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PART I

GENERAL INTRODUCT ION



GENERAL INTRODUCT ION

The main aim of the investigations presented in
this thesls was to make a detailed study of mixed ligand
chelates of oxovanadium (IV) with some oxygen snd nitro-
gen donor complexing agents. For the determination of
formation constants of these mixed ligsnd derivatives,
an information was required about the simple chelates of
TGP+ with the ligands involved in the present study. Alt-
hough most of these simple chelates had been reported
earlier, a survey of literature revealed that in some
cases, 6.Z2., catechol, chromotropic acid, mendelic and
lactic acids, a more comprehensive study was desirable
before an understanding of their nature could be claimed.
In such cases, therefore, a systematic physico-chemical
study was carried out for obtaining the data for the mixed
ligend systems,

Although tartrate and malate complexes of VO(IV)
have not been studied from the above point of view, inter-
esting results obtained in the study of vanadyl-mandelate
and -lactate systems led to extend this work to the corres-
ponding tartrate and malate chelates. These have received
a considerable importsnce in recent years, since in ammonia
solution and in the solid state the complex (NH,)g[VO(tart)]
(Hp0) is the only example of vanadyl complex known to
exhibit, at room temperature, four distinet absorption bands



O

in the ligend field region (1000-380 mp ).

Tn the study of the mixed ligand systems involv-
ing o-phenanthroline and 2,2'-dipyridyl as primary
ligands, it wes found that the successivs reactions in
the formation of mixed ligand chelates overlap. Deter-
minstion of the formation ocomstants of these complexes
required a knowledge of equilibrium constants of the
reactions assoclated with the formation of the simple
VO-Phen and VO-Dipy chelates. Before investigating the
formation of mixed ligand chelates, therefore, it was
considered expedient to study the potentiometric data
arising from the interaction of vanadyl ion with the
above nitrogen donor ligands. Due to the special charac-
teristics of systems described in this thesis and also

dependent on tﬁe facilities available in our laboratories,

the study has been based mainly on potentiometry.

Although the major interest of the investigations
lsy in the mixed ligand complexes, the subject matter of
the thesis haes Leen divided for conveniance in two separ-
ate parts dealing with the simple chelates followed by
mixed ligand derivatives.

SIMPLE CHELATES OF OXOVANADIUM (IV)

1 4 atom

1.10

Oxalete ion readily forms complexes with oxo-

vanadium (IV). These complexes are meinly of the iypes:



CAD

VO(ox). xXHg0, Mp[VO(0x)s) (xHz0) and My[(V0)g (ax)g] (xHp0).
Formation of the anhydrous compound (KH‘)Q[KVO)Q(ax)é]

has recently been claimedll. A compound with the empirical
formula Vo(ox)(ﬁzax)(SHEO) has been reported by Selbin

and Hclnsnlz.

By using Job's method of continuous variations,
the resction of VO°* with malonic acid has been reported'®
to produce a 1:l complex. In alkaline golutions, malonato
complexes of the general formula lg[FOCnnl)il.xﬂgo have
been isolated by Sehrlmnl‘. These derivatives have been
reported to give different coloured species when dehydrated
in stages.

Tartrete complexes of VO(IV) have been a subject of

15-24

research since the earliest days of vanadium chemistry.

J érgansen% has suggested that in the complex ion [Vo(tart )]9"'
all the four oxygen atoms of the tartrate iom are coordina-

ted to the oxometal ion. Rndantly an interesting repertzs,

proclaiming the use of (NH,)g[VO(tart)](Hy0) for the inhib-
ition of cholesterol synthesis in brain tumors, has appeared.

Complexes of oxovenadium (IV) with other polybasic

aclds, visz., gllieyliozv'gg, phthalicso. luccinieao.

30-32 33

sobtcicao. citric » asoorbiec 34

and picolinie aclids
have been prepared by treating a suspension of the organie
acid in carbon tetrachloride with 70013 under anhydrous
conditions, Mont and llartell35 have studied the interaction

of vanadyl ion with salicylie acid,5-sulphosalicylic acid



titron, 5-sulpho-S8-hydroxyquinoline and salicyl
phosphate in agueous medium. By using the potentiometrie
data of the systems, formation constants of the chelates

have been determined. Stability constants of the vanadyl

36-38 39 9 40

chelates of EDTA » HIHDA3

41

» HEDDA s chromotropic

and glycolic™ aclids have also been determined.

Salicyldehyde forms ast=ble chelates®” 44 of tne
type Hﬁ[ﬁO(Sll}g](xKEO). A complex with p-amino-salicy-
ldehyde has also been synthesised C. Reactions of VO°'
with other hydroxyaldehydes(4-phenyl-, 5-chloro-, S-bromo-,
346-dichloro-, and 3,5-dibromosalicyldehyde and PB-hydroxy-
naphthaldehyde) and their imines have been recently
roportod‘s.

Dutta and Lahiry“

obtained a rose-coloured para-
magnetic complex [VOBg| with benzehydroxamic aeid (BH).
They also roportod47'48 a cream-coloured hydrate [ya%ﬂ
(Hp0) with quinaldinie acid (QH) and an isomeric oclive-
green aquo complsx [VOQQ(HgOX]. Complexes of the type
[7032] have been uynthsaiucd4g with gusnylalkyl-and

guanylalkoxyslkylureas (GH).

Oxovanadium (IV) has been reported to form
several complexes with p-dlketones. Amongst these, the
blue-green bis (acetylacetonate) oxovanadium (IV) complex

has received an extensive attention. This compound was
50

compound was synthesised by Gachbl

first prepared in 1876 by Guyard ~. In 1200 the same

« Morgan and lossbz



formulated the complex as [ﬁo(ncue)z}. Rosenheim and
Hon;17 claimed it to be in a monochydrate form, [VO(loac)z
(Fg0)]. Again, in 1964 Jones"> studied this complex and
concluded that the original formulation without water

molecule was correct. By using Bjerrum's method, Trujillo

54

and Brito obtained evidence for the formation of

Vo(acuc)+ and [yo(acac)é] complexes in aqueous solutionms.

Recently, the vanadyl complexes of acetylacetone

in agueous and alcoholic solutions have been roportod.b5

to undergo slow oxidation by atmospheric oxygen. The
oxidation reaction has been eclaimed to proceed rapidly

with hydrogen peroxide. Other f-diketones which form

complexes VO(IV) include: 3-cynnoaactylaocton053;

57 53;

chloro-and 2-bromo-acetylacetone” ; acetyl methylacetone

benzoylacatoneag and its l:1 adducts with bases.

60 to form

8-hydroxyquinoline has been reported
complexes having 1:1 and 1:2 ratios of vanadyl to ligand.
Formetion constants of these chelates have been determined
by Bjerrum's method. Magnetic moment of VO(oxine)s has been

61,62

measured snd the complex has been reported to form a

gtoble pyridine adduct.

Complexes of VO(IV) with Schiff bases formed from

B-diketones, ethylenedismine and salicyldehyde have received

63-68

a considerable attention in recent years. Amongst the

complexes obtained from the Schiff bases derived from



p-diketones, reference may be made of the complex bis
(acetyl acetonepropylenediimino) oxovanadium (IV) which

has been r.portcdeg

to be the first campound of VO(IV)

$o have been successfully resolved into optical isomers.
More recently, Sacconl and 01np1¢117° have studied the
interaction of Schiff bases formed from ring substituted
salicyldehydes and N-~substituted ethylenediamines.
Complexes with the general formula [;fSALunfl(R)nf]sz
have been gynthesised. These complexes have been shown to

have a five-coordinate structure.

The ligend atoms are nitrogen;

71

Vanadyl ion forms strong complexes = with o-phenan-

throline and ?,2'-dipyridyl. They are of two general types.

The first econtains one ligand molecule per VUF+ entity.

The second type includes complexes containing two molecules
of ligand per mole of the oxometal ion. Sulphato derivatives
of the above complexes have been synthesised by Selbin and

12472 tne chloro-snd bromo-derivetives have also been

Holmes
prtpnrodva. By the interaction of vanadium t trachloride
with o-phemanthroline and ?,2'-dipyridyl (L), the complex
V014L has been obtained, This complex on hydrolysis has

been reported o to yleld VOClgT.

Complexes of biguanide and six different substituted
biguenides have been r-pﬁrtodv‘
general formuls [VO(big)g(Hg0)].

« These complexes have the



Chelates of tctrnphonylporphinnva'vq and its

p-methyl-p-methoxy-, and p—ohlotozs substituted deriv-
atives have been studied and their infrared and visible
spectra recorded. A phthalocyanine complex has also been

rnportadvg.

MIXED LIGAND CHELATES

The study of mixed ligend metal chelates has
received considerable importance in recent years, since
the formation of these derivatives offers an alternative
reaciion to hydrolysis end olation of the simple chelates
in which some of the coordination positions of the central
metal atom remain untiiled by the ligsnd molecule. In
the Th-EDr'A chelate, for example, the EDTA molecule oce-
upies six coordination positions of the metal leaving the
remaining two for hydrolysis and polymerisatlaéx;aactiunl.
In this csse, therefore, bidentate ligands have been rep-
ortoa'%ﬁ combine with the metal chelate giving stable
mixed ligend derivatives.

When YOG:Q‘.EHaO complex is treated with neutral
1igands such as dimethyl sulphoxide (DM30) or antipyrine
(Apy, l-phenyl ?,3-dimethyl B-pyrazolone), the two coor-
dinated water molecules of the complex are r!plaatdsz by
the ligend molecules giving VOG,O «.2DMSO or 10020‘.21py.

By measuring nol&r conductance in acetonitride, these



complexes have been shown to be nonelectrolytic in

nature.

Mixed 1izand chelates |VO(C;, Hglp)C,08,70(Cy i)
cgoj containing o-phenanthroline or 2,?'-dipyridyl as one
ligend and oxalic acid as another ligand have been synthes-

ised by Selbin and Holncsu.

Mixed 1ligand complexes of VO(IV) with Schiff bases

of the general formula
R

CH=N-CHp - CHg = px’ :
»

formed from ring-substituted salicyldehydes and N-subst-
ituted ethylenediamines have been prepared by Sacconi and.
Gampigilivo. These complexes have been shown to have the
formila [(X-SAL)(X-SALen-N(R)R'|VO, where the substi-

tuents R and R' are alkyl groups (except when R = R' =Cplg),
benzyl groups snd the terminal amino group -NRp is -n(mg)‘
(pyrrolidine) or -N(CHg)g (piperidino). They are deep red

or violet in ecolour, except for those in which X = 5,6-benszo,
which are green. These derivatives have been shown to have

a hexacoordinate structure.
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PART II

SIMPLE CHELATES OF OXOVANADIUM (IV)
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SECTION I

OXQVANADIUM (IV) CHELATES OP CATECHOL

Catechol, o-dihydroxy benzene, gives a 5-membered

ring on chelation. I%, therefore, forms stable complexes

with a number of metals like coppcrl's. chromiun4, sinoﬁ’s,

nickcls'a. cobalts's, bismuthg’lo. aluniniulll, ironle,

zirconiunls’li. thoriun.l5 and uraniunls.

17-20 %0

form strong chelates with catechol. Rosenheim and Ion317

Oxovanadium (IV) has also been reported

isolated vanadyl derivatives of catechol of formulse
He[yo(cat)é] (Hﬂcat)(xHQO) from alkaline solutions of
vanadyl sulphate containing an excess of the lig=nd.

Recently a continuous variaticn studyl8

of V0S5O, with
catechol revealed a violet 1:2 complex and a violet-black
1:3 complex, In the latter complex, the third molecule
of the ligand has been reported to be loosely held and
is claimed to be catechol of crystallization. In another

study Trujillo and Cabroralg

» by treating vanadyl sulphate
with caustie soda (3 moles) in the presence of an excess
of catechol, showed the formation of complexes having
vanadyl to catechol combining ratios of 1:1 and 1:?. More
recently, Shnaidermanzo by & photometric study of systems
containing VO(IV) =nd polyhydroxy-benzenes, viz. catechol,

pyrogallol and gallic acid, showed the formation of 1l:l



complexes in the pH range 4-5 above which complexes
containing 2 moles of the ligands per mole of VO(IV)

have been reported to be formed.

In view of the above, it was considered desir-
able to carry out a systematic physico-chemical study
of the interaction of 70»2+ with catechol under the
experimental conditions employed for the investigation
of the mixed-ligand cheletes. Attempts were also made
to determine formation constants of the complexes for-

med in the system.

RESULTS AND DISCUSSIOW

Curve 1 (Pig.l), for the potentiometric titrat-
ion of an equimolar mixture of vanadyl sulphate and
catechol, exhibits a sharp inflexion at m = 3, where
'm' represents moles of potassium hydroxide added per
mole of the metal ion., For the formation of a normal

1:1 chelate in accordance with the reaction:

OH ~
(1)
two moles of KOH per mole of the metal salt are requi-

red. An occurrence of inflexion point at m = 3 and the
non-precipitation of the metal hydroxide in the system
indicated that one of the water molecules of the aquo
chelate (I) undergoes dissociation. The hydrolytic
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Fig.1. Potentiometric titrations of 1:1 vanadyl-catechol
chelate systems with KOH(g.lN).Concentro.tions: urve 1,
5x10-3M; curve 2, 2.5x10°°M; curve 3, 1.25X10° M.Curve 4,
represents_similar titration of 1:2 vanady L -catechol system,
Ty = 5x10-3M, Ionic strength = 0.1M (KCl). m = moles of base
added per mole of the metal jon, In the lower buffer regions
portion of the curves for the neutralization of HCl present
in VO(I¥) soln. has been eliminated,curve O vepresents
titrahon of Catechol with KOH




reaction may, thus, be represented asi

]:[g; YO + Hy0 - o Og>v0(ou)‘+ 8 wlil)

(I1)

The failure to obtain a2 titration breake at m = 2 sugg-
ests that the formation of the hydroxo complex(TII)

starts before the formation of the normal 1l:l chelate(I)

is completed. In the above equations and generally through-
out this thesis, the water molecules of hydration have
been omitted for the sake of simplicity.

In order to investigate the presence of polynuclear

chelate speciel in the BYltlﬂal

s potentiometric titrations
of 1:1 mixtures of vanadyl sulphate and catechol were
carried out over a four-fold concentration range. The
effect of concentration on the potentiometric dat:, illus-
trated by curves 1-3 (Fig.l) for the above titrations 1is
so slight that no polymerization of the metsl chelate seems
to ncour. The spread of the lower buffer regions seen in
these curves can be accounted for entirely on the basis of
variation of the concentration of hydrogen ions as a func-
tion of concentration of the metal chelate. Beyond the
eross-over of the curves at m = 3, the second buffer region
is displaced to higher pl values with a corresponding incr-
ease in the concentration of the metal chelate. This shift

may be explained on the basis of the free alkali present
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in the system(i.e., the spread is due to the fact that
different quantities of KOH solution were required
to produce the same 'm' value since the total concentr-

ation of the metel chelate differed considerably).

In view of the above interesting results of the
interaction of one mole of eatechol with one mole of
vanedyl ion and to verify the conclusion of the format-
ien of mononuclear chelate species only in the system,
it was considered worthwhile to carry out a mathematical
analysia of the potentiometric titration data. The
method used for the determination of equilibrium const-
ants is outlined below:

Ir KEA represents catechol, complexation react-
ion at initial steges of the titration may be represented

ast

VOt + Hoh T== VOA + 2H' we ()

Bquilibrium constant K, may be expressed as:

_ [voa] []°
(707 (e

see (1)

Although the hydrolytic behaviour of vanadyl ioms
is not fully known, however, taking the values of xhl
and thﬂ reported by Rossotti and Ro-lottizg for the
equilibrias
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Vo't 4 H,0 == volou] " + ¥

_ [owpn*] ]
1 [vo'"]

= 10_6'0 ees (?)

24
and 2V0"" + 2Hy 0 — (voloa] ), + o’

& [('0[[:%;] |a*]? 20988 oo (8)

it may be shown that in solutions of pH less than 3.5,
the amount of the hydrolygzed specles of the uncomplexed
vanadyl ions is negligible as compared to the concentr-
ations of the other species present in the equilibrium
mixture. But in this study, due to a little chelation
between vanadyl ion and eatechol below pH 3.5, it was
considered necessary to account for the egquilibria invol-
ved in the hydrolysis of free vanadyl iéns present in the
system. For this purpose, the values of hydrolysis const-
ants defined by the equations ? and 3, were employed.

Ir T, represents total concentration of all the
metal species and T, that of the various ligand species
and 1f Ty Dbe the concentration which the added base
would have if thers were no reaction, we obtain the foll-
owing equations for maintaining the material balance:

v, = [v0™] + [volod) * e[(vo fos) )2*] +[vos]

eee (4)



t + (8] = [voron*] + 2[(vofod] )3*] + 2[vos] ...(s)
and

7, = [Hga] + [vou] vee(8)

In the pH range studied, concentrations of HA™, A
OH~ were negligible as compared to those of the other
species present in the reaction mixture.

Elinination of [vo[]*], [(vofod )o'| and [voa]

between equations 2-5 glves,
ﬂ[n-%:—a: [vo"'jz + (2% -9--1'—) [vo"’] (o1 - To-[E"]) =0
eee(T)

Coneentration of free vanadyl ions present in the equil-

i{drium mixture may, therefore, be given by the expression,

¥ -bt +4ac
['02] = zl ..-(8)
where
= 2x U'G-“ P =P 4 -Ig—o- and
e i [1]

e = 21‘ - Toy - ij

After computation of the equilibrium concentration of
free metal ions, concentrations of the other species
precent in solution may then be determined algebraleally
from equations 4-6. The values of the equilibrium constant
Ky» calculated from various points of curves 1-3 (Pig.l),
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are presented in Table I,

Table I
Curve 1 (Fig.l), T, = Ty = 5x10°N

m 0.20 0,28 0.36 0.44 O0.62 0.60 0.76 0.92
pH 3.70 3,76 3.82 3.87 3,93 3,98 4.06 4.10
_logk,5.87 5.87 B5.86 5.85 5.8 5.85 (5.79 5.64)"

Average value of -log K; = 5.86%0,01
*Yalues not included in the average.

Gurve 2 (Fig.1), T, = Ty = 2.5x107°M

a 0.20 0.8 0,36 0.44 0.60 0.76
pH 3.84 3.91 3,97 4.07 4.07 4.16

*
-log X; 5.88 5.88 5,88 6.87 (5.72 5.89)

Average value of -log K, = 5.88%0,0
* Yalues not included in the average. s

Curve 3 (Pig.l), T, = Ty = 1.26x10"H

a 0.12 0.20  0.28  0.44
pi 3.92 3.98  4.02 4,10
-log K; 5.85 5.85 (5.79  5.46)

Average value of -log Ky = 5.85610,0
*
Values not included in the average

From the above table it is evident that the relat-
ively constant values of -log K, could be obtaired up to
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a pH of about four only regardless of the initial concen-
tration of the reaction mixture. It is also obvious from
Table I that the value of the equilibrium constant is
independent of concentration of the metal chelate indica-
ting that the complex is present in solution mainly as
a monomer under the experimental conditions employede

On the basis of the mathematical treatment, given
above, attempts were also made %o ealculate the value of
equilibrium constant K,, from the potentiometric data of
curve 4 (Fig.l) for the titration of vanadyl sulphate with
KOH in the presence of two moles of catechol, The results

of these caleulations are presented in table II.

Table II
Qurve 4 (Fig.l), T, = 2Ty = 1.0c107 N

m 0,8 0.36 0,44 0.52 0,60 0,68 0.76
p 3,60 3.86 3.70 3.74 3.78 3.82 3.86
-log K, 5.85 5.85 5.83 5.81 5.79 5.79 5.78

Average value of -log Ky = 5.8110,04

In this case slso constant values of -log K, could
be obtained up to a pH of about four only. This similarity
together with a close agreement in the values of the equil-
{brium constant, given in Tables I anéd II, indicated that
even in the presence of an excess of catechol a normal 1:l

chelete is the only complex formed in golutions of pH¢4.



Stability of 1:1 Chelate

The stability comstant, KIA’ of the l:1 Metal
chelate may be defined as:

gy [ voa ] -
o 1) s

It K‘l and Iaz represent the first and cecond diss-

ociation constents of catechol, it may be shown that:

K

= ess (10)
A K, . K
1 %
where ll represents the equilibrium constant defined

by expression (1).

Substitution of the values cf Il (from tables I and
II average value of pK; = 5.85), Ka, (10°%-%)%°1."3 gp4
x.z(ld‘ll'%)“f’25 in the above expressior corresponded
to a value of 15,°8 for log LG

Hydgolysis of 1:1 Chelate,

A gredual fall in the values of -log Ky, above pH
of about four (table I), caleulated from the potentiometric
titration data of the 11l vanadyl sulphste-catechol system
(curves 1.3, fig.l) together with a single inflexion point
at m = 3, indicated that the normal 1:1 chelate (I) under-
goes hydrolysis with the formation of a hydroxe complex

and there is some overlap between the two successive
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reactions. The hydrolytic reaction may be represented as:
VOA + Hy,0 F—= VO(0H)A™ + H' ou (AR)

The hydrclysis constant, K, may be expressed ags:

& [vo(cm ).A"] [n*]
Bl T

The overall reaction in the system may be written as:

ees (11)

+

VO™ 4 Hoh + Hy0 F——= VO(OH)A™ +3H

The equilibrium constant for the above reaction may be
given by

[vo(om)a~][#*]®

n " [véh 1 [HeA]

Other pertinent oquations are,

see (12)

ry = [v0**]+[voran)*]+2] (vo[on] o |+ [Yoa]+[vo(on)a7]
ese (13)
To +[8] = [vo(on)*] + z[(vo.[m] )§*‘]+z[vm]+s[vo(m)r]
eee (14)
1, = [Hg] + [voa] + [¥o(om)s) e (15)

Here clso, in the pH rsnge studied, concentrations of HA

A°" end OH" were negligible as compared to thome of the

other species present in the system.
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Elimination of [VO(OH )A'] between equations 13 and
14 gives

3y - Py -[H'] = 3[v0"*]+2[vo(ou)*]+a[ (volon] )g*]+ Vo]
' . (16)

Combination of equations 1.3 end 16 gives,

31y - Tgq - [1'] = 3[ve™"] + .zs[ﬁ_?. [ro] » s |° P

I‘1 LAY yo?*

In 2 1:1 reaction mixture, since 2y ™ TM y Irom egquations

. (17)

13 and 15 we obtain

[HoA] = [vo ] + [vo[w] ] + 9[(70[(11]) ] .+ (18)

Combination of (17) and (18) and rearrangement of the
terms into the form of a polynomial yield :

a[76*¥]® + v[ve™*]® + ¢[ve™] - a =0 ves(19)

where

. 2111:10"6 -88 i -6-88 lelo's -0 “1
L i L

211&?5'6 0
ki

c and d = 30y - P ~ [H']



Knowing the value of K, (from tables I and II), equil-
ibrium concentration of free vanadyl ions present in

the solution could be determined by solving equation 19
with the help of Newton's mnthod?4 of successive approx-
imations using I.B.M. 1620 computer. Concentrations of
the other species present in the egquilibrius mixture could
then be calculated from the above equations, The values
Ky and Kn could thus be determined, Here also, in order
to detect polymerization of the hydroxo chelate (II),
these constants were determined over a four-fold concentr-
ation range of the metal chelate. The results of these
calculations, obtained from the potentiometric data of

ecurves 1.3 (Fig.l) are given in table III.

Isble II1
Curve 1(Pig.l), T, = Ty = 5x107°K

m 1.24 1,40 1,56 1,72 1,80 1.88 2.0¢ 7.20
pH 4,31 4.41 4.50 4.6 4.68 4.73 4.86 5.06
-log Kh5.02 5.07 5.04 5.09 5.12 5.08 B5.09 5,18
-log Ky 1087 10.92 10.89 10.94 10.96 10.93 10.94 11.03

Average value of -log K, = 5.09%0.69 and
-log Ky = 10.9320,10
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Curve 2 (Pig.l), T, = Ty = 2.5x10"M

n l.24 1,40 1,56 1,72 1.80 1.88 2.04 2.920
PH 4.45 4.54 4.63 4.73 4.80 4.8 5.01 B5.14
-logk, 6.19 6.14 5,17 5.13 5.13 5.18 5.16 5.13
-logky 1.06 11.00 10.99 11.01 11,02 1i.01 11.09 11,08

Average value of -log K, = 5.1620,04 and
-log Ky = 11.03%0.08

Curve 3 (Pig.1), T, = Ty = 1.26x10°°K

n 1.08 1,2¢ 1,40 1.56 1,72 1,80 1.88 2,04
pH 4.46 4,62 4,62 4,74 4.83 4.87 4.9 85.1°
~logk, 4.91 4.85 4.96 5,158 6.14 5,11 5,17 5.18
-logky 10.83 10.76 10.85 11.00 10.99 10,96 11.08 11.12

Average value of -log K, = 5.061C.12 and
-log Ky = 10,94%0.18

Again, it is evident from the above table that the
values of plh and pln are almost independent of the concen-
tration of the metal chelste indicating that the monohydroxo
complex also does not polymerize under the experimental
conditions employed.

By the use of the equilibrium constants presented in
tables I-III and the equations given in the mathematical treat-
ment of the data, it was possible to determine the distribution
of the chelate species I and II as a function of the total
metal chelate concentration and pH of the reaection mixture
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containing an equimolar concentration of vsnadyl sulphate
and c¢catechol. Figure 2 thus shows that formation of the
normal 1:1 chelate gtarts from a pH of about 3,.,6. Concen-
tration of the complex becomes maximum around pH 4.7, above
which reaction (ii) becomes more significant (Fig.3), the
concentration of VOA, therefore, falls and ultimately as
the system approaches a pH~7T, the complex is completely
converted into the hydroxo chelate VO(OH)A .

0 e a ulphat
mith two Moles of Catechols

Curve 4 (Pig.l) for the potentiometric titration of
vanadyl sulphate with KOH in the presence of two moles of
)

catechol is throughout lower than the curve 1 for a similer

titration of vansdyl sulphate in the presence of one mole of
catechol, The lowering, however, increases above pH of about 4
and a sharp Inflexion ocecurs at m = 4, Inflexion point at m=4
is in accord with the reaction:

" OH T ll/
VO ' &2 - === - + 40"
(I1I1) sos (L41)

The above conclusion is supported by a spectrophotometric
study reported by Bhattacharya and Bunorjila. The relatively
constant values of pK,, the equilibrium constant for the
formation of a normal 1l:1 chelate, obtained up to a pH of
about 4 (table II), indic=ted that the 1l:1 complex (I) is the



& Q)

o U

predominant metal chelate species present in the system
below pH of 4. The lowering in curve 4 (cf. curve 1,

fig.1l) up to this pH may, thus, be accounted for on the
basis of the formation of 1:1 metal chelate formed as &
funetion of total concentration of catechol present in

the system. Above pH of 4, the 1lil complex begins to

combine with snother mole of catechol present in the

system with thnlformation of a 1:2 complex, Since the hydro-
lysis of the normel 1l:1 complex takes place in the seme pH
range (table III) in which formation of 1:12 complex occurs,
a portion of the former may be converted into the mono-
hydroxo complex (II) which by raising the pH of the solution
by the addition of alkali, in the presence of an excess

of catechol, is gradually converted into the 1:2? complex.
Thus, three chelate species, visz., VOA, VO(CH)A™ and VOA;",
appear to exist in the system. A single inflexion point at
m = 4 indicates that the surcessive reactions for the fomma-

tion of various chelate species in the system overlap.

