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.» - ABSTRACT / 

Various low-energy and high-energy modifications for 

aomines of some transition metal sulphates have been prepared. 

2heir energy differences, obtained from the heat of solution 

measurements, have given substantial verification for the validity 

of the thermochemical method recently proposed for measurement of 

ligand field splitting energy* 

Hydrates of CoClg and NiClg have been studied to show 

that^the method is also applicable to gaits other than the sulphates. 

In order to illustrate the sensitivity of the technique, the value 
O * I 

of lOBtj for the complex ̂ ~Fe(H2Q)gj7 in the double salt 

Fe(H20)gSO..(:ni.)2SO. has been estimated. This was found to be 

comparable to the vatue obtained by the spectroscopic method. 

IR andireflectance spectroscopy have been used to 

illustrate possible differences in the nature of the bonding in the 

two modifications of salt hydrates* From the ̂information thus 

^obtained, a possible theoretical explanation of the correlation 

between the difference in heats of solution and the ligand field 

splitting .energy has been presented. 

V ' 
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INTRODUCTION-

1. Hydrates ' , -

Transition metal complexes have -long been known to 

have a number of physical and chemical properties which dis­

tinguish them from other metal ions. Even though the more gene­

ral valence bond ( VB ) theory and the molecular,orbital ( MO ) 

theory have been applied to describe the nature of bonding in 
> < 

these complexes, the ligand field theory ( LFT ) has been widely 

used, due to its relative simplicity* 

» 

In several ways the ligand field theory resembles the 

crystal field theory, developed by Bethe (1), where the bonding 

in the complexes is regarded as completely ionic. One of the 

differences is the requirement by the ligand field theory thati 

some degree of covalent bonding must exist in these complexes, 

and in some oases, such as Fe(CO)j-,. ̂ -bonding has to be consi­

dered too, in order to account for the greater metal-carbon bond 

energy of M-<J-0 compared "°to the metal-carbon bond energy of 

M-CH, (2,3). 

energy for each aetal-ligand bond could be estimated by applying 

positive charge on the metal ion, Ze, and the dipole moment of 

water, Ji, at m distance R. Uhis energy i s "about 50 kcal. /nole 

* 
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(4) for each metal-ligand bond, which is considerably smaller 

than any usual covalent or ionic bond energy* Owing to the re­

lative weakness of the bonds in the complexes, they'could easily 

be broken and consequently many reactions involving metal-ligand 

bonds have been studied, both, in the solid state and in solution* 

Considerable attention has been given to the question 

of the nature of these complexes* In particular, attempts have 

been made to decide the number of water molecules coordinated to 

a particular ion. BocJcris (5)» who reviewed the. older experi­

mental data on the aquo-complexes concluded that the number of 

water molecules bonded to each metal ion is variable depending 

on the cation. This variation could be understood in terns of 

a simple model where the electrostatic influence of the cation 

on the neighbouring water molecules would vary according to the 

sizes and charges of the ions* The nearest water molecules would 

be more affected and the influence would be weaker for the more 

distant ones* In |his model, the nearest water molecules which/""V 

make up the inner-coordination sphere are thought to be more / 

specific in number than those which make up the outer or secondary-
a 

sphere. 

Isotopic fractionation experiments on the aquo-oomplexes 

(6,7) nave given support to the idea of definiteness of the co­

ordination number of a hydrated metal ion though this may not 

necessarily be true for the larger cations such as Cs+. In fact 

it has been found that for the hydrated C r ^ and Al^1" the 

-s 
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, ' \ 
coordination number is six* Similarly, recent investigations 

a 

using experiments 'on small-angle scattering of X-rays have indi­

cated that a coordination number of six is also true for the 

hydrated Co2* and Ni 2 + ions (8-10). ^ *~ • ' 

However, it has been generally accepted for a long 

tine that most of the hydrated cations have the general formula 

JHtfaJ)) sjf n*'t and, furthermore, all six water molecules in 

such species are equivalent (11,12). In this state, the six 

water raolejsules are octahedrally arranged around the cation and 

they are commonly known as Uganda* 

In solution, the importance of these ligands is obvious­

ly to stabilize the cation by reducing the concentration of the 

charge density on the metal ion* In crystalline solids, however, 

the presence of ligands is sometimes necessary to stabilize the 

crystals as a whole. For example, in Fe(H20)gSiFg, the six water 

2+ 
molecules are coordinated to the Fe ion to form a larger cat— 

2- 2-
ionic species, and thereby would increase the SiFg - SiFg 

distances, resulting in reduction of the repulsive interaction* 

2+ 2— 2— 

The Fe alone is too small to give a stable SiFg - SiFg 

interionic distance and therefore no anhydrous FeSiFg is known 

to exist (13)„* 

In most crystalline solids, however, the six water 

molecules may not be octahedrally arranged around the metal ion 

because the presence of the anions may induce further interaction 
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(14) suaifc*as hydrogen bonding. Thus jiome of the bonds might be 

less strong than others in oomplexed spe%fe$L* -" 

In addition to the ligands, another type of water 

molecule may also be present in a crystalline hydrate* These 

molecules nay be bonded differently and serve a different purpose 

other than stabilizing the cation or the crystal as a whole. 

Such water is commonly known as "anionic" water, "lattice" water 

or "structural" water* This anionic water is sometimes regarded 

as filling the spaces in the lattice due to the nature of packing 

(15) or in some cases it might act as a bridge between two lattice 

layers (16). The strength of the bonds holding such water mole­

cules to the lattice constituents varies from one solid to another. 

It is considered to be slightly greater than the energy of a 

metal-ligand bond, though some authors believe it to be smaller 

(17,18). 

m the pentahydrate of copper(ll) sulphate, for example, 

it has been demonstrated by X-ray analysis that four of the five 

water molecules are coordinated to the copper ion at a distance 

of about I.98 X (19) while the other one is hydrogen bonded to 

the sulphate ion and two of the ligandsj hence if has been known 

as anionic water, as shown (20) in Fig* 1* Similarly, the hepta-

hydrate of nickel(ll) sulphate has been shown to have octahedral 

entities of £yn(U£) *J + with the HgQ-Ni bond length varying 

from 1*96 A* to 2.08 % (21) while the other water molecule is 

hydrogen bonded to the sulphate ion and to two of the Uganda, 
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Pjgure 1 

( 

Hydrogen bonding in the hydrates of Copper' Sulphate 

a pentahydrat© 

b monohydrate 



s / 
*<T 

a / 
H 

MtP, 

H—0" \>~ 

Cu 
t + 

/ * 

U 
-o: 

.t+ 
/ ' 

H Qr N^. 

/ 

/ 

f 
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A s l igh t ly different s i tuat ion i s found in the'alums, 
.t 

sUch as the potash alum, EAl(S0.)2.12Ho0* Crystal structure 
i " '+ 3+ 

analysis has shown that each of the metal ions , K and Al , i s 

surrounded by six water molecules in an octahedral fashion with 

i a H20-* bond length of 2.94 % and a HpO-Al bond length of 1.94 

t 1 (22). Because of the re la t ive ly longer bond length of HgO-K 

composed to other metal-Kater bond lengths, the "water molecules 

around the potassium ion in the alum are considered to be l a t t i c e 

water (23). " ' . 

, The variation in the bond\ lengths and the types of 

^j bonding given above for ?the water molecules in the hydrated salts 

indicate differences m their bond energies. Thus, not all of 

. them are equivalentt some of them would be weaker than others 

and hence would be, more sensitive to reaction. For example, in 
f 

thermal dissociation, the anionic water in the pentabydrate of 
A 

copper sulphate would be .evolved at a much higher temperature 

than the other four water molecules (24-26). This, however, does 

not necessarily mean that in all cases the anionic water is more 

strongly bonded than the ligands. For example, the heptahydrate 

of nickel(ll) sulphate is known to lose its anionic waterN*easily 

to form the hexahydrate in which all six water molecules are 

coordinated to the metal ion (27,28). It is also thought that 

the non-coordinated water molecules in potash alum are evolved 

at a lower temperature than the water molecules which are ligands 

(17.18). 
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Thus, in the process of thermal dissociation of a^salt,. 

the reaction ' /( 

would go to i completion after .passing through a number of stages 

involving formation of various stable intermediate hydrates* 

Some of these intermediate hydrates may be, stable over a wide 

range of temperature depending on the strength of the remaining 

metal-ligand bonds. Since the early part of this century exten­

sive investigation (29) have been done in this field to determine 

the number of stable hydrates that could exist for each salt* 

For this purpose the modem techniques of differential thermal 

analysis ( DTA) and thermogravimetrio analysis ( TGA ) have been 

most helpful. The number of stable intermediate hydrates varies 

from one salt to another but most chemists have now agreed to the 

number for each. However, there are still a few uncertainties 

(30-32) especially when the existence is only transitory (33). 

If a salt hydrate is heated slowly, the process of 

thermal dissociation is analogous to boiling, where the disso­

ciation pressure of the salt becomes equal to atmospheric pressure. 

Therefore the number of intermediate hydrates that could be ob-

served in the course of dehydration would depend on the external 

pressure of the chamber containing the salt (34»35)« Under atmos­

pheric pressure, for exampTe, the heptahydrate of magnesium 

sulphate would give the anhydrous salt after passing through 
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several s t ages , as follows (33*36) 

MgSO4*7H20/ . - * HgS04*6H20, , + HgO,.^ a* 55-56"V 

KgS04*6H20^ —» KgS04*5H20Asj + H 2 0 ^ a t 85-95°C A 

? « 2H2°(1) ~ * m 2 ° ( g ) a t l 0 5 - 1 0 ° C . 

MgS04*5H20/x - • M8S04»3H20,Bv + 2H20,g) a t 120-25°C 

MgS04.3H20^8j —» KgS04*2H20^j + H20^gj a t 135-45°C 

MgS04*2H20/s^ —• KgS04*H20,sx + HgO/ t a t 145"95°C 

and MgSO4*H20/j —• MgS04 * * + HgO, j a t 320-40°C 

I f dehydration was done by using the DTA .technique, 

each of the reac t ions above would give an endotherm ind ica t ing 

the absorption of h e a t . Under- reduced pressure the d issocia t ion 

temperature would be lowered? consequently each of the endotherms 

on the DTA char t would be sh i f ted to a lower temperature. The 

s h i f t might be so la rge tha t the endotherms would overlap each 

other* For example[ a t a pressure of 24 Torr , only two endotherms 

a t 45°C and 90°C were observed by Rassonskaya (37) i n the thermo­

gram for MgS04*7H20. 

