamic acids and derivatives with many
transition metals have been reported in the literature,” 2t but
information about the interactions of chromium(ll1) and hy-
droxamic acids is restricted.

We continue our studies on the complex equilibria between
Cr(111) with acetohydroxamic acid (Aha) and benzohydroxamic
acid (Bha). The structural formulas of the studied ligands are
shown in Figure 1. Currently, our main aim is to investigate
the binding abilities of Ahaand Bhato Cr(l11) and to determine
the formation constants of their complexes.

In previous studies, we demonstrated the coordination of
Cr(l11) to salicylic acid and its derivatives and to hydroxynaph-
thoic acids, and we also described the stabilities of various
complex species of Cr(l11).2~%

The stoichiometric protonation constants of these two ligands
and the stoichiometric stability constants of Cr(I11)—hydroxamic
acid complexes were calculated.

* Corresponding author. Phone: 0224 2941740. Fax: 0224 4428136. E-mail:
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Scheme 1. Common Modes of Binding of Hydroxamic Acids
to Transition Metal lons (M)
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Experimental Section

Chemicals and Solutions. Aha (Fluka) and Bha (Merck) were
of analytical reagent grade; the other chemicals were from
Merck and were used as received. The purities of the ligands
were further checked by the Gran method.?” The stock solution
of Cr(lll) was prepared for potentiometric measurement by
dissolving the proper amounts of Cr(NOs)3+9H,0 (98 %, Merck)
in a small excess of 0.1 M HNO; (100 % purity, d = 1.52) to
prevent hydrolysis as described previously.? The concentration
of free acid in the Cr(l11) solution was systematically checked
by potentiometric titrations before each series of experiments.
Sodium hydroxide solution (0.1 M) was prepared as a carbonate-
free solution by dissolving in doubly distilled water and was
standardized against potassium hydrogen phthalate. The stock
solution of chromium(l11) nitrate was standardized complexo-
metrically by EDTA titration using a suitable indicator.?® The
supporting electrolyte was 0.1 M KNOs; in potentiometric
studies. For spectroscopic measurements, CrClz-6H,0 was
dissolved in 0.1 M HCI, and the ionic strength was adjusted to

Figure 1. Structural formulas of the ligands studied.
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Table 1. Equilibrium Constants of Proton Complexes (log K) and
Formation Constants (log g) of Cr(l11): Aha and Bha Complexes at
(25 £ 0.1) °C and 0.1 M KNOg

equilibrium Aha Bha
row proton compexes log K log K
1 L~ +H"=HL 9.33+0.01* 8.10 + 0.05*
9.29 + 0.06% 8.07 + 0.06%
row Cr(I11) complexes log 8 log
2 Cr3* + L~ = CrL2* 799+ 0.04* 730+ 0.04%
3 CrL?" + OH™ = CrL(OH)*  4.684+0.07* 5104+ 0.07*

2This work.

0.1 M by KCI. The Cr(l11) complexes were formed at (70 to
75) °C, and then the potentiometric titration and spectrophoto-
metric measurements were carried out (1 to 2) h later.

Potentiometric Measurements. Potentiometric measurements
were made using an automatic titration apparatus (Schott,
Hofheim, Germany) equipped with awater-jacketed vessel and
a combined pH electrode. Before each experiment, the poten-
tiometric cell was standardized in acetic acid buffer (Merck)
and dilute hydrochloric acid (Merck) for the measurement of
hydrogen ion concentration rather than its activity according to
Irving et a.?° In the calibration step of the pH meter, the pH
reproducibility is < 0.005 units in the acidic pH region and
< 0.015 unitsin the basic pH region. The autoprotolysis constant,
Kw, was determined from dilute HCI solution titrations in 0.1
M KNOjz, and the reproducible values were found to be 13.76.
The formation constants of the proton and Cr(l11) complexes
of Aha and Bha were determined by potentiometric titration of
50 cm® samples at (25.0 & 0.1) °C. The titrations were
performed within the limits 3 < pH < 10 under a purified
nitrogen (99.99 %, Bos, Turkey) atmosphere to prevent oxida-
tion of the ligands. At least (10 &+ 1) min passed between each
pH reading to reach thermodynamic equilibrium in the acidic
solution. However, to prevent the partial oxidations of these
ligands, “quasi-equilibrium” titrations were performed in the
basic pH region with the waiting time to record the pH readings
never being more than 15 min. At least four different poten-
tiometric titrations were performed for each ligand studied: the
first one was carried out with the ligand aone, and the others
were for the Cr(l11)—HL systems in which the Cr(l11) concen-
trations werein the (2.24 to 4.48) - 102 M range and molar ratios
of Cr(I1l) to ligand were 1:1 and 1:2.