Determination of Egquilibrium Constants

Reaction for the formation of 1:2 complex may be

represented as:

VOA + Hph e vmg" + 2n'

Equilibrium constant K,, of the reaction may be expressed as:

[voa2-] [#*]*

Y2 [voa] [1,4]

«ss (20)



K, the equilibrium constant of the overall reactionm,

VOF+ + PHpA 4———L YOA;' % 4H+

may be defined ass

__[vosg7] [ﬁ* s
[7 °!+J [‘9‘]

Assuming that only mononuclear metal chelate epecies

. (21)

are formed in the system, the following equations for mater-

{al balance in solution may be readily deduced:

2, = [v07*] + [vo(o0)*] + 2[(vo(am)g*] + [voa] +
+ [vo(am)x7] + + [voay~] cee (22)

2o +[H] = [vo(an)*] + 2[(vo(om))g*] + a[vcm] +

+ 3[vo(on)a7] + afvons” ver (28)

and

2, = [HgA] + [voi] + [vo(am)a”] + 2[voag™] .. (24)

2-—
Blimination of [VOAp | between (23) and (24) gives,

or, - Tog - [H'] = ?[Fgh] - [vo(an*] -2 [(voDodp"] -
[vo(om)a) eee (28)

Combination of equations 2,3,1? and 26 gives,

[g] = 2, - Toq - [H'] I—%j [vo™] + 2 I s[' o™*)*

[ﬂ =2 [vo™] veo (26)




Agein, combining equations 1.3, 1?2, 22 and 23 we get,

6K,
+ o4 +
ary - To - [B7] = 4[v0™*] + sm [vo®™*] + Tk == [vo™*

2[1 [Et‘] 24 xﬂ [BBA] 2
2 [+ B ]

. (27)

Now substituting the value of [Hgl_] from equation 268 in
equation 27 and then rearranging the terms into the form
of a polynomiel we have,

a[v0™]® + b[vo?"]’ + o[vo"*J+a =0 ee (28)

.
@*4[[3] 3t

ol it e D
o ke Lm Ky wr [m r..,}

where

[&"]°

= -E:!-ﬁ—z —[%fxl T o *[“]“Tu --Eﬁ-
and

a =4ty - T - [B']

Knowing the values of lhl. ‘hz (from equations 2 and 3) and
the equilibrium constants K, and Eﬁ(from tables I-III),computatic
of the equilibrium concentration of the free vanadyl ions,
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present in solution, could be made by solving equation 78,
Concentrations of the other species present in the equil-
ibrium mixture could then be calculated with the help
of the above equations and the values of pK and pKy
could, thus, be determined from various points of the tit-
ration curve. The results of these caleculations are prese-

nted in table IV,

Table IV
Curve 4 (Fig.1): T, = 27, = 1,0x107 M,

R l.40 1,66 1.72 1.88 2,04 2.20 2,36 2.52
PH 4.17 4.25 4.34 4.43 4.53 4.68 4.79 4.89
pk 8.01 8.06 8.22 8,17 8.09 8,16 8.156 8.02
pK 13.86 13,91 14.07 14.03 13.95 14.01 14.01 13.88

Average value of pK = 13,9620,11 snd pK, = 8,110,086

In this connection it may be pointed out that since
the hydrogen ion concentration appears as the fourth
power in the expression for the equilibrium constant
(equation 21), an experimental error of only Xo.02 pH unit
would give an apprecisble deviation in the values of the
equilibrium constants. The acecuracy of the values of these
constants, given in Table IV, is, therefore, limited to
about 20,15 pK unite.

After computation of the equilibrium constants,
dietribution of the various chelate species as a funetion

of pH of the solution could be determined. This has been
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.4, Distribution of chelate s pecies VOA, VO(OH)A™ and VOAg—(cu‘rves
1,2 & 3 Tespectively) as a function of pH in @ 1:2 vanadyl-catechol
chelate system(curve 4, Pig.1).



presented in Figure 4.

Stability of 1:2 Chelate

Formation constant E‘Ag of the 1:2 complex and the
overall stability constant i;‘e of the metal chelate
may be defined as: |

[vmg-]
fuag = [voa] [A"] s
end
K, [vosy”] oo (30)

=
-
e " [
Using the equations 20, 21 and the expressions for xal
and K_ , the dissociation constants of catechol, it

8
may be shown that,

K,
= ‘T_T'—" e e (31)
‘ng =M B
and
... (32)
P i e
K‘l Kag

Substitution of the values of K, and K (from table IV)
and the dissociation constants of the ligand, reported

by Heureux and Martell®’>
log thz and log K;Ae equal to 13.02 and ©°8.30 respectively.

, thus, gave the values of



SECTION II

QXOVANADIUM (IV) CHELATES OF CHROMOTROPIC ACID

Although chromotropic acid (1,8-dihydroxynaphthalene
3,6-disulphonate, DNS) complexes of oxovanadium(IV) have
been reported oarlierzb'zv. a survey of literature reve-
aled that a quantitative study of the equilibria involved
in the interaction of V0?+ with DNS has not been carried
out. In order to have an understaniing of the nature of
theae simple chelates, therefore, it was considered worth-
while to carry out a mathematical analysis of the potent-
iometric data arising from the interaction of V0?+ with
DNS. Por a comparison of the stabilities of these simple
complexes with those of the mixed ligand chelates,
attempts were made to determine rormafion constants of the
complexes under the experimental conditions employed in

the study of mixed-ligand systems.

RESULTS AND DISCUSSION

Curve 1 (Pig.5), for the potentiometric titration
of an equimolar mixture of vanadyl sulphate and chromotropie
acid (disodium salt, DNS) with KOH, exhibits sharp inflex-
ion points at m = 2 and m = 3. An inflexion point &t m =%

is in accord with the reactions

-OES\ —038\
Voo + il e 88;v0 + oY L...(1)
- 08 -0,45
(L)
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The occurrence of a buffer region in the renge m = 2 to 3

indicates a reaction of the type:

0,8 0,8
KN ",
\ == -
| T V0 + Hyo T Svo(om)™+E" ... (11)
wi ol -

(11)

In order to verify the above c¢cnclusions, attempts
were made to determine the equilibrium constant Kl of
reaction (i) from the potentiometric data of the lower
buffer region and K, the hydrolysis constant of the
chelates, represented by resction (ii), from the data of

the upper buffer region of the curve,

If HQAF' represents chromotropic acid, the equili-

brium constent Il mey be defined as:

& [voa®=] [a¥]®
T T

and the hydrolysis constant K, may be expressed as:

ees(33)

. [vo(ou)a®] [8%]
[VOAE']

By using the mathematical treatment of data presented

...(34)

by equations 1-8 in the vanadyl catechol system, the
values of K, , obtained from various points on the lower



buffer region of curve 1 (Pig.5) are given in table V.

Table V

Curve 1 ( Fig.B), 7, = Ty = 5x10”N

m 0.20 0.40 0.60 0,80 1.00 1.20 1.40
pE °2.97 3.08 3,19 3.30 3.43 3.66 3.71
_1ogx14,oa 4.07 4.08 4.08 4.11 4.11 4.10

Average value of -log Ky = 4,0020,0?
d o onst

The hydrolysis constant K,, defined by (34), may
be determined with the help of the material belance

equat Lonss

| 1y = [voa®] + [vo(am)a®] ees (35)
tg + | BY] = [vo(oma®] cee (36)

- , = [voa®7] + [vo(am)a®] oo (37)

Values of K, caloulated from the potentiometric data
of the upper bvffer region of curve 1 (Pig.6) are pres-
ented in table VI.



Table VI

Curve 1 (Pig.5), T, = Ty = 5x10~N

n 2,2 2,3 2.4 2.6 2.8
pE 5.17 5.32 5,50 ©5.65 5.82
-log K, b5.66 5.68 5.67 5.66 b5.64

Average value of -log K, = 5.6620,02

The success thus achieved in obtaining constant
velues of the equilibrium constante (tables V and VI)
clearly shows that a normal 11l metal complex(I) ie the
only chelate species formed in the lower buffer region
of the curve and in the upper buffer region the complex(T)
undergoes hydrolysis in accordance with reaction (ii).

Having esteblished the nature of the chelation react-
fone oceurring in the system, it was considered of inter-
est to investigate polymerization of the chelates formed
in the solution. Titrations of 1l:l mixtures of vanadyl
sulphate and chromotropic acid were, therefore, carried
out at various concentrations of the metal salt. Values
of the constents K, and Ky» determined from the tit-
ration date of these curves (curves 2 and 3, Fig.5), are

1isted in tables VII and VIII respectively.



Table VII
Gurve 2 (Pig.5), T, = Ty = 2.5x10K

n 0.2 0.4 0,6 0,8 1.0 1.2 1.4
pH 3.15 3.76 3.35 3.46 3.58 3.71 3.86
-logK, 4.05 4.06 4.00 4.07 4.09 4,10 4,10

Average value of -log K, = 4.07%0,03

Curve 3 (Pig.5), T, = Ty = 1.25x107°HM

n 0.2 0.4 0,6 0.8 1,0 1.2 1l.4
pH 3.34 3.42 3.50 3,60 3.71 3.84 3.97
—195[1 40& 4.00 3.98 3.% 3.99 4001 3097

Average value of -log K, = 5.9920.03

Table VIII
Curve 2 (Fig.B), T, = Ty = 2.5x10°°N

n 2.2 2.3 2.4 2.5 2.6

pH 5.10 6.29 B5.B0 5.67 5.80

-logk, b5.70 5.65 b5.68 b5.67 B5.62

Average velue of -log K, = 5.6620.04

Curve 3 (Pig.5), T, = Ty = 1.25x10"°M

m 2,2 2.3 7.4 2.5 2,6
pH 5.06 5.2 bH.44 5.66 5.78
-logk, 6.64 5.61 b5.61 5.59 5.60

Average value of -log Ky = 5.81%0,03

1
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It is evident from tables V-VIII that the values
of pKy and pth are almost independent of concentration
of the metal chelate, indicating that both the species,
the normal 1:l chelate (I) and the monohydroxo complex(II),
do not polymerize to any significant extent under the
experimental econditions employed. |

$tability of 1;1 Chelate

After determining equilibrium constant K, of react-
ion (1) (tables V and VII), formation constant of the
chelate}

fro"

Kya ™ ['o!';j [A"] ees (38)
mey be determined from the expression
Kyy = T-Elr—- ves (39)
5 %

where K‘l and Kaa represent the dissociation cons-
tents of the ligend (HpA" ), defined by

(7] ']

!_—:r eee (40)

and

K'z_ - [HAB'] ses {41)

Substitution of the values of K; (from tables V end
VII average value of pK; = 4.06), xl1(10'5°3‘) and



x‘z(m’“'“)“f‘” in (39) gives & value of log Ky,
equal to 18,89.

Analysis of the Potentjometric date
ig.b

Curve 4 (Fig.56) for the titration of a reaction
mixture containing 1:? molar ratio of wvanadyl sulphate
to chromotropic acid is throughout lower than the curve ?
for the corresponding titration of & 1l:l mixture of
vanadyl sulphate and chromotropic acid, and ghows inflex-
jon points at m = 2 and m = 4, A similar nature of this
curve with curve f in the range m = O to ? is indicative
of the formation of & 11l chelate (I) (reaction i) in

the systen,

In order to verify the above conclusion,attempts
were made to calculate the equilibrium constant K; from
the potentiometric data of the lower buffer region of
curve 4 by using the mathematical treatment osploycd
in the 1:1 vanadyl sulphste~chromotropic acid system.
The results of these ecalculations are given in tsble IX,

Iable JIX
Curve 4 (Pig.5), T, =2 7, =5 x 107K
n 0.2 0.4 0.8 0.8 1.0 1.2 1.4
pi 3.0 3.12 3,18 3.26 3.35 3.46 3.56

—1“‘1 4‘9“ 4009 4-% 40m 4.03 4.08 4.09
Average value of -log X; = 4,0710,02
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The relatively constant values of pK;( ef. table VII),
observed in Table IX, showed that even in the presence
of an excess of the ligand only a 1l:1 metal chelate(I) is
formed in the lower buffer region of the curve. An
inflexion point at m = 2 thus indicated the complete
conversion of vanadyl ions in the system into the normal
1:1 metal chelate (T).

Beyond m = 2, lowering in the curve (ef. curve 2)
becomes more significant. In the range m = 2 to 4, the
curve may be interpreted in two different ways:

8 As this portion of the curve ( m = 2-4) appears
to be a composite of the upper buffer region of curve 2
for the titration of 1:1 chelate system and the curve 0
for the titration of the free ligand, a probable explsnat-
ion may be based on the assumption of the formation of a
hydroxo 1l:l complex of the type (II) (reaction 1i) and the
neutralization of free lizend (one mole ) present in the

system.

II. Lowering shown by the curve in the renge m = 2 to
4 and an inflexion ﬁoint at m = 4 may also be accounted
for on the basis of the combination of 1:1 complex (I) with

another mole of the ligand in accordance with the reaction:

-obs =048 =045 sq;
8 VO + 8 = 8>§< sent
-0g8 - 0,8 -

S
(I11) O;



In order to characterize the reasctions ococurr-
ing in the system, attempts wers first mede to analyse
the potentiometric data of the upper buffer region of

the curve on the basis of model I.

From the velues of 107°°34 gna 1073560 £or the
dissoclation constants of the phenolic protons of the
ligand, it is evident that only one proton of the
phenolic groups may dissociate under the experimental
conditions (see curve O, Fig.5). Therefore, taking into

account the reaction:

Hgd"~ = mA> + &'

from the material balance, we obtain

7y = [va®7] + [vo(oma®] vee(42)
T + [BY] = [vo(ama®) + [ma®] ves (43)

[Hg 2-] + [mS-] + [vmﬂ-]+[10(t.1:l?%::k

In equation 43, Ta; represents the concentration of KH
added at any point in the titration beyond m = 2,

In reaction nixture containing a 1:? initial molar
ratio of vanadyl sulphate to chromotropic acid, since
Ty = 2 Ty combination of equations 40 and 42«44 gives

s "
[vo(a)a>] = 1gq +[8*] - E,/( 1+ L::J- ) wes(48)

1
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Substitution of [VO(OH)A™] from (48) in (42) yields

T
o i
1+ )

K

b |
Having determined the congentrations of the species
voA®~ and YG(OH)Ag'. the hydrolysis constant K, may
then be calculated. Values of K, » obtained from the

titration data in the reange m = 2.4 are presented in

table X,
Table X
Gurve 4 (Fig.5), Tp = 2Ty = Bx10°N
n 2.4 2.6 2.8 3.0 3.2 3.4 3.6

pH 4.74 4,93 5.08 b5.”2 B.38 B5.857 b5.76
-log K;, ©5.32 5.26 6.17 5,10 5.06 5.02 4.97

A gradual fall in the values of -log K, observed .
in table X, indicated that the solution contained a
greater concentration of hydrogen ions than that would
be on the basis of postulate I. Potentiometric data were
then trested in accordance with the model II as given
below:

Interaction of 1:1 chelate, YOA"~, with another
mole of the ligand may be represented as

va~ + ma® == voay~ + " ... (111)
(111)



Bquilibriun econstant K, of the reaction may be
expressed as:

8. +12
Ko = [VOAz:l [B ees (47)

[voa®] [moa®-]

Since dissocistion of a phenolic protom of the ligand
and the hydrolyais of vm"' (reaction 1i) take place in

the seme pH range in which reaction (1i1) is assumed to
ocecur, taking into aceount these factors, from the

material balence we obtaini
2, = [voa™] + [vo(om)a®] + [vea§=] ... (8)
Ty + [B'] = [1%] + [vo(o0)a®) + 2[vos3T] ... (49)

7, = [1pa®]+ [Aa>]+ [voa®<]+ [vo(am) s3] +2 [voa3™]
ees (50)

In & 132 vos% - chromotropic acid reaotion mixture,
since T, = 2Ty from equetions 48 and B0 we obtain

[voa®] + [vo(om)a®] = [mga®]+{m®] ...(s0)

Again from (49) and (50) we get
T, - Tog - [E'] = [Hga®J+[vaa™] eee (82)

Combination of (34), (40), (61) and (B2) ylelds



PP (7, -2 - [B'])

[32‘2']‘ Ly 1 cee (53)
Do .E{?T (x‘l + Kh)

After computation of Eﬂz‘?{]' concentration of VOAQ' may

be obteined from (52), and [?0(08)A§f] may then be calcul-
ated from (34). Having determined [VOAQ'] and [VO(CH)A&].
coneentration of the 1:2 complex, [YOAgf], may be calculated
from equation 48. Values of the equilibrium constant K,,
thus obtained from various points on the upper buffer region
of curve 4 (Pig.5) are prescnted in table XI,

Table XI
Curve 4(Fig.5), T, = 2Ty = 5x107°M

m 2.4 2.6 2,8 3.0 3.2 3.4 3.6
pH 4.74 4.93 5.08 B5.2? 5.38 5.57 5.76
-logk, 7.88 7.88 7.856 7.82 7.84 7.89 7,81

Average value of -log K, = 7.8510.04

The success thus obtained in calculating the equili-
brium constent K; and the failure to obtain constant
values of pK, on the basis of model I (table X) streng-
thens the validity of postulate II. Formation of a 1:?
vanadyl-chromotropic acid chelate is, therefore, believed to

occur in the systenm.
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Having established the formation of a 1:? vanadyl-
chromotropic acid chelate in the system, formation const-

ant E'Az of the complex defined by

_ [ vosg™ ]
e " T )

may be determined from the sxpression:

e
ng . —ia,—l-!;;—- eees (B5)

Thus, substitution of the values of K, (Average value of
pK, from tablo XI is squal to 7 88), K, (1075:34) ana
112(10'15 60) yiolds a value of log KHA2 equal to 13.09.

(54)

99—

e



SECTION III

QXOVANADIUM (IV) CHELATES OF MANDELIC AND LACTIC ACIDS

Although complexes of vanadyl ion with glyecolie,

tartaric and eitric acids have been kncnnzs"32 since

the earliest Investigation of vanadium chemistry,
chelates of mandelic acid (phenyl-glycolic acid) have,
however, received little attention by the earlier
workers. Before carrying out a study of the mixed-ligand
systems involving mandelic and lactic acids as ligands,
therefore, it was considered of interest to investigate
the nature of the simple mandelate and lactate complexes

of VO(IV) formed in agueous solutions.

RESULPS AND DISCUSSION

VANADY L.MANDELATE CHBLATES

Curve 0 (Fig.6) for the titration of mandelic acid
with KOH shows a sharp inflexion at one equivalent of
alkali tﬁdiaating the neutralization of carboxylie
proton of the acid. The a~-hydroxy hydrogen atom of the
ligand thus remains unaffected under the experimentzl

conditions.

Curve 1 (Pig.6) for the titration of an equimolar
mixture of vanadyl sulphate and mandelic acid shows a
slight inflexion near m = @ and o sharp inflexion at

about m = 3, A hint of inflexion near m = 2 is indicative
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Fig.5. Potentiometric titratim’glof‘ vanadyl-manielate chelate systems
with KOH(0.1N): gurve 02.5x10-3¥ in mandelic acid: Cyrve 1, 5x10~3M in
VO(IV) gnd 5x10-9M in mendelic acidjcurve 2, 2,5x107°M in VO(IV) and
?.5x10"°F in mandelic acid; Curve 3, 1.25x10-°M in VO(IV) and 1.95x10~3M
in mandelic acid; Curve 4, 2.5x10-5M in VO(TV) and 5,0x10-M in mandelic
acid, Curve A, comnosite curve of 0 and 2, In %he lower buffer regions
portion of the curves forr the neutralizstion {ClL orecent in VO(IV) solu-
tion has been eliminated.



of a reaction of the type:
OH 0
P PN i AN
TOP* o+ 0635 CH R csﬂb Gﬁ/ vo + oH” (1)
™ goon Neo”

An inflexion point at about m =3 is in accord with
the reaction:

0 0
—
6gly O \v0+nzo<--— onacn/ ™ yo(on)~ + B (1)
s 4 T
] 1]
0 0

In order to verify the above conclusions, attempts
were first made to analyze the potentiometric data on
the basis of reaction (i). If HpA represents mandelic
acid, dissociation of the carboxylic proton of the

ligand may be represented as
Hoh = HA" + H'

Ka’ the dissociation constent of the acid may be expre-
gssed as

[ma]) [ =]

- e (96)

[1g4]
+ [mA™
From a plot of -log [H'] against log =——= (Fig.7)s

(4]

obtsined from the potentiometric data of curve 0(Fig.6),

the value of pI‘ was found to be 3.39 as an intercept
on the -log[Hf}axig. Phis value is in good agreement with
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a volue of 3.41 reported by Bell and Iaindas.

The equilibrium constant K of reaction (i) may
be defined as

[voa] [x"]"

X = TRl ves (87)
From the materisl bslence we obtain
7 = [v0°*) + [voa] ver (58)
Tg *+ [B7] = [BAT] + 2[voA] .ee (89)
7, = [Hoa] + [a”]) + [vod) .e. (60)

In the pH range studied, concentrations of A?". oa™
and the hydrolyszed species of vanadyl ions were negli-
givle as compared to those of the other speclies prezent

in the system,
Combination of (56), (59) and (60) gives
27, - T - |B'
[nz.q . -t —% [ e .0
2 +
1]

After determining [ﬂzﬁl, concentrations of the species

present in the system mey be determined with the help
of equations 58-60. Values of K thus obtained from
various points of the titration curve are presented in

table XII.
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Table XII
Curve 1 (Pig.6), T, = Ty = 6x107°M

m 0.2 0.4 08 08 1.0 1.7
pH ?.,7. 2.82 2,98 3.15 3.36 3.58
-log K 3.39 3.46 3.65 3.82 4.01 4.13

It is evident from table YII that the above mathe-
matical treatment of the data did not give constent
values of the equilibrium constant. A gradual increase
observed in the values of pK indicated that the concen-
tration of hydrogen ions in the system was less than that
would be on the basis of reaction (i).

In view of the above, it was thought that the libera-
tion of two hydrogen ions per mole of vanadyl ion (reaction i)
might take place in two overlapping steps. The following

reactions were therefore considered:

H
o 0
%
voot 4 Cglls m/ == Cglg Gt ivo* + BT (111)
B s b
0
o 0
P + 2N\ +
OgHg Cif voo == Oglig il VO + K (iv)
/
\‘,3;0/ \ﬁo
0 0

Formation econstant tm of the chelate vouat may be



defined as

__ [vomd]
" o ()

In the initial stages of titration, considering reaction

ees (62)

(111) alone, from the material balance we obtain

2y = [V0**] + [voma*) | oo (63)
T + [B'] = [EA7] + [voma*) vee (64)
7, = [Hpd] + [A7] + [voud) e (65)

Combination of (56), (64) and (65) yields

5. Kal®y - T - [E'])
[BA7) = -—-Jr[ff il oo (66)

Zat K
¥rom (ﬂ‘) and (GG) we obtain (éa':_x}:l“ |
-‘,.':

-
Ao e st

o] = dher S+ 0D @+ D) - 51

eee (67)

Having obtained [vmn*]. concentration of the uncomplexed
vanadyl ions in the solution may be determined algebraically
from equation (63). Values of the formation constant Kyma
thus obtained from the potentiometric data of curve 1 (Fig.6)
are given in table XIII.



(=
et

Table XIII

Curve 1 (Fig.6), T, = T, = 6x10™ oM

m 0.0 0.2 0,20 0,78 0.36 0.44
pi  2.62 2,67 2,71 2.78 2,81 2,86
logKyp, 3.40 3.40 3.47 3.44 (3.1 3.72)"

Average value of log Ky, = 3.43 i o0.04
' Values not included in the average.

Constant values of log Ky, obtained in the range m = 0
to 0.28 showed the formation of complex of the VOHA' type
in the system,

A gradual increase in the values of log Kyga» Obser-
ved in table XIII, at m > 0.78 indicated the occurrence
of reaction of type (iv). If K represents equilibrium

constant of reaction(iv), we have

_[voi) [

K o] ves (68)

Other pertinent equations are
Ty = [v0™] + [vaus*] + [vod] e (69)
Tog * (E'] = [0A7] + [voua™] + 2[vod] ees (70)

7, = [HpA] + [Ha7] + [vaua™] + [ved] ... (M)

In a 1:1 vanadyl sulphate-mandelic acid system since
T, = Tys» combination of equations 56, 63 and 69-71 and



rearranging the terms into the form of a quadratic equa-

tion we obtain

: 2+)2 OF
K Ky (V)% + (&, + 2[1']) [v0™]
+
- (P, -Tyr-[E])XK, =0 ...(7?)
where
X=1+ L¥:l
a
Concentration of the uncomplexed vanadyl ions in the system
be
may,therefore,/determined by solving the above equation,

After computation of [Yogf], concentrations of the
other species present in the system may be easily calculated
with the help of equations given above. Values of K so
obtained are listed in table XIV.

Iable XTIV
Curve 1 (Fig.6), T, = Ty = 5x10”M
R R R B A W

pi 2,82 ©2.98 3.15 3.35 3.55
-log K 3.69 3.67 3.62 3.63 3.60

Average value of -log K = 3.64% 0,03

The success thus obtsined in calculating the equili-
brium constants for reactions (iii) and (iv) showed that
formation of VOA in the system takes place through an
intermediate formation of a chelate of the VOHA' type.
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Here it may be mentioned that the liberation of a

second hydrogen ion (reaction iv) may also occur as

vous* + H,0 ¥ vo(ou)HA + H* (v)

But formation of chelate species of the VO(OH)HA type
may be considered less likely in view of the fact that
the unchelated vanadyl ion itself does not hydrolyze
below pH 3.5.

Having established the reactions taking place in
the system, it was considered worthwhile to investigate
polymerization of the chelate specles. Titrations of
equimolar mixtures of vanadyl sulphate and mandelic aecid
were, thnrifort. carried out at two more concentrations
of the metal salt. Values of IIEA and K, calculated
from the potentiometric data of curves 2 and 3 (Fig.6)
for titrations of 1:1 vsnadyl sulphate-mandelic acid
reaction mixtures having concentrations of ?.Exld’sl and
1.26x10"°M of vanadyl sulpheote respectively are presented
in tebles XV and XVI.

ble X
Curve 2 (Pig.6), T, = T = 2.5x10°°N

m 0. 04 0.1° 0.70 0.28 0.36
pH .87 2.92 ©,.98 3.01 3.08
*
log Kyy,  3.48 3.47 3.44¢ (3.60 3.81)

Average value of log xn; 3.46%0,.02
# Values not included in the average.



Curve 3 (Fig.6), T, = Ty = 1,26x10"°N

o 0.04 0.12 0.20 0.28
pH 3.14 3.18 3.21 3.24
log Ky, 3.4 3.48  (3.61 3.85)"

Average value of logK,p 3.4610.02
* VYalues not included in the average.

Table XVI

Gurve 2 (Pig.6), Ty =Ty = 2.5x10"N

m 0.4 0.6 0.8 1.0 1.2
pH 3,04 3.17 3.32 3.50 3.68
-log K 3.687 3.64 3.63 3.66 3.62

Average value of -log K = 3,64 % 0.03

Curve 3 (Pig.6), T, = Ty = 1,26x10°°K

mn 0.4 0.6 0.8 1.0 1.2
pH 3,26 3.37 3.561 3.66 3.83
-log X 3.67 3.64 3.66 3.66 3,63

Average velue -log K = 3.85%0,02

Concentration independence of equilibrium const-
ants seen in tsbles XIII.XVI showed that the chelate
species do not polymerize under the experimental
conditions employed.



The curve shows a hint of inflexion at m = 3 and a
gharp inflexion at about m = 4., These inflexion points
msy be accaunfod for on the basis of the formation of a
131 complex (ecf. curve 1, fig.6) and the neutraliszation
of free ligand (one mole) presemt in the system. In
order to verify this interpretation,a cslculated curve
'A' was obtsined by the addition of abscissae of curves
0 end 2 (Pig.6). The resulting composite ourve A (shown
by dotted line in figure 6) was similar to the experi-
mental curve with a sharp inflexion at about m & 4, thus
indicating that there is no combination of the 1lil vana-
dyl-mandelic acid chelate with another mole of the ligend
under the experimental conditions. Lowering of the lower
buffer region in the experimentzl curve, as compared with
the composite curve, may be accounted for on the basis

of mass action.