I t i s probable t h a t the endotherm a\t 45°C ^indicates 

d issocia t ion of the heptahydrate to the pentaftydrate followed by 

the d issocia t ion of the pentahydrate to the monohydrate a t 90°C. 

Closer examination of the s o l i d phase during the 
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decomposition process for each of the hydrates of magnesium 

' sulphate would reveal two processes taking places; 

(i) the examination of water from the'lattice, and 

(ii) a change in the lattice structure from that of the.parent 

hydrate to that characteristic of the product. 

When thermal dissociation is done by applying a differential , 

heating technique, there is a possibility that the second process 

would not occur immediately following the first (35)* One reason 

for this is that not enough energy is transferred to the reaction' 

centre to start the nucleation of the stable product. Because 

of this, a metastable solid phase nay appear and its subsequent-

rearrangement to form the stable one may take place only on 

further heating. Ordinarily most salts form their lower hydrates . 

in stable form fairly easily. This is the reason for the 

occurrence of stages in the course of dehydration to the anhydrous 

salts* , 

If the crystal lattioe of the parent hydrate remains 

intact after evolution of water it is expected that this would 

also be the lattice of the product. Not very nany salts have thus 

far been found to show this behaviour but the dehydration of 

CaSO4*(0.5H2O) nay be cited as an example. The water-soluble 

anhydrous CaSO. obtained by heating the henihydrate in air at 

170-90°C would absorb water vapour easily to re-forn the heni­

hydrate (38). The X-ray diffraction pattern for this anhydrous 

salt is very similar to that for the henihydrate. Thus it has 
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been concluded that the lattice structures are similar also. If the 
* - * 

anhydrous salt were further heated, it would become insoluble in 

water and would not absorb water easily when left in air. The 

density of the salt would increase with the temperature of heating, 

until at about 380 C it would become virtually constant. , The X-ray_ 

diffraction pattern would now be different from that of the hemi-

hydrate and hence the lattice structure would not be 'the same as 

that of the hemihydrate. Thus it appears that the process"of 

evolution of water molecules from the crystalline hemihydrate would 

not be accompanied by lattice rearrangement, and this lattice would 

remain intact and stable. The formation of the new lattice - that 

of the anhydrous salt, would only be possible if enough energy were 

supplied to initiate the process. In doing so the lattice would 

contraot giving the observed increase in density of the salt. 

In SjPi*8 °f ^he fact that the crystallization of the 

metasVable intermediate phase to form the more stable final phase 

requires Tfc relatively high temperature of heating, the process 

itself is exothermic. Normally this process occurs immediately 

following the evolution of water from the lattice and therefore 

the heat effect is obscured by the endothermic effect of the 

latter* If the two processes were separated, their individual 

Jnwit affect* could be observed on DTA, and this has been shown to 

be the case for the dehydration of 5lgS04*7H20 at a pressure of 

24 Torr. Following the endotherms at 45°C and 90°C, an exotherm 

o 
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J* 

occurred a t 28©°C on-further heat ing (38) . 

it 

Investigation of the product of dehydration of 

KgSO. .7H20 at a pressure lower than 24 Torr has also been made 

(39-41)* Experiments performed at,a pressure lower than that at 

which the minimum rajfce of dehydration occurred, e.g., 4 TOrr at 

40°G, yielded products which did not diffract X-rays coherently. 

The products were quite stable and characteristic lines of the 

monohydrate (kieserite) wore only observed in their X-ray 

diffraction patterns when the salts were heated at about 130°C 

for two days (39)* Products of a similar nature were also 

obtained for hydrates oj several metal sulphates (42,43) and 

manganese oxalate dihydrate (44), when the ligands "were removed o 

under vacuum. 

These experimental results suggest that the metastable 

f phase which appears to be normal for the case of CaSO. may not^be 

necessarily -so for other salts." It seems ..likely that the loss of 

water .ligands** from the pentahydrate„ of copper sulphate for. 

'if - ' ' w 
example, is accompanied by lattice collapse to form the metastable 

phase. This phase would lack adequate lattice order to diffract . 
» 

X-rays coherently and might remain stable over a period of time.' ^ 

Thus the question arises whether the water present in either the 

hemihydrate or the dihydrate .of"0calcium sulphate is actually 
ligand water or lattice water." Crystal structure analysis of the 

0 
dihydrate shows that the H^O-Ca distance is 2*44 A (15), however 

\ 
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this does not necessarily mean that the water molecules are 

ligands. The fact thaVv$he' lattice does not collapse in the case 

of CaSO. would, strongly indicate that the water molecules simply 

fill vacant spaces i'n the lattice*' ̂ Removal of these water 

molecules from the lattice would seem only to create holes, and 

since there would be no subsequent rearrangement of the remaining 

lattice constituents, rehydration to give the original hydrate ' 

could occur fairly easily. 

" , similar discussion would appear also to apply to the 

\ ^ 9*. 2 ' 
products of dehydration of UOg Cg04 *2H20, ThF4.3H20 and 

c 

UF-.SHgO. It has been observed that the lower hydrates of these 

* salts have similar X-ray patterns to those of' the parent hydrates 

(45-47), ThF4*(2.5-3)H20, prepared from an aqueous solution of 

Th"5* in 40$ HF would yield ThF4»(0*5-2)H20 ,on standing in the 

mother liquor for two days. Both thorium salts gave ThF4*(0*5)H2O 

when heated at 250°c under vacuum, but ThF..(2.5-3)H20 would-not 

form ThF4.(0.5-2)H20 when heated in an oven (48). Since their 

X'-sray diffraction patterns were similar, all the hydrates of ThF. 

have been regarded to have similar lattioes. The anhydrous salt 

obtained by heating HF and ThOg at 45Q°C, however, gave a product 

which showed 'a, different X-ray pattern. This salt did not react 

with water to form any of the higher hydrates (49) « \—^' 

"v. 
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2. Metastable phases 

The possibility of formation of metastable phases is 
s«~ * 

now widjBly accepted. Sixty years ago it was only a working 
/ ' •» 

"hypothesis proposed by'Partington (50) to describe the sequence 

in the dehydration process* Partington regarded a crystal as 

composed of molecular aggregates of the anhydrous salt and the 

.attached water oscillating about fixed points in a definite space 

lattice. If the kinetic energy of one of these aggregates exceeded 

a finite amount, -.the components would1>art and a molecule of water 

would be ejected from the space lattice. 'This would disrupt that 

portion of the lattice adjacent to the centre of the disturbance. , 

' This lattice would break down and the molecules of solid lower 

hydrate^or anhydride would fall together into an amorphous 

aggregate which would rearrange only slowly to give a stable new 

space lattice, that of the normal crystalline form. 

9 However ̂evidence from the dehydration kinetics of 

copper(ll) sulphate pentahydrate led Rae (51)°to conclude that'the 

lower hydrates formedtwere microcrystalline, instead of amorphous . 

as suggested*,by Partington. According to Frost et al.(52) the 

formation of microcrystalline lower hydrates was possible in that 

p as dehydration proceeded from nucleated points on the crystal 

surface,' contraction occurred resulting in capillary formation. 

The regions between these capillaries.would be closely paoked witfc. 

a disordered assembly of nicrocrytals. Thus crystals 
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of macrosizes could not be formed as a result of the discontinuity 

due to these capillaries. 

While there is no conclusive support in favour of either 

mechanism, it'has been generally accepted that the formation of 

the amorphous or nicrecrystalline -forms is really an important 

concept which may explain a number of observations.- When the 

true nature is uncertain the word metastable has often been used 

to describe the state. TJhile the earlier mechanism is viewed as 

a more plausible explanation for the hydrates of metal sulphates, 

some authors have thought that certain'results could be more 

readily explained by assuming that the metastable intermediate 

products are microcrystalline* 

f 
Studies of the kinetics of dehydration have provided 

better understanding of the dehydration process. Ordinarily, 

the interpretation of kinetic data is quite difficult because 

of the possibility that the wa-fcer evolved might be re-sorbed* 

To avoid this complication, Garner and Tanner (53) carried out 

their kinetic solely of the dehydration of CuS04*5H20 under vacuum. 

They pointed out that the thickness of the product layer on the , 

surface of undecomposed salt did not appreciably retard the rate 

-of dehydration under vacuum. This would imply that the product 

is very porous to water vapour. There might, however, be pressure 

due to water vapour between a reaction interface and the crystal 

surface. This could hinder the escape of water vapour* The 

experiments of Garner and Tanner were apparently carried out 
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under conditions of dynamic equilibrium, where the rate of J 

production of water vapour equals the Tate of its removal. It 

would follow that the lower the pressure, the greater would be the 

rate of dehydration* However, Topley and Smith (54) and Volmer and 

Seydel (55)* w^o independently investigated the rate of dehydration 

at various pressures of water vapour, found that 

this was not strictly true. The relation obtained is reproduced 'in 

Fig. 2, 'With increasing pressure the rate was found to decrease to 

a minimum .at aiout 0.1 Torr at which point it rose to a maximum at 

about 1 Torr before gradually decreasing again as the pressure 

approached the* equilibrium vapour pressure of the hydrate. 

Although Topley and Smith made an attempt to explain 

this phenomenon, the explanation offered by Volmer and Seydel is 

now generally accepted. According to them, under' vacuum, water 

molecules could leave the surface of the salt without hindrance. 

The product would likely be amorphous and would have a higher 

free energy of formation than the normal crystalline salt due to 

an additional strain energy. This additional strain energy could 

originate from the difference in molecular volume in the solid 

reactant and product. 

For a reaction like 

, A(s) ~~* B(s) + C(g) 

the molecular volume of the product, B, is m general smaller 

than the molecular volume of the reactant, A (56). Because a 
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solid phase cannot readily accomodate this volume change by 

viscous flow, a strain is set up in both phases* Therefore in 

the expression for the free energy of formation of a reaction 

nucleus, the energy term due to this must be included, i.e., 

_ ^ — ~ - ^ . * A G * » atfi2/3 + b i (AG + E) (1) 

where <f is the surface free energy, i is the number of molecules 

in the nucleus, A G is the chemical free energy change, for the 

overall reaction, E is the strain energy, a and b are constants 

(57) * If product B is amorphousJ the strain energy could be 

spread out through the entire crystal. In a normal crystalline 

product this strain energy would be released upon crystalliza­

tion. This seems to explain why the rate of dehydration 

decreased to a minimum as the pressure of water vapour increased. 