Spectroscopic Measurements. The absorption spectra of the
ligands aone and the Cr(lI1)—HL systems in different mole
ratios were taken at defined pH values and wavelength ranges
on a Shimadzu GDU-20C Spectrophotometer (Kyoto, Japan).
To define the stoichiometries of the complex species, Job’s
method of Continuous Variation® was applied. The solutions
were alowed to equilibriate overnight under a nitrogen atmo-
sphere at (25.0 & 0.1) °C.

Data Treatment. The results of potentiometric titrations were
evaluated using the computer program BEST, which computes
and refines the equilibrium constants of H* and Cr(lll)
complexes of these two ligands and provides the standard
deviation of the fit (oy;) between the observed and calculated
pH values obtained by potentiometric titration.®* The math-
ematical analysis of the data comprising at least four titrations
was performed, and the averages of protonation and formation
constants obtained from the BEST program are tabulated in
Table 1.
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Figure 2. Potentiometric titration curves of Cr(l11) complexes of Ahain
0.1 mol-L™* KNOs at 25 °C. I: Ahadone (T, = 2.24:10"3 mol-L™Y). II:
(1:1) molar ratio of Cr(lll) to Aha (Te, = T, = 2.24:10 3 mol-L™%). 111
(1:2) molar ratio of Cr(lll) to Aha (T, = 2.24:10°% mol-L7%, T, =
4.48-107° mol LY.

Results and Discussion

Aha Complexes. The potentiometric titration curves of a 1:1
moleratio of Cr(I11)—Ahaexhibit an inflection point at m (mmol
base/mmol metal) = 2.0 and m = 4.0 (Figure 2, curvell). The
formation of a CrL?* type complex of Cr(l11) with Aha, in the
m = 0.0 to 2.0 range, may be inferred from the drops in
the buffer regions of the titration curves and from the inflection
point at m = 2.0. Further, the extended hydrolysis of the CrL?"
complex between m = 2.0 and 4.0 may be proposed from the
inflection point at m = 4.0. Moreover, continued drops on pH
readings after m = 2.0 suggest that hydrolysis of a CrL?* type
complex isinitiated in the system.

The potentiometric titration curves of Cr(lll)—Aha in 1:2
mole ratio show, first, inflection points at m = 2.0 and, second,
inflection at m = 4.0 (Figure 2, curves I11). As a result, the
formation of the CrL2* type complex for different mole ratios
was taken into account (Table 1). In all of these titrations, the
process of equilibration was slow after the addition of 2 equiv
of OH™ per mole of Cr(l11), and drifting of pH occurred in the
pH = 6.0 to 8.0 range. The occurrence of the [CrL(OH)]"™
complex was assumed.

The occurrence of the CrL?" complex was verified by
introducing 216 pH values into the BEST computer program,
and its formation constant was determined (Table 1).

The existence of the [CrL(OH)]* complex was considered,
and its formation constant was found by introducing 148 pH
values measured in al mole ratios (Table 1).

By means of the distribution diagram, the speciation of the
major speciesin the defined pH ranges was obtained. The major
species are Cr(I11), CrL?", and [CrL(OH)]" (Figure 3).

To validate the existence of the CrL2" complex, the stoichi-
ometry of the formed complex was investigated spectroscopi-
caly. Solutions of Ahaaone, 1:1, and 1:2 mol ratios of Cr(I1)
and Aha were prepared at pH = 4.5 in a 0.1 M KClI ionic
medium since it was noticed that the CrL2" complex ion exists
in the pH = 4.0 to 6.0 range; therefore, the spectrum of each
Cr(l11)—Aha system exhibits the coordination of oxygen atoms
as evidenced by charge transfer between these donors and Cr(l11)
(Figure 4). The conformities of this Cr(I1l)—Aha system to
Beer’slaw were checked within the chosen concentration range.
Job’s diagrams were drawn at A = 240 nm regardless of their
mole ratios for the solution of the Cr(l11)—Aha system in which
the mole fractions (xy) of Cr(lll) were in the xy = (0.00 to
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Figure 3. Species distribution curves of the Aha system and Cr(l11) ion as
a function of —log [H*], for a solution initially containing 2.24-1073
mol-L~* Aha and 2.24-107% mol-L~* Cr(IIl) ion.