ADY L B

RESULTS AND DISCUSSION

Potentiometric titrations of vanadyl sulphate in
the presence of lectic acid gave curves essentially sim-
ilar to those obtained in the vanadyl-mandelate system.

In this case also, from the nature of potentiometric curves,



o e PP STRY e 0 SN ST T AL e " (kL

i ¥
1 2 3 L 5 6

ig.B. Potentiometric titrations of vanadyl-lactate chelate,gystems
with KOM(0.1¥): Curve O, °.5x10"3M in lactic acid; 1, 5x1C°if in
VO(IV) and "x10-3¥ in lactic acid; 2,2.5x10-5M in VO(IV) and

o 5x10-9M in lactic acid; 3, 1.26x10-7M in VO(IV) and 1.926x10"“M

in lactic i: 4, 2.5x10-3M in VO(IV) =nd 5.0010-3M in lactic noid;
A, composite curve of 0 and 2. In the lower buffer regions portion
nf the curves ‘or the neutralization of FCl present in VO( IV =0l-
utin has been eliminated. m=moles of KO added per mols of the
metal ion.



only a 1l:1 metal chelate appears to be formed under

the experimental conditions. From an analogy of this
system with vanadyl-mandelate system, reactions
occurring in the lower buffer region of curves 1,2

and 3 (Fig.8) may be represented asi

i
Ol 0
7 P i ™
vo't 4 OHy = o, cf /vo* + B (1)
N cooH \ﬁo
0

H
B S c{\

o/vo + 5t we (11)

co G
i

0

In the upper buffer region (m = 2 to 3) of curvesl-3Fig.8)
a probable reaction:
P it i
VO + Hy0 T CH, of ,VO(eH)™ + . SNCTEY

\\ﬁo g
0
appears to take place.

Formation of the VOA type of chelate in two over-
lapping steps, represented by reactions (i) and (i1), has
been established by a mathematical analysis of the data,
employing a treatment similar to that presented in the

vanadyl-mandelate system.

Dissociation constant of the carboxylic proton of

lactic acid, determined from a plot of -log[i*] against
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[147]
[Hp4]

equal to 3,65, This value is comparsble with a value of

log (Fig.7), corresponded to a value of Pk,
3.74 reported by Cannan and Kibrick"%. Values of the
formation eonstant Ky, of chelate VOHA" and the
equilibrium constant K for reaction (ii), calculated
over a four-fold concentration range from the potentio-
metric dﬁu of curves 1-3 (Fig.8), are listed in tables
XVII and XVIII respectively.

Table XVII
Curve 1 (Fig.8), T, = Ty = 5x10°°

m G004 012 0.20 0,28 0,36 0.44
pi 2,75 2,82 2,88 2,95 2.99 3.08
log Ky, 3.15 3,14 3.17 3,19 (3.30 3.39)"

Average value of log Kyia = 3.1620.03
* Values not included in the average.

Curve ? (Fig.8), T, = Ty = 2,5x10° M

m  0.04 0,12 0.0 0,28 0.36 0.44
pH  3.00 3.08 3,12 3,19 3.25 3,29
log Ky, 3.156 3,19 3.21 3,71 (3.%8 3.42)"

Average value of log Ky, = 3.19%0,02
% Values not included in the average.



m
pH

Curve 3 (Fig.8), T, = Ty = 1.26x10”°M

0,04 0.12 0,20 0.78 0.36 0.44
3.26 3.31 3.36 3.4° 3.47 3.51

log Ky, 3.18 3.17 3.21  3.23 (3.3? 3.49)"

pH
-log K

-log K

pH
-log K

Average value of log Ky, = 3.20%0,03
* Values not included in the average.

Iable XVIII

Curve 1 (Fig.8), T, = Ty = 5x10M

O-‘ 006 0.8 1.0 1.2
3.00 3.18 3.38 3.57 3.76
3.82 3.80 3.81 3.77 3.73

Average value of -log K = 3,77%0,06

Curve ? (Fig.8), T, = Ty = °.5x10'sl

0.6 0.8 1.0 1,2 1.4
3,37 3.54 3.7? 3,88 4.09
3.84 3.83 3.81 3.74 3.75

Average value of -log K = 3,79%0.08

Curve 3 (Pig.8), T, = Ty = 1.6x10™M

0.6 0.8 1.0 1.2 1.4
3.59 3.73 3.90 4.08 4.%4
3.74 3.81 3.80 3.81 3.74

Average value of -log K = 3,7820.03
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Although many papers have appeared on the
tartrate and melate complexes of oxovanadium (IV), a quant-
itative study of the equilibria 1nyblvad in their formation
does not appear to be undertaken by the earlier workers.

In view of the interesting results obtained in the study

of msndelate and lactate chelates of VO(IV), it was
considered worthwhile to extend this work to the tartrate

and malate complexes.

VANADYL.T ARTRATE CHELATES

ULTS AND DIS

Curve 0 (Fig.9) for the potentiometric titration of
tartaric acid with KOH exhibits a sharp inflexion at two
moles of alkali per mole of the acid indicating the neutral-
ization of the carboxylic protons of the ligand. The alcoh-
olic (CH) hydrogen atoms thus remain unaffected under the
experimental conditions. A single inflexion at two equi-
valents of alkall shows that dissociation of the two carbo-
xylie protons of tartaric acid takes place in two overlapp-
ing steps.

Curves 1.3 (Fig. 9) represent titrations
of 1:1 mixtures of vanedyl sulphate and tartaric
acid of concentrations 5110'3. 2.5 x 10> and
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¢.9. Potentiometric titrations of vanadyl-tartrate chelate systems with
H(O.1N): Curve O, 5%x10 °M in tartaric acidj curve 1, 5x10°M in VO(IL)

d 5)(10‘3141 in tartaric acid; curve 2, 2.5%x10°3M in VO(IN) and 2.5x103M In
rtaric acid; curve 3, 1.25x10°M in_VO(T) and 1.25x103 M in tartaric acid;
rve 4, 5X10"3M in, VOo(IX) and 1.0X102M in tartaric acid. In the Llower
ffer regions portion of the curves for the neutralizotion HCl presemt tn
(N ) soln, has been eliminated,
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1.26x10%1 respectively. These curves exhibit two
inflexion points, one at m = 3 and the other at m = 4,
Ocourrence of an inflexion point at m = 3 indicates
that either cne of the a-hydroxy hydrogen‘atoma of the
ligand dissoclates as a result of chelation with
venadyl ion or that one water molecule of hydration

of the oxo-metal ion undergoes dissociation to give a
hydroxo complex, If H4A represents tartaric acid having
two ionizable carboxylic protons and two weakly acid
aleocholic hydrogen atoms, formation of the above two

alternative chelate species may be represented as:

VOt + B4 == vour + ' on (A3
(a)
Hp O
or VO*4+HA T== vVO(OH)H,A" + 3" e fiE)
(B)

The possibility of reasction (ii) may be considered less
- 1ikely in view of the fact that the unchelated vanadyl
ion itself does not undergo hydrolysis below pH 3.5.

Ocourrence of a buffer region in the pH range
5.6-7.5 and an inflexion point at m = 4 shown by the
curves indicate that either hydrogen atom of the secomd
hydroxy group of the ligand dissociastes and the tartrate
ion acts as a quadridentate ligand as reported by
J‘rgonatnaa or a water molecule of vanadyl ion undergoes

dissociation in which case the tartrate 1oﬁ would behave



as a tridentate ligend as shown by Feldman and co-
workors‘a in the uranyl-tartrate chelates. The
chelate species formed msy thus be formulated asi

voa " , vo(ou)HA”

(c) (D)

From the potentiometric data alone it is difficult
to distinguish between the above two pouaibiiitiu.
However, the formation of (C), reported by Jérgensen,

obtains support from the work of Selbin“.

Determination of equilibrium constants of the
reactions involved in the interaction of vanadyl ion
with tartaric acid required a kmowledge of dissociation
eonstants of carboxylic protons of tartaric acid under
the cxporimntail conditions employed in the present
investig-tion. For this purpose, a procedure similar to
that described by Sp.lhl.nw is employed. The method is
briefly outlined below.

If l".l and I.g represent the first and second

dissociation constants of tartaric acid, we have:

& [wgx] [5*]

1 [144]

eee (73)



Ky ® [ne‘ ] [w*]

.. (74)
[1347)
Other pertinent equations are @
Ty = [mgh] + [mgnT] + [1pa™] ves {%9)
T+t (B ] = [HgaT ]+ 2[mpa™] ces (76)

In the lower buffer region of the titration curve
(Curve 0, Fig.9), concentrations of m\"’, A% ena o
were negligible as compared to those of the other

species present in the solution. Combination of (73)-
(76) glves :
o T, - Ty - [H]

-1
“a, Fag

Elimination of [HgA~| and [a,.u 'j between (74), (76)
and (77) ylelds |

[ﬁ+]2£'“m ¢ [H*]} b 5" {!A - Ton = [B J}

oty - Toq - [K'] 21, - Tgq - [X')

+ ‘11‘2 eee (78)

Hence a plot of {H‘tﬁ&'m +[n+]} as ordinate versus
Ry~ [H]

|-3‘+] iTA -7 o '[‘ﬂ} vy

give a straight line of slope
- Tog - [n"]
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Fi7.10, Granhical evaluation of dissociation constants of tartaric
acid (H4A) ( Ionic Strength 0.1 K0Cl)

7 [ (2, - 205 - [E]) e 'l ?CPO}! + ')
(22, < Tor = 0 e e TR
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[u*]z{'rm + [n"_]}
K‘l and intercept on axis equal to
21, - Ty ~[B']
(.1 l‘i. Thus the values of pl.'l and px.‘ from the plot
(Fig.10) obtained from the potentiometric data of curve O

(Fig. 9) were found to be 2.90 and 3.99 respectively.
These values are in close agreement with the 11t|ratunu
values of °.88 and 3,94.

11ib

Having determined acid dissociation constants of the
ligand, equilibrium constantes of the reactions were deter-

mined as follows:

Equilibrium constant K of reaction(i) may be

. D] e :
TRIDD )

From the material balance we obtain
Ty = [v0™*] + [voua] " vea(80)
Tow +[H'] = [B3a7] + 2[Hpa] + 3[voun) eeo(81)
Ty = [Hed] + [mpaT] + [Hea™] + [vous”] ..(e2)

In the pH rsnge studied, concentrations of m"’ ' A"’

and OH~ were negligible as compared to those of the

other specles present,

Combination of equations (73),(74),(81), and (82)

glives:
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[1,4] = 31y - oy =[]

3+ ““1 % l;r"l o
T

Concentration of the chelate species may be given by

[voua™] =2, - [m,A] Q14 %‘;}J + -%;—}(j‘-;-’;— e (84)

After computation of [VCBA’], concentration of free
vanadyl ions present in the solution may be determined
from (80). Values of equilibrium econstent K thus obta-
ined from various points of the lower buffer region of
curves 1-3 (Fig.9) are presented in table XIX,

Table XIX

Curve 1, (Fig.9), T, = T, = 6x10°°K

m 0.”8 0.44 0.60 0.76 0.92 1.08 1.2°4 1.40
pH 2,63 2.67 °.61 2,66 °.68 2,73 °.,77 °2.83
-log K 65.54 5.54¢ 5.56 5.56 5.51 5.58 5.53 5.58

Average value of -log K = 5.55%0,03
Curve 2, (Pig.9), T, = T\ = 2.6x10°°N

2 0.78 0.44 0.60 0.76 0.92 1.08 1.%4 1.40
pH °,70 2.74 2,77 2.81 2.85 2.88 2.92 2,97
-log K 5.57 5.69 B.57 5.58 5.58 5.56 5.56 5.57

Average value of -log K = 5.5710,02



=}
ot

Curve 3, (Pig.9), T, = Ty = 1,26x10°°M

m 0,28 0.44 0,60 0,76 0,92 1,08 1.4
pi  2.87 2,91 2,94 2,96 3,01 3,05 3,09
-log K 5.60 5.66 5,59 5.5 5.56 5,56 5.56

Average value of -log K = 5,5620, 04

From the values of the equilibrium constant (table XIX)
determined over a four-fold concentration range of the
metal chelate, it is evident that the chelate is present
in solution mainly as a monomer under the experimental
conditions, A slight shift of the low buffer regims of
curves l.3 (Fig.9) with a variation in the concentration
of the metal chelate may be accounted for on the basis of
variation of the degree of dissoclation of the acid forms

as a fungtion of concentration and no condensation of the

metal chelzta thus seems to oceur.

If we consider formation of the VOAE' type of chelate
as reported by Jfrgensen-® and Selbin®?, the equilibrium

conatant K' of the reaction:

vous~ —= voa®- + u'

o] ]
[vama”)

K! «es (85)




Other pertinent equations are
Ty = [vom"j + [vm"] .es (86)
Ty +[HY)-[0r7] = [voa®] .ee (87)

The results of these czlculations are given in table XX.

Table XX
Curve 1 (Fig.9), T, = Ty = 5x10™
pi 5.87 6.23  6.85 6,77 7.3
-log K'  6.59 = 6.56  6.58  6.87  6.58

Average velue of -log K' = 6.57%0.02

Curve ® (Fig.9), T, = Ty = 2,5x10°°M

m 3,16 3.32 3.48 3.64 3.80
PH 5.86 6.71 6.49 6.77 7.16
-log K* 6.58 6.54 6.52 6.52 6.56

Average value of -log K' = 6.54%0,04

Curve 3 (Pig.9), T, = Ty = 1,25x10°°K

m 3.16 3.32 3.48 3.64 3.80
PH 5.87 6.78 6.54 68.85 7.17
-log K' 6.59 6.61 6.57 6.60 6.57

Average value of -log K' = 6.59%0,0?

Constant values of K', independent of concentration,

showed that the mononuclear 1l:1 complex, YOI?'. is the

=



only complex formed in the system under the experimental

conditions,.

The above conclusions of the formation of VOHA™ type
of chelate in acid solution and the production of VOA
type of complex are supported by the preparative work
earried out by Conn®® and Jﬁrgcnscnsa.
Analysis of Curve 4 (Pig.9)

The potenticmetric titration for a solution contain-
ing 131® molar ratio of wvanedyl sulphate to tartarie seid co-
rresponded t0 a curve (curve 4, Fig.9?) which would be
predicted for a mixture of the 1:1 chelate and free ligand,
Formation of a 1:2 eonplci?ﬁgigo:gt appear to take place.
This conclusion has been confirmed by the caleulation of
equilibrium constant K (reaetion i) in & manner similar
to that used in the 1l:1 system. The results obtained from
various pointes in the lower buffer region of the curve

are presented in tsble XXI,

Table XXI
Curve 4, (Pig.9), T, = P, = 1.0x10" N

m 0O, 0.4 0.6 0,8 1.0 1.2 l.4 1.6 1.8
pi 2,36 .39 7,43 ?2.47 °.51 2,50 2,68 2,682 7,68
—105 K 5.359 5.36 5.38 5.40 5.4” 5.44 5.41 5.47 5.“

Average value of -log K = 5.4120.08
The value of =log K in the above table is comparable
with a volue of 5.56 obtnined in table XIX. The success
thus obteined in calculating the egquilibrium constant K
from the potentiometric data of the curve strengthened the
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Potentiometric t%'tratione of vanadyl-malate chelgte systems with KOH
¢« Carve 0 , 5%107°M in malic acid; curve 1, 5x107°M in Vo(1V) and
M im malic acid; curve 2, 2.5X107°M im Vo(dv) omd 2,5%107>M in molic
curve 3, 1,25x1073M in VO(IV) and 1,.25%x1673M in malic acid; curve 4,
M in VO(I¥Y) and 1.0%1072M in malic acid . In the lower buffer Tegions
n of the curves for the meutralizotion of HC1 present In vo(Qy) solm.
en eliminated,
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above conclusion.

YANADY L. E TES

ULLS DISCUSSION

An inflexion point st two equivalents of alkali,
shown by curve O(Fig.ll) for the titration of malie
acid indicated that the dissoeciation of the two carbo-
xylic protons of mglic acid overlap to give a single
low pH buffer system. Acid dissociation constants of
the ligand (HgA),

I Y | -
Ky, Y ves (88)

. e
- (g4~

«es (89)

were determined by the slope intercept method described
in the vanadyl-tartrate system. The values of pKtl and
pl.z were found (Fig.l?) to be 3.29 and 4.97 respectively.

Potentiometric titrations of vanadyl sulphate in
the presence of malic acid yielded curves essentlially
similar to those obtained in the vanadyl-tartrate system.
The first inflexion point at m = 3 observed in curve 1
(Pig.11l) is in accord with the reaction:

VOOt + HaA F—= VOA+ 3 ... (1)

However, calculations of equilibrium constant K of the
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above reaction, using mathematical equations 79-84
given in the vanadyl-tartrate system, d1d not give
eonstant values as is evident from table XXIT given

below,
Table XXII
-3
Curve 1 (Fig.l1), Tp=Ty=5.xID""M

m 0.0 0.44 0.60 0.76 0.92 1.00 1.08 1.°4
pH 2.69 2.80 2,87 2,95 3.06 3.08 3.13 3.°1
-log K 6.32 6.47 6.56 6.68 6.85 6.89 6.98 7.07

A gradual increesse in the values of -log K obser-
ved in the above table indicated that the concentration
of hydrogen ions in the system was less than that would
be on the basis of the liberation of three hydrogen
ione per mole of vanadyl ion as represented in reaction
(1). Attempts were, therefore, made to treat the potentio~
metric date on the basis of the formation of VOA in two

overlapping steps:

voot 4 Hyh ¥ vouA + on* cen (113
and

VOHA —— voa~ + H' cee (111)

Equilibrium constants K, and Ko for reactions (11)
and (11i) may be defined as :

[ [’

[vo""] [5)

K, ees (90)



_[roc] )
R T

. (91)

If Ky, represents formation constant of the chelate

VOHA, we have

__[voua] L
.xlﬂl T?EF?TTF12;] | oo (92)

In the initial stages of the titration , if concentration
of the chelate VOA is negligibly small, from the usual
material balance we obtain

2y = [vo**] + [vous] ver (93)
Top ¢ [B'] = [1ga7] + 2[ma*] 4 o[voud] ... (94)
?, = [Hgh] + [mpa™] + [a®7] + [vomd] .. (98)
Combination of (88), (89), (94), and (95) yields

R
("]

Elimination of [HgA~] and [HA""] between (88),(89) and

. (98)

(96) gives

R Y
[voua) = s - [ﬁ,{‘{1 + [n‘jl + l[n*].%— ver (97)




After determining [1131:] and [vmg. concentration of the
uncomplexed rahn.dyl ions in the system may be determined from
equation (93). Bquilibrium constants Ky and Ky, may then
be determined. Values of these constants thus obtained over
a four-fold concentration range of the metal chelate are

presented in table XXITI,

Table XXTIT
Curve 1 (Pig.11)?, = T, = 5x10°°M
m 0,20 0.28 0,44 0.60 0,76 0.92 1.00 1.08 1.74 1,40
PH  2.69 2,72 2,80 2.87 2,95 3.06 3.08 3.13 3,19 3.30
-logk; 3.34 3.35 3.36 3.36 3.33 3.34 3.35 3,33(3.°7 3.15)"
LlogKyg, 4.92 4,91 4,90 4.90 4.93 4.92 4.91 4,93
¥ : o
Average value of -log Ky = 3.34-0.02, 1%‘4.92-0.01

Curve 2 (Pig.ll), T, = Ty = 2,5x107°M
n 0.20 0.8 0.44 0.60 0,76 0.9?2 1.00 1,08 1.24 1.40
pH 2.89 2,92 2,99 3.07 3.13 3.21 3.26 3.30 3.36 3.46
-10311 3.35 3.34 3.35 3.39 3.33 3.3° 3.34 3.31(3.°3 3.18)*
logxm 4.91 4.92 4,91 4.87 4.93 4.94 4.9° 4.95
Average value of -log K, = 3.3520,04, log Kyma = 4.920.03

Curve 3 (Pig.11), T, = T, = 1.26x10°°NM

m  0.70 0,78 0.44 0.60 0,76 0.92 1.00 1.08 1.%4 1,40
Pi  3.10 3.12 3.19 3.26 3.3 3.41 3.46 3.50 3.54 3.63
-log Ky 3.32 3.35 3.35 3.36 3.31 3.35 3.35 3.33(3.24 3.06)"

logKyp, 4.94 4.91 4,91 4,90 4.95 4,91 4.91 4,93

Average value of -log K; = 3.34%0.02, logK,y, = 4.92%0,03
®* Values not included in the average
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It is evident from the above table that constant values
of the equilibrium constants could be obtained in the
range m = 0 to m = 1,1 indieating that in this region
only the VOHA type of chelate is formed in the system,

A gradual fall in the values of -log K, seen in
table XXII above 'm' values of about 1°1 indicated that
the protonated complex VOHA undergoes acid dissociation
giving species of the type VOA™ as represented by react-
fon (111). This conclusion was verified by a mathematical
treatment of the data outlined below.

Considering reasctions (i1i) and (1ii), from the
material balance we obtain

7, = [v0**] + [voua] + [vox] «es(98)

Tog = [07] = [Hpa”] + o[ma®] 4 o[voud] + 3[vos~] ...(99)

Ty = [HgA] + [Hpa7] [E™] + [vouk]  ...(200)
+ [vor7)
In an equimolar mixture of vanadyl sulphate and malic
acid, since Ty = Ty » combination of equetions 88-90 and

98-100 and rearranging the terms into the form a quadratie
we obtain

K
[E‘_']l’; [vo™*]? + - [vo"*] - (31, - 1y -[E"]) = 0
3 ves (100)



where

x‘l Ky, SR ?Kfl Ky Ba,

'E&"’J W RN

Concentration of the uncomplexed vanadyl ions in the

X=14+

gystem may, therefore, be determined by solving the

above equation,

Having determined [%Oﬁf], concentration of the
other species present in the system may be determined
with the help of equations 88-90 and 98-100. Values of
the equilibrium constant K, thus obtained over a four-
fold concentration range of the metal chelate are prese-
nted in ts=ble XXTV

Table XXIV
Curve 1 (Pig.l1l), T, = Ty = 5x10™°H

m 1.4 1,40 1,56 1.72 1.80 ?.00 2.7 2.4 2.6
pH 3.19 3.30 3.4 3.586 3.61 3.79 35.98 4.71 4.51
-log Ky 7.51 7.857 7.B7 7.56 7.52 7.49 7.45 7.47 7.49

Average value of -log Ky = 7.5120.08

Curve ® (Pig.11), T, = Ty = 2.5x10°°M

m 1.24 1.40 1.56 1.7? 1.80 1.9 2.20 2.36 .60

pH 3.368 3.46 3.58 3.69 3.79 3.90 4.13 4.34 4.65

.-105!2 764 7.50 7.66 7.59 7.69 7.69 7.57 7.62 7.64
Average value of -log Ky = 7.60£0,08



Curve 3 (Pig.11), T, = Ty = 1.26x10™>

m 1,24 1.40 1.56 1.7 1.80 1.9 2.2 2.36 2.60
PH 3.54 3.63 3.70 3.84 3,90 4.03 4.22 4.40 4.70
-logk, 7.70 7.66 7.5° 7.6 7.61 7.61 7.56 7.59 7.58

Average value of -log K, = 7.60%0,10

Th. success thus achieved in obtaining constant
values of the equilibrium constant is an evidence for the
formation of the normal 1:1 chelate, VOA™, through an
intermediate formation of a protonated complex VOHA., It
is also evident from tables XXTIT and XXIV that the values
of the equilibrium constants are almost independent of
concentration of the metal salt indicating that the chelate

specles do not condense to give complex specles of higher

molecular weight.

Appearance of a buffer region between m = 3 sand m =4
in curves 1.3 (Fig.ll) with an inflexion point at m = 4 is
in accord with a reaction of the type

VOA™ + He0 F—= vo(oa)a"" + m* e (1¥)

Hydrolysis constant, Ih » of the chelate may, therefore,

be expressed as:
[vo(an)a™] [1*]

[vor]

ees (102)
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Values of !h calculated by making use of the usual
material balance equations are listed in table XXV,

Zable XXV

Curve 1 (Fig.11), T, = Ty = 5.0x10™°K

m 3.16 3.3? 3.48 3.64 3.80
pH 5.8? 6.28 6.57 6.77 7.12
Ky 6.54 6.59 6.60 6.5? 6.57

Average value of pK, = 6,560, 04

Curve 2 (Pig.1l), T, = Ty = 2.6x10°°M

o 3,16 3.32 3.48 3.84 3.80
pH 5.86 6.8 6.56 6.78 7.11
Py, 6.58 8.60 6.53 6.50 6.51

Average value of pK, = 6.54% 0.06

Curve 3 (Fig.11), T, = Ty = 1.5 x 10°°N

m 3.16 3.32 3,48 3.64 3.80
pH 5.80 6.21 6.54 .78 7.11
PRy 6.62 6.54 6.59 6.53 6.51

Average value of pKy, = 6.54%0,06

0 11l

Potentiometric titration of wvanadyl sulphate in

the presence of two moles of malic acid (curve 4, Pig.ll)



showed inflexion points at m = § and 6., As the curve

is a composite of curves O and 1 for the titration of
free ligand and l1l:1l vanadyl-malate chelate system
respectively, combination of the 1l:l metal chelate with
another mole of malic acid does not appear to take

place.



SECTION ¥

OXOVANADIUM (IV) CHELATES OF IMINODIACETIC ACID

In view of the success achieved in determining
ecuilibrium constants of the reactions assoclated
with the formation of vanadyl-tartrate and and -malate
complexes, 1t was considered of interest to extend this
work to the chelstes of iminodiacetic acid, a terdentate

ligand.

RESULTS AND DISCUSSION

A sharp inflexion exhibited by curve O (Fig. 13)
at one mole of KOH per mole of the ligend showed that
one proton of iminodiacetic acid (TMDA) is strongly

acidic and the other proton remains unaffected in acid

solutions.
COOH CHg 000™
o' - H = m - + 1
T~ auyc00” Cfi COO™
+ [1a7]
By plotting -log[u’) ve. log >y (Pig.14), the

first dissociation constant Px.l of the ligand was found
to be 2,87, This value is comparable with a value of

2,54 reported by Chaberek and !artollm.

Curves 1-3 (Fig.l3) for the titrations of equi-
molar mixtures of vanadyl sulphate and iminodiacetic

acid over a four-fold concentration range of the metal
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Fig.13. Potentiometric titrations of 1:1 vanadyl-iminodiacetic acid
FIMD&) systems with KOT(C.1N). Concentratjpons: Curve 1, 5x10-3M;
Surve 2, 2.5x1C-2M; Curve 3,1,.25x10-3M; Curve 4 and 5, represent
similar titrations of 1:2 &nd 1:3 vanadyl-IMDA syatem, Curve 0O
represents titration of IMDA with XO0H. Ionic strensth=0.1M(KC1).
m=moles of base added per mole of the metal ion. In “he lower
buffer regions portion of the curves for the neutralization of HOL
present in VO(IV) solm. has been eliminated.
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salt, exhibit inflexion points at m = 2 and 3. The
first inflexion point is in accord with the reaction:

PLT /cngo\
voot + mvt m T Wi ¥
™ auyc00” ey g0
0 o st (5

(1)

§

Occurrence of a buffer region between m = 2 and 3 in

these curves showed a hydrolytic reaction of the types

g i
/cmgco\ /cazco\
Hf ————3V0 + Hp0 z—> HN— ,VO(H)™ +
\mizcéo/ \%ﬁ"/ eee(11)

(11)

Curves4 and § for the titration of vanadyl sulphate
in the presence of ? and 3 moles of iminodiacetic acid
are similar in nature to curve 1. In fact curve 4 is a
composite of the potentiometric curves O and 2, Formation
of a 1:2 VO-IMDA chelate, therefore, does not appear to
take place in the system under the experimental conditions.