At higher pressure, recrystallization would occur; 

thus the product would shrink and cracks would form. This would 

facilitate the subsequent release of water vapour and hence 

release the strain energy, to increase the rate. The product 

would then be crystalline and would have a lower free energy. 

Further decrease in rate would be due to approach of the 

equilibrium vapour pressure. 

Several experiments on dehydration of salts under vacuum 

have been done since then especially by Frost and coworkers at 

Queen1s University* Some of the salts did not show the rate­

's 

* 
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pressure relation as above which has been generally known as the 
f 

"Topley-Smith* effect. 

Kith the exception of the cases mentioned for the 

hydrates of CaSO., ThF., tJOgCgO,* a»d OF., nost hydrates of other 

metal salts yield products of vacuum dehydration which do not 

diffract X-rays coherently. It appears that for the four examples 

given above, there is strong covalent bonding in the lattices of 

* the higher hydrates to form rigid crystalline networks* The 

removal of water molecules from suoh lattices would not be 

accompanied by lattice relaxation. The spaces formerly occupied 

by water molecules would not be filled by the remaining lattice 

constituents and therefore rehydration^f~^e~product would be 

facilitated. If, as a result of lattice rearrangement, these 

Bpaces were filled, the packing would be tighter and this would 

hinder the ease of rehydration. # 

For other salts BIBO, suoh as CuSO., the removal of 

water would not result in lattice rearrangement, but because the 

- crystalline network is less rigid, the lattice would probably 

collapse into an amorphous aggregate* On the basis of the 

experimental results on the relation between the rate of dehydra­

tion and the pressure of water vapour, it appears that the chaotic 

aggregation of the lattice constituents of the product would, in 

the presence of water vapour, rearrange to form a solid crystalline 

network. The influence of water vapour on the process of 

rearrangement seens to be similar to the effect of heating, in 
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that both would increase the mobility of the -lattice constituents 

to rearrange and form the normal crystalline salt. If the pressure 

of the water vapour increased the more extensive would be the 

crystallization of the product phase to the point that at atmos­

pheric pressure the product of dehydration of a salt would be com-

pletely crystalline* 

3. Properties of the Products of Vacuum Dehydration* 

It has been mentioned that the products of vacuum 

dehydration lack lattice order which results in the failure of the 

salts to diffract X-rays coherently. In a normal crystalline 

material, the lattice is composed of a periodic arrangement of 

unit cells in three dimensions. This periodic arrangement is 
- - - - - - — - * 

responsible for the ability of a crystal to diffract X-rays coher­

ently. FOr the anhydride of U02C204, however, it appears that the 

skeletal lattloe of the trihydrate remains intact on vacuum 
2+ 

dehydration and thus the principal diffraction lines due to UOv, 

2— and CgO. can be observed* 

Without such periodic arrangement of the lattice 

constituents, a solid is said to have no short range order. This 

term is often used to describe the structures of glasses and 

liquids, since these substances also do not diffract X-rays. 

However, short range order alone is insufficient to determine 

whether a material can give a regular X-ray pattern* This short 

range order must continue to a f ini te "extent to give long range 

order before X-rays can be diffracted coherently. Microcrystals 
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for example, do not diffract X-rays because they do not have long 

range order* A microcrystaTis aade up of a number of unit cellB, 

the sum of which does not exceed the limit of 100 % in thickness* 

According to Azaroff (58) this is'the size limit for a mioroorystal 

to be able to diffract X-rays* Thus it is possible that a product 

of vacuum dehydration nay be in form of microcrystals and not 

composed of amorphous aggregates as described above. 

It is understood that such a structure would be very 

unstable, so that in tine and under appropriate conditions it would 

revert to the normal crystalline form. However, for sone very 

stable produots of vacuum dehydration of certain salts, micro-

crystalline structure wOuld be unlikely. At least for NiSO., the 
_ — - " 4* , 

structure of the product may resemble glass* Since glasses do not 

diffract X-rays coherently, they are thought to. lack crystallinity. 

This has led to the view that glasses are viscous, supercooled 

liquids. A pictorial representation in two dimensions of the 

bonding in a glass is shown in Fig. 3b. Silicon Jttous are bonded 

to other silicon atoms by oxygen to form cyclic units of different 

sizes in which no regular order occurs. This is in contrast to the 

regular cyclic units of a crystalline material containing the same 

chemical species, Fig* 3a. If the product of vacuum dehydration of 

HiSO. has a structure very similar to that shown in Fig* 3b, 

reversion to the nornal crystalline fowt might be possible if the 
2+ 2— 

bonds were broken and the nobility of the Si and SO. ions were 

increased* Likewise glasses have a tendency to become crystalline 
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Figure 3 
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Atomic arrangement in glasses and crystals 
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after standing for a long time (59)* Crystals may separate when 

aged glasses are heated (60)". 

In a compound containing highly symmetrical anions, 

suoh as sulphate ions, glass formation could be achieved <if the -

anions were subjected to asymetrical forces strong enough to 

distort the bonds (61)* in tĥ e products of vacuum dehydration of 

sulphate salts such forces could very well be present to give the 

proposed random distribution of ions* If_so, heating and oooling 

would be expected to cause migration of the ions and ligands* 

Changes in coordination symmetry of ,the cation would cause changes 

in the colour of the sample. This bas been observed to occur in 

glasses containing cobalt and nickel cations (61). 

The lack of lattice order may alBO cause the product of 
* 

vacuum dehydration of a sa l t to have a higher heat capacity.and a 

higher entropy than the normal crystalline material. Giauque and 

Archibald (62) found that MgO, prepared by heating Mg(0H)2 at 

300-350°C under vacuum, has a heat capacity of about 1*998 c a l . / 

deg.nnole at 100°K. This value i s higher than" the heat capacity 

for the normal crystalline MgO, prepared by crystallization from 

the melt (63), whioh was found to be 1.894 cal«/deg*~mole at 100oK* 

Similarly, Frost et al« (52) measured the heat capacity for both 

the normal crystalline MgSO^O and corresponding sal t obtained 

by vacuum dehydration of the heptahydrate. Using the extrapolation 

technique introduced by Kellsy et a l . (64) to calculate the heat 

capacity at lower temperatures, the entropy for both forms was 
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evaluated by graphical integration* The monohydrate obtained by 

vacuum dehydration of the heptahydrate was found to have an entropy 

about 2.8 e.u. higher than that"of the normal crystalline salt. 

Frost et al* (52) discussed the difference in the heat 

capacity in terns of bond strength of the solid. It appeared that 

in a disordered lattice^' the "average bond strength between the „ 

chemical species would be weaker than that expectaoUror a normal— 

crystalline lattice. Consequently, the average frequency of thermal 

Vibration would be lower, resulting in a higher heat capacity* 

Alternatively, if theJproducts of vacuum dehydration* were micro-

crystalline, the greater surface density and the lower vibrational 

frequency at the surface could also account for the-observed 

properties* Quinn, Kissen and Frost (65) found that the product of 

vacuum dehydration of MgS04«?H20 has a larger surface area than the 

normal crystalline salt, as measured by the method of Brunauer, 

Emmett and Teller (66), Froj»**heir results, they suggested that 

the product of vacuum dehydration was interspersed with capillaries 

having width from 11 & to 20 2* Thus it appears that as dehydration 

proceeds from the nucleated points on the ersntal surfaces, 

contraction occurs resulting in the formation*of these capillaries. 

t 

The process of reversion of the product of vacuum 

dehydration to its normal crystalline form is normally accompanied 

by evolution of heat as observed in the differential thermal 

analysis for Mg304.7H20 (38)'. This exothermal effect indicates 

that the product of vacuum dehydration of a salt has a higher energy 
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content than the normal crystalline salt? thus it shall be termed 

totartJ^. and Usfce* he.t of .option. . « ™ » f h*™ ta-

made by various authors (40,67-6g) and the energy difference has 

been the most important single criterion for distinguishing the 

high-energy form from the normal, crystalline form* 

A microcrystalline salt-should have the extra energy 

content mostly in the form of surface energy.- Sodium chloride, 

for example, has a surface energy of about 155 ergs cm. on the 

(100) face (70) . The surface area of the high-energy modification 
2 —1 of CoClg was found to be about 39*5 m gn* (65)*~ If these values 

t. 

are considered to be typical for the salts investigated, a rough 

approximation for the surface energy would be about 6 X 10' ergs 

-1 • * -1 $ 

gnu or 1*4 cal. gm. • This surface energy seems to be enough 

to account for the «xcess energy of Gocl2 (67) but it is much too 

small to account for the case of MgS04, for example. 
1 

Thus it^appears that the high-energy modification of 

a hydrate could be approximately regarded to have a disordered « 

lattice. Such a form could conceivably possess a large eritropy and 

this would decrease when the solid reverts to its normal crystalline 

form with evolution of heat. It is obvious that the amount of heat 

given off would be proportional to the amount of high-energy 

modification present in a sample. Thus Frost, Moon and Tompkins 

(68) Investigated the quantity of the high-energy modification 

that could be present in samples dehydrated at various pressures 
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of water vapour* From their results' it is obvious that the 

'fraction of, the high-energy form present in a sample is determined 

by the pressure of water vapour during dehydration. 

Jamieson et al. (71,72) carried out vacuum dehydration 

experiments at low pressures in the presence of various desiccants. 

The heats of solution of the products were measured and plotted as 

a function of percent water left in the salts* The heat of solu-

tion graph for the hydrates of cobalt(II) sulphate is reproduced 
<» " ° -

in Fig. 4 as^an example* The heats of solution for the normal 

crystalline hydrates which were prepared by heating the hepta-

hydrate in an oven fell on the lines AB' and BC where A is the heat 

of solution for the anhydrous salt, B is the heat of solution for 

'the moWiydrate and C i s that for the heptahydrate. The l ine BC 

has the equation 

~Ir*". * V ™ « 114.7 - 2.8ox. 

The high-energy modifications of lower hydrates prepared by vacuus 

dehydration of the,heptahydrate have their heats of solution 

falling on the line CDB with the equation 

y C D E - 2 0 ( r - 5 - 5 2 x * 

The maximum heat difference between the two forms, Q ^ , has been 

calculated for each salt investigated. For the hydrates of 

cobalt(li) sulphate, Q_B was estimated to be about 70 cal./gm. 