Figure 4. Absorption spectra of Cr(I11) complexes of Ahain 0.1 mol-L~*
KCl at 25 °C (pH = 4.0). I: Ahaaone (T, = 1-10"* mol-L % xy = 0.0).
I1: (1:1) Cr(lll):Aha (Tee = T, = 1-107* mol-L™%; xy = 0.5). llI: (L:2)
Cr(ll):Aha (Te; = 1-10 4 mol-L™%, T, = 2:10* mol-L ™% xy = 0.33).
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Figure 5. Job's plot for Cr(I11)—Aha complexes at A = 240 nm and at pH
= 4.0.

1.00) range (Figure 5). In a Job’s plot, the stoichiometries of
the formed complex ion at pH = 4.5 correspond to xy = 0.5,
indicating a 1:1 molar ratio of Cr(ll1) to Aha

Bha Complexes. In the potentiometric titrations of the
Cr(l11)—Bhasystem for a 1:1 mole ratio, inflections were found
at m= 2.0 and around m = 4.0 (Figure 6, curve Il). Drift in
pH readings occurred at around m= 2.0. The stability constants
of CrL?" and CrL(OH)™ complexes were determined (Table 1).
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Figure 6. Potentiometric titration curves of Cr(I1l) complexes of Bha in
0.1 mol+L™* KNO;3 at 25 °C. I: Bha aone (T, = 2.24:10 2 mol-L ™). Il:
(1:1) molar ratio of Cr(lll) to Bha (Te, = T, = 2.24:10 % mol-L™Y). 111
(1:2) molar ratio of Cr(lll) to Bha (Te; = 2.24:107% mol-L™%, T, =
4.48-10°° mol-L™Y).
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Figure 7. Species distribution curves of the Bha system and Cr(l11) ion as
afunction of —log[H], for asolution initialy containing 2.24+107° mol -L~*
Bha and 2.24-1072 mol -L~* Cr(llI) ion.

The potentiometric titration curves of Cr(lI1)—Bhain a 1:2
ratio show a first inflection point at m = 2.0 and a second
inflection at m = 4.0 (Figure 6, curves II1).

By means of the distribution diagram, the speciation of the
major species in the defined pH range was defined. The major
species are Cr(I11), CrL?", and [CrL(OH)]" (Figure 7).

To validate the existence of a CrL?" type complex, the
stoichiometry of the formed complex was investigated spec-
troscopically (Figure 8). Job’s diagrams were drawn at 4 = 310
nm regardless of their mole ratios for the solution of the
Cr(111)—Bha system in which the mole fractions (xy) of Cr(l11)
were in the xy = (0.00 to 1.00) range (Figure 9). In the Job's
plot, the stoichiometries of the formed complex ion at pH =
4.5 correspond to xy = 0.5, indicating a1:1 molar ratio of Cr(l11)
to Bha

Conclusion

Over the acidic pH range, the binding of these HL ligands to
Cr(ll1) in a 1:1 mole ratio takes place, presumably via (O,
O") sites, and ML?" type complexes are formed.

At near neutral pH vaues, CrL(OH)* type hydroxo complexes
are also formed by hydrolytic equilibria, and their formation
constants were also calculated.

The stoichiometries of the formed complexes were defined
from application of the spectroscopic continuous variation
method; the occurrences of the CrL?* type complexes were
verified.
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Figure 8. Absorption spectra of Cr(l11) complexes of Bhain 0.1 mol-L !
KCl at 25 °C (pH = 4.0). I: Bhaalone (T, = 1-10* mol-L™%; xy = 0.0).
I1: (1:2) Cr(ll):Bha (Te, = Ty = 1-107* mol-L™%; xy = 0.5). IlI: (L:2)
Cr(l11):Bha (Tey = 1104 mol-L ™, T, = 2:10* mol-L ™% xy = 0.33).
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Figure 9. Job's plot for Cr(l11)—Bha complexes at A = 310 nm and at pH
=40.

Abs.

Aha forms a more stable complex with the chromium(I11)
ion than Bha. Thisresult isin agreement with the overall basicity
of the ligands.

On the other hand, the behavior of the chromium(l1l) ion
toward hydroxamic acids could also be compared with hydrox-
amic acid complexes of the oxovanadium(1V) and Fe(I11) ions.
V(Ill) isad? ion; Cr(lll) is ad®ion; and Fe(lll) in high spin
complexesisad® ion. They haveionic radii of 0.78 A, 0.76 A,
and 0.79 A, respectively,* for a coordination number six. The
VO?* ion is formed by rapid oxidation of V(1) in air. These
three transition meta ions form strong complexes with hydrox-
amic acids. The stabilities of complexes of HL type ligands
with VO?*, Cr(l11), and Fe(lIl) aguaions increase in the order
CrL < VOL < FeL (VOL: fana = 8.69, ffgra = 8.43; FeL: Sana
= 11.35, Bgna = 11.25).%
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