Bquilibrium and Pormation Constants

Equilibrium constant of reaction (1) may be given

by
ol
[v3"] [mgal

Velues of K determined from various points of the lower
buffer region of curves 1-3 (Fig.13) by making use of the

usual material balsnce eguations, are presented in



table XXVI,

Table XXVI

Curve 1 (Fig.13), T, = P, = 5x107°K

0.2 0.4 0.6 0.8 1.0 1.7 1.4
pH 2.58 .64 2.75 ©.85 2.97 3.12 3.29
Pk 3.08 3.08 3,03 3.00 3.00 3.02 2,96
Average value of pK = 3,030,086

Curve 2 (Fig.13), T, = Ty = 2,5x10°M

.2 0.4 0,6 0.8 1.0 1.2 1.4
pH 2,77 °2.86 ?2.,94 3.04 3.16 3.3 3.50
p¥ 2,96 2.97 2,98 2,97 2,97 3.00 2,95
Average value of pK = 2,97%0,08

Curve 3 (Fig.13), T, =Ty = 1.25x10"M

m .2 ©O0.4 0.6 0.8 1.0 1.2

pH 3.01 3.08 3.17 3.27 3.39 3.53

pk 3.01 2,97 2.98 2,97 2,96 2.9?
Average value of pK = 2,96 ¥ 0.05

The relatively constant wvalues of pK, independent of
concentration, thus obtained, showed that a mononuclear
1:1 complex (I) i= the only chelate species formed in
the system.

Having determined the equilibrium constsnt of



reaction (1), formation constant Ky, ©of the chelate

which may be defined as

[vou]
s T

was determined from the expression :

4
. o S

Substitution of the values of K (10 o 9

K‘1 (16'“'67) sad Kaz(la-g.lg rnf.bl

loia'80 for the formation constant of the chelate.

table XXVI),

gave a value of

dro is Constant

Values of the equilibrium constant Kh of react-
ion (1i), obtained from the potentiometric data of the
upper buffer region of curve 1.3 (Fig.l3) are presented
in table XXVII.

TABLE XXVII
Curve 1 (Fig.13), T, = Ty = Bx10™°M

m ?2.20 °.7”8 ?,36 2.44 ?2.52 ?2.60
pH 4.48 4.68 4,70 4.84 5.00 5.17
pKy, 5.05 4.99 4.94 4.9 4.96 5,00

Aversge value of pK, = 4.98 I 0.07

84790



Curve ? (Fig.13), T, = Ty = o .5x10"°M

m 2.20 2.28 2,36 2.44 2.52 2.60

PH 4.52 4.60 4.72 4.87 5.08 5.19

pKy  5.09 4,98 4,95 4.96 B5.02 5.0
Average value of pK, = 5.00 t 0,09

Curve 3 (Fig.13), T, = Ty = 1.26x107°K

m 2.20 2.°8 2,36 2.44 2.52 2.60

pH 4.47 4.61 4,75 4.83 5.04 5.16

pk, ©5.00 4.97 4,97 4.91 4.99 4.97
Average value of pkK; = 4,97 X 0,03

It is interesting to note that the chelates
of VO(IV) hydrolyse much more easily than those of
any other metel of the first transition series., It
ig svident from the behaviour of the vanadyl chelates
studied in the present investigation that they prefer
combination with hydroxyl ions to a second mole of the
1igend. The only exceptions to this behaviour are the
very basic anions of catechol and chromotropic ecid which
cen compete with the hydroxy ion to form stable 1:?
chelates. Tiron, a ligand similar to catechol, has also

been reported to form a 1l:? complex.



SECTION VI

Ecvmmmuéni CHELATES OF o-PHENANTHROLINE AND

Although chelates of VO(IV) with o-Phenanthroline
and 2,2'-d1ipyridyl have been studied sarlier®> , it was

considered desirable to snalyse the potentiometric data
arising from the interaction of venadyl ion and these
ligands, since t he successive reactions inveolved in the

formation of mixed-.ligand chelates overlap.

RESULPS AND DISCUSSIQH

Curve 1 (Fig.l5) for the titration of o-phenanth-
roline hydrochloride, showed a charp inflexion at one
equivalent of KOH indicating that the ligand acts as a
monobasic acid. Acid dissoclation constant K, of the
ligand was found to be 10 ® which is in close agreement with
the literature value®> of 107°+C2,

Curve 3 (Pig.15) for the titration of vanadyl
sulphate in the presence of an equimolar concentration of
o-phenanthroline hydrochloride approaches an inflexion point
at about m =3 ., A single inflexion point in the curve
indicated that the reactions for the formation of a
normal 13l chelate and its hydrolysis overlap. It is
of course likely that at higher pH values the 1l:1 com-
plex may disproportionate into a 112 complex and vanadyl
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Fig.15. Potentiometric titrations of the normal chelate systems of
Ofovenqﬂlum(IVJ having o-phenanthroline hydrochloride (phen) and 2,
i e R \r ra¥ela 3 ) : 1 5

2'-dipyridyl hydrochloride(dipy) as ligands. Curve 1. phen; 2,1ipy:
341:1 VO-phen; 4,1:1 VO-dipy. All solutions are 2.5x10-3W in lizand

o+
=¥

the start of the titration; m=moles of KO added per mole of the
metal ion, Arrows indicate appearance of 2 solid phase.



| hydrous oxide. From the nature of the curve, it seems rea-
gsonable to assume that since precipitation did not ocour
in the system up to pH of about 5.9(vanadyl hydrous oxide
is precipitated from vanadyl salt solution at pH of about
4,6), disproportionation reaction does not occur in the
lower buffer region of the system. Since the chief purpose
of this study was to obtain the reaction constants which
could be used in calculating formation constants of the
mixed-ligand chelates (part III), it was not considered
necessary to analyse the potentiometric data of the upper
buffer region of the curve or to study the formation of
higher complexes.

In the initial stages of the titration, if the

reaction be represented as

&
oy
voor 4 sonil)
7Y
S

equilibrium constant of the reaction may be given by:
; [Yﬂﬂzfl[ﬂf]
[vo**] [ mz]

where HL? represents protonated form of o-phenanthroline,

ese (1%)

Formation constant KHL of the chelate may be expressed as

el
%" i 14

eos (104)

Values of log le determined from various points of the



lower buffer region of curve 3(Pig.15) by making use
of the usual material balance esquations, are given in

table XXVITI,

Table XKVIII
Curve 3 (Pig.,15), T, = Tp = 2.6x10°°M

B .o o1 02 03 0.4 05 0.6 0.7
pPH  2.74 2,80 2,85 2.93 3,00 3.06 3.10 3.21
log Kyp 5.85 5.87 B5.91 b5.86 5.90 (6.19 6.68 6.98) "

Average value of log =588 % 0,03
* Values not included in the average.

The relatively constant values of log Ky1, obtained
between m = O and m = 0,4 indicated that in thie region,
i.e. upto pH of about 3, only the normel 1l:l chelate (T)
is formed in the system,

Hydrolysis of the Chelate

A gradual rise in the values of log Kyr seen in
table XXVIIT at m > 0.4 (pH > 3) indicated that the normal
111 metal chelate is comparatively more stable below pH
of about 3, As pH of the system is raised above this
value, appreciable hydrolyeis of the chelate sets in making
the solution more acidiec tham it would be in the absence
of hydrolytic effects. In the initial stages, if the

hydrolyais rﬁaction be represented as

vor** + B0 == vo (ou)1* + ®' veo(11)

Hydrolysis constant of the chelate may be expressed as
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[VO(F:;;% [5*) o (108)

Bquilibrium constant for the overall reaction:

vo™* + L' + K0 &= vo(ou)L* + on’

may be given by

Fll.+2
N L s )

[vo™] [mr*

From the material balance we obtain

1y = [vo¥*] + [vor®*] +[vo(on)s¥] e (207)

o +|B] = [1] + [vor® "] + 2 [vo(om) 5] ves (108)

pt
+
v, = [m2*] + [1] + [vor**] + [vo(on)z*] ..(109)
In an equimolar mixture of vanadyl sulphate and o-phen-
anthroline hydrochloride since Tg = TL, combining
equations 104, 107-109 and the expression for acid diss-
ociation constant of the ligzand and rearranging the terms

into the form of 2 quadratic, we obtain

xm‘[vo"* 24 e EL};;—) voP*| {wl " 53 -[H*]}
(1+ -[:—]) = 0 ..o (1120)

Concentration of uacomplexed vanadyl ions in the systenm

may, therefore, be calculated by solving the above egquetion.



After computation of [VO’*], concentration of other
gpecies in the system may be deteruined easily with
the help of the masterial balance equations given sbove.
Values of pKy thus obtained are presented in table

XXIX.
Table XXIX
Curve 3 (Pig, 15), Ty = Ty = 2.6x107°M
o 0.6 08 1.0 1.2 1,4 1.6 1.8
pH 3.10 3.28 3.49 3.70 3.93 4.10 4.3°

-log Ky 3.04 3.068 3.06 3.03 3.02 (.87 2.6?;

Aversge value of -log Ky = 3.04 * 0.02

*Values not included in the average.

It is evident from the above table that the relat-
ive constency in the values of the equilibrium constant
could be obtained up to pH of about 4 above which a grad-
ual fall in the values of pKy 1s observed. This is an
indication of a further hydrolysis of the chelate.

Interaction of VO with one mole of 2,2'-dipyridyl dihydro-

Curve 2(FPig.15) for the potentiometric titration
of 2,2'-dipyridyl dihydrochloride showed a slight inflexion
at one equivalent of KOH followed by a sharp inflexion at
two equivalents of alkali. From the potentiometric data it
is evident that one proton of the ligand is strongly acidic
and is almost completely dissociated under the experimental
conditions. The other proton is comparatively weakly acidiec

ag is evidant from the value of its dissociation constant
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=5

equal to 3.16°x10 = obtained from the titration data.

Titrations of vanadyl sulphate in the presence

of ?,2'-dipyridyl hydrochloride (curve 4, Fig.1l5) gave a
curve similar in na‘ure to that obtained for the VO-phen
chelate lyittl. The curve approaches an inflexion point
at about m = 4, A marked difference between the titration
of this system and that of the VO-phen. chelate system is
that in this case no precipitation occurred at any stage
indicating that the hydroxo chelate species of VO-dipy.
are soluble under the experimental conditions. In this
case also, in the initial stages of the titration, the

reaction mesy be represented as:

voot 4 tH mt == %>‘708++?_H+ e 11}
Ul |

In the mathematieal treatment, nL’ may be considered to
be the ligand, since one proton of the ligsend is ecompl-
etely dissocinted in the solution., Beyond m = 1, therefore,

the reaction may be expressed as

mt + voot = vor™ + &' oo (1)

Values of formation const=nt IIL of the chelaste VOLz*.
ealculated from the potentiometric data of curve 4 (Pig.l1l5),
are presented in table XXX.
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Iable XXX
Curve 4 (Fig.15), Ty = T; = 2,5 x 107°M

n 1.0 1.1 1.2 1.3 l.4 1.5 1.6
pH 2.81 2,86 2,92 3.00 3,07 3.12 3.18

105 ‘“ 5.04 5.09 .10 5.08 (5018 5.26 5.83)'

Average value of log Ky; = 5.08 £ 0,02
*( ) Values not included in the average.

Like VO-phen chelate system, here also it is
evident from table XXX that constant values of the form-
ation constent could be obtained up to pH of about 3 only
above which a gradual rise in the values of log Kyp, 18
observed probably on sccount of hydrolytic effects in the
system. Thus the normal 1l:1 chelsate, YOLS* appears to be
comparatively more stable below pH of about 3.

Hydrolysis Congtant:
In the initial stages, if the hydrolytic reaction

be represented as

vor't 4+ B0 T vo(an)zt + E' ... (111)

or, if the overall resction for the formation of VO(CH)L"'

type of chelate be expressed as
vo** 4 m1t 4 HeO ¥—= vo(om)L* + 28" ... (iv)
the values of equilibrium constent Ky of reaction (iv),

determined with the help of the usual material balance
equations (see page 85 ), are presented in table XXXI.
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Curve 4 (Pig.15), T, = T\ = 2.5x10"°N

® 34 LT 00 10 A 14 X 3a
PH 3,18 3.97 3,37 3.46 3.56 3.63 3.7? 3.88
~log Ky 3.43 3.42 3.37 5.38 3.37 (3.30 3.27 3.12)"
Average value of -log Ky = 3.39 * 0.04

* Values not ineluded in the average.

As observed in the VO-phen. chelate system, here
also, a gradual fall in the values of PKy seen in table
XXXI above pHE of about 3.6 is probably due to a further
hydrolysis of the cghelate. Since the objeect of this study
was to determine the equilibrium constants of reactions
which could be used in the determination of formation
constants of mixed-ligand chelates having 2,2'-dipyridyl
@s a primary ligand (Part III) analysis of the potentiometriec

date at pH values greater than 3.5 was not considered necess-

ary.



PART III

ED-. LIGAND CHELATES OXOVARADI v

Section I- Mixed-ligand Chelates of Cxovanadium(IV)
with o-Phenanthroline and Oxygen donor
Bidentate Ligands

Sootian II- Mixed-ILigand Chelates of Oxovanadiun(IV)
with 2,2'.Dipyridyl and Oxygen donor
Bidontato Ligands.
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In view of the strong chelation of vanadyl
ion with o-phenanthroline and 2,2'-dipyridyl and a

fairly high stability of the hydroxo derivatives of the
131 vanadyl chelates of these ligands, they are expected
to form mixed-ligand chelates. Attempts were, therafore,
made to study the interaction of venadyl sulphate with
o-phenanthroline and 2,2'-dipyridyl as primary chelating
agents in the presence of some oxygen donor ligands
such as catechol, tiron, chromotropic acid, ete. as

 secondary chelating agents,

RESULTS AND DISCUSSION

In figures 16, 17, and 18, curve 3 represents
potentiometric titrations of vanadyl sulphate with K0H
in the presence of an equimolar concentration of catechol,
tiron and chromotropic acid respectively. These curves
may be interpreted on the basis of the formation of
normal 1:1 chelates and their conversion into the corres-
ponding monohydroxo chelagte species (see VO-catechol and
VO-DNS systems), Since precipitation does not oceur in
these systems at any stage of titration, the hydroxy

complexes of these chelates appear to be stable over a

wide range of pH.
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Fig.16. Potentiometric titrations of the mormal amd mixed
ligand chelate systems of oxovanadium(IV) having o-phenanthro-
line hydrochloride(phen.) and catechol as ligands: Curve 1,
phen,; 2, 1:1 VO-phen.; 3, 1:1 VO-catechol; 4, F:l:1 VO-phen, -
catechol; 5,catechol, All solutions are 2.5x107°M in ligand ot
the start of titration; m = moles of XOH added pery mole of the
metal iom, Arvows indicate appearance of a Solid phase.
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Fig.17. Potentiometric titrations of the nmormal and mixed
ligand chelate systems of oxovanmadium(IV)having o-phemanthro-
line hydrochloride(phen. ) and tiron as ligands: Curve 1,
phen.; 2, 1:1 VO-phen.; 3, 1:1 VO-tiron; 4, 1:1:1 VO-phen.-
tiron; 5, tiron, All Solutions are 2.5x10°°M in ligand ot the
start of titration; m = moles of KOH added per mole of the
metal ion. Arrows indicate appearance of a solid phase,
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Fig.18. Potentiometric titrations of the mormal and mixed ligand
chelate systems of oxovanad ium(IV) having o-phenanthroline
hydrochloride(phen, ) and chromotropic acid(DNS) as ligands: Curve l,
phen.; 2, 1:1 VYO-then.,; 3, 1:1 VO-DNS; 4, 1:1:1 VO-phen, -DNS

5, DNS. All solutions are 2.5X10 “M in ligand at the start of
titration; m = moles of KOH added per mole of the metal ion.

Arrows indicate appearance of a Solid phase,
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Potentiometric data of lower buffer regions of
the curves obtained by the titration of 1:1:1 VO-phen- -’
secd. ligand systems with KOH were treated in accordance
with the following different postulates:

I. Formation of a mixture of two simple chelate compounds.

voot + 1 === vor®* .+ 1"

VOt + HpA F—= VoA + o'

where HL? represents protonated form of o-phenanthroline

(prinary ligand) end HgA represents a secondary ligand,

II. Formation of a simple 1l:1l chelate between the metal
ion and a ligand which has a stronger tendency for complex
formation. The other ligand may remain uhbound in the

solution,

III(A) Combination of the metal ion with both ligands
simaltaneocusly to form a mixed-ligand chelste in a single
step.

VO°* + HL' + HopA FT=——2 VOLA + 30"

(B) Pormation of a mixed-ligend chelate in two over-

lapping steps.

HoA

+
-H
vo?t + nit == vor®* = vora + ox*

On the basis of model I, potentiometric curve for
the titration of mixed-ligand system would be expected to

lie between curves 2 end 3 for the separate titrations



of the simple l:1l chelates of the two ligands. But in

all the three cases, curve 4 (Fige. 16,17 and 18) lies
below curves 2 and 3, Possibility of the formation of

a mixture of simple chelates of the two ligands present
in the system may, therefore, be ruled out. The above
conclusion obtains support from the fact that in the
1:1:1 VO-Phen-catechol system, a precipitate was observed
at pH of about 4. A mixture of the 1l:1 chclﬁtos of vanadyl
sulphate with o-phenanthroline and catechol would have
given a soluble system at relatively low pd (pH¢5.9).

In each case a considerable lowering shown by curve
4 as compsred with the curves which would be obtained by
the titration of a simple 1l:1 chelate system and the free

ligend rules out the postulate II as well,

In view of the above arguments, formation of a
mixed-ligand chelate, VCLA, seems to be the only explanat-
ion for the unique nature of the curve (curve 4, Pigs.16-18)
for the titration of the 1:1:1l VO-phen-secd. ligand system.
It now remains to be established whether the mixed-ligand
chelate is formed in a single step:

vO** + HL" + Hpa T voLa + 36"
or it is formed in two overlapping steps.

W o HgA
voot + it == vor®* == vora + on'

From the potentiometric data and the stability constants



determined for the chelates VOI.B+ and VOLA, it was

found that in the initial stages of the titration of
1:1l:1 VO-phen-secondary ligand system, concentration of
the mixed-ligend chelate was much smaller than that of
VOEF+. In fact in the VO-phen-catechol system (Fig.l16),
lowering of curve 4 (ef, curves 2 and 3), which is a
measure of the mixed-ligand chelate formation, ocours
beyond m = 0.4, Between m = 0 and m = 0,4, curve 4
remsins identical with curve 2 (Fig.16) indicating that
no mixed-ligand chelate is formed in this buffer region
of the system. Formation of mixed-ligand chelate, there-
fore, appears to take place in two overlapping steps,
rather then in a single step. Although in the mixed-ligand
systems involving tiron (curve 4, Pig.1l7) and chromotropie
acid (curve 4, Pig.18) as secondary ligends, lowering in
the potentiometric curves (ef. curves ? and 3) ocours from
the beginning of the titration, probably due to a higher
stability of the chelstes of these ligands as compared to
that of the corresponding chelates of catechol, in these
cases also, by 2 mathemeticel analysis of the potentiometriec
data 1t was found that at the initial stages of the titra-
tion, the concentration of VO—phon?+ chelate was much
larger than that of VO-phen-catechol thus indicating the
formetion of the mixed-ligand chelate through an intermed-

iate formation of a simple chelate of the type VO—phnng*.

Determination of Equilibrium Constants

As shown in the VO-phen system, formation of 1:l



VO-phen. chelate may be represented as:
v e 1 &= vor* | e i3

Formation of the mixed-ligand chelate may be represented
by the reaction

VoLt + HpA = voLA + oK’ e (11)

Overall reaction for the formation of VOLA may be expre-

ssed as:
VOt 4 HL' + HpA T== vouA + 3 ... (111)

If K and K' represent equilibrium constants of reacti-

ons (i1) and (i141i), we have

[vora] [1*]®

T o) el

ees (111)

and

[voua] [6*]° oo (112)

© T ) Al

In 2 111:l reaction mixture of vanadyl sulphate, o-phenan-

throline hydrochloride and a secondery ligand, from the

materisl belance, we obtain
ry = [v0™] + [vai®*] + [voud) oo (113)

Ton + [B'] = [E] + [ver®*] + 3[voud] von (124)
v, = [#5*] + [1] + [vor®™] + [voma] ... @is)

T‘ = [Hﬂ‘] + [VOLAJ e (116)



In the lower buffer system, concentration of HA™, A?'

end CH were negligible as compared to those of the
other species present. As shown before (see page 84)
hydrolysis of 1:1 VO-phen.chelate was also considered
to be negligible below pH 3, Charges on the mixed-ligand
chelate species have been eliminated for the sake of
generalization,

Combinetion of (113)-(116) and the expressions
for the foermation constant KIL of V0L2+ and the acid
dissociation constant of HL' and re-arranging the terms

into the form of a quadratic yield

2xn[vog* . {2 + NE-J-} [vo'* {ST, = Tm [ﬂﬂ}

(1+

0 ...(117)

Concentration of the uncomplexed vanadyl ions may, there-

fore, be given by

-bt / ¥ e 4 ac
[ve™] =

where +
3[r"]
a= szL bP=22 + "K_- and
H
o= Oty - 1a - (D (0 )
Having determined [ﬁoﬁf], concentration of the other
species present in the reaction mixture may be easily
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calculated with the help of the equations given above.
Values of the equilibrium constants K and K', thus obta-
ined from various points of the lower buffer region of
curve 4 (Fig.l7) for the mixed-ligand system having tiron
as a secondary ligand, are presented in table XXYII.

Table XXXIT

Curve 4 (Fig.17), T, = Ty = Ty = 2,5x10°°M

m 0.2 0.4 .6 08 1.0 1.2 1.4 1.6
pH 2.61 2,66 2.72 2.7 2.83 °.89 2,96 3.03
pkK 2,86 2,84 2,87 2.85 7.8 ”7.84 2.8 2.83
pK' 1.97 1.96 2.00 1.97 1.97 1.98 1.986 1.95

Average value 4f pk = 2,85 ¥ 0.02 ,
pK'= 1,97 * 0.03

Very similar results were obtained for the mixed-
ligand system involving chromotropic acid as a secondary
ligand. In fact virtually the same values, 2.85 and 1.9?.
were obtained for pK snd pK' from the potentiometric data
of curve 4 (Fig.18).

Equations 113-115 and 117 hold at pH £ 3 of the
reaction mixture, since hydrolysis of Voﬂg+ has been
considered negligible in deriving the above equations.
But the potentiometric curve for the titration of a mixed-
ligand system having catechol as a secondary ligand
(curve 4, Pig.16) lies above pH 3. Therefore, considering

hydrolysis of the chelate TOLP+. as shown in the inter-

action of venadyl sulphate with o-phenanthroline (see page 84),
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equations 11l3=118 become

1 = [¥0°*] + [vor®*] + [vo(om)z*] + [vous] ...(18)

T + [#*] = [1] + [vor™] + o[vo(om)r*] + 3[vord] ...(119)

7, = [m5) + [1] « [voz.‘*] + [vo(onz]

+ [vou] ees(170)

From the above relationships it may be shown that

{sxu Ry [H"] + ‘n} [vo®*)% + [6*)(ox, + 3[5*]) =
(V] - oty - 7 - [0y + DD =0

concentration of the uncomplexed vanadyl ion may there-
fore be calculated by solving the above guadratic equat-
ion.Goncentrations of other species present in the
system may, therefore, be easily evaluated. Values of the
equilibrium econstant thus obtained for VO-phen-catechol
system are listed in table XXXITT,

TABLE XXKIIT
Ourve 4 (Pig.18), 7, = Ty = Ty = 2.5x107M

n o6 08 1.0 1.2 1.4 1.6 18 2.0

pit 3.00 3,17 3.2¢ 3.34 3.44 3.56 3.66 3.78
pK 4.44 4.44 4.47 4.45 4.43 4.44 4.44 4.45
pk'  3.56 3.56 3.59 3.57 3.56 3.56 3.56 3.57
Average value of pK = 4.44 % .03, pK'=3.56 = .03



In this system due to the appearance of a solid
phase near pH 4, calculations could not be made beyond
m = 2, The lower solubility of the mixed-ligand chelate
of catechol (VOLA) as compared to that of the corres—
ponding derivatives of tiron and chromotropic acid (VOLAz').
is probably on account of the faet that the former complex
is a nonelectrolyte whereas molecules of the latter two
complexes carry a charge of minus two. Formation of the
mixed-ligand chelate of o-phenanthroline snd catechol at
higher pH values than that of the corresponding derivatives
of sulphonated catechols shows that the sulphonate groups
in tiron and chromotropic avid have en effect of increas-
ing reactivity of the aromatic hydroxyl groups in the
coordination with VGP+. This is also evident from the tit-
ration curves of the 1l:1 VO-secondary-ligand chelate syst-
ems (Curve 3, Figs. 16-18).

A sharp inflexion at m = 3 in the potentiometric
curve for the titration of the mixed-ligand systems
(curve 4, Figs. 16-18), discussed above, mey be explained
on the basis of the complete neutralization of a proten
of o-phenanthroline hydrochloride and two phenolic protons
of the secondary ligand liberated as a result of chelation.
Considering catechol 2s a secondary ligand, for example,

the overall reaction may be represented as:

7

il (0]
tN—-H N i
V&t 4 + O‘; : >v< + =t
N g '
e A

Appearance of a buffer region in titration curve 4,



(Figs. 16-18) in alkaline solutions (m>3) indicated
an appreciable hydrolysis of the mixed-ligand chelate.

Stability

Having dotofninod equilibrium const=nts for the
reactions envisaged in postulate III, formation const-
ants of the mixed-ligand chelates which may be defined
as

[voua]

Kypa = [YOi!f][ﬁz;T-

may be detexrmined with the help of expression

- K
Kyra 1—:—""‘1.’

whore K 13 the equilibrium constant of reaction
vor** + Hph F—= vVOLA + 2"

K.l and K.g represent the first and second acid diss-
ociation conatants of the secondary ligand.