» ' The significance of the quantity Q ^ became apparent 

when it was later realized to be proportional to the ligand field 
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Figure 4 

Heats of solution for the hydrates of cobalt sulphate 
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... * 
sopiting energy. For example, when the values of Q ^ for the 

saJTO investigated were,expressed as koal./mole of heptahydrate 

they were identical with the ligand field splitting energies of 

<v the hexaaquo cations, as found by the spectroscopic method. This ' 
I 

) disooveryhas initiated the present study on the ammine complexes 

of the same salts in an attempt to ascertain the usefulness and 

validity of the thermochemical method for measuring ligand field 

splitting energies. 

4« Ligand field splitting energy 

The ligand field splitting energy denotes the separation 

between two sets of degenerate d-orbitals of a metal ion in an , 

octahedral field. 

The d-orbitals of a metal ion, whioh would be completely 

degenerate for a free ion in the gas phase, would not have equal 

energy in the presence of an electrostatic field resulting from the 

arrangement of ligands around it. In an octahedral field, the five 

d-orbitals would split into two groups, the t,g orbitals which are 

triply degenerate and the 6 orbitals which are doubly degenerate* 

A system containing one electron, denoted by d (e.g. in 

Ti>) would serve as the simplest example. In an octahedral field 

this*electron would occupy one of the t_ orbitals which are lower 

in energy xthan the e orbitals. If the electron is excited to the 

higher e orbitals, it would absorb radiation. The difference in 



-28 -

energy between these two sets of orbitals could then be calculated 

from the frequency of the absorbed radiation. 

For this simplest case, the energy difference is termed 

the ligand field splitting energy whioh is often abbreviated as 

lODq or A • Similarly, the ligand field splitting energy for a 

Q 

i. system could be found since the absence of one electron could 

be treated in the same manner as the'prSsence of one electron (73) • 

Fig. 5 illustrates the orbital splitting. 

»1 o 
Cases other than d and d7 are more complex? thus the 

frequency of the absorbed radiation may not give the ligand field 

splitting energy directly. This is not surprising since some 

degree of interaction between the electrons would be expected in 

a many-electron system. • For such cases, the analyses of the 

spectra are made with the use of group theory. Fig. 6 shows the 

various energy states for the 3d^ systems in an octahedral field. 

The expressions for their relative energies are given in Table 1 

in terms of Dq and the electronic interaction parameter, B, which 

is also known as the Bacah parameter. Such diagrams and tables 

"could be used for evaluating lODq for an octahedral complex when 

the absorption maxima in its spectrum are found experimentally. 

Each of these maxima represents the energy separation between the 

ground state and one of the excited states* 

is an example, the reflectance spectrum for COC1 2.6H 20 

shall be discussed. Three absorption maxima, V, , ̂ 2 and iL, 



-29 -

Figure 5 

Orbital splitting for 3d in an octahedral field 
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Table 1 \f 

in octahedral f i e l d 

3d systems ,s tates " energy expressions 

-4Dq, 

7.5B - 31*1 - i<225B2 + lpOBq; + l80DqB)^ 

2Dq 

12Dq 

7.5B -3D<J + *(225B2 + lOODq + lSODgB)* 

U, , » 

d 2 , d7^ * 

_ 

•""•) 
*Vd8 

-

*•, d9 

x 2 
E 

*1 

* *2 

A2 

h 

A 2 

*2 

«!* 

T l 

S 

" * o 

-12Dq 

-2Dq 

7.5B • 3Dq; - #(225B2+ lOODq + l80DoB)^ 

7-5B + 3Dqt + lH225B2+ lOODq + iSODqB)^ 

-6Dq 

4D« 
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found (74) at 18,500 cm.""1, 17.000 cm.**1 and 8,000 en."*1 due to 

the electronic transition from the T, (F) ground state to the 

4T X (P),
 4Ag(F) and the ̂ JgjF) s t a t e o respectively. Fron Table 1, 

» ' «• ,, 

Vj * B£̂ 4T1(P)_7 - "*Z^S.W-7 * *
225* + 100D<* + 180D£fB)* 

V2-*3 - -*£"%(*} J - tf^T^r) J - IQDd* 

.*. IQDq - 17,000 - 8,000 

m 9,000 on. 

and B « 775 en.**1* 

Recently a very simplified method for carrying out a 

theoretical calculation of the relative energy of each of the 

d-orbitals in any form of electrostatic field has been published' 

(75*76). However the method is limited to d and d" systems where 

the electronic! repulsion is minimal. 

Some expressions for calculating lODq: in an octahedral 

field have been proposed. Using rigorous quantum mechanical 

principles, Van Vleck (73) arrived at the equations -

lODq * * eq —^ ergs (for point charges) (2) 
R 

A 
lODq « -=p eM^r'ergs (for point dipoles) (2a) 

J R 

o 
where e is the electronic charge, q is the charge on the ligand, 

J* is -Hie dipole momengb R is the metal-ligand distance and Kjr/ 

is the average radius of the d-orbitals. 
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- y Extreme caution must be used in applying these equations 

because several assumptions and approximations were made in the 

course of their derivation. Sel^evident among these is the 

assumption that the ligands were considered' to be point charges 

or point'dipoles. Therefore one would expect that simple insertion 

of the values of each term in the expressions would not give a 

number which would agree very well with that found experimentally. 

Several suggestions for the improvement of these 

expressions have been made (77) • The value of the dipole moment 

of the ligand is best considered as the total dipole moment which 

is the sum of the permanent dipole moment, M , and the induced 

dipole moment, ju.. The latter increases with the intensity of -' 

the electric JTield experienced by the dipole. For an octahedral 

complex, the expression is 

1 J* 
( -2 - 2.37 -f ) 

^ „*-B 2— <(3) 
( 1 * 2.37 4 ) 

R-3 

where ft is the polarizibility of the dipole. (The detailed 

derivation for the expression ofM. is given in Appendix I.) 

The value of R, the metal-ligand "distance, could be 

obtained by several methods including crystal- structure analysis 

or simple addition of the radii of the metal ion and the ligand. 

Of course, R may change depending on the environment of the 

complexed ion, but this change would not result in any considerable 



' - 34 -

variation of lODq* 

•^?V could be calculated by using the cjasntum mechanical 

expression for the radial wave-function of the 3d orbitals , R-^, 

<r*> - f (R3d)
2* A r2dr . (4) 

0 

3* 8l,y3oL a J 

7/2 
where R L - ~ - | - 2 £ £ | r 2 exp,(-Zr/3a) 

t 

a i s the Bohr radius and Z ~- i s the-effective nuclear charge 

which could be estimated by using s la te r ' s ru le . 

' However, even i f the values of ja, R and (JL• / are used, 

they s t i l l would not.give the expected resul t . In order to avoid 
f 0 

this, an empirical value for (r S is oommonly used, a substitution 

which results in the loss of inportanoe of the above expression from 

a purely theoretical viewpoint. For that reason, j/rgensen (78) 

used the "simple expression 

lODq *># • Tj rydbergs (5) 

whioh is useful as a rough approximation for the value of lODq in 

complexes involving simple ligands' such as water molecules or 

ammonia. 

Until recently it seemed to be possible to estimate lODq 

i * * * - ^ " ^ ^ ™ * ^ — ^ — m i i i !•' 'I—"iii»•—i "Hm * 1i—.I,—..••••••ii,— iI..W.HI.I m n n M.I.H.HIWI • 11 ••.*•'**mmnH*m*m K II-II ••*• • • mail • 11..i .m, u • • • • » • 

- * Detailed discussion of which i s given in many standard books 

* on quantum mechanics* 
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only from the observed spectra of 'the complex. Where spectral 

"' "" 0 10 
studies were impossible, as in the cases of d and d , no values 

of lODq were available. 

A discussion of IQDq in relation to the lattice energy 

naff been made (79). The lattice energy of a salt,. J-uch as "the 

sulphate of a metal, MSO., is defined as, the energy released when 

the gaseous ions combine to form the orystal. The reaction could 

be written as 

The heat of reaction, AH, oould be calculated from a knowledge of , 

the heats of formation of MS04 /*, ^*rg\ && S0/"(g) i80"82)" 

As is related to the lattice energy, U, as 

A H - U + 2RT (6) 

where T is the temperature and R is the gas constant. 

In general, the lattice energy, U, could be expressed as 

U •* Vi + C + B 

where U. is the energy of interaction between ions, E is the 

energy of crystal field stabilization' and C is the energy of 

formation of partially covalent bonds ip. the crystal HSO. (83)* 
*r„ ' I 4 

Therefore, the increase in lattice energy of the series MnS0> to 

* ' 4 

ZnS04 (84), Fig* 7, has been attributed to the increase in C and *• 

E. For MnSO. and ZnSO., E is sero. Therefore their lattice 

% 
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A similar formula for calculating the lattice energy 

has also been'given by Kapustinskii (89) and was later refined by 

Yatsimirskii (90). It is „ 

U i, m 287.2 
( r t + r )-

0.345 - O.O0870(rtr + r ) 2 

X , i £ SL. 

( r k + Ti 
(10) 

where r . and r are the radius of the c a n o n and anion t respectively. This formula has gained w A B popularity since- the 

values for the terns are easily obtained in the literature. 

However, since both expressions for U. are derived 

strictly from the electric interactions' between the ions in the 

crystal, the lattice energy obtained in thi^way is therefore 

only the ionic part of the total lattice energy, U, of a salt. 

I}-, is therefore expected to be less than the value obtained expe­

rimentally. For a non transition motel salt, this value is less 

by an amount which is termed the covalent energy, C. For a 

transition metal salt, this value is still less by an amount 

which is termed the stabilisation energy, E. 