The overall stability constant of the mixed-ligand
chelates

e
toa " TRETRI]

may be evaluated from the expression

T




porete
o=
G

where K' represents equilibrium constant of the overall

reaction
Voot + nrt + HgA —= vora + 31"

Thus by substituting the values of K and K' (from table
XZXII and XXXIII) and the dissoclation constants of the
ligands (given in table XXXIV), stability constants of
the mixed-ligand chelates could be determined. These
constants and the values of the formation constants(Ky;)
of the simple 1l:1 chelsates of VCF+ with secondary ligands,
calculated from the potentiometriec data of curve 3 (Pigs.
16-18), are tsbulated below;

Table XXXIV

Secd.Ligend ~log 1‘1 --1ogK‘2 logKy, logKyr, logx&L‘

Catechol 9.20 11.93("3) 15.28 16.69 22.57
Tiron 7.56 12.48(64) 15,61 17.19 3.7
Chromotropic acid 5.34  15.80(°3) 16.89 18.09 93.97

It 18 evident from table XXXIV that the stabilities
of the simple and mixed-ligand chelates of the above three
ligands are in the following order:

chromotropic acid > tiron > catechol

This is to be expected in view of a decreasing order in
the basicities of these ligands. Anion of DNS being the
most basie in character, forms strongest complexes whereas
the anion of catechol the ienat basic of the above three



| IS AN e T T T T T T i T T i T T T T T

0-5 /./ 4

|0:0 }-

7S - o)
7.0 + bl
65 - . -
60 | O ® i -
T a .
-7 R :
. B
.. "
1-0 1 | 1 1 1 ) 1 | 1 1 1 }
4 2 b 4 N 6

m

Fig.24. Potent iometric titrations of the mormal and mixed ligand
chelate systems of oxovanadium(1IV) having o-phenanthrol ine hydro-
chidride (Phen) and phthalic acid(Ph,A) as ligands: 1,Phen; 2,1:1
VO-Phen; 3,1:1 VO-Ph A; 4,1:1:1 VO-Phen-Pn.A; 6,Ph, A, A ,composite
curve o§ 1 & 3; B,composite curve of 2 & 5. All solutions are
2.5Xx10™9M in ligand at the start of titration; m = moles of KOH
added per mole of the metal ion. Arrows indicate appearance of a
solid phase.
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Fig.23. Potentiometric titrations of the normal and mixed ligand
chelate systems of oxovcmadi.um(l\/) having o—phencmthroline hydro-
chloride(Pnen) omd oxalic acid(Ox.A) as ligands: 1,Phen; 2,1:1
VO-Phen; 3,1:1 VO-Ox.A; 4,1:1:1 VO-Phen-0x.A; 5,0x.A. A, composite
curve of 1 & 3; B, compoS ite curve of 2 & 5. All solutions are
9.5x10°M in ligand at the start of titration; m = moles of KOH
added per mole of tne metal ion, ArTOWS indicate appearance of

a solid phase.
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Pig.22. Potentiometric titrations of the normal and mixed ligand
chelate systems of oxovanadium(TV) having o~Phenanthroline hydro-
chinride(phen) and mandelic acid(VA) as ligands: Curve 1, =nen;

2, 1:1 VO-phen; 3, 1l:1 VO-MA; 4, 1:1:;1 VO-phen-MA; 5, MA; A,

srsite curve of 1 and %: B, composite curve cf 2 and 5. A1l solu
{ons are 2.5x10~-3¥ in ligand at the start of the titration m=m
of KOH added per mnle of the metal ion. Arrows indicate arnearsr

of a solid phase.
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Fig.21. Potentiometric titrations of the normal and mixed ligand
chelate systems of oxovanadium(IV) having o-Phenanthroline hydro
chloride(phen) and lactic acid(LA) as lizands: Curve l, Phen:

- -',
1:1 VO-phen;3,1:1 C-LA; 4, 1:1:1 VO-phen-LA., 5, LA: Ay, composite

curve of 1 and 3; B, composite curve of 2 and 5. All solutions

are 2,5x10~2M in lizand at the start of the titration; m=mcles of
KCH added per mole of the metal ion. Arrows indicate appearance of
a s80lid phase,
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Fig,20. Potentiometric titrations of the mormal and mixed -lidgand
chelate systems of oxovanadivm(IV) having o-phenanthroline hydro-
chloride(Phen) and sulphosalicylic acid %SSA) as ligands: 1, Pnen;
2,1:1 VO-Phen; 3, 1:1 VO-SSA; 4, 1:1:1 VO-Phen-SSA; 5,SSA, A,
composite curve of 1 & 3; B, composite curve of 2 & 5 . ALl
Solutions are 2.5x10°°M in ligand ot the start ef titration;

™M = moles of KOH added per mole of the metal ion. Arvows indicate

appearance of a solid phase.
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Fig.19. Potentiometric titrations of the mormal and mixed ligand
chelate systems of oxovanadium(IV) having o-phenanthroline hydro-
chloride(Phen. ) and salicylic ocid(SA) as ligands: 1,Phen.; 2,1:1
VO-Phen ; 3,1:1 VO-SA; 4,1:1:1 VO-Phen-SA; 5,SA, A, composSite curve
of 1 & 3; B, composite curve of 2 & 5. All solutione ave 2.5x10 °M
n ligcmél at the start of titration; m = moles of KOH added per mole
of the metal ion. Arrows indicate appearance of a solid phase,




ligands, gives weakest complexes. The anion of tiron
being of intermediate basicity forms chelates which are
stronger than those of catechol and weaker than the
corresponding complexes of chromotropic acld. It is
interesting to note an unexpectedly higher stability of
the above mixed-ligend derivatives as compared to that

of the corresponding simple 1:1 chelates.

Iike VO-phen-dihydric phenol systems, here also,
the potentiometric data of the lower buffer region of the
titration curves were trested in accordance with the

three different postulates described on page 91.

In all these cases, since the curve for the titrat-
fon of mixed-ligand system, (Figs. 19-24, curve 4) is
throughout lower than ourves ? and 3, for the titratioms
of 1:1 chelate systemsof the primary and secondary ligends,
possibility of the formation of a mixture of two simple
chelates of fho two ligends (postulate I) may, therefore,
be easily ruled out.

In order to test the postulate IT and to character-
ige the reactions oceurring in the nixed-ligand systems,
two caleculated curves, shown by the dotted lines in the
figures, were obtained. Curve A was obtained by the addition
of the abscissas of curves 1 and 3 (Pigs. 19-24) for the
potentiometric titrations of o-phenanthroline hydrochloride
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and the 1l:1 VO-secd. ligand chelate system respectively
with KGH. In a similar manner horisontel addition of
curves 2 and 5 for the titration of 1l:1 VO-phen chelate
and free secondary ligand respectively ylelded the curve
B. These composite curves were compared with the experi-
mental curve 4 (Pigs. 19-24) for the titration of mixed
ligand system.

Potentiometriec titrations of the mixed ligand

systems involving salicylic (SA), S-sulpho-salicylic (SSi),
lactic (LA) and mandelic (AA) acids as secondary ligands
(Figs. 19-22, curve 4) yielded analogous curves indicating
reections of a similar nature. Comparison of the caloulated
curves A and B with the experimental curve 4 shows that the
latter curve neither resembles in nature with curve A nor
with the curve B. Curve A (Pigs.l9, 21 and 22) shows infl-
exion points at 'm' wvalues of about 2 and 4. Curve B app-
roaches an inflexion between m = 3.5 and 4.0. The experi-
mental curve, on the other hand, exhibits a sharp inflexion
at m = 3, Formation of a simple 1l:1 metal chelate of either
of the two ligands present in the system (postulate II)

may, therefore, be ruled out.

An inflexion point at m = 3 exhibited by curve 4 (Fig.
19) is in acoord with the reaction

\
2==t \ \u" O—I:]

\ .l



in the 1:1:11 VO-phen-LA (Fig.?l) and VO-phen-MA(Fig.2?)

systems, the reactions may be represented as

4 N+ OH ‘ 0
N—H / 1 0~ +
Vot + + Ol 0 T e R
/ CO0H N § ...(11)
\J \

and

0
v o> CHOgHg + 3H
0 veo (141)

M inflexion point at m = 4 shown by the titrat-
ion curve for the l:1l:l VO-phen-SSA system (Fig.?0) may be
interpreted on the basis of the liberation of three protons
in accordance with a reaction of the type (i), and consump-
tion of one mole of alkall per mole of the ligand by the
strongly acidic sulphonic acid group present in S-sulpho-
salicylic acid.

The appearance of a solid phase at relatively low
pH in the above mixed-ligend systems offers a direct evi-

dence for the formation of mixed-ligand chelates.

As indicated before (see page 93) in these systems
also by an analysis of the potentiometric data, it was
found that in the beginning of the above titrations, concen-
tration of the simple l:1 VO-phen chelate was much higher
than that of the mixed-ligand complexes. This fact and »
single inflexion point exhibited by the curves showed that



the formation of a VOLA type of chelate takes place

through the formation of a 1:1 VO-phen chelate 1.e.
mixed ligand chelate is formed in accordance with the
model TIIT B,

As shown in the mixed ligand systems involving
g-hydroxy carboxylic acids¥ss seccndcry ligands, in
these cases also the .oxpcrimmtd?ZCrw(eﬂn. ?3,74) showed
a different nsture than would be expected on the basis
of the formation of a simple 1:l chelate of either of the
two ligaends present in the solution, Tn fig.?3, for
example, curve A, obtained by the addition of abacicsae
of curves 1 and 3, shows a start of inflexion at about
m =92, Ourve B, a composite of curves ® eand B, exhibite
an inflexion point at about m = 5, The experimental curve,
on the sther hand, showed a sharp inflexion at about m = 3.

This, therefore, rules out the postulate IIL.

As indicsted in the VO-phen-SA system, one would
expect an inflexion point at m = 3 in curve 4 (Pig.?3)
on the basis of the formation of a chelate of the type
VO-phen-oxaslate. The overall reaction may thus be repre-
sented as
(B i 7’
@ oL J =N T ewtw

) 0

This conclusion obtains support from the work of Selbin



and Holnpabb who have isolated a compound v0(clsﬂsa2)cgo‘.

Titration curve for the 131:1 VO-phen~phthalie

acid system showed a poorly defined sloping inflexiom.

A slight lowering of the lower buffer region observed
in the curve as comparod with the composite curve B is
probably indicative of the formation of a weak mixed -
ligand chelate. The complex appears to be hydrolyze alm-
gst immediately as pH of the system is raised to a value
of about 5.5.

Sgabilitz Constants

In the mixed ligend systems involving a-hydroxy
carboxylic acid as a second ligand, from the material

balance, we obtain

- [vo”*‘] N [vox.’*] + [vom] ... (121)
e, = [m2*] + [1] + [vor?*] + [voua] e (122)
= [Ha] + [m"] + [voua] .e. (193)

Tm [ﬁ] [vor®*] +[ua] ] +[z)+s[vou) vee (124)

In solutions of pH up to about 3, concentrations of
VO(CH)L? s VOA and A"~ were negligible as compared to
thome of other species present. Combination of equations
121.1924 and the expression for the acild dissociation

constents of the ligends ylelds
X, (27-1) [v0** 2, (sx0-x-1) [P - (3ny g ~[H])FX = ©

. (1°5)



where [H+]
oy

(K. represents dissociation constant of earboxylie
1 proton of a-hydroxy earboxylic =ecid)

w*
1-1-&%—1 and Y =1 +
a

Concentration of free vanadyl ions in the system may,
therefors, be determined by solving the above quadratie

equation,

After computation of [vo*"]. concentration of other
species present in the system, may be easily evalusted,
Values of the formation constants obtained for the mixed
ligend chelstes having salieylie, S-sulphosalicylic acids
as secondary ligands are presented in tables XXXV, and
XXXVI respectively.

Table XXXV
Curve 4(Pig.19), T, = Ty = Ty = 2.5x10°W
P, = 5.00, PK, = 7.88, DK, = 13.40(58)

m 0. 0.4 0,8 08 1.0 1.2 1l.4 1.6
pH  2.87 2.62 2,67 2.73 2,79 2.85 ©,92 3,01
logRyra 13,31 1333 13.36 13.34 13,35 13.37 13,37 13.32
luliu 19.19 1921 19.24 19,22 19.73 1928 1225 19.20
Average value of log Ky;, = 13.34 % 0.03 and
log ‘i‘h& = 19,72 ¥ 0.03
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Table XXXVI
Curve 4 (Fig.20), T, = Ty = Ty, = 2,5x10™°M

P, = 5.00, PK, = 2.50, Pk, = 11,59(ref-56)

102 1.4 106 1.8 9.0 8.2 P.‘ 206
2,48 2.62 2,87 2.62 9,67 2.72 2.79 .86

logKyr, 11.73 11.76 11.73 11.73 11.74 11.78 11,76 11.76
logKyy, 17.61 17.64 17.61 17.61 17.62 17.66 11.63 17.63

Average value of logKyy,™ 11.76 20,03 and logKy;,=17.63%0, 03

In the mixed ligand system involving b-snlpho-

salicylic acid (HaA) as a secondary ligand, Hzlf was cons-

idered to be the chelating agent in the mathematical treat-

ment given above, since the proton of the sulphonic acid

group was completely dissociated under the experimental

conditions.

Values of the equilibrium constant for reaction (iii),

calculated from the potentiometric data of curve 4 (Fig.?l)

are given in table XXXVII,

Tgble XXXVII

Curve 4, (Fig.?l), T, = Ty = T; = 2,6x10™M
= 5,00, P = 3,64
PKq v Py,

pH

o.4 0.6 0.8 1.0 1.2 1l.4 1.6 1.8
2,83 2.91 °.99 3.08 3.16 3.27 3.34 3.48

-logk 4,03 3.98 3.94 3.94 3.93 4.00 4.04 4.04
-log X' 3.15 3.10 3,06 3.08 3.04 3.12 3.16 3.16

Average value of -logK= 3.99 3 0.06,

~logk'=3.11  0.06



In the mixed-ligand system involving mandelic
acid as a secondsry ligand, it was not possible to deter-
mine the reaction constants, since a precipitate was

formed almost in the beginning of the titration.

In the 1l:1:1 VO-phen-oxalic acid system dissocia-
tion of both the protons of oxalic acid has to be taken
into consideration. Egquations 123 and 124 then become

v, = [HpAJe[naT] + [a%] + [vora] vee (126)
3 rog +[8*] = [vor®*] + [1] + [ma7] + 2[a%] + 3[voma] .. (127)

With the help of the above equations snd the expression
for the formation constant K, and acid dissociation cons-

tants of the ligsnds, it may be shown that

" (gr_z)[voa"' ° +{x(3!_z)..!3 [vo”*‘] -{m, " - ..[n*j}

x XY =0

where o
o o
X=1+ L;il y T =14+ L;:%‘+ Ei'] and
5]
2 =2+
Fae

Concentration of uncomplexed vansdyl ilon may, therefore,
be determined by solving the above quadratiec equation.
Other species mey then be evaluated easily. Values of
formation constant of the 1:1:1 VO-phen-oxalic acid
chelate obtained from the data of curve 4(Fig.23) are



1)

listed in table XXXVIII.

Table XXXVITI
) S b.00, pKll = 1,91, pKla2 = 3.89
m - 002 0.4 006 008 1.0 1.2 1.4 106
pH 2,29 2.33 2,37 2.41 ?.46 °.,61 2,57 2.63

logKyra 5.38 5.%4 5.33 5.36 5.32 5.33 5.31 5.35
logKﬁLA 11.26 11.22 11.71 11.74 11.20 11.°1 11.19 11.23
Average value of log Kyr, = 5.34 10,03,
log'yr, = 11.22 * 0,08,

From tables XXXV, XXXVI and XiXVIII, it is evident
that the stabilities of the mixed-ligend chelates of
VO-phen with salicylie, B-nulphoﬁalioylic and oxalic acids
as secondary ligends, are in the following order

SA > SSA > Ox. acid

The anion of salicylic and B-sulphosalicylic acids being
strongly basic, form complexes of high stability. Oxalic
acid, although gives = five membered ring on chelationm,

forms a mixed-ligand chelate of low stability on account

of a lower besiecity of the oxalate ion.
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e normal ani mixed ligand chelates
dyl hydrochloride(diny) and oxalic

32, Potentiometric titrations of th
oxovanadium(IV) having 2, 2'-dipyri
id (Ox.A) as ligands: Curve 1, dioy; 2, 1:1 VO-dipy; 3, 1:1 VO-Ox.A}

Ox.A; A, composite curve of 1 and 3; B, composite
o.5x10-3M in ligand at the start of the
metal ion. Arrows indicote

1:1:1 VO-dipy-0Ox.4; b,
rve of 2 and 5, 411 solutions are
trations: m=moles of KOH added per mole of the
searance of a solid phase,
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ig.31. Potentiometric titrations of the normal and mixed 1irand
chelates of oxovanadium(I1V) having 2,2'-dipyridyl hyvdrochloride
(dipy) and mandelic acid(MA) as lirands: Curve 1, 4ipy; g e |
VO-dipy; 3, 1:1 VO-NA; 4, 1:1:1 VO-dipy-MA;5,MA; A, composite

curve of 1 and 3; B, composite curve of 2 and 5. All solutions
are 2.5x10~2M in lizand at the start of the titration; m=moles
of KOH added per mole of the metal ion.Arrows indicate anpear-

ance of a so0lid phase.
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Fig.30. Potentiometric-titrations of the normal and mixed ligand
chelates of oxovanadium(IV) having 2,2'-dipyridyl hydrochloride
(dipy) and lactic acid (LA) as ligands: Curve 1, 4ioy; 2 sl
Vo-dipy; 3, 1:1 VO-LA} 4, 1:1:1 VO-dipy-LA; 5, LA; A, composite
curve of 1 and 3; B, composite curve of 2 and 5. All solutions
are 2.5x1CF5M in lizand at the start of the titration; m=moles
of KOH added per mole of the metal ion.
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29. potentiometric-titrations of the normal and mixed ligand chelates
oxovanadium(IV) having 2,2'-dipyridyl hyirochloride(diny} and sulpho-
icylic acid (5SA) as ligands: curve 1, dipy; 2, 1:1 VO-dipy; 3,1:1 VC-
T A’ 1535 VO-dipy-58A; 5, SS5A; A, composite curve of 1 and 3; B,conp-
te curve of 2 and 5. All solutions are o 5x10-3¥ in ligand at the atart
the titration; m=moles of X0l added per mole of the metal icn.
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Pig.28, Potentiometric titrations of normal and mixed ligand chelate
systems of oxovanadium(IV) having 2,2'-dipyridyl hydrochloride (dipy,
and salicylic acid(SA) as ligands: Curve 1,dipy;?,1:1 VO-dipy; 3,
1:1 YO-5A4, 1:1:1 VO-dipy-SA; B, SA: A, composite curve nf_1 and
3: B, composite curve of 2 and 5. All solutions are 2.5x10-9M in
ligand 2t the gtart of the titration; m=moles of KOH added per mole
of the metal ion.
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Fig.27. Pntentiometric titrations of normal and mixed ligand chelate
systems of oxovanadium(IV) having 2,2'-dipyridyl hyﬂrochlﬁride(dipy)
and chromotropic =zcid (DNS) as ligands: Curve 1, dipy; 2,1:1 VO*iinmé
3,1:1 VO-DNS; 4,1:1:1 VO-dipy-DNS; 5,DNS. A1l solutions are 2.5x10-M
in ligand at the start of titration; =moles of KOH added per mole
of the metal ion.
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Pig.26. Potentiometric titration of normal and mixed ligand chelate
gsystems of oxovanadium(IV) having 2,2'-dipyridyl hydrochloride
(dipy) and tiron as ligands: curve 1, dipy; 2, 1:1 VO-dipy; 3,

1:1 VO-tiron; 4, 1l:1 VO-dipy-tiron; 5, tiron. All solutions are
9.5x10-3M in ligand at the start of titration; m=moles of KCH
added per mole of the metal ion,



110 T T T e T T T T T 1; T T T T T

20 | L | ) | t 1 1 | A 1 ¥
7 2 2 3 4 S (S

Fis.?5. "otenticmetric titrations of the normal ani mixed ligand
chelabte systems of oxovanadium(IV) having 2,2'-dioyridyl hydro-
chloride(dipy ) and catechol as ligands: curve 1, dipys 2,0 50
VOo-dipy; 3, 1:1 VO-catechol; 4, 1l:1:1 VO-dipy-catechol; 5, cate-
chol. 811 soluticns are 2.5x10-9M in ligand at the start of tit-
ration; m=moles of KOH added per mole of the metal ion.



SECTION II

Potentiometric titrations of mixed ligand systems
involving 2,2'-dipyridyl as a primary ligeand correspon-
ded to the curves (Curve 4, Pigs. 25-33) essentially
gimilar to those obtained for the corresponding 1:l:l
VO-Phen-Secd. ligand systems As indicated in the 1l:l
VO-dipy system (See page87 ), here also, HL' was consi-
‘dered to be the ligand, since one proton of dipyridyl dihydro-
chloride is strongly acidic and is completed ionized under
the experimental conditions.

Formetion constants of the mixed ligand chelates
were determined with the help of the ntthnlntliioll treat-
gand
ment presented in the analogous VO-Phen-Secd, systems. The

results of these calculations are tsbulated below:

Table —XXXIX
System: VO-Dipy-Catechol.
Curve 4 (Fig.?5), T,=T,=P; = 2.6x10°°M
. 1.8 2.0 2.2 2.4 2.6 2.8 3.0 3.2

pH 3.14 3.23 3.32 3.47 3.51 3.61 3.72 3.84
log Kyr, 16.89 16.88 16.90 16.93 16.90 16.91 16.91 16.93

Average value of log Kyr, = 16,91 I 0.02

System: VO-Dipy-Tiron
Curve 4 (Pig.?6), T,=T,=P; = 2.5x10°°M

m 1.0 1l.4 1.8 2.2 2.8 3.0 3.4

pi 2,64 2.74 2.86 2,98 3.12 3.30 3.54
logllm 17.20 17.17 17.19 17.18 17.18 17,17 17.17
Average value of log Kyr, = 17.18 £ 0,07
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System: VO-Dipy-DNS
Curve 4 (Fig.27), T, = Ty = 7, = 2.5x1072K

m 1.0 1.‘ 1.8 P.2 2.8 3.0 3.4
pH 2,66 2,77 2,88 3.01 3,15 3.33 3.859
10&!-_“ 17.98 17.97 18.01 17.97 17.98 17.96 17,94

Average value of log Kyra = 17.97 £ 0.04

System: VO-Dipy-SA
Curve 4 (Pig.?8), T, = T, = 7. = 2,6x10°°K

m lcz 1.4 1.‘ 1.8 2.0 263 2.‘ 20‘
PH 2.62 2,68 2.74 2.79 2.86 ©2.92 2.99 3.07
log Kyra 13.18 13.13 13.12 13.19 13.16 13.19 13.20 13,19

Average value of log 'um = 13.17 + 0.03

System : VO-Dipy-SSaA
Curve 4 (Fig.?9), T, = Ty = T, = 2,6x1070N

m 1.2 1.4 1.6 1.8 2.0 2.2 2.4 2.6
PH  2.56 2.61 2.66 2.72 2.78 2.83 2,90 2.97
log Kyp, 11.37 11,36 11.36 11,52 11,31 11,39 11.38 11.39

Average value of log Kypa = 11.36 £ 0,03



PART IV

BRXPERIMENTAL




'

EXPERIMENT AL

GERERAL DESCRIPTION

A stoeck solution of vanadyl sulphate (VOSQ‘.
4Hp0) was standardigzed by titrating with a standard

solution of potassium permanganate using phosphoric

57 and ferroin &a an indicator. In

order to prevent oxidatiunbs'65

acid as a catalyst
of venadyl ions, known
volume of a standard solution of hydrochloric acid

(one mole) was added to the vensdyl sulphate solution,

Catechol, tiron (disodium catechol-3,5-disul-
phonete) and chromotropic acid (1,8-dihydroxy-naphth-
alene-3,6-disulphonate) were of Merk (G.R.) quality.
Lactic, tartaric, malie, Qﬁlioylic, 5-sulphosalicylic,
oxalic, phthalic and iminodiacetic acids were of B.D.H.
reagent grade quality. Mandelic acid (B.D.H.) was puri-
'fied by reerystisllisztion. o-Phenanthroline hydro-
chloride and ?,2'-dipyridyl were of Merk (G.R.) products.
Potassium chloride was of B.D,H.,, Analar quality.

Aqueous solutions of the ligands were prepared
by direct weighing and their strengths were checked by
potentiometric titrations with a standard KOH solution.
To the 2,7'-dipyridyl solution two moles of hydrochloric
acid were added in order to start the titrations with the
amine dihydrochloride. The soluiion of KOH was standardized
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againgt potassium hydrogen phthalate.

PH measurements were carried out, using a
Cambridge pH-meter (NO 317044) equipped with calomel
and glass electrodes, standardized against standard

buffer solutions.

Enovm volumes of vanadyl sulphate, potassium
chloride and the ligend solutione were pipetted into
a titration cell., Conductivity water wes added to
provide the desired vclume and ionic strength (0.1M).
The reaction mixture was then titrated with standard
KCGi solution (0.1N). The pH of the solutions were read
after each addition cf sm=2ll incremente of KCOH solution
ani lapse of sufficien’ time for the attainment of
equilibrium, All titrations were repeated at least two
times and agreement betwesn the pH-readings of the
different titrations was usually within ¥ 0,07 units.
The solutions were stirred continuously by bubbling
nitrogen through them. Before and after each titration
the pH-meter was checked against buffer solutions of
known pE.



POTENT IOMETRIC TITRATION OF 100 ML, SOLUTION OF 2,5x10°°M
CATECHOL WITH O,1M POPASSIUM HYDROXIDE SOLUTION.IONIQ

TABLE .1

TEMPERATURE = 30%1°%

STRENGTH = 0,1M(KC1)
(Curve 0, Figure 1 )
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¥,0f 0.1M PH Ml.of 0.1M
KOH KOH PH
0.0 6.50 1.5 9.265
0.1 7.34 2.0 9.86
0.2 7.94 2.3 9.76
0.3 8.26 2.5 9.92
0.4 8.40 2.8 10,13
0.5 8.54 3.0 10.26
0.8 8.80 3.3 10,38
1.2 9.08 3.5 10.47




TABLE .. 2
TEMPERATURE = 30¢1°C

POTENTIOMETRIC TITRATION OF 50 ML, SOLUTICH OF 5x10°°M
IN VANADYL SULPHATE, 5x10°°M IN HCL AND 5x10°°M

IN CATECHOL WITH O,1M POTASSIUM
HYDROXIDE SOLUTICN

IONIC STRENGTH = O,1M (KCl)

(Curve 1, Pigure 1)

ML, OF O.1M WL, OF O,1M

KOH PH KOH PH

0.0 2,65 6.0 4.41
0.4 2,79 6.4 4.50
0.8 2,91 6.8 4.62
1,2 3.06 7.2 4.73
1.6 3,22 7.6 4.86
2,0 3.43 8.0 5,06
2.4 3.56 8.4 5.25
2.8 3.66 8.8 5.44
3.2 3,75 9.2 5.76
3.6 3.87 9.6 6.10
4.0 3.98 9.8 6.40
4.4 4.08 10,0 7.20
4.8 4.10 10.2 9.25
5.2 4,18 10.4 9.70
5.6 4.31 11.0 10.30




TABLE -3

TEMPERATURE = 30%1°%

POTENT IOMEPRIC TITRATION OF 50 ML, SOLUTION OF 2,5?0'311 IN

YANADYL SULPHATE, 2.5x10 "M IN HCl AND 2,.5x10 “M

IN CATECHOL WITH O.1M POTASSIUM HYDROXIDE
SOLUTION, IONIC STRENGTH=0,1(K

rve 2 igure
ML, ;{m 0.1u pH ML, ggﬂ 0.1M pH
0.0 2,92 4.8 6.30
0.4 3.18 4.9 6.42
0.8 3.45 5.0 7.28
1.2 3.71 5.1 8.26
1.6 3.91 5.2 9.10
2.0 4.7 5.3 9.45
2.4 4.2 5.4 9.70
2.8 4.40 6.8 9.92
3.2 4.63 5.6 10.10
3.6 4.85 5.8 10.46
4.0 5.14 6.0 10,70
4.4 5.56 7.0 11.00
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TABLE -
TEMPERATURE =30%1°C

POTENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF 1,29%0'311
IN VANADYL SULPHATE, 1.25x10°M IN HCl AND 1,25x10°°M IN
CATECHOL WITH 0.1M POPASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH = O,1M(KQ1)

(Curve 3, FPigure 1)

ML, OF 0.1K ~ pH ML.OF 0,1NM
KOH KOH PN
0.0 3.20 4.4 5.67
0.4 3.41 4.8 6.30
0.8 3.63 5.0 7.35
1.2 3.82 5.1 8.25
1.6 4,02 5.2 8.65
2.0 4.15 5.3 9,00
2.4 4.31 5.4 9.25
2.8 4.52 5.5 9.50
3.2 4.74 5.6 9.70
3.6 4.95 5.8 10.10
4.0 5.30 6.0 10.40
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TABLE -5
TEMPERATURE = 301°C
POTENT IOMETRIC TITRATION OF 50 ML. SOLUTION OF 5x10"°M IN
VANADYL SULPHATE, 5x10°°M IN HCl AND 1x10"°M IN CATECHOL
WITH O.1M POTASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH = 0,1M (KC1)

(Curve 4, Figure 1)

ML, OF 0.1M

XOH PH ML.ggHO.IM pH
0.0 2.65 7.6 4.53
C.4 2,78 8.0 : 4,66
0.8 2.92 8.4 4.79
1.2 3.04 8.8 4.89
1.6 3.18 9.2 5.05
2.0 3.33 9.6 5.20
2,4 3.43 10,0 5.37
2.8 3.62 10.4 5.50
3.2 3.60 10.8 5.71
3.6 3.70 11.2 5.90
4.0 3.78 11.68 6.18
4.4 3.86 12.0 6.50
4.8 3.91 12.4 7.00
5.2 3.97 12.6 7.82
5.6 4.08 13.0 9.15
6.0 4,17 13.4 9.85
6.4 4.25 13.8 10.25
6.8 4.34 14.2 10.55
7.2 4.43 15.0 10.956




TABLE -6

TEMPERATURE = 30+1°¢
POTENT IOMETRIC T ITRATION 00 SOLUTION OF 2.5x10"°M
OMOTROPIC ACID WITH O,1M POPASSIUM HYDROXIDE

SOLUTION, IONIC STRENGTH = 0,1!(5@,)
ve O, Fi 5

ML, OF 0,1M pH ML, OF 0.1M pH
KOH KOH
0.0 4.02 2,0 5.93
0.1 4.26 2.2 6.18
0.2 4.42 2.3 6.38
0.3 4.56 2.4 6.70
0.5 4.78 2.5 7.34
0.8 5.02 2.6 9.24
1.0 5.18 2.7 2.60
% 5.30 2.8 9.72
1.4 5.46 3.0 10,20
1.6 5.59 3.2 10,36
1.8 5.75 3.4 10.48




POIENTI

VANADYL SULPHATE, 5x10”°M IN HCl AND ngrsu IN CHROM-
OPROPIC ACID WITH O,1M POPASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH =0, 1M(KC1)

TABLE -7

TEMPERATURE=30¢1%¢C
0 ML, SOLUTION OF Sx10" M IN

IC TITRATION

(Curve 1, FPiguvre 5)
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HL. 0? 0.1'

KOH pPH lL.ggHG.li pH
0.0 2,37 6.5 3.97
0.5 2.46 7.0 4.29
1.0 2,54 7.5 4.86
1.5 2.64 8.0 5.17
2.0 2.78 8.5 B.50
2,8 2,85 9.0 6.82
3.0 2.97 9.5 6.11
3.5 3.08 10,0 6.58
4.0 3.19 10.5 7.49
4.5 3.30 11.0 8.29
6.0 3.43 11.8 9.18
5.8 3.66 12,0 9.79
6.0 3.71 13.0 10.30




121

TABLE = 8
TEMPERATURE = 30t1°%
POIENT IOMETRIC TITRATION OF ;g ML, SOLUTION OF 2,§;;£3x
IN VANADYL, SULPHATE, 2,5x10°M IN HCl AND 2,5x10°°K IN
CHROMOPROPIC ACID WITH O,1M POPASSIUM HYDROXID

SOLUTION, IONIC STRENGTH = 0,1M (XC1)
‘ Curve 2, Figure 5)

Hb.gggo.ll pH !Lig; O.1M pH
C.0 2.66 7.0 4.34
0.8 2.73 7.5 4.83
1.0 2.81 8.0 5.10
1.5 2.89 8.5 5.60
2.0 2,98 9.0 5.80
2.8 3.08 9.5 6.03
3.0 3.18 10,0 6.38
3.5 3.25 10.8 6.92
4.0 3.38 11.0 7.68
4.5 3.48 11.5 8,30
6.0 3.58 12.0 8.90
5.6 3.71 12,5 9.40
6.0 3.86 13.0 9.86
6.5 4.08 14.0 10.24




TABLE -9
TEMPERATURE = 30%1%

ROENTIOMEIRIC TITRATION OF 100 ML, SO 3
IN VANADYL SULPHATE, 1.25x10°°M IN D 1.2
IN OHROMOTROPIC ACTD WITH O,1M POTASSIUM HYDROXIDE
SOLUTION, IONIC STRENGTH = O,1M (KC1)

{Curve 3, Figure 5)

ML, OF 0,1M e ML. OF 0,1M ' X
KOH KOH
0.0 2,94 4.5 5.78
0.5 3.06 5.0 6.24
1.0 3,20 5.5 7.28
1.5 3.34 6.0 8.10
2.0 3.50 6.5 8.85
2.5 3.71 7.0 9.35
3.0 3.97 7.5 9.82
3.8 431 8.0 10,10
4.0 5.06 9.0 10,45
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TABLE =10
TEMPERATURE =30t1°¢
POTENTIOMETRIC TITRATION OF 100 SOLUTION OF 2 3
IN VANADYL SULPHATE, 2,8x10°M IN HCl AND 5x10°M_IN

CHROMOTROPIC ACID WITH O,1M POTASSIUM HYDROXIDE
SOLUTION, TONIC STRENGTH = 0,1M(KC1)

( Curve 4, Figure 5)

ML, OF 0,1M | oH ML, OP 0.1x pH
0.0 2,61 8.0 1.60
C.5 2,68 8.5 4.74
1.0 2.75 9.0 4.93
1.5 2.83 9.5 5.08
2.0 2.89 10.0 5.22
2.5 2.96 10.5 5.38
3.0 3.08 11.0 5.57
3.5 3.12 11.5 5.76
4.0 3.18 12.0 6.10
4.5 3.26 12.5 6.64
5.0 3.35 13.0 7.32
5.6 3.45 13.5 7.88
6.0 3.56 14.0 8.48
6.5 3,72 14.5 9.26
7.0 3.96 15.0 9.70
7.5 4.30 16.0 10.22




TABLE -11

T EMPERATURE=3 0210
POYENTIQMEIRIC TITRATION OP 100 ML, SOLUTION OF 2,5x10°°M

IN MANDELIC ACID WIPH O,1M POTASSIUM HYDROXIDE SOLUTION
IONIO STRENGTH = 0.1¥ (K01)

{Curve O, Pigure 6)

Mnigg 0.1 oH ML. ggﬂ 0.1 pH
0.0 3.12 2.6 8.32
0.5 3.27 2.7 8.76
1.0 3.44 2.8 9.00
1.5 3,67 3.0 9.40
2,0 4.02 3.5 9.78
2.2 4.20 4.0 10,02
2.4 4,81 4.5 10,16
2.8 7.28 5.0 10.24
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HY DROXIDE SOQLUTION
IONIC STRENGTH = 0,1M (XC1)

ML, OF 0.1 pH ML, OF 0.1 ‘ DH
0.0 °.30 7.8 4.15
0.5 .36 8.0 4.28
1.0 2,42 8.5 4,38
1.5 ®.48 9.0 4.65
2.0 °.54 9.5 4.69
2.5 2,60 10.0 5.33
3.0 2.7 10,5 6.37
3.5 °.82 11,0 7.49
4.0 2,98 11,5 8.26
4.5 3,18 12.0 9.16
5.0 3.365 12.5 9.54
5.5 3,55 13.0 9.80
6.0 3.67 13.5 9.96
6.5 3.79 14.0 10.10
7.0 3.95 15.0 10.35




IN VANADYL SULPHATE , 2 .5x10°°M IN HC] AND 2,8x10°°M

TABLE -1§
TITRAT ION

IN CID WITH POT DROXIDE
SOLUTION, IONIC STRENGTH = 0,1 (KQ1)
(Curve 2, Figure 6)
lLigg 0.1M pH lLig; 0.1M pH
0.0 2.58 8.5 4.51
1.0 2.68 9.0 4.87
2.0 2.79 9.5 4.80
2.5 2.86 10.0 5.30
3.0 2.98 10.5 6.00
3.5 3.04 11,0 7.03
4.0 3.17 11,8 7.70
4.5 3.32 12,0 8.26
6.0 3.50 12.8 8.72
5.5 3.68 13.0 9.18
6.0 3.77 13.5 9.46
6.5 3.93 14.0 9.66
7.0 4.10 14.5 9.82
7.5 4.29 15.0 9.95
8.0 4.40 16.0 10.15




TABLE _14
TEMPERATURE = 30¢1°%
ENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF 1.2Bx10"°M
VANADYL SULPHATE, 1.25x10"°M 2 M

IN MANDELIC ACID WITH O.1M PQEA§SIUH E!QBQ!IDE
SOLUTION, IONIC STRENGTH = 0,1M ‘sgll
(_Curve 3, Pigure 6)

uig 0.1M pH ﬂig 0.1M pH
0.0 - 2,88 4.8 4,82
0.5 2,98 5.0 5.31
1.0 3.09 5.5 58,50
1.5 3.22 6.0 7.80
2.0 3.37 6.5 8.83
2.5 3.68 7.0 9.08
3.0 3.97 7.8 9.50
3.6 4.26 8.0 9.78
4.0 4,55 9.0 2.90




U LB

IN _MANDELIC ACID WITH O,1M POTASSIUM HYDROXIDE

SOLUTION, IONIC STRENGTH = 0.1y (XC1)

( Curve 4, Figure 8)

ML OF 0.1 o M. OF 0.1 o
0.0 2,64 9.0 3.89
1.0 2,62 9.5 4.08
2.0 °,72 10,0 4.98
2.5 2.77 10.5 4.50
3.0 2,83 11.0 4.72
3.5 2,89 11.5 4.88
4.0 2,98 | 1.0 5.04
4.5 3.07 12.8 5.60
6.0 3.10 13.0 6.17
5.5 3.17 13.5 7.00
6.0 3.26 14.0 7.65
6.5 3.34 14.5 8.12
7.0 3.42 15.0 8.55
7.5 3.52 16.5 8.98
8,0 3.63 16.0 9.25
8.5 3.75 17.0 9.50




TABLE -16

TEMPERATURE=301°¢

POTENTIOMETRIC TITRATION OF 100 ML. SOLUTION OF 2,.85x10"°M

IN LACTIC ACID WITH C,1M POTASSIUM HYDROXIDE SOLUT ION
IONIC STRENGTH = O.1M ‘!CL)
(_Curve O, Figure 8)

ML, SgﬂO.ll pH HL.ggKO.ll pH
0.0 3.20 2.6 8.34
0.5 3.40 2.8 8.84
1.0 3.63 3.0 9.16
1.5 3.90 3.5 9.50
2,0 4.28 4.0 9.84
2.2 ‘ 4.54 4.5 9.95
2.4 5.30 5.0 10.10
2.6 7.60 6.0 10.28
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TABLE .17
TEMPERATURE = 30%1°%

POTENT TOMETRIC TITRATION OF 50 ML, SOLUTION OF 5x10~°K
IN VANADYL SULPHATE Bxlo'gl IN HOL AND S IN
LACPIC ACTD WITH 0,1M POTASSIUM HYDROXIDE

SOLUTIOHx INIC 8T§§!GTH¢0.1H!§CI!
{(Curve 1, Figure 8)

HL.gaﬂO.ll pH NL.ESHO.lu pH
0.0 2,38 7.5 4.58
0.5 2.44 8.0 4.61
1,0 2.80 8.5 4.70
1.8 2.57 9.0 4.78
2,0 2.68 9.5 4.91
2,5 2.73 10.0 5.46
3.0 .88 10.6 6.30
3.5 3.00 11.0 7.28
4.0 3.18 11.5 8,12
4,86 3.38 12,0 8.88
5.0 3.87 12.8 9.34
5.6 3.76 , 13.0 9.64
6.0 3.87 13.5 9.86
8.5 4.03 14.0 9.98
7.0 4.22 15.0 10.06
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ML..OF 0,1M pH

Ko "> KOH

0,0 2,61 8.0 4.58
0.5 ®.68 8.5 4.61
1.0 2.76 9.0 4,70
1.5 2,84 9.8 4.87
) 2,92 10,0 5.36
?.6 3.00 10.5 6.00
3.0 3.12 11,0 6.80
3.5 3.27 11.5 7.50
4.0 3.37 12,0 8.04
4.5 3.54 12,5 8.44
5.0 3.72 13.0 8.85
5.5 3.88 13.5 9.16
8.0 4.09 14.0 9.40
6.5 4,22 14,5 9.85
7.0 4.33 15.0 10,03
7.5 4.46 16.0 10.10




TABLE -19
RATURE = 30t1°%C

POIENT TOMETRIC TITRATION OF 100 ML, SOLUTION OF 1,25x10°°M
IN VANADYL SULPHATE, 1,25x10-"M IN HCL AND 1.25x10" M _IN

LACTIC ACID WITH O,1M POTASSIUM HYDROXIDE SOQLUTION
IONIC STRENGTH = 0,1M ( KC1 )

(_Cu ). | 8
HL.!gg 0.1M pH IL.ESKO.II pH
0.0 2.90 4.5 4.7
0,5 3.00 5.0 5.28
1.5 3.36 5.5 6.50
2.0 3.59 6.0 7.60
2.6 3.90 8.5 8.35
3.0 4,24 7.0 8.89
3.5 4.49 7.5 9.386
4.0 4.60 8.0 9.68




TABLE -20
TEMPBRATURE = 30t1%

13!

POPENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF 2,539:31
IN VANADYL SULPHATE, 2,5x10”°M IN HCl AND 5x10” "M
IN LACTIO ACID WITH O,1M DOTASSIUM HYDROXIDE

SOLUTION, IONIC STRENGTH = O,1M (KC1)

(Surve 4, Figure 8)

ML, or 0.1M ol IL.0§O§.1H -
.0 2.60 9.5 4.28
1.0 2,61 10.0 4.46
2.0 2,72 10.86 4.684
2.5 2.78 11.0 4.80
3.0 2.86 11.6 4.94
3.5 2,93 12,0 5.08
4.0 3,01 12,5 5.54
4.5 3.10 13.0 6.03
5.0 3.20 13.5 6.90
5.6 3.30 14,0 7.62
8.0 3.40 14.5 8.22
8.5 3.51 15.0 8.76
7.0 3,62 15.5 9.24
7.8 3,72 16.0 9.60
8.0 3.84 16.5 9,82
8.6 3.97 17,0 9.98
9.0 4,19 18.0 10,10




WITH O,1M POTASSIUM HYDROXIDE SOLUTION, IONIC STRENGTH=

TABLE .21

TEMPERATURE = 3021°%C
POIEN?IOMETRIC TITRATION OF 50 ML, OF Bx10™ M TARTARIC ACID

0,1M (XC1)

(Curve 0, Figure 9)

s

ML, ggﬁﬂ.ll pH H’Lig' 0.1 pH
0,0 2,72 4.5 4.63
0.5 2.84 4.7 4.88
1.0 2.98 4.8 5.42
1.8 3.14 4.9 8.46
2.0 3.51 5.0 9.28
2,9 3.51 8.1 10,17
3.0 3.72 6.2 10,28
3.5 3.97 5.4 10.80
4.0 4.24 5.8 10,72
4.3 4.468 6.0 10,80

—

b
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TABLE -22
TEMPERATURE = 30+1°%
POUENTIOMETRIC TITRATION OF SO ML, SOLUTION OF Bx10™°M
IN VANADYL SULPHATE, 8x10°°M IN HCl AND Sx10™°M IN

TARTARIC ACID WITH O,1M POTASSIUM HYDROXIDE
SOLUTION, IONIC STRENGTH = 0,1M (K

rve 1, PFi 9
| s
n.ggﬁo.n pH ML.xgg 0.1M pH
0,0 2,30 7.8 3.18
Ced 2.32 3.0 3.29
0.8 2.34 8.4 3.82
1.2 2.38 8.8 3.88
1.6 2,38 9.2 4.28
2.0 2.40 9.6 4,70
2.4 2.44 10.0 5.47
2.8 2.48 1C.4 5.87
3.2 2.83 10.8 6.23
3.6 2.57 11.2 6.885
4.0 2,61 11.6 6.77
4.4 2.688 12,0 7.22
4.8 2.68 : 12.4 7.95
5.2 2,73 12.8 8.90
5.6 2,77 13.2 9.50
6.0 2,83 13.6 9.77
6.4 2.88 14.0 10.10
6.8 2.92 14.95 10.48
7.2 2,99 18.0 10,70




POTENTIOMETRIC TITRATION OF $0 ML, SOLUTION OF 236110'3I
IN VANADYL SULPHATE, 2,5x10" "M IN HCl, and 2,8x10"°M

TASLE - 23
IEMPERATURE = 30£1°%

IN TARTARIC ACID WITH 0,1M POTASSIUM HYDROXIDE

SOLUTION, IONIC STRENGTH=0,1M (KC1)

(Curve 2, Figure 9)
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EL' OF o' 1“

.. pH M. OF 0.1 ol
0.0 2.48 5.0 5.48
0.4 2.52 B.2 5.86
0.8 2.57 5.4 6.21
1.2 2,61 5.6 6.49
1.4 2,65 5.8 6.77
1.6 2,70 6.0 7.16
2.0 2,77 6.2 7.95
2.4 2.85 6.4 8.50
2.8 2,92 8.6 9.08
3.2 3.0 6.8 9.30
3.6 3.23 7.0 9.70
4.0 3.53 7.2 9.89
4.4 4.0 7.4 10,18
4.8 4.85 8.0 10,87

J



TABLE - 24

TEMPERATURE = 30t1°%¢

POIERT IOMETRIC TITRATION OF 195% ML, SOIJJTIOH or 1129 0’3l
IN VANADYL SULPHAT 2 W
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T IC AC ¥ITH O POTASS TUM H!D OIIDE
SOLUTION, IONIC STRENGTH=0,1M (KC1)
(Surve 3, Figure 9)

ML, ?’03"’“ pH ML, ,?SHC"“ oH
0.0 2,66 5.2 5.87
C.4 2.71 8.4 6.28
0.8 2.76 5.6 6.54
1.2 2,81 5.8 5.85
1.6 2.87 6.0 7.17
2.0 .94 6.2 7.86
2.4 3.01 8.4 2.30
2.8 3.09 6.6 g8.68
3.2 3.23 6.8 8.97
3.8 3.39 7.0 2.25
4.0 3.680 7.2 9.50
4.4 4.14 7.4 2.78
4.8 4.98 7.8 10,185
5.0 5.51 8.0 10.38




TABLE .. 28

TEMPERATURE = 30 £ 1%
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POTENT IOMETRIC TITRATION OF 50 ML, SOLUTION OF 5x10~°M
5 AND 1x10°°M _IN

IN VANADYL SULPHATE, 5x10 "M IN HOCl
ZARTARIC ACID WITH O,1M POTASSIUM HYDRCXIDE

SOLUTTON, TONIC STRENGTH = 0.1M(KC1)

(Curve 4, Figure 9)

ML, O:ECE?.]-M pH HL&(OII; 0.1M pH
0.0 2.16 12,0 3.82
1.0 2.21 12,5 3.99
2.0 2.27 13.0 4.22
3.0 .36 13.5 4.52
4.0 ?.43 14.0 4.90
5.0 2.51 14.5 5.60
6.0 ?.58 15.0 6.02
7.0 2.68 15.5 6.24
8.0 2.82 16.0 6.43
9.0 3.02 16.5 6.70
9.5 3.13 17.0 7.36

10.0 3.24 17.6 8.30
10.5 3.37 18.0 8.956
11.0 3.51 18.5 9.80
11.5 3.66 19.0 10.50




TABLE - 26
TEMPERATURE - 301 %
POPENTIOMETRIC TITRATION OF 50 ML, OF 5x10” M MALIC
ACID WITH 0,1M POTASSIUM HYDROXIDE SOLUTION

HYDROXIDE SOLUTION, IONIC STRENGTHs=
0,1¥ (KCl1)
(Curve 0, Figure 11)
m:..xgir{ 0.1M pH m.gﬂ 0.1M -
0.0 2,88 4.3 5.20
0.6 3,08 4.5 5.38
1.0 3.26 4.7 5.62
1.5 3.50 4.8 6.15
2,0 3.78 4.9 6.96
2.5 4.04 5.0 9.70
3.0 | 4.36 5.1 - 10,12
3.5 4.62 5.3 10.50
4.0 4.94 5.5 10.90




TABLE .27
TEMPERATURE = 301°¢C |
POTENTIOMETRIC TITRATION OF 50 ML, SOLUTION OF BxlQ™SM IN
VAYADYL SULPHATE, bxlo'gm IN HCl AND 5x10°°M IN
MALIC ACID WITH 0,14 POPASSIUM HYDROXIDE
SOLUTION, IONIC STRENGIH=0,1M(KC1)

(Curve 1, Figure 11)

HL.ggHO.ll pH ML.?EHO.IH pH
0.0 2,36 7.2 3.65
0.4 2.40 7.8 3.84
0.8 2.44 8.0 4.00
1.2 2,80 8.4 4.14
1.6 2.56 8.8 4.38
2.0 2.69 9.2 4.83
2.4 2.63 9.6 5.00
2.8 2,67 10.0 5.50
3.2 2.72 10.4 5.82
3.6 2.80 10.8 .78
4.0 2.87 11.2 6.57
4.4 2,95 11.8 6.77
4.8 3.08 12,0 7.12
5.2 3.13 12.4 7.70
5.6 3.19 12,8 8.728
6,0 3.30 13.2 8.98
6.4 3.42 13.6 9.67
é.8 3.88 14.0 10.38




IN VANADYL SULPHA’I'E.’ 2,5x10""M IN HCl1 AND 2.5x10" "M

TABLE - 28

TEMPERATURE = 3041%

POIENT IOMEPRIC TITRATION OF 50 ML, SOLUTION OF 2,;3%6'3!

IN MALIC ACID WITH O.1M POTASSIUM HYDROXIDE

SOLUTION, IONIC STRENGTH = 0.1M (KC1)

(Curve 2, Figure 11)

ML OP 0.1 - L. OF 0.1 -
0.0 2.58 4.8 5.08
0.4 2.66 5.0 5.50
0.8 2,78 5.2 5.86
1.2 2,82 5.4 6.28
1.6 2,92 5.6 6.56
2.0 3,07 8.8 6.78
2.4 3.21 6.0 7.11
2.8 3.36 6.2 7.68
3.2 3.58 8.4 8.10
3.6 ' 3.83 6.6 8.60
4.0 4,13 6.8 9.02
4.4 4.52 7.0 9.75

4
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TABLE-29
TEVPERATURE = 30t1°%

POPENTIOMEPRIC TITRATION OF 100 ML, SOLUPION OF 1,25x10°°M IN
VANADYL SULPHATE, 1,25x107°M IN ECl AND 1,25x107°N IN

MALIC ACID WITH O,1M TOPASSIUM HYDROXIDE SOLUTION
' IONIC STRENGTH=0,1M (K€1)

(_Curve 3 Figure 11
ur..grwc.m pH ML, ggﬂo.u pH
0.0 2.86 B.O 5.50
0.4 2,94 5.2 5.80
0.8 3,02 5.4 6.21
1.2 3,06 5.8 6.54
1.6 3.12 5.8 6.78
2.0 3.26 6.0 7.11
2.4 3.41 6.2 7.68
2,8 3.54 6.4 .95
3.2 3.70 6.6 8.40
3.6 3.96 6.8 8,92
4.0 4.22 7.0 9.35
4.4 4.6l 7.2 9.80
4.8 5.15 7.4 10.26




C2

TABLE -30
TEMPERATURE = 30+1°C
POIENT IOMETRIC TITRATION OF 50 ML, SOLUTION OF Bx10™OM IN
VANADYL SULPHATE, Sx10>M IN HCL AND 1x10™°M IN MALIC

ACID WITH 0,1M POPASSIUM HYDROXIDE SOLUTION, TONIC
STRENGTH = 0,1¥ (KC1)

(] ¥ 11
i e pH ML, OF 0.1 pH
0.0 2.30 13.5 5.05
1.0 2.39 14,0 5.31
2.0 2.48 14.5 5.64
3.0 2,59 15.0 6.10
4.0 2.70 15.5 6.50
5.0 2.83 16.0 6.76
6.0 2,98 16.5 6.99
7.0 3,18 17.0 7.25
8.0 3.5¢ 17.5 7.70
9.0 3.58 18.0 8.28
10.0 3.85 18.5 9.00
11.0 4.14 19.0 9.76
12,0 4.46 19.5 10.50
13.0 4.83 20,0 11.00
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IASBLE =31

TEMPERATURE = 30t1°¢C
POIENT IOMBTRIC TITRATION OF 100 ML, SOLUPION OF 2.Bx10°°M
IN IMINODIAQETIC ACID WITH 0,1 POIASSTUM HYDROXIDE
SOLUTION, IONIC STRENGTH = 0.1M (EC1) -

( 0, Pig, 13
m.xg 0.1H - nig; 0,1M oH
0.0 2,84 2.7 6.89
0.5 2,94 2.8 , 7.36
1.0 3,10 3.0 7.90
1.5 3.30 3.5 8.53
2.0 3.62 4.0 8.88
2.3 4.04 4.5 9.25
2.4 4.60 5.0 9.70
.5 5.46 5.5 10.16
2.8 6.39 6.0 10,40




TABLE _32
TEMPERATURE = 301°¢

POTENT IOMETRIC TITRATION OF 50 ML, SOLUTICN Op ELQ
IN VANADYL SULPHATE, 5x10° "M HC1 _AND 3x

IN IMINODIACETIC ACID WITH O,1M POTASSIUM
HYDROXIDE SOLUTION, IONIQ STRENGTH=

TR T e

(Curve 1, Fig.l3)

uL.gan.lu'vl - ML, OF .14 -
0.0 2.38 8.5 4.7
1.0 2.43 9.0 5.17
2.0 £.49 9.5 5.34
2.5 2.53 9.8 5.50
3.0 2.58 0.0 5.88
3.5 2,64 10.8 8.75
4.0 2.75 11,0 7.34
4.5 2,85 11.5 7.80
5.0 2,97 12,0 8.14
5.5 3.19 12.5 8.38
6.0 3,29 13.0 8.65
6.5 3.47 13.5 8.83
7.0 3.76 14.0 9.00
7.3 3.86 18.0 9.26
7.5 4.16 16.0 9.48
7.7 4.30 17.0 9.67
8.0 4.48 18.0 9.885

(=05 |
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TABLE -33

TEMPERATURE = 30:1°C

IC TITRATION OF 100 WL,SOLUTION

P
[

[ ]

o, Bx10"°M

IN VANADYL SULPHATE, 2,5x10"°M IN HC1 AND 2,.5x10 "M
IN IMINODIACETIC ACID WITH O.,1M POTASSIUM
HYDROXIDE SOLUTION, IONIC STRENGTH=0,1M(KC1)

r

(Curve 2, Fig, 13)

HL.ESHO.IH pH HL.Q:og.lﬂ pH
0.0 2,66 8.6 4.79
1.0 2.60 8.0 8.19
2,0 2,86 9.5 5.38
2.6 2.71 9.8 5.47
3.0 2.77 10.0 65.86
3.5 2.85 10.5 6.50
4.0 2.94 11.0 6.95
4.5 3.04 11.95 7.43
5.C 3.18 12.0 7.76
6.5 3.32 12,5 8,02
6.0 3.580 13.0 8.26
6.5 3.70 13.5 8.40
7.0 3.96 14.0 8.61
7.3 4.11 16.0 8.90
7.8 4.76 16.0 9.12
7.7 4.39 17.0 9.30
8.0 4.62 18.0 9.50




LABLE - 34
'_r_gunmu'uns = gon°

IN V.&RADYL SULPHATE 1,2

M IN HCl AN 1 2
IN IMINODIACGETIC ACID WITH O,1M POTASSTIUM H!'DR_Q}_IDE
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OLUTION, IGNIC GTH = 0,1M
e 3, Fig, 1