Thus this method of estimating lODq seems to be also 

limited to the salts of the transition metalB with d - d* and 
6 9 

i " A and therefore having some stabilization energy. It 

i s not useful for calculatingg^ODq for the manganese(ll) and 

z i n c ( l l ) s a l t s . In addit ion to t h a t , no attempt has "been made to 

extend the ca lcu la t ion for the evaluation of the l a t t i c e energy of 

a s a l t containing complex ions such as the hexaaquo or hexaammine 
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e 

ions of the metals. * 

Perhaps the main disadvantage of calculating lODq from 

the lattice energy lies in its inaccuracy. This is evident fron 

the fact that lODq is of the order of 25 kcal./mole for the 

divalent ions of the first row of transition metals* This is • 

mere fraction of the total lattice energy of the salts which is of 

the order of 700 kcal./mole for the sulphates of these transition 

metals* 

Thus it seems desirable to have"a supplementary 

technique for the purpose of measuring the ligand field splitting 

energy without the necessity of studying the spectra, such a 

technique was suggested by Jamieson et al. (71)* Even though no 

theoretical 'principle has yet been given to justify the technique, 

the number of experimental results published has given substantial 

support to its validity. Except for the hydrates of oopper(II) 

sulphate, all the hydrates of metal sulphates fron manganese(ll) 

to zinc (ll) were found to give the maximum heat difference, Q-^, 

in kcal./mole of heptahydrate, to be equal to the ligand field 

splitting energy for the hexaaquometal(ii) ion. For the hydrates 

of copper(ll) sulphate the maximum heat difference, Q__, was found 

to be too small to be considered as an expression of lODq for the 

hexaaquocopper(ll) ion. Thus apart from investigating the ammine 

complexes, some tine therefore has been devoted to the study of 

this apparent anomaly. 
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5* Copper sulphate 

Copper(ll) ion is a d" systen where the hexaaquo and 

the hexaanmine complexes would be expected"to give simple spectra, 

each consisting of a single absorption naxinmn. However, it turns 

out that the spectra of copper(ll) complexes are quite complicated 
• * 

because most of the complexes have tetragonal sysnetry as shown in 

Fig* 8b instead of octahedral symmetry as shown in Fig. 8a (91,92). 

In an octahedral field, -the d-orbitals of the copper(II) 

Ion would have their relative energy as shown in Fig. 9b. If a 

tetragonal distortion is applied along the z-axis by removing the 

two trans-ligands from the metal ion, the effect on the individual 

orbital is shown in Fig. 9c. The relative energy of the d o orbital 

would be lowered with respect to the other orbitals. The extent of 

this would- depend on the extent of the distortion. Fig. 9o shows 

the intermediate case where the ligands on the z-axis are further 

away than those in the xy-plane but their potential is still felt 

by the central copper(ll) ion. If these two ligands are\so far 

away that the complex is essentially of a square planar configura­

tion. Fig*8c, the energy of the d 2 orbital could sink veil below 

that of the d x y orbital as shown in Fig. * U 

Hexaaquocopper(Il) ion in aqueous solution is thought 

to have tetragonal symmetry as shown in Fig. 8b* Therefore it is 

expected that the absorption maxima would be seen in its spectrum 

due to the electronic transitions fron the d „ and d__ orbitals to 
xs yz 

/ * 
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Figure/8 

Ligand symmetry around copper ion 
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Figure 9 

Orbital splitting in ligand fields 
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the d , da2 «** ̂ - y 2 orloiialB w*"1* increasing energy* However, 

since the energy separation of these orbitals is only of the order 

of 5 X 10 3 cm. and their half-width is about 3 X 103 cm."1, 

resolution Of these bands is impossible (93). 

, Thus the problem for an investigator dealing with the 

spectra of copper(ll) complexes is to decide which maximum denotes 

which electronic transition* If there is a broad band, as seen in 

the spectrum of hexaaquooopper(Il) , "the investigator mus*t first 

analyse it into the probable components, using a knowledge of the 

stereochemistry of the cofeplex. Such a method was used by B jerrum 

et al. (94) in their investigation of the aquo and-ammine complexes 

of copper(ll) ions in aqueous solution. The broad absorption band 

was resolved into two bands having maxima at 790 mja and 1060 mju. 

for the aquo complexes* Vith the help of their theoretical 

calculation of the relat ive energies of these d-orbitals, they 

assigned the'bands as due to the electronic transitions from the 

d and d 2 orbitals to the & o o orbital. Since the third band 

due to the transition from the d. and dw„ orbitals to the d„o o 

xz ya x^-y6 

orbital was i*>t seen within the wavelength region of their study, 

it has been concluded that this would probably occur in the 

•ultraviolet region of higher frequency. From the results of this 

investigation, Orgel (95) estimated the value of lODo; for the 

hexaaquo and hexaammine complexes of copper(ll) ions to be 12,000 
—1 * ,- <, —1 

cm. and 16,000'cm *\ respectively* 

Holmes and MoClure (96) investigated the reflectance 
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spectrum of the tetraaquocopper(ll) ion found in copper sulphate 

pentahydrate. Crystal structure analysis has shown (19) that the 

copper ion is surrounded by four water molecules in the xy-plane. 
1 r 

The*other coordination positions on the z-axis are filled by two 

oxygen atoms, each from"different neighbouring sulphate ions. 

This gives a tetragonal symmetry. As was the case with the 

hexaaquo complexes in aqueous solution, the absorption band was 

found to be very broad* Detailed analyses have been made using 

polarized light with application of a Gaussian distribution curve 

to analyse the spectra* The broad band was found to be composed 

of three symmetric bands having maxina at 14,500, 13,000 and 10,500 
_l 

en* corresponding to the transitions fron the d^, dyZ and djy to 
t 

*&• 4-2_~? • The transition fron d o was assumed to be in the 
x*—yc " zfc 

infrared region where it oould not be detected. The value of lODq 

for this tetraaquo complex was estimated to be the same as that for 

A truly octahedral arrangement of six water molecules 

around oopper(ll) ion\was found in CuSiFg.fiHgO (98). Fappalardo 

(98) recorded the reflectance spectrum of this salt. Two maxina 

obtained were attributed to spin-orbit coupling, and lODq deduced 

fron this was 11.2 X 10^ en. . 

Detailed reviews of the spectroscopy of copper(ll) 

complexes have been given (99,100). From the experiments done on 

the hexaannines of copper(ll) halidea, Eliott and Hathaway (100) 
' "\ —1 \ 1 

have assigned values ranging fron 10.4 X 10,:> en. to 10.6 X K r on. 
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for lODq. From their investigation of Cu(HH^)cSO., they gave lODq 

of 11 X 10* cm. . These measurements show that the values of lODq 

for copper(ll) complexes are not as high as have been estimated by 

j/rgenaen and quoted by Orgel (95) but of the order of 10 X 103 

-1 " 
cm. . This would be conparable to the values of lODq obtained for 

other metal complexes in the same series. 

Estimation of lODq for copper(II) complexes by the 

calorimetric method in the present investigation is not intended 

to prove which values cited in the literature are correct. It is 

done to show that the anomaly mentioned for the case of the hydrates 

of copper(ll) sulphate in the earlier part of this thesis is only 

apparent, and that the heat of solution line for the high-energy 

modification of these hydrates must be located with great care. 

The heats of solution for the hydrates of copper(H) 

sulphate given by previous workers are reproduced in Fig. 10. The 

heats of solution for the normal crystalline lower hydrates have 

been fitted (68) to two equations* 

yC P - 75.24 - 2.2761 

and y__ » 82.74 - 2*562x. 

Considering only high-energy modifications which contain less than 

10.1456 water (monohydrate composition), Frost, Moon and Tompkins 

(68) gave the equation describing then ass '' 

yFGH * 149*° ~ 5.098x * . 

which intercepts the low line BC at approximately the trihydrate 

6 
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Figure 10 

H Heats of solution for hydrates of CuS04 

O Data from Frost, Moon and Tompkins 

A Data from Donnan and Hope 

,., • Data from Bichowsky and Rossini 
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composition* I f a l l the heats of solut iohfor the products of 

vacuum dehydration were considered^ the equation of ihe l ine XTZ 

whioh passes through a i r thesi points have bem calculated to be," 

TX3Z " 1 4 2 " 4 ~ 4«276x. 

Mi-thin the limit of experimental error this line is parallel to AB 

(i.e. the line joining the heats of solution of the anhydrous salt 

and the monohydrate) which is in accord with what has been found 

-for other hydrates of metal sulphates (71*72). By extrapolating 

y._, the heat of solution for the heptahydrate could be found and 

using the slope of yVyZ the heat of solution for the high-energy 

monohydrate at point D* was estimated as 113 cal./gn. The heat of 

solution for the normal crystalline monohydrate is 56*87 cat./gm* 

and thus the heat of transition is 56.13, cal./gm* or about 17 kcal. 

per mole of heptahydrate. However this energy seems to be too low 

to be regarded as the value of lODq for the hexaaquocopper(ll) ion 

which has been given as approximately 30 kcal./mole (95) 

* 

If the equation for y-—, is used instead, the heat of -

solution for the monohydrate at point D has been estimated to be 

approximately 146 cal./gm. which would give the heat of transition 

approximately as 89 cal./gnr. or 25 kcal./mole of heptahydrate. 

However, the line FGH is not parallel-to AB, which seens unusual 

compared to the cases which have been studied (71,72). 

It seemed, therefore, that further research was necessary 

so that the general applicability of the calorimetric technique for 
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determination O&JJ2&Q; could be^established* 

s* Two alternatives are left for consideration* 

* (i) If the line XIZ in Fig. 10 is correctly interpreted, in order 

that the energy difference could be expressed as lODq for hexaaquo-

eopper(ll) ion, there would have to be a monohydrate which would 

have a heat of solution of about 10 cal./gm. This seems to be very 

unlikely because i.t is too low by comparison with the heats of 

solution of the monohydrates of other metal sulphates. 