ML, OF 0.1 o L. OF 0.1 .8
0.0 2,67 4.5 5.16
0.5 2,78 5.0 5.75
1.0 2,89 5.5 6.70
1.5 3.00 6.0 7.385
2,0 3,17 6.5 7.87
2.5 3.39 7.0 8,30
3.0 3.68 7.8 8.64
3.5 4.08 8.0 8.85
3.8 4.30 8.5 9.10
4.0 4.47 9.0 9.28
4.3 4.83 10.0 9.40




POPENT IOMETRIC TITRATION OF 5O ML, SOLUTION OF

-—__J._L_____!.b__,.__r

IN

TABLE _38
TRMPERATURE = 30t1%

ircra'
VANADYL EULPHATE| ! lg M IN gg; é! ,g;;g

IMINODIACETIC ACID WITH O,1M POTASSIUM HIQBGIIDE
SOLUTION, IONIC STRENGTH = 0,1M (KG1)

{Curve 4, Pig, 13)

HL.KgE 0.1M pH IL.ggnﬁ.ll oH
0.0 2.33 10,0 3.88
1.0 2.37 10,2 4.18
2.0 2.42 10.5 4.89
2.5 2.456 11.0 4.95
3.0 2.48 11.5 5.13
3.5 2.62 12.0 5.35
4.0 2.57 12.8 5.71
4.5 2.61 13.9 6.35
5.0 2,606 13.5 7.07
5.5 2.69 14.0 7.51
6.0 2,78 14.5 7.81
6.5 2.81 15.0 7.99
7.0 2.89 156.5 8.19
7.5 2.96 18.0 8.47
8.0 3.06 16.5 8.61
8.5 3.15 17.0 8.75
9.0 3.29 18.0 8.97
9.5 3.49 19.0 9.23
9.8 3.89 20,0 9.45

[N

O



TABLE -36
TEMPERATURE = 30%1%

POTENTIOMETRIC TITRATION OF 50 ML SOLUTION orgaxlo"m IN
VANADYT SULPHATE, 5x10°°M IN 1,5x10°° IN IMING-

DIACETIC ACID WITH O,1% POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH = O,1M(KC1

149

(Curve 5, Fig, 13)

ML.ggﬁo.ln pH IL.ESHO.II pH
0.0 2,20 12,5 4.11
1.0 2,25 12,7 4.39
2.0 2,30 13.0 4,71
3.0 2,36 13.3 4.91
4.0 2.4° 13.5 5.01
5.0 2.49 14.0 5.25
6.0 2,87 14.5 5.49
7.0 2.69 15.0 5.83
8.0 2,73 15.5 6.69
8.5 L.79 16.7 7.07
9.0 2,85 16.0 7.39
9.8 2,92 16.5 7.685

10.0 3.01 17.0 7,95
10.5 3.11 17.5 8.17
11.0 3.%4 18.0 8.37
11.5 3.41 18.5 8.57
12,0 3.63 19.0 8.75
12.3 3.85 20.0 8.97
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TABLE -37
TEMPERATURE = 30¢1°% |
POTENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF 2,5x10°°M

IN o-PHENANTHROLINE HYDROCHLORIDE WITH 0,14 POPASSIUM

HYDROXIDE SOLUTION, IONIC STRENGTH = 0,1M(KC1)
(Curve 1, Figure 15)

ML.gEHO.IH pH !L.ggHO.ll pH
0.0 3.80 1.8 5.38
0.2 4.08 2.0 5.58
0.4 4.28 2.2 5.82
0.6 4.48 2.3 8. N
0.8 4.64 2.4 6.27
1.C 4.79 2,5 8.40
1.2 4.92 2.6 9.20
l.4 5.08 2.8 9.96
1.6 5.72 3.0 10,22




PABLE 38
TEMPBRATURE = 30:1°C

POTENT IOMETRIC TITRATION OF 100 ML, SCLUTION OF 2,6x107°M
2,2'_DIPYRIDY], HYDROCHLORIDE WITH O,1M POTASSIUM HYDRO-
XIDE SOLUTION, IONIC STRENGTH = 0,1y (KC1)
(Curve 2, Figure 15)

HL.EPGIO.IM pH HI:.E!‘CHO.ll pH
0.0 2,70 3.8 4.54
0.5 2.80 4.0 4.68
1.0 2,92 4.3 4.88
1.8 3,08 4.5 5.08
1.8 3.18 4.7 5.30
2.0 3.31 4.8 5.66
2.3 3.48 4.9 6.00
2.6 3.64 5.0 8.02
2.7 3.80 6.1 9.30
3.0 4.00 5.3 9.80
3.3 4.21 5.6 10,10
3.8 4,35 ] 6.0 10.46




1 5 3
’n’
o

TABLE -
TEVPERATURE =30+1°C
POTENT IOMETRIC TITRATION OF 1. SOLUTION OF 2.5x107°M IN

VANADYL S {ATE AND 2,5x10"°M IN o-PHENANTHROLINE HYDRO.-
TLORIDS WI'H 0,1M POIASSIUM HYDROXLIDE SOLUTICH -
SPRENGTH = 0,1 (KQl)

(Curve 3, Pigure 15)

ML.ESHO.II pH lL.ggHO.ll pH
0.0 2.74 6.4 5.75
0.4 2,82 8.6 5.94
0.8 2.94 8.8 6.20
1.2 3.04 7.0 68.56
1.6 3.16 7.2 €.90
2.0 3.8 7.4 7.28
2.4 3.45 . 7.6 7.68
.8 3.62 7.8 7.99
3.? 3.78 8.0 8.5
3.6 3.94 8.4 8.80
4.0 4,10 8.8 8.88
LY 4.27 2,? 9.18
4.8 4.47 9.6 9.50
6.° 4.7% 10,0 9.84
5.6 5.03 10.4 10,07
8.0 6.30 11.0 10.30




AN _VANADYL SULPHATE, 2,5x10 M TV HOl AN

TABLE -40
TEMPERATURE = 3021%¢

POTENT IOMETRIC TITRATION OF 100 ML, SOLUTION OF 2,§x10'3u
IN VANADYL SULPHATE, 2,.5x10°°M IN HOL AND 2,5x10°°M IN

15

2,2'_DTPYRIDYL HYDROCHLORIDE #ITH 0,1M POTASS
HYDROXIDE SOLUTION, IONIC STRENGTH=0.1:(KC1)
(Curve 4, Pigure 18)

ML, OF 0,11 o L. 0P 0.1 -
0.0 2,32 9.0 4.06
1.0 2.40 9.5 4.24
2.0 2,46 16,0 4.46
2.5 2,53 10.5 4.80
3.0 27 | 11.0 5.18
3.5 2.63 11.5 5,50
4.0 2,70 12,0 5.89
4.5 2.78 12.8 6.50
5.0 2,81 15.0 ?7.06
5.5 £,92 15.8 7.56
6,0 3.04 14.0 8.25
8.5 3,18 14.6 8.75
7.0 3.37 15,0 2.26
7.5 3.56 15.5 9.70
8.0 3,72 16.0 10, 05
8.5 3.88 17.0 10,50

é‘)



IN VANADYL SULPHATE, 2,Bx10°°M IN HCl AND 2,.8x10°°M IN

CATECHOL WITH

TABLE -41
TEMPERATURE = 30¢1°C

POTENTIOMETRIC TITRATION OF 130 ML, SOLUTION OF 2,5x107 M

14 POTASSIUM HYDROXIDE SOLUTI

IONIC STRENGTH=0,1M(KC1)
(Curve 3, Figure 16)

nm.ggno.lu - IL.O:og.lﬂ ol
0.0 2,65 7.5 4.88
0.5 2,81 8.0 5.10
1.0 2,98 8.5 5.36
1.5 3.20 9.0 5.63
2,0 3.43 9.5 6.22
2,5 3.60 9.8 6.50
3.0 3.70 10.0 7.25
3.8 3.80 10.2 9.25
4.0 3.98 10.5 9.75
4.5 4.07 11.0 10,30
5.0 4,15 11.5 10.70
5.5 4.23 12.0 10.95
6.0 4.36 12.5 11.10
6.5 4.50 13.0 10.21
7.0 4.65 14.0 10.35




TABLE _42
TEMPERATURE = 30%1°¢
POTENT IOMETRIC TITRATION 00 ML, SOLUTION OF 2.5x10°°M
IN VANADYL SULPHATE, 2,8x10°°M IN HCl, a,gx%o' M _IN
o-PHENANTHROLINE HYDROCHLORIDE AND 2,5x10"°M IN
CATECHOL WITH 0,1M POPASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH = 0,1M(KQL)

Fi 16)

ML, Ggog.ll pH ML} G{Og. 1M pH
0.0 2.4? 8.5 4.18
0.8 2.48 9.0 4.54
1.0 2.54 2.5 5.00
1.8 2,60 9.8 5.35
2.0 2.66 10,0 6.00
2.5 2,74 10.? 6.50
3.0 2.84 10.8 7.20
3.5 2.92 11.0 7.78
4.0 3.00 11,5 8.08
4.5 3.12 12,0 8.30
5.0 3.24 12.85 8.54
5.5 3.34 13.0 8.86
6.0 3.44 13.6 9.29
6.5 3.56 14,0 9.98
7.0 3.66 14.5 10,36
7.5 3.78 15.0 10.58
8.0 3.96 16.0 10.70
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TABLE 43
TEMPERATURE=3 0$1°C
POTENTI PITRATION OF SOLUTION OF 2L§§1¢'3l
IN_VANADYL SULPHATE, 2,5x10°°M IN HCl AND 2,.85x10°°M

IN TIRON WITH O,1M POTASSIUM HYDROXIDE SOLUTION
STRENGTH = O,1%

(Curve 3, Figure 17)

uL.gaﬂo.lm - IL.sanﬁ.ll -
0.0 2,60 7.5 3.94
0.6 2,68 8.0 4.08
1.0 2,70 8.5 4.34
1.5 2,76 9.0 4.64
2,0 2,82 9.5 4.91
2.5 2,88 9.8 5.15
3.0 2.95 10,0 5.56
3.5 3.03 10,2 6.50
4.0 3.11 10.5 7.28
4.5 3.18 11.0 7.85
B.0 3.26 11.5 8.35
5.6 3,35 12.0 9.25
6.0 3.46 12.5 9.65
6.5 3.58 13,0 10.20
7.0 3.74 14.0 10,75




e

-

TABLE —44
TEMPERATURE = 3041°¢

POTENTIOMETRIC TITRATION OP 100 ML. SOLUTION OF 2.5x10°M
IN VANADYL SULPHATE, 2.5x107°M IN HCl, 2,5x10° M IV
o— PHENANTHROLINE HYDROCHLORIDE AND 2,5x107M IN
TIRON WITH 0.1M POTASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH =0,1y (Kg1)

& i 17
- e pH | ML.OP O.1M |  pH

KOH
0.0 2.40 9.0 3.685
1.0 2.45 9.5 3.94
2.0 2.52 9.8 4.27
2.5 2.57 10.0 4.68
3.0 2,61 10.2 5.34
3.5 2,66 10.5 6.16
4.0 2,79 11.0 6.9°
4.8 2,77 11.5 7.34
5.0 2,83 12,0 7.90
5.5 .89 12.6 8.3°%
6.0 2.96 13.0 8.70
6.5 3.03 13.5 9.6
7.0 3.11 14.0 9.82
7.6 3.21 14.5 10,722
8.0 3.37 15,0 10.44
8.5 3.47 16.0 10.60




IABLE .45

TEMPERATURE = 30%1%
POTENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF 2,5x10™°M
PIRON WITH 0,1M POTASSIUM HYDROXIDE SOLUTION, IONIC

STRENGTH = 0.1% ( KQ1 ). (Curve 5, Pigure 17)
ML, STOHO. 1M pH ML, EIOHO. 1M pH
0.0 ~6.20 2.7 8.44
0.2 6.55 2.3 8.62
C.4 8.82 2.4 8.83
0.6 7.08 2.5 9.20
1.0 7.38 2.6 9.5
1,”? 7.64 2.7 9.80
1.4 7.68 2.8 9.98
1,8 7.99 2.9 10.07
2,0 8.18 3.0 10.20

Q

o
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TABLE — 46
TEMPERATURE = 30%1°¢
POIENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF §,g1e'3l
IN VANADYL SULPHATE, 2,5x10°°M IN HCL, 2.5x107 % I
o-PHENANTHROLINE HYDROGHLORIDE AND 2.5x10”°M IN

CHROMOTROPIC_AGID WITH 0.1M POTASSIUM HYDROXIDE
SOLUTION, IONIC STRENGTH = 0,1M (KC1)

e igure 18)

HL.EEHO.lu pH 'Lig§ 0.1M oH
0.0 2.43 9.0 3.60
0.5 2.46 9.5 3.91
1.0 2,60 9.8 4.25
1.6 2,54 10.0 4.80
2.0 2,68 10.? 5.38
2.5 2.62 10.5 8.50
3.0 2.65 11,0 7.20
3.5 2.70 11.86 7.65
4.0 2.73 12,0 8.00
4.5 2,77 12.56 8,78
5.0 2.83 13.9 8.58
5.5 2.88 13.5 8.86
6.0 2.96 14.0 9.20
6.5 3.03 14.5 9.51
7.0 3.09 15.0 9.90
7.6 3.20 15.5 10.18
8.0 3.28 16.0 10.44
8.6 3.45 17.0 10,75
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TABLE - 47
TEMPERATURE = 30¢1°¢

POTENT IOMETRIC TITRATION OF 100 ML, SOLUTION OF 2,5x10 Sy IN

VANADYL SULPHATE, 2,5x10 "M IN HC1 AND 2,85x10 "M IN SODIUM

SALICYLATE WITH O,1M POTASSTUM HYDROXIDE SOLUTION
IONIC STRENGTH = 0,1M(KC1

(Curve 3, Pigure 19)

ML, OF 0.1 ol L., OF 0.1x ol
0.0 3.00 6.0 5.40
0.5 3.09 6.5 5.62
1.0 3.19 7.0 6.00
1.5 3.30 7.3 6.25
2.0 3.41 7.5 6.60
2.5 3.66 7.7 7.00
3.0 3.74 8.0 7.80
3.5 3,92 8.5 8.71
4.0 4,93 "t . 9.38
4.5 4.66 | 9.5 9,90
5.0 5.00 10.0 10,30
5.5 5.23 11.0 10.85




TABLE 48
TEMPERATURE = 30t1°C
POTENTI C TITRATION OF 100 ML, SOLUTION OF 2.5x10"°M IN

VANADYL SULPHATE, 2,5x10 "M TN HC1, 2,5x10""H IN o-PHENAN-
IHROLINE HYDROCHLORIDE AND 2,85x107°M IN SODIUM SALICYLATE
WITH O0,1M POTASSIUM HYDROXIDE SOLUTION, IONIC STRENGTH=

.14 (K01)
(Curve 4, FPigure 19)

HL.ggHO.lﬂ pH lL.ggEO.IH pH
“.0 ?2.6° 7.0 4.°?
0.5 2.57 7.3 4.66
1.0 2,62 7.5 5.28
1.8 2,87 7.7 5.85
2.0 2.73 8.0 6.36
2,86 2,79 8.5 6.82
3.0 2,86 9.0 7.76
3.5 2.92 9.5 7.78
4.0 3.01 10.0 8.30
4.5 3.10 10.5 8,68
5.0 3.22 11.0 9.08
5.5 3.37 11.5 9.66
6.0 3.56 12,0 10,10
6.6 3.83 13.0 10.54




TABLE —49
TEMPERATURE = 30:1°¢
POTENT IOMETRIC TITRATION OF 100 ML, SOLUTION OF °,5x10™M

SALICYLIC ACID WITH 0,1M POTASSIUM HYDROXIDE SOLUTICN

IONIC ST

GTH = 0,1 1

(Curve 5, Pigure 19)

e

O

n.groﬁo.lu oH HL.%HO.].I pH
0.0 3.00 2.0 3.88
0.2 3.03 2.7 4.74
0.4 3.07 2,3 4.9
0.8 3.16 2.4 5.72
1.0 3.20 2.8 9.14
1.2 3.32 2.6 9.70
l.4 3.41 2,7 9.88
1.6 3.50 2.8 10.086
1.8 3.60 3.0 10.28
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T ABLE-50

7 TURE = 30£1°
POTENTI I¢ TITRATION OF 100 WL, SOLUT ®,6x10"°M IN
VANADYL SULPHATE, 2,5x10°°M IN HCl AND 2.5x10” M IN SULPHO-

SALICYLIC ACID WITH O,1M POTASSIUN HYDROXIDE SOLUTION
IONIC STRENGTH = 0,14 (KC1)

(_Curve 3, Figure 20)

HI.E%HO.IH pH HL.EEHO.IM pH
0.0 2,52 8.5 5.41
1.0 ”,64 9.0 5.67
2.0 2.77 2.6 6.06
3.0 2,90 10.0 6.75
4.0 3.07 10.° 7.40
4.5 3.20 10.8 8,00
5.0 3.31 11.0 8.656
6.0 - 3.57 11.5 9.26
6.5 3.94 12,0 2.70
7.0 4.3% 12.56 10,04
7.5 4.80 13.0 10,38
8.0 5.18 14.0 10.90




TABLE - Bl
TEMPERATURE = 30 * 19

S OSALICYLIC ID WITH POLASS IUM
HYDROXIDE SOLUTION, IONIC STRENGTH=
= Q0,1 KCl
( 20)

HL.EEHO.II pH HL.QEHO.IH pH
0.0 2.19 11.56 3.47
1.0 2,22 12.0 3.78
2.0 2.26 12,3 4,05
3.0 2.31 12.5 4.31
4.0 2,37 12.7 4.78
5.0 .44 13.0 5.64
5.5 2.48 13.5 6.40
6.0 2.52 14.0 6.80
6.5 2.57 14.5 7.19
7.0 2,62 15.0 7.60
7.5 .87 15.5 8.00
8.0 2.72 16.0 8.30
8.8 2.79 16.5 8.61
9.0 2.86 17.0 8.90
9.5 .94 17.56 9.24

10.0 3.03 18.0 9.60
10.5 3.14 19.0 10.20
11.0 35.28 20.0 10.58




TABLE -QP,
LEMPERATURE=30+1°C
ROTENTIOMETRIC TITRATION OF 100 ML, SOLUPION OF 2,8x10™>K
SIII.PHOGALIQ LIg ACIQ WITH Q,L! POIASSIQ gngm;g!
S ION, IONIC ST GTH = K
(Curve 5, Figure 20)
ML,.OF 0O.,1M
y v pH ML,OF 0,1M pH
KOH KOH
0.0 2.82 4.4 3.57
0.5 2.68 4.6 4,08
1.0 2,64 4.8 4,76
1.5 2.70 4.9 6.48
2.0 .77 5.0 9.30
2.5 2.86 8.1 9.93
3.0 2,96 5.2 10,08
3.5 3.10 5.4 10.18
4.0 J3.30 6.0 10,48
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TABLE .53

POTENTIOMETRIC TITRATICN OF 100 T, SOLURION OF 2,5x10°°K IN
VANADYL SULPHATE, 2,5x10™°M IN HC1, 2,5x107°M IN o_ PHENAN-
THROLINE HLORIDE AND 2,5x10™°M IN

IC ACID
0 POTASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH = 0,1 (KQ1)
(Curve 4, Figure 21)

ML, OF 0,13 - ML, grmo.m »x
C.0 2,48 9.0 4.10
1.0 2.87 9.6 4.35
2.0 2.68 10,0 4,73
2.5 2.71 10.5 5.34
3.0 2.76 11.0 5.86
3.5 2.83 11.8 6.26
4.0 2,91 12,0 6.68
4.5 2.99 12.5 7.00
5.0 3.08 13.0 7.32
5.5 | 3.18 13.5 7.682
6.0 3.27 14.0 8.04
6.5 3.38 14.5 8.54
7.0 3.48 156.0 9.00
7.5 5.61 156.5 9.34
8.0 3.74 16,0 9.60
8.5 3.90 17.0 9.90




LPHATE, 2.8

THROLINE HYDROCHLORIDE AND 2,8x10" "M IN MANDELIC ACID

WITH O,1M POPASSTIUM HYDROXIDE SOLUTION

IONIC STRENGTH _ 0,1M (kc1)

i 29)
mx.gzno.lx oH IL.ggHO.ll pH
0.0 2.44 8.0 3.18
1.0 2,52 8.5 3.30
2.0 2.60 9.0 3.46
2.5 2,64 9.5 3.68
3.0 2.69 10,0 4.14
3.5 2.74 10,2 4.80
4.0 2,79 10.8 5.84
4.5 2,81 10.7 6.26
6.0 2,83 11.0 6.96
5.5 2,86 11,5 8.52
6.0 2,90 12.0 9.42
6.5 2,95 12.5 9.76
7.0 3.01 13,0 9.90
7.5 3.08 14.0 10,00
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ABLE -
TEMPERATURE = 30t1°¢
POTENTIOMETRIC TITRATION OF 190 ML, SOLUTION OF 2.?],.9:3!
IN VANADYL SULPHATE, 2,8x10™°M IN HCl AND 2,6x10° M IN
OXALIO ACID WITH Q,1M POTASSIUM HYDROXIDE SOLUTION
IONIC STRENGTH = 0,1M (KQ1)

(Qurve 3, Pigure 23)

ML, ;nmo. 1M plt ML, grmo.u oH
0.0 2,23 8.5 4.1
1.0 2.30 2.0 4.62
2.0 2,36 9.5 4.86
2.5 2.40 10,0 5.24
3.0 2.44 10.5 5.54
3.6 2.48 11.0 6.00
4.0 2,54 11.8 6.36
4.5 2,80 12,0 6.56
5.0 2.67 12,8 6.80
6.8 2,76 13.0 7.04
6.0 ”.86 13,5 7.30
6.5 2.98 14.0 7.54
7.0 3.16 14.5 7.78
7.3 3.30 15.0 8.9
7.5 3.4 15.5 9.68
7.7 3.86 16,0 10.10
8.0 3.74 17.0 10,40




TEMPERA = 3041° ,
p IOMETRIC TITRATION OF 100 SOLUTION OF o Sy
IN VANADYL SULPHATE, 2.8x10°°M IN Hcl, ?..uxiz M IN
o=PHEWANTHROLINE HYDROOHLORIDE AND 2,5x10° M IN
OXALIC ACID WITH 0,1¥ POTASSIUN HYD

SOLUTION, IONIC STRENGTH=0,1% (XC1)
2

(Qurve 4, Pigure 23)

ML, OP 0.1u P ML, grmo.u -
0.0 2,13 10.0 4,00
1.0 2,18 10,2 4.35
2,0 2,23 10.5 4.90
2.5 °,26 11.0 5.61
3.0 2,29 11.8 5.95
3.5 °,33 12,0 8.22
4.0 °,37 12.5 6.45
4.5 2,41 13.0 8.60
5.0 2.46 13.5 8.75
5.5 °,51 14.0 6.88
6.0 2,57 14.5 7.15
6.5 2,83 15.0 7.33
7.0 2,71 15.5 7.85
7.8 .77 16.0 8.18
8.0 2,90 16.5 8.60
8.5 3.03 17,0 8.94
9.0 3.20 17.5 9.50
9.5 3.51 18,0 9.85
9.8 3.76 19.0  10.40




LB - 57

7 TURE = M ‘
POTENT IOMETRIC TITRATION OF 100 ML, SOLUTION OF 2.5x10°°N

OXALIC ACID WITH O,1M POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH = 0,1M(KC1

(Curve 5, Pigure 23)

IL.SFOHO.IH pH iﬂ'ig 0.1M pH
0.0 2.856 4.0 4.1°
0.4 2,73 4.4 4.40
0.8 2.80 4.8 5.09
1.2 2.88 4.9 5.5%
1.6 2.97 5.0 7.63
2.0 3.10 5.1 9.48
2.4 3.26 5.2 9.75
2.8 3.43 5.3 2.97
3.2 3.64 5.4 10.10
3.6 3.85 6.0 10,680




TABLE -
TEMPERATURE = 30$1°%¢
POTENTI TITRATION OF 100 ML, SOLUTION CF o M
IN VANADYL SULPHAIE, 2.8x10°°M IN o ¥ IN
POTASSIUM HYDROGEN P TE WITH 0,14 POTASS
DROXIDE SOLUTION, IONIC STRENGTH =0,1M(KC1
(Curve 3, Figure 24)

ML.OF O.1H ML,OF 0,1M
KOl PH KOH pil
0.0 .86 6.5 4.54
0.5 2.94 7.0 4.64
1.0 3,08 7.8 4.77
1.5 3.1 8.0 4.9?
2.0 3,92 8.5 5.10
2.5 3,392 9.0 5.%4
3,0 3.44 9.5 5.4
3.5 3.60 10.0 5.64
4.0 3.78 10.5 5.90
4.5 3.96 11.0 6.40
4.8 4.09 11.5 7,927
5.0 4,22 12.0 8.38
5.1 4.27 12.5 9.06
5.3 4,33 13.0 9.68
5.5 4.39 13.5 10,18
6.0 4.46 14.0 10.46
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TABLE 59
PEMPERATURE = 3031°¢

POTENT IOMETRIC TITRATION OF 100 ML, SOLUTION OF °,5x10°°M IN
VANADYL SULPHATE, 2 oM o M IN -
THROLINE HYDROCHLORIDE AND 2 M IN POTASSIUM HYDRO-

GEN PHTHALATE WITH 0,1M POPASSIUX HYDROXIDE §OLUTICN

IONIC STRENGTH = 0,14 (XO1)
(Curve 4, Figure 24)

ML, OF 0.1 ol ML, 0P 0,1M ol
0.0 2,66 || 9.2 5.24
1.0 2,66 9.6 5.41
2.0 2,78 10.0 5.56
3.0 2,92 10.4 5.72
4.0 3.11 10.8 5.88
4.4 3.20 11,2 6,08
4.8 3.30 11.6 6.36
5.2 3.4? 12,0 8.62
5.6 3.53 17,4 7.10
6.0 3.66 12.6 7.46
6.4 3,82 12.8 7.78
6.8 3.98 13,9 8.20
7.2 4.16 13,6 8.54
7.8 4.36 14.0 8.8°2
8.0 4,89 14.4 9.20
8.4 4.8°2 14.8 9.48
8.8 5.04 16,0 9.58




TABLE _60

TEMPERATURE = 30:1°C

POTENT IOMETRIC TITRATION OF 100 ML, SOLUTION OF 2.5x10™°M
PHTHALIC ACID WITH 0,1M POTASSIUM HYDROXIDE SOLUTION

ICNIC STRENGTH = 0,14 (KCl)
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(Curve 5, Figure 24)

L. OF 0.1 - ML, OF .11 -
0.0 2.91 4.0 5.09
0.4 3.00 4.4 5.36
0.8 3.12 4.8 5.82
1.2 3,25 4.9 8.30
1.6 3.40 5.0 7.72
2.0 3.61 5.1 8.84
2.4 3.91 5.2 9.60
2.8 4.35 5.4 9.86
3.2 4.6° 5.6 10,10
3.6 4.85 6.0 10.45




TABLE ~ 81

TEMPERATURE = 3021°¢
POTENT IOMBIRIC TITRATION OF 100 ML, SOLU? o

CATECHOL WITH 0,1M POTASSIUM HYDROXIDE
SOLUTION, IONIC STRENGTH=0,1M(KC1)

rv i 25)

ML, glm'). 1 pH ML, g!oxﬂ.ll pH
0.0 2,34 | 10.0 3.72
1.0 2,40 10,8 3.84
2.0 2.48 11.0 3.97
2.5 2.53 11.5 4.14
3.0 2.68 12,0 4.41
3.5 2,64 12.8 4.99
4.0 2.70 13.0 5.78
4.5 2,76 13.5 6.30
5.0 ?2.83 14.0 6.@8
5.5 . 2,92 14.5 6.98
6.0 2.99 156.0 7.26
6.5 3.08 15,5 7.54
7.0 3.14 16.0 7.84
7.5 3.23 16.5 8,27
8.0 3.3° 17.0 8.6?
8.6 3.47 17.5 92.18
9.0 3.51 18.0 9.88
9.5 3.61 19.0 10,60




Primary ligand : 2, 2'-Dipyridyl

Catechol  VOIo' + A%~ == vom 16,91*
(Hg‘)
riron vor= + A% == vyom®- 17.18%
(Hgd™ ™)
Chromotro- VOI*~ + A% == voma®- 17,97+
pic ;cid
(Hgl <)
salieylic VOISt + 2%~ == voma 13.17#
acid EgA)
Sulpho- vor®t + A% = vour 11.38*
ealicylie
acid (HsA)
Mendelio VoL** + HpA T voma + on’ 3.53
ac A

e voet + mit + HpA == VOLA + 35" 2.96
lastls vor®* + pa == vora + em’ 3.98
acid A

LR LN Hoh ¥—= VOIA + 38" 3.40

axauc(, ) vor®t + A%~ = vom 4.63*
acid (HoA

2 vt s+ A == vom 9.71%

* Log K values,
It is interesting to note an unexpectedly higher
stabilities of the above mixed ligand derivatives as

compared to those of the corresponding simple 1:1 chelates.




TABLE -62
TEMPERATURE = 30t1%C

POTENT IOMEPRIC TITRATION OF 10 SOLUTION OF 2,8x10°°N IN

VANADYT SULPHATE, 2,85x107°M IN ngl._gag;;o' M IN 2,8¢.
DIPYRIDYL HYDROGHLORIDE AND 2,5x10°°M IN TIRON WITH
Q.14 POTASSTUM HYDROXIDE SOLUTION, IONIC STRENGTHs=

= 0,1M(KEC1), (Curve 4, Figure 26)

HL'E%nD'IH pH IL.ggHO.ll oH
0.0 2.30 10,0 3.30
1.0 2,36 10,5 3.41
2.0 2,42 11,0 3.54
2.5 2,46 11,5 3.70
3.0 £.50 12,0 4.00
3.5 2,54 12,5 4.66
4.0 2,58 13.0 5.58
4.5 2,61 13.5 6.10
5.0 2.64 14,0 6,40
5.5 2,69 14.5 5.68
€.0 2,74 15.0 6.96
6.5 2,80 15.5 7.28
7.0 2,86 16.0 7.62
7.5 2,92 16.5 8.10
8.0 2,98 17.0 8.64
8.5 3,08 17.5 9.22
9.0 3.12 18,0 9.94
9.5 3.21 19,0 10.60




2,2'_DIPYRIDYL 2 3y
CHROMOTROPTC AGTD WITH g.;u 20T ASS TUN
HYDROXIDE SOLUTION, IONIQ STRENGTH=
0,1 (k1
i, 0P 0,14 oH L, 0P 0,1x | o
0,0 2,30 10,0 3.33
1.0 2,56 10.5 3.45
2.0 °.44 11.0 3.59
2,8 2.48 11.5 3.78
3.0 2,52 12.0 4.10
3.5 2,56 12,5 4.78
4.0 2,60 15,0 6.90
4.5 2,63 13.8 6.40
5.0 °.66 14.0 6,82
5.5 2,71 14.5 7.22
8.0 2,77 15,0 7.78
6.5 2,82 15.5 8.22
7.0 °.88 16.0 8.56
7.5 2,94 16.5 8.90
8.0 3.01 17.0 9.6
8.5 3.09 17.5 9.66
9.0 3.15 18.0 10,06
9.5 3.23 19.0 10,50
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ABLE -6
TEMPERATURE = 30t1°%

POTENT TOMEPRIC TITRATION OF ML, SOLUTION OF 2.5x10°°M IN
vangiin siﬁénarn; a;igiiffn g; g;i; 2;£;iaf§l ™ zie-_
DIPYRIDYL HYDROGHLORIDE AND 2.5x10°M IN SODIUM SALIC-

YLATE WITH O,1M POTASSIUM HYDROXTDE SOLUTION.
TONIC STRENGTH = 0,1M (KC1)

(Cury i 28)

ML.ggHo.lx o uL.ggHo.ll pH
0.0 2,41 9.5 3.94
1.0 2,48 9.8 4,12
2,0 2,56 10.0 4.28
2.8 2,59 10,2 4.50
3.0 .62 10.8 4.93
3.5 2,68 11,0 5.61
4.0 2,74 11,5 5.92
4.5 .79 12.0 8.30
5.0 °,86 12.5 8.98
5.5 2,92 13.0 7.42
8.0 2,99 13.5 7.80
€.5 3.07 14.0 8.12
7.0 3.13 14.5 8.48
7.5 3.29 15.0 8.88
8.0 3.34 15,5 9.36
8.5 3.80 16,0 9.88
9.0 3.68 17.0 10.44




TABLE 68
DEMPERATURE = 30¢1°¢

g;gmonmn up 2,5x10°M IN SULPHOSALIGYLIQ ACID

'IITH 0,14 POTASSTIUM HYDROXIDE SOLUTION, IONIC

STRENGTH = 0,1M(KC1)

(Curve 4,Figure 29)

ML, grmo.u ol "'ggi 0.1M ol
0.0 2,14 13.5 3.40
1.0 2,18 14,0 3.70
2,0 2,23 14.5 4.15
3.0 2,28 14.8 4.50
4.0 2.32 15.0 4,75
6.0 2.38 15.? 5.20
6.0 ?.44 15.8 5.40
7.0 2.49 16.0 5.95
7.5 2,5 16.5 6.456
8.0 .66 17,0 6.86
8.5 2.61 7.8 7.16
9,0 2,86 18.0 7.54
9.5 2,72 18,5 7.86

10,0 2.78 19,0 8.16
10,5 2.83 19.5 8.80
11.0 2.90 0.0 8.95
11.5 2.97 20.5 9.76
12.0 3.03 ?1.0 2.70
1.6 3.13 22.0 10,34
13.0 3.74 23.0 10,60
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- -

TABLE -66
POTENTIOMETRIC TITRATION 00 ML, SOLUPION x10"ON
IN VANADYL SULPHATE, 2.5x10°°M IN HCl, 2 M OIN 2,2'-

_ DIPYRIDYL HYDROCHLORIDE AND 2,5x10""M IN LACTIC ACID
WITH O,1M POTASSIUM HYDROXIDE SOLUTION, TONIC
STRENGTH = 0;1M (KC1)

(Curve 4, Figure 30)

ML, P 0.1 o ¥, OF 0.1 -
0,0 2,29 11.5 4,09
1.0 2,36 12.0 4.30
2.0 2.43 12,5 4,58
3.0 2,61 13,0 4.96
4,0 2,62 13.5 .44
5.0 °.,74 14.0 5.79
5.5 °,80 14.5 6.10
6.0 °.87 15.0 8.42
6.5 2,95 15.5 6.80
7.0 3.04 16.0 7.08
7.8 3.12 16.5 7.36
8.0 3,91 17.0 7.68
8.5 3.31 17.5 8.04
9.0 3,40 18.0 8.50
9.5 3.49 18.5 9.04

10,0 3.85 19.0 9.51
10.5 3.78 19.5 9.80
11.0 3,93 20,0 10.10
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TABLE - 67

TEMPERATURE = 30%1°¢C
POTENTIOMETRIC TITRATION OF 100 ML, SOLUTION OF 2,5x10°°M IN
VANADYL SULPHATE, 2,5x10°°M IN HCl, 2,5x10°°M IN 2,2'.
DIPYRIDYL HYDROCHLORIDE AND 2,5x10™>M IN MANDELIC

ACID WITH O.1M POTASSIUM HYDROXIDE SOLUTICN
IONIC STRENGTH = 0,14 (KC1)

(Curve 4, Fgure 31)

i, 0P 0.1M oH L. 0P 0.1K oH
0.0 2,39 9.5 3.28
1.0 2,38 10,0 3.36
2.0 2.44 10.5 3.44
3.0 2,51 11,0 3.56
4.0 2.89 11.5 3.7
5.0 2,70 12,0 3.92
5.6 2,75 12,8 4.3?
6.0 2,79 13.0 5.24
8.5 2.86 13.5 6.00
7.0 2,93 14.0 6.82
7.5 3.00 14.5 7.94
8.0 3.07 15.0 9.10
8.5 3.12 15.5 9.84
9.0 3.20 16.0 10.08




DIPYRIDYL

L

PABL

TEMPERATURE = 30+1°%

POTENT IOMBTRIC TITRATION OF 100 ML. SQLUTION 2.6x10"3u In
VANADYL SULPHATE, 2,5x107°M TN HCl, 2,5x1075K IN 2.9'.

D

91.3

OXALIC AC

WITH O,1M POTASSIUM HYDROXIDE SOLUTION

IONIC STRENGTH = 0,14 (Kcl)
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( () lgure 32)

ML, gno.u pH ML, grono.m pH
0.0 2.1° 12.86 4.08
1.0 2.16 13.0 4,50
2.0 2.20 13.5 £.06
3.0 2.25 14,0 5.80
4.0 2.30 14.5 6,00
5.0 2,36 15.0 6.31
5.9 2,39 15.5 $.60
6.0 2,43 16.0 6.70
6.5 ?2.47 16.5 6.85
7.0 2.5° 17.0 6.95
7.6 2.57 7.5 7.17
8.0 2.63 18,0 7.30
8.5 2.70 18.8 7.5°
9.0 2.76 19.0 7.80
9.5 2.84 19.85 8.10

10.0 2.93 ?20.0 8,60
10.5 3.04 20.5 2.15
11.0 3.18 21.0 9.63
11.5 3.38 22.0 10,3°
12,0 3.64 23.0 10,680




P IOMETR

TABLE -6
ZEMPERATURE=30%1°0

ML LUT ION

VANADYL SULPHATE, 2,65x10” HCl, 2,5x1 IN 2,2'-DIP-
IRIDYL HYDROCHLORIDE AND 2,6x10™°M IN POTASSIUM HYDROGEN

TITRATION

M IN HCl, 2.5x10°°M

2

182

Sy m

PHT WITH O.,1M SIUM R ] ION
IONIC STRENGTQ:Q,;!(;Q;}
{Pigure 33, Curve 4)

ML, OP 0, 1 pH ML. OF 0.1x -
0.0 2,45 11.0 4.80
1.0 2,53 11.5 5.08
2.0 2,67 12.0 5.27
3.0 2.72 12,5 b.48
4,0 2.82 13.0 5.60
5.0 2,96 13.5 5.28
5.5 3.04 14.0 6.00
6.0 3.1 14.5 6.%4
6.5 3,99 15.0 8.70
7.0 3.3°2 15.8 7.0
7.5 J.44 16.0 7.25
8.0 3.67 18.5 7.64
8,6 3.72 17.0 8,20
2.0 3.89 17.8 8.70
9.5 4,08 18.0 9.22

10.0 4,30 19.0 10,19
10,5 4.54 20.0 10,62
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A
Summary of the
CONCLUSIONS
- from
the prosent 1nvostigat1ann

'ITH BOHE ax!agg 5@2 HITROGEQ DOHOR L;GAID

SIMPLE CHELATES OF OXOVANADIUM(IV)

iuam (IV elates of te 1

Potentiometric titration of vanadyl sulphate with
KCH in the presence of an equimolar concentration of
catechol showed a sharp inflexion at m = 3, where 'm'
represents moles of KOH added per mole of the metal ion.

For the reaction

O(E:?_- Qg‘v0+ o [,

two moles of KOH per mole of the metal ion sre reguired,
Consumption of an extra one mole of KOH to the inflexion
point and non-precipitation of metal hydroxide in the

system indicated the occurrence of a reaction of the type:

[i]g\‘~vo +. HyO = [:Ig::>-vo(ou)' + H ...(11)

(11)
The failure to obtain a titration break at m = 2 indicated
that the reactions (i) and (ii) overlap.

By comparing the potentiometric curves obtained over
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a four-fold concentration range of the metal chelate,
it has been concluded that the chelate species do not
polymerize under the experimental conditions employed.

In order to verify the above conclusions, a maxhg
ematical analysis of the potentiometric data was carried
out. Calculation of the equilibrium constant of reactiomn
(1) (K = [VOA] [H+]?/ [702+] [BQA]) gave constant values
up to pH of about four, above which a gradusl fall in the
values of pK, was observed indicating the commencement
of the hydrolytie reacticn (ii) in the system, The values
of pK, were found to be independent of comcentration

of the metal chelate,

After determining the equilibrium constant of
reaction (1), formation constant of the chelate (KIA =
[VOA] / [VO?' "’] [AR']) was determined with the help of the

expression

K
K = !"T";
8
where Ka and xaz represent the first and the second
1
diessociation constants of the ligesnd.

In view of a gradual fall in the values of pky
observed above pH values of about four, attempts were
made to analyse the data by taking into account the reac-
tion (ii). The hydrolysis constant of the chelate
( Ky = [vo(om)a~] [&*] / [vos] )and equilibrium constent
(Rg = [vo(a)a~] [B*]3 / [v0**] [gd] ) were calculated
with the help of the materiesl balance equations. Constant



values of these constants obtained from various points
of the curves showed that the species (I) end (II) are
the only chelate species formed in the system. The
concentration independerce of the hydrolysis conastant
showed that the monohydroxo chelate species(II)also do

not polymerize under the experimental conditioms.

By the use of the equilibrium constants of the
reactions and equations for the material balance, distr-
ibution of the chelate species (I) and (II) as a function
of pH of the reaction mixture could be determined.

Interaction of one mole of vanadyl 1 t
Efiﬁ two goIeg of ga?eaﬁ 1, .

Potent iometric titration of vanadyl sulphate with
KOH in the presence of two moles of catechol showed a
sharp inflexion at m = 4, This is in accord with the

reaction

0 2-
+ N, +
oot 2| | = o- "o + aH

T wee YHL)
In the initial stages (pH < 4), however, the titration
data were in accord with the liberation of two hydrogen
ions per mole of vanadyl ion indicating the formation of

the normal 1:1 chelate (I) in the system.

A gradual fall in the values of PKys calculated
above pH values of four, has been explained on the basis

of the interaction of the 1l:1l chelate with another mole
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of the ligand:

Oz\vo+ O;’ = Of))}\ o
ee (iv)
Equilibrium constant of the above reaction was
determined by tsking into account the hydrolytic reaction
(111), since hydrolysis of the 1:1 complex occurred in the
—

same pH range in which the formation of 1:? complex took

place.

Having determined the equilibrium constants for
the reactiong , distribution of the various chelate species
as a function of pH of the solution could be determined.

Oxovansdium (IV) Chelates of Chromotropig Acid

Potentiometrie curve for the titration of an
equimolar mixture of vanadyl sulphate and chromotropie
acid (1, 8-dihydroxynaphthalene 3, 6-disulphonate, DNS)
exhibited inflexions at m = 2 and 3. The first inflexion
point is in sccord with the reaction

g g/vo + H' wes (1)

-05S =048
The second inflexion point has been explained on the
basis of the reaction
-058 -0
>vo + Hy0 =k \VO(CH) + ®

eee (14
~0g8— -0g U
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Conatant values of the equilibrium constant Ky of
reaction (1), calculeted in the range 0 { m < 2 and

the hydrolysis constant K, of the chelate (i.e. equili-
brium eonstent of reaction (ii), calculated from various
points on the upper buffer region of the curve, supported

the above conclusions,

After calculating the equilibrium constant of
reaction (i) formation constant of the chelate was deter-

mined,

teraction of 1:1 VO-DNS Chelate with
other Mole o

The curve obtained by the titration of a 1l:? mix-

ture of vanadyl sulphate and DNS showed inflexion points
at m = 2 and 4, The first inflexion point corresponded

to the formation of l:1l chelate (reaction 1)«

By a mathematicel treatment of the data of the
upper buifer region of the curve (i.e. m = 2-4), interac-
tion of the 1l:l complex with another mole of the ligend

has been shown to occur. The reaction may be represented

as
- i N 0 0 505~
]
Som - = kS
v o -
-.035 "OBS -055 SO:5

Formantion constant of the 1:1? complex has been determined.



2

Potentiometric titration of a 1l:1 mixture of
vanadyl sulphate and mandelic acid (or lactic acid)
yilelded a curve with a slight inflexion at m = 2
followed by a sharp inflexion at about m = 3. The
first inflexion point is in accord with the reaction :

oH
+ e
voet «+ canad(c . csﬂb( o >vo + 28
]

0
In the initial stages of the titration, however, the
reaction has been shown to proceed as

H
voor + c‘nac{ = cgHgof "

~CooH

A‘> vot + m'
Caleulation of formation constant (Kyy,) of the protona-
ted complex voEA" (1.e. equilibrium constant of reaction
Voot + A~ T= VoaA') gave constent values of log Ky,
up to about m = 0,7, above which a gradual rise in the
values of log Ky, Was observed indicating the occurrence

of the reaction

0 0
N gat S
a,nac(co Bvo" F= ogHgof ’ >vo+ &'
|

Above 'm' values of 0.2, therefore, attempts were made
to analyse the data by taking into account the aecid
dissocintion of the complex.
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The success achieved in obtaining constant values
of equilibrium constant of the reaction (K = [voa|[n"] /
[YGHAf]) supported the above conclusions, i.e., formation
of the chelate VOA takes place through an intermediate
formation of a protonated complex. The concentration
independence of the reaction constants showed that the
cheleste species do not polymerize under the experimental
conditions employed.

Potentiometric curve obtained by the titration of
a 1:2 mixture of vanadyl sulphate and mandelic acid (or
lactic acid) was similar to the ecalculated curve obtained
by the addition of abscissae of separate curves for mandelic
acid and the 1l:l vanedyl sulphate-mandelic acid system,
indicating that the interaction of 1l:1l metal chelate with

another mole of the ligand dces not ocour in the systen.

The buffer region in the titration curves between
m =2 and m =3 has been explained on the basis of the

reaction 3

LN 0~ .
OgHgCl_ ALRE L = CaiigO_ >VO(0H)” + R
1]

0 0
[*) adi IV at of Tartari
Titration of an equimolar mixture of vanadyl sul-

phate and tartaric acid (H4A) showed inflexion points at
m=3 andm = 4, The first inflexion point has been



194

interpreted on the basis of the reaction
v + B4 T voua~ + 3’

The liberation of three hydrogen ions per mole of vanadyl
ion in the system has been verified by a mathemetical

analysis of the potentiometric data.

The occurrence of a buffer region between m = 3
and m = 4 in the titration curves indicated that either
hydrogen atom of the second hydroxy group of the ligand
dissoclates and the tartrate ion acts as 5 quedridentate
ligand or a water molecule of the vanadyliahdergoes diss-
ociation to give one (or possibly a mixture) of the foll=

owing species :

VOAE- » VO(CH)HRA™

Formation of the VOAS~ type of chelate species obtained

support from the work of Jorgensen and Selbin. fActa
Chem, Scand., 11, 73(1967); Chem. Rev. 65, 163(1965)].
In the range m = 3-4, therefore, the reaction has been

represented as

ﬁ

VOHA~ T—= voa®- + ®'

Determination of equilibrium constants of the
reactions showed that the values of the constants were
independent of concentration indicating that the chelate

species do not polymerize under the experimental conditipnms.

The potentiometric titration for a solution cont-
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aining 1:2 molar ratio of vanadyl sulphate to tartariec
acid corresponded to a curve which would be predicted
for a mixture of the 1l:1 chelate and the free ligand (one
mole). Formation of a 1:2 complex, therefore, did not

appear to take place.

Y ; t elat

Like the vanadyl-tartrate system, in this case
also, the titration of an equimolar mixture of vanadyl
sulphate and malic acid (Hal) yielded a curve with
inflexions at m = 3 and 4. The first inflexion point

indicated the reaction :

vo** + HpA = voa~ + 3’ sos 1)

However, calculations based on the above resetion did not
give constent values of the equilibrium constant

( x = [vox”] [1*]? / [v6®*] [ligd] ). 4 gradual rise in tne
values of pKk was observed indicating that the concentratimnn
of hydrogen ions in the system was less than that would be
on the basis of reaction (i). Attempts were, therefore,
made to treat the titration data on the basis of the form-
ation of VOA™ in two overlapping steps:

VOt 4 Hga T=2 voma + ot ... (1)

and
voua == vor~ + m' eee (111)

In the initial stages of the titration (m < 1.1), the pot-
entiometric data were in accord with the reaction (ii1). A
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gradual fall in the values of pK; ( K, = [vona] [6*]® /

[\ro2

f][ﬁs!] )» calculated above 'm' values of about
1.1, indicated the occurrence of reaction (11i) in the
syetem. This fact and the success achieved in obtaining
constant values of the equilidrium constant of reactiom
(11i1) showed that the chelate VOA™ is formed through

the formation of the protonated complex VOHA.

The buffer region between m = 3 and m = 4 in the
titration curves has been explained on the basis of the

reaction 1
VOA© + Hg0 = vo(om)a~ + K"

The potentiometric curve cbtained by the ti’s:ra’cic&z:cL
acea,
of vanadyl sulphate in the presence of two moles of maliec,

and 414 not give any indication for the combination of the

1:1 complex with another mole of the ligand.

Analysis of the potentiometric curves obtained by
the titration of wvenadyl qulphate in the presence of an
increasing molar concentration of IMDA showed that in the
pH range 2.5 - 4.5, 2 normal 1l:l complex is formed in

accordance with the reaction
Vo' + HoAa == vou + =H

and a monohydroxo derivative resulted in the pH range
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‘.5 - b.“‘

VOA + Ho0 F== vo(ou)a~ + u*

In this case alsoc the data did not give any indicetion
for the combination of the lil complex with another
mole of the ligand.

In general, the data obtained in the study of
simple vanadyl chelates indicated that they prefer
combinatian with hydroxyl ions to a second mole of ligand.
The only exceptions to this behaviour are the very basiec
anions of catechol and chromotropic aecid which can compete

with the hydroxyl icn to form stable 1:12 chelates.

In both cases, in the initial stages (pH < 3) of
the titration of vanadyl sulphate in the presence of an
equimolar concentration of the ligand, the reaction

vo** + mt = va?* 4 8*
(where BL' represenis protonated form of the ligand)
has been shown to occur. As pH of the solution is raised
above a value of about three, apprecisble hydrolysis of
the chelate sets In making the solution more acidic than
it would be in the absence of hydrolytic effects in the
eystem. In the pH range 3-3.6, the hydrblysi; ocecurs as:

va*t + mo == vo(onr* + &'

Above pH values of about 3.6, a gradual fall in the values
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of the hydrelysis constant was observed indiesting
further hydrolysis of the chelate. Since the object

of this study was to determine equilibrium constants

of the reactions which could be used in the determin-
ation of formation constants of the mixed ligand chelates
containing o-phenanthroline and 2,2'-dipyridyl as prim-
ary ligands, analysis of the data of higher pH values

was not considered necessary.

The equilibrium constants for the simple chelate

systems studied in the present research are listed in

tabie I.
Table I
Ligand Reaction -log K
Gatachol vO°* + Hod == voA + om* 5.85
A

= VPt + A% =2 vou 15,28%
VOA + Hp0 F== vo(GiI)A + E* 5.10
Ve®* + Hod + Hy0 T vo(0r)A™+3H7 10,97
VOoHgh T= VOAz~ + 2' 8.11
voA + A = voai- 13, 02%
vo®* + 2a% T voal- 28.30*

Chromotropie acid vo*t 4 E® = voa™ 4 0Bt 408

Vg™ vo't + 4t & vat- 16.89*
VOA™™ + Hp0 == vo(au)a>~ +H*  5.64

VoA~ + Hoa®~ T voaS~ + omt  7.88

voatm + A == vad- 13, 09*



Ligand

Mandelic acid
(HgA)

Lactic acid
(Hgd)

Tartaric acid
(Hgd)

Malie aecid

(Hgh)

Ininodiscetic
aclid (Hgl)

o-phenantholine

(uL*)

2,2'-.dipyridyl

(ur*)

#* log K values.

Rezotion
voot + mA- == von'

vourt &= voar + 't

vo®* + ma~ €= vouut

vaat &= voa + 5¥

Voot 4 Heh = VOHA™ + 36"
vouA~ == voa® + w'

VOt + HpA T VOHA + 2"
voet + ™ == voua
VA &= vor~ + H'

VOA™ + HgO = vo(m)f" + H

voPt 4 HgA = voa + o1t
VOP+ v & VOA

VOA + Hp0 = vo(ou)a~ +u’

+

voot 4+ 1 &2 vyort

vo®* + HI* + ny0 = vo(on)r 2w’

voot + L &= vor®t
vo** + uL* + B0 T vo(ou)*s2n®

-log K

3.40%
3.64

3.18%
3.78

.56
6.57

3.34
4.92%
7.87
6.65

2,99
8.80*
4.98

5.88%
3.04

6.08*
3.59



Potentiometric titration of vanadyl sulphate in
the presence of an equimolar concentration of o-phenanth-
roline hydrochloride and a secondary ligand (eatechol,
tiron, chromotropic aeid, salicylic acid, mandelic acid,
lactic acid and oxalic acid) showed a sharp inflexion at
m = 3, By a mathematical analysis of the titration data,
formation of mixed ligand chelates has been shown to dccur

in two overlapping steps

2 +

o &2 vt . n

YO + HL

vor** + Hpa &= vora + 28"

In the systems involving catechol, salicylie acid, oxalie
acid as secondary ligands, for example, the overall react-

ions may be represented es:

In the mixed ligand system contsining S5-sulphosalicylic
acid, the titration curve exhibited an inflexion point



at m = 4, Thie is in accord with the reaction

The potentiometric curve for the titration of the
1:1:1 VO-phen-phthalic acid system showed e poorly defined
sloping inflexion. In this case, the titration data ind-

icated the formation of a weak chelate.

Titrations of mixed ligand systems containing
?y2'-dipyridyl as a primary ligand corresponded to curves
similar to those obtained for the analogous VO-phen-secd.
ligand systems. On account of the presence of two moles
of hydrochloric acid in solution of ?2,2'-d1ipyridyl, the
titration curves for the 1:l:1 VO-dipy-secd.ligand gystems
exhibited an inflexion point at m = 4, In these systems
also, formetion of mixed ligand chelates teakes place in two
overlapping steps.

The equilibrium constant; of the reactions for the

formation of mixed ligand chelates are listed in table II.

Table II

Primary Ligand : o~ Phenanthroline

Secondary Reaction -log K
ligand

Catechol  VOL'® + HpA == VOIA + 28" 4.4
(HgA) 2 taeilh

vo't + HLY + Hpa == vorA + 3u" 3.56



sigond:ry Reacgtion -log K

gan |
vor*t + A% == vom 16,69+
Vot + L+ A == vom 22.57%

?1ron vor*t + Hoa® =X vom® + en' 2.86

o Vo't + mLt 4+ 50 T vana®- + ' 1.97
Vo2t + A% & yom®- 17.19*
voRt + 1L+ At = vom?- 23, O7*

Ghromotzopie VoIt + HoA™~ T vora®- + 2t 2.85

Ac1d (Bph™)  yo®* 4 w1t + Bpa® T vora® + 3 1.97
vor®t + At~ = vo® 18.09*
voet + L % == vod- 23, 97*

Sa:]iéc{lii) vor2* + 4%~ &= vom 13,34%

ac

2 Vo2t + 1+ A% == vom 19.20%

sulphosali- vor®t + a3 & vom 11.75%

cylic acid

(fiyd) Voo 4+ 1+ 4% == vom- 17.63+%

Mandelic vor®* + Hph ¥== VOLA + 2H'  precipitate alm-

acid (Hgd) ost in the begin-

ing.
lactio actd vor’* + HpA == vora + on* 3.99
A)

e vO** + HL* + HpA == voma + 35" 3.11

(()xal%c acida vOIt + A = vom 5.34*

HoA

2

Voot + 1+ A% = vom 11.22%
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