(ii) On the other hand, if the line FH is accepted as correctj—it 

must be shown that it represents the heat of solution line fWjfche 

high-energy lower hydrates, with the trihydrate as starting material, 
i 

Next, a lower line which represents the heats of solution for the 

normal crystalline hydrates must be found so that the estivation 

of the heat of solution at the monohydrate composition would give 

an energy of the order of 45 cal./gm. 
\ 

The second alternative seems to be more plausible because 

it is possible that a small fraction of the high-energy form was 

present in the sample which gives the heat of solution falling on 

the line BC in Fig. lOj and therefore has a higher heat of solution 

than the pure normal crystalline form* To ensure completeness of 

recrystallization, the compound could be heated in a sealed tube 

(43)» thus one would expect the product to give a lower heat of 

solution. Furthermore, if such a Monohydrate were obtained, the 

heat of solution line from the monohydrate to the anhydrous form 

would be parallel to the line FGH. 
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/ 

According to the l igand' f ie ld theory, the value of lCDq. 
' , x 

for a complex should not vary a great deal from one environment to 
\ , 

another. \ The minor variation observed i s attributed to the d i f f e ­

rence in the secondary ooordinationiil This has been shown to be 

true for many complexes, such as th^ ammines of copper(II) bolides 

which have been discussed. 
» • ' \ 

The values of lODq; for hexaa<iuooobalt(ll) complex in two 

different environments are 9 .3 X 10^ cm. ijh/CoClg.oHgO crystal \ 

(74) and 9-5 X 10 3 en." 1 iir$oSO4.7H20 {9fyy The reason for th i s 

i s that in the hexaaquo complexes, the potential experienced by the 

electron or electrons in the d-orbitapts i s almost exclusively due 

to the s i x water molecule's around the metal ion since they, 

c o l l e c t i v e l y enveloping the ion , shield i t fron, the influence of " 

the f i e l d set ub by the anions around i t . «* 
\ 
\ - * 

Furthermore, the s p l i t t i n g of d-orfcitale i s completely 

determined by* the potential and not by other properties of the 

ligands such as their s i z e or.shape* Thus the ligands whioh can 

se t up stronger^potential, placed at larger distance from the metal 

ion nay s e t up a potential equal to that of a weaker ligand placed 

at a shorteridistance. This concept, therefore, implies that an 

octahedral f i e l d i s one with equal magnitude of potential applied 

fron the s i x corners of an octahedron? and this .could be s e t up by 
/ 

any mixture of ligands as long as the requirement above i s fu l f i l l ed* 
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Thus it seens natural to believe that the present 

calorimetflo^ technique of estinating lODq would also apply to any 

kind of salt hydrate* Among these hydrates, the cnlorides have 

been of interest because fron the previous study (67), the heat 

%. difference between the^high-energy modification and the normal 

y crystalline nonohydrate was found to be too small to be regarded 

\ ' - ^—-= 
as an expression ̂for lODq. — 
. \ 

Fron the gas absorption sway (65), the high-energy 

nonohydrate of cobalt(H) chloride has a large surface area of 35*9 

2 —1 •* "*v 
m. ga. . The ratio of excess heat to the 'surface area is 0.26 

—2 ^ 
cal.n. which is of the sane order of magnitude as that found for 
MgO which is considered as ̂ macrocrystalline (101,102). This ratio 

is snaller -than the correspond^ing^Sa^e^f^r^e high-energy 

monohydrate__Qf-JfgSO., i.e. 5*9 cal*n. , whioh has been viewed tp 

have a disordered lattice (40)* Therefore it has been concluded 

that the products of vacuum dehydration of cobalt(H) chloride 

hexahydrate are niorocrystalline* 
i * 

jk It has also been found that the relation between the 

'rate of dehydration and the water vapour for the hexahydrate of 

cobalt(ll) chloride (41) is somewhat similar to the "Topley-Smith" 

effeot (54) found for MnC20..2H-0, except for the absence of the 

sharp minimum at low pressure of water vapour, instead, there is 

a maximum in rate at a water vapour-pressure of 1 Torr at 30°C. 

If this maximum is equivalent to the peak whioh occurs at 1 Torr 

in the case of MnCgO..2&20, one would/expect the product to be 
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aicrocrystalline. 

The ease of formation of nioroorystals for the lower . 

hydrates of cobalt(ll) chloride under vacuum is understandable. 

The chloride ion is spherical and smaller than the sulphate ion. 

It is expected that ionio nobility is greater for the chloride ion 

than for the sulphate ion. It is also true that the lower hydrates 

of the chloride have a great tendenoy to dissolve in their own 

water of crystallisation. Bven though water molecules could escape 

easily under vacuum, it seems possible that while passing through 

the disordered product layer they nay initiate recrystallization 

of the latter. i 

With slightly different interpretation applied to the 

results of the study on the ammine complexes and the hydrates of 

copper(II) sulphate, it seems possible to give some meaning to the 

heats pf solution measured for the hydrates of these chlorides. It 

will be considered that the line joining the heats of solution at-

the high-energy hydrates need not nooessarily pass through the 

point representing the heat of soltition of the starting material on 

the line BC. This proceedure was adopted for the analysis of the 

heat' of solution 'data for the hydrates of oopper(ll) sulphate and 

shall be used when warranted. 

A point of theoretical interest is that although CoClp. 

6H20 has six water molecules, not all of then are ligands as 

generally believed* Crystal structure analysis has shown that only 
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four of these are ligand water while the other two are anionic (103, 

104). The other two coordination positions are filled by the 

chloride ions to give a distorted octahedral field. 
o 

Suqh a situation has also been seen to apply to the 

pentahydrates of co'pper(ll) sulphate and manganese(ll) sulphate, 

where the axial ligands are oxygen atoms from the sulphate ions. 

Since the* technique has been sucessfully applied to these salts, it 

seems possible that it would also apply to the hydrates of the 

chlorides. 

7. Double salts 

A number of hexahydrates Of metal ions are found in 

double salts of general formula MS0..(UH.)2S0..6H20. All the six 

water molecules are ligands arrjanged almost octahedrally around the 
i K » *~ I 

metal ion. Some metal-ligand bond distances are listed in Table 2* 

This arrangement suggests that lCDq for the complexes in double 

salts should be of the same order of magnitude* as those given for 

the corresponding complexes in the sulphates"and the chlorides. 

Of these, the spectrum of ̂ ~Fe(H20)gJ'
r has been 

discussed (105). The absorption spectrum of the complex in aqueous 

solution is virtually identical to that, obtained for the complex in 

the sulphate salt. Two absorption maxima are at 10,400 cm."" and 

—1 
8,300 om. respectively, indicating the split of the e„ orbitals. 

s * 

A similar spectrum has also been, obtained for the complex in * * 

/ 
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Table 2 

Metal-water bead distances in double s a l t s 

Metal ion Bond distances in A ref• 

Fe 2 at 2.14, 2 at 1.88*, 2 at 1.85 106,107 

Hi 2 at 2.085, 2 at 2.083 

2 at 2.036 108 

Cu 2 at 2.22, 2 at 2.10, 2 at I.96 109 

Zn 4 at 2.07, 2 at 2.12 110 
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. —l —l 

FeSiFg.6H20 sa l t with the maxima a t 10,300 cm. and 8,700 cm, • 

The s p l i t could be attr ibuted to either ihe spin-orbit ooupling, 

tetragonal distortion or the Jain-Teller effect. 

The complex m aqueous solution i s expected to possess 

perfect octahedral -symmetry. Therefore the sp l i t in the e orbi tals 

cannot be due to tetragonal distortion but due to either a dynamic 

Jahn-Teller effect or spin orbit ooupling. Cotton and Meyers (105) 
' 2+ 

suggested that the spin-orbit coupling for Fe ion i s too small to 

account for the sp l i t t ing . Therefore the effect must be due to a 

adynamic Jahn-Teller) ef fect . ' 

HoweveK in FeSOil.(NH.)2S0..6H20, i t has been shown that 

the i ron( l l ) SQBAS located a t the centre of a tetragonally d is tor­

ted octahedron. Thus the energy levels of the orbitals could be 

arranged approximately'as shown in Fig* 11 . Sinoe the transition 
—1 —1 

absorption maxima are found a t 10,800 ora. and 8,400 cm. , the 
lODq would be approximately 9,600 em.*" • 

I t would be interest ing to see whether the calorimetric 

technique could measure the value of lODq for this case. Fart of 

the present investigation shall be devoted to the estimation of 

lODq for the complex ^FetHgOjg^/ + in the sa l t FeSO,*(]JH4)2SO.. 

6H.0. 
<d 
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Figure 11. 

Orbital sp l i t t i ng of 3d° system in octahedral 
and tetragonal ligand fields 
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8 . Spectroscopy v 

^ 

I t has been observed that the two different modifications 

of sa l t hydrates differ quite a great deal in their colour*. /The 

high-energy monohydrate of cobalt(l l) sulphate, for example, i s 
\ 

deep violet while' the lower-energy modification |.s rosy. The 

yellow colour of the nonohydrate of ,nickel(ll)B sulphate turns green 

,*" when th is compound i s heated in a sealed tube at an elevated 

temperature. These colours indicate differences in the energy 

4'levels of the metal ions as a consequence of the variation in the 

coordination around then* x 

For cobalt(Il) s a l t s , i t has been suggested (111) that 

the deep violet and red colorations are due to octahedral coordina­

tion while the blue colour may be due to tetrahedral coordination 

around the cobalt( l l) ion. Since neither modification of the 

monohydrate of cobalt(II) sulphate shows any blue coloration, i t 

seems possible to conclude that neither involves tetrahedral 

coordination. Therefore, the difference between the "two modifica­

tions must be sought in the nature of the arrangement of the oxygen 

atoms around i t . 
4 

The energy levels of cobalt(l l) ion shall be considered 

as an example, Fig. 12. In the free ion, the electronic ground 

state of the high-spin oobalt(ll) ion i s TP and the excited s ta te 

of the sane multiplicity i s "*P." In ail octahedral f ield, the "*F 

< s tate would sp l i t into A^,, ^2*? a a 4 *ltr *" 0V&BT °* decreasing 
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Figure 12 

Energy s ta tes of cobalt(ll) ion in octahedral 
and tetragonal fields 
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energy, while the T* would give T?* state. In a field of lower 

symmetry, suoh as D^, all states with the exception of Ag , wetild 

split further, as shown in Fig. 12b* The spectrum of the salt ljpuld 

show several maxima, the number of which is primarily determined by 

the number of the excited states having the same multiplicity. 

If water molecules of the hexaaquo oomplex of cobalt(l^) 

were removed, the symmetry around the cobalt ion would change, and 

thus the absorption maxima in its spectrum would be shifted. This 

change would depend on the effect of removal of these water molecules 

on the lattice environment of the oobalt(ll) ion. In this inyesti- t 

gation two possible oases have been studied* with and without 

rearrangement of the sulphate ions around the metal—ions. 

•» 

With rearrangement of. the sulphate ions to form the 

normal crystalline hydrate, the octahedral field around the metal 

ion would be dis^orjed because it is expected that the potential set 

up by (O-BQ,) ~ would be weaker than that due to HgO. If the 

symmetry of the resulting field is assumed to be D^, as shown in 

Fig* 12b, the absorption maxima would split, one of which would be 

on the higher energy side of the original peak. As more water 

molecules are removed from the coordination sphere, the symmetry 

would again approach that of the octahedral symmetry of the 

anhydrous salt because then the sulphate ions around it would , 

determine the,symmetry. The extent of the splitting of the maxima 

in the spectra of these complexes would depend on the extent of the 

distortion? if the distortion is large, the maxima would be * 
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resolvable, otherwise they would overlap. 

• *, - «... ,*. _ « . « * - - * - . ,» . „ 
*not extensive, which results in the formation of mier^crystalline 

lower hydrates, the short range order of the ions' would be present 
v 

and would be .the sane as that of the maorocrystals* The symmetry 

of the field around the metal ion would be the same as that 

described for the normal crystalline,hydrates* Therefore the A 

spectrum of such a salt would be the same except for the broadening 

of the maxina due to lower symmetry around the cobalt(n) ions on 
t , 

the surface* This* is so because, in the microcrystals, the number 

of such species on the surface would be considerable in relation to 

the number of fully coordinated species in the bulk. 

-*-* 

If the"product is amorphous, the sulphate ions do not 

rearrange to form another crystal lattice, the symmetry of the 

potential field around the metal ion is less definite. When the 

percent of water left in the salt is high, the symmetry of the 

field around the complex is determined by the number e£*water 

moleoules attached to it. As more of these water molecules are .. 

j 

removed, the symmetry would be less definite until the monohydrate, 

(or anhydrous) stage is reached where they are totally stripped of 

water and the ions would fall into complete chaos. Such an 

arrangement of ions would give a spectrum with no definite maxima, 

but a broad band covering the whole range of possible absorption 

maxima which arise fron these different symmetries. 

/ 
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In all cases, however, the maximum due to the electronic 

transition from the ground state to the' *T_(P) state would be 

quite distinct because i4 lies somewhere abound 19,000 cm."* • The 

variation in IQDq and in the symmetry of the field would not affect 

the position and the intensity of this band a great deal. ' 

•9. Infrared spectroscopy 

. ' • * > ' » * * 

The dehydration process for the hydrates of transition 

metal sulphates goes to completion af^er passing through*various 

stages of intermediate integral hydrates. It-has been suggested 

that to a certain degree the water molecules present in the parent 

hydrates are non-equivalent. In all instances, the monohydrate is 

formed as the last stage before dehydration proceeds to give „the 

anhydrous salt. It has oeen generally accepted that the last water 

to go, which is contained in the' monohydrate, is anionic water* a 

water molecule which is strongly-bonded to the sulphate ion by 

hydrogen bonding. Even in the case of the hexahydrate of nickel (II) 

sulphate where crystal analysis has shown that all six water mole­

cules are coordinated to the nickel ion, the last water to leave at 

a temperature of about 290°C is believed to be anionic. How this 

last water, whioh is initially coordinated to the nickel ion, 

becomes anionic is not yet fu^ly understood* " 

Under vacuum, however, the dehydration proceeds at a 

faster rate fron the onset of the experiment. Sone salts fom the 
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"anhydrides without passing through any faiterolediate s tage, as shown 

in F ig . 13 . I t appears that when dehydration] i s , done under vacuum 

the water molecules leaving the s a l t are nonselect ive . At a lower 

, such as1 0.3- Torr, both types of bonded Hj>0» coordinated 
• \ ° 

chance of leaving the^sa l t . Thus, s t a t i s -

, *u CoS0..7Eg0J the dehydration would bb' s ix to one i n 

favour <pf the Co^djjia^ed!water over tha t of the, anionic water. I f 

th i s i s true,/fia&K i n the higVenergy monohydrate, some of the water 
would be an(Lo^ic/^jfcp some would be coordinated, iBhfortunateiy, 

i& 

there is no easy way to\show that this is true. 

, - In the nrelimini 

«a 

\ 

T 

e. 

study of the infrared absorption 

spectra for the products of vacuumdehydration oi the heptahydrate 

'o f coba l t ( l l ) sulphate, i t was found thlstH'the soectrura of the s a l t 
• - . • * 1 

shows almost""all the features o f ' the parent heptahydrate as shown 

in Fig." 14*« The absorption.bands a t 3200 cm. , I65O em.1 and 

llOO cm..» have, been a l i g n e d to the 0-H s t re tch ing , Ĥ O deformation 
'—1 

and 0-50, stretching respectively (112). The band at I650 on* 

suggests that the remaining water molecules in the high-energy 

monohydrate are coordinated to One metal ions because*this band is** 

also present in the spectrum of the heptahydrate but absent in the 

spectrum of the crystalline monohydrate. 
In the recent measurement of the magnetic susceptibility 

- « » W 

of the high-energy hydrates Of MnSO., FeSO^ and CoSO^ (113) i t was 

found that these s a l t s have higher^magnetic . suscept ib i l i ty than, 

the i r corresponding low"-energy modifications. I t was proposed (that 

,w 

y~ 
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Figure 13a 

Vacuum TGA 

J. MhS04.5H20 

2 FeSO.-TB^O 
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Figure 13b 

Vacuum TGA 

" \ 

1 CoS0..7H20 

2 ITiS04.6H20 

" ** p. A"-» 

» * * 
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^gttre 1 4 

Infrared spectrum of the high-energy monohydrate. 

of cobalt(ll) sulphate 
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the increase in symmetry of 'the ligand field around the metal ion 

^ 
would be enough to account fori the difference. For the. symmetry 

to increase, the first mole of water to leave the salt under vacuum 

must be the anionic water. ,The'presence of anionic water in the ̂  
*'\ i«. 

salt would be expected to distort the octahedral arrangement of the 

\ ' * \ '{• \ " , \ ' \ \ > ^ ' \ 
six water mo.lecuues around the metal ion. Furthermore, as has been 

, ̂ iscussed," removal of any ̂bf t: 

metal ion is out of.question bbc 

of tjhe symmetry. 

molecules coordinated to thel 

would lead\ to a'lowering f f 

10. Heat of solution \ 

The equation^ \deseribi; 

a re ' 

MSO 

KSO 

ution process of a s a l t \ 

4*xH20 + l6-x)KAA-+ MB04iMg 

4.6H20 + solvent ^ * S 0 4 . ^ V s o l v a t e d ) 

Equation jjf"4»/ represents rearrangement of the molecules due ,to the 

a t t rac t ive , forces between aquo ligands and solid.X Equation £~4DJ, 

represents the\solvent effect when the so l id changes phase during 

the ; mixing withythe solvent. 
V 

' The process represented by, / ~ 4 b / \ could be pictured as 

i s essen t ia l ly the 'heat of ftision of the so l id ^ l l 4 ) . When the heat 

absorbed differs markedly from the heat of melting of the so l id , i t 
. « > \ " " \ 

indicates that there must be a certain interaction' between the 

file:///deseribi
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dissolving molecules and the molecules of the solvent. This is a 

very common phenomenon 'in aqueous solution* -

In the absence of such interaction, the heat of solution 

of a solid would be expected.to equal the heat of melting of the 

soli.d at that temperature, such a case is termed the "ideal 

solution™. Since there is no special solute-solvent interaction, 

the heat'of solution would be independent of the final concentra-

tion of the solution| i.e., no heat of dilution. This condition is 

not,obtained when an electrolyte is dissolved in water since 

hydration' of the metal ions and' anions must certainly take place. 

' 2+ 2+ 

Fdr non-»transition metal ions, such as Mg and Zn , 

the heat of solution could be described by the simple electrostatic 

theory. For transition metal ions, however, the reaction repre­

sented by equation ̂ ~4aJT" would introduce an effect called 

stabilisation energy. 
* V 

I According to Werner (115), the coordination positions 

about a given central ion cannot remain unfilled. It has been 
*-

demonstrated that in Co(HHv),Cl^, the three chlorine atoms are' 

iohicjsnd the hexaamminecobalt(lll) ion is tripositive (ll6). 

However, if one of the ammonia molecules is removed fron the -. 

coordination sphere of cobalt (ill), one of the chloride Ions would 

fill». the vacant position to form £~Go(tiB.^J3ljf Clg where the 

negative charge on the chloride ion has neutralized one positive 

M « 
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Similarly in crystals, such as FeClg^gO, when the 

four molecules of water are removed, the chloride ions would migrate 

into the coordination positions'left^vacant by the former to 

complete the coordination -jpimber of six) In FeClr>»4H!>0, the four 
2+ water molecules are arranged around the Fe ion at the four corners .' 

of a square at a distance o:f 2.09 % while the two chloride ions are 
' " ̂  2+ * 

each occupying "the positions above and below Fe ion at'a distance 

of 2*59 A (117^* Removal of two water molecules, for example, 

would leave two positions vacant in the square, but the adjacent 

chloride ions in the crystal lattice would move in to fill these 

two positions in FeCl2*2HoO where the HgO-Fe distance is 2.07 A 

-and the Fe-Cl distance is 2.49 % (118). v >* 
v < 

Thus, the removal of ligands from a complex ion in 

crystals must bring about a filling of the empty coordination 

positions and therefore subsequent rehydration mustlnvolve" the 

displacement of the anions from the coordination sphere. Conse-

quently the net effect would be "due -̂ ô the differences in the 

stabilization energy and bond energy of the two species. 

The particular solute-solvent interaction is therefore. 

determined by the nature of the solvated species. It is important 

in the present investigation to maintain uniformity of the solvated s 

I t " 
jpecx-s* a fap-b which is qiite cenjain to hold "far the solution of 
aquo complexes. Furthermore, such,.solute-solvent interaction would 

depend on the final concentration of the solution^and it would seem 

to be desirable, when possible, to include values of heat of dilution 
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* 
in the calculated values of heat of .solution. 

- The1 heat of dilution for copper sulphate has been* 

measured experimentally (119) and has been used in the present 

investigation* Ko .such data are available for the other salts. 

However, the quantity of primary interest in this investigation is 

the difference in the heat of solution of two'modifications of 
/ 

* monohydrate (or monoammine), and it seems that their heats of 
a. 

di lu t ion would cancel one another . Any small er ror which might be 

caused by these quanties could be minimised by dissolving approxi­

mately the same weight of s a l t in a constant volume of solvent . 
p 

In a thermodynamic study, the heat of solut ion i s 

espec ia l ly useful in the calculat ion of r e l a t i v e heats of formation 

for s a l t hydrates* This is .mainly because of the fac t that the 

heat of solution var ies l i n e a r l y with the percent water content of 

the o a l t (12Q)> 3>08nw*^d Hope (120J have shown tha t the heat of 

solut ipn of thja/mixtures Oof hydrates between two s table in tegra l 
/ - . " " 

hydrates mtfs^fall on a s t r a igh t l i n e . 

• - - Let the average composition of the s a l t be KS6.»xH20. 

Thus l ' " ( " " " " , 
MS04.xH20 « p(MS04.mH20) + q(MS04*nH20) 

where p + q » 1 and Tup + nq m x . Therefore, ' ,- ^ 

* « (x -n) . ' v?(m - x) 
- » - (ST̂ n) » « ' (SXI) ' . . , 5 

let the heat of solution of hydrale m be a,and that of hydrate n 

• S 
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' be b. Therefore the total heat of solution, y, „ of MS0A*xH20 is, 

\ - ; * \ 
(x-n) (m-x) I 

y «* a + b —. 
_ (m - n) (m - n) 

The plot of y as* 3s, function of x for each pair of successive 

hydrates will determine a particular straight line, so that the - ! 
o 

r > result' will be a series of straight lines intersecting, at the values 

of x corresponding to the successive hydrate. 

It should not be taken as a rule, however, that a Change 

in the slope is necessary to indicate the existence of integral 

hydrates.' The relation given above does not require this condition* 

it merely indicates the possibility of its occurrence"* Therefore, 

it is not surprising ,that even in the case of -the "hydrates of copper 

sulphate there is really no inflection observed on 'the heat of 

solution line of normal crystallinevjiydrates to indicate the • 

existence of the trihydrate •• 

--«^-*-

*0 
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11. Ammine complexes 

In contrast to the aquo complexes no detailed«aocount 

of deammoniation of ammine complexes can be presented because 

little work has yet been done. This is especially true for 
/v. 

deammoniation under vacuum. This would seem to be a result of 

the difficulty of obtaining a stable integral high ammine such ~ 

as the hexaammine. 

Even though several workers (121-126) have indicated 

the possibility of, preparing the hexaammines of metal sulphates, 

suoh compounds are not stable at ordinary temperature in air. > 

They must be kept under ammonia atmosphere at a very low tempera-

turlfe, JKie_hexaamminee of manganese(ll) and zinc(Il) sulphate, 

1 for \xample, are stable only at -78°C (121) and -35*C (122), 

respectively. «-" 

Ephraim (123) has shown which various integral ammines 

occur in the course of deammoniation to the anhydrous salt. The 

results of his investigation are reproduced in,Table 3* Recent 

investigations (124-126) have confirmed the existence of some of "% 

-these intermediate integral ammines* 

While the higher ammines are very unstable as compared 

to their corresponding hydrates, the lower ammines are very stable* 

No sufficient explanation can yet be given for this. However, 

according to Grinberg (129) a compound suoh as MfHH,)^ is stable 

file:///xample
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Table 3 

Stable in tegra l ararames of metal sulphates 

Sulphate of In tegra l ammines 

1 l l 1 I i 

Mn " + 

Fe 

Co 

F^""?«<*>__ e-< J&i --> 

{>-' 

Hi 

.C.u 

zn 

* + indicates stability, - indicate instability 

W 

K 5 

t> 
tfZ 
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only if the molecular volume of X is greater than'that of SO. 

anion (r <* 2.30 a ) . This is because a smaller anion has a higher 

tendency towards coordination with the central ions. 

The higher stability of the lower ammines may be -* 

explained by the fact that ammonia, being a slightly stronger 

ligand than water, would form a stronger bond with the central 

metal ion. It could also be that the total hydrogen bond energy 

in the ammine complexes contributes significantly to this stabili— 

ty. For the purpose of comparison, the temperatures of decomposi-

As is the case with the aquo complexes, much has been 

published (93,94,100) on spectral studies of the ammine complexes 

of these metal ions. Most- investigations have been concerned! 

with the hexaammines of the cations in solution, where they are 

known to be more stable than in the solid phase* Reflectance 

studies on d-d transitions have been, done on some of the complexes, 

(93) but due to their instability, analysis'has been quite^. 

difficult and even doubtful* A knowledge of the stereochemistry 

of these complexes is helpful for proper interpretation of the 

absorption bands. ' * 

Since ammonia was chosen as ligand because of its 

relative 'simplicity, one would expect that most of its behaviour 

under vacuum deammoniation and thermal dissociation would be close­

ly similar to that of the aquo complexes. Therefore the process 
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- \ Table 4 

Decomposition temperatures for monohydrates and monoammines 

of metal sulphates 

Sulphate of * o. Decomposition temp., in C ref. 

Hn 

Fe 

Co 

•Si 

Cu 

2n 

monohydrates 
*& 

* 
173 

376 

* ' 
239 

* 
2Q.Q 

168* 

monoammines 

, 

313" 

400 ' 

340-

380 ̂  ' 

380 

a 

123 

126 

124 

125 

127 

188 380 

* From Jamieson's unpublished data. 
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of vacuum deammoniation was carried, on at a pressure of 0*05 Torr 

or less to ensure that the rate of deammoniation would be high • 

and that the energy difference' would be maximized. 

For the purpose of preparing the highest possible high-

energy modification a suitable desiccant for all hydrates and 

ammines has not Yet been found. One desicoant may be «suitable for 

cobalt sulphate but not for copper sulphate. In any case, most 

of the difficulty in the present investigation has been in 

obtaining the low-energy forms of various lower ammines, for, as , 

wj.ll be explained later, many of the complexes obtained have been 

found to give heats of solution falling on the high line corres-

ponding to the high-energy modification* 

.• v, 

* 

http://wj.ll
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EXPERIMEHTAL 

1* Preparation of ammine complexes 

The dissociation of a complex ion, MA , in solution may 

be represented by the equation '' "*%». * 

° KA„ —•+ KA_ i + A n n-̂ L 

y 

(where the charges are ommited for simplicity). The equilibrium 

constant for the process, 

K j [A] 
\ i«0 

is called the instability constant of the complex ion MA . The 

stability constant, for the' reverse reaction, is given by the 

reciprocal of the instability constant. Table 5 gives the 

successive stability constant indices, pK, (130) for some ammine 

complexes in .aqueous solution* It is evident that the hexaammines 

of these metal ions cannot be crystallized from aqueous solution* 

Even for-the nickel(ll) ion, for which the pK of the hexaammine is 

positive, the crystals obtained from aqueous solution have been 

found to be of composition JEriS04«4HH3*2H20% (131) • 

»Crystallizing the salt from concentrated ammonia 

solution is also doubtful because the crystals obtained this way 

for the case of copper sulphate have been shown to be of composition' 

Cu(KH«)4S04.H20 (16)* The water molecules In this salt are anionic 
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Tabie 5 

Stability constant indices for some amtnine complexes 

in aqueous solution 

« 2+ Co 

2.11 

1.63 

i . 05 

* 0 ,76" 

, * 0.18 
') 
- 0 . 6 2 

1 Hetal 

Ni2* . 

2.79 

. 2.24 

IV 1*73 * 

1.19 

0.75 

0.03 . 

ions 

Cu2* 

4.15 

3.50 

2.°89 

2,13 

- 0 . 5 2 

_ 

Zn2+ 

2.37 

2.44 

2.50 

2.15 

-

J 
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and only^evolWd at 145°C (132,133). a* which temperature some of 

the coordinated ammonia may be driven out. 

s^hus all the ammine complexes prepared for the present 

investigation were obtained from the reaction of dry ammonia gas 

with the/anhydrous" salts of the metal sulphates (134-137)• 

- Suitable temperatures for the preparation of the * 

anhydrous salts of the metal" sulphates from the higher hydrates -v 

__were determined from experiments" in thermogravimetric analysis 

» (TGA) and differential thermal analysis (DTA)*' Thus CoSO. was 

obtained by heating CoS0..7H20 (J.T.Baker analyzed reagent) in an 

oven at 270°C for three days? anhydrous NiSO., was similarly obtained 
?> ^ 

•from HiS0..6H20 of Fisher certified reagent grade at a temperature 
o -> * * 

of 350 C; anhydrous MhSO. was obtained from MnS0..H20 (Merck & Co. 
fy r 

Ltd.) a-fc''2fi5°C; ZhSO. was prepared by dehydration of ZnSQfc*7H20 of 

J.T.Baker analyzed reagent grade at 250°C; 'and CuSO. was prepared 

at 250°g-&om.CuSO *5H20 supplied by Fisher Sc^tific Co. The 

* anhydraouB salt of FeS04 from Fisher Scientific Co. was Sound to 

contain some water which was removed' by heating the salt under 

vacuum at< 170°C» Except for Feso.,' completeness of dehydration 

was checked by the loss in weight, which agreed well with the " " 

calculated value within 0.1$. 

The anhydrous salts obtained were finely powdered and 

about 4 gm. of each were taken for reaction with anhydrous ammonia 

gas (supplied by Matheson of Canada ltd*) . The salt was placed in 
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a reaction tube, A, Fig. 15, and connected to a vacuum line with 

thick rubber tubing, R. The system was initially evacuated by 

opening the stop-oocks D and C. 1/hen evacuation was complete, 

stoprcock D was closed and ammonia was led in for the reaction 

through- stop-cock B. The pressure of - ammonia Was kept at on© 

'- atmosphere for about two days. In each case during the initial 

stage of reaction there was evolution of heat accompanied by an 
J 

increase in volume of the solid. Reaction was speeded up by 

cooling the reaction tube in liquid nitrogen or in a bath of dry 

ice and acetone. The composition of the product was determined 

from both the gain in weight and gravimetric analysis. As has 

been reported (124,138,139) most of the hexaammines of, these salts 

were unstable. Gravimetric sulphate analyses were necessary since 

these compounds were used as starting materials' for the preparation 

/

of lower ammines. This was done by dissolving about 0.4 gm. of 

the salt in about 20 ml. of IE HCl. The sulphate was precipitated 

by adding an excess of concentrated solution of SaCiL». The mixture^ 

was boiled for several minutes and about 0.5 ml. of concentrated 

We HWO, was added to dissolve' any BaSO-, present. The mixture was 

A later cooled and the precipitate of BaSO. was collected and washed* 

It was dried in an oven; at 110°C and weighed. The weight of metal 

sulphate in the ammine salt was calculated from the weight of BaSO. 

obtained. Thus the weight of ammonia /sould be obtained, from the 

difference. The results are listed in Table 6, 
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Figure 15 

Apparatus for the preparation of ammines 
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Table 6 

Percent ammonia found by gravimetric sulphate analysis 

Sulphate of 

Hn 

Fe 

Co 

7 
Percent ammonia 

35.62 

39*65 

38*30 

39*61 

29*57 

29*76 
* ? 

<o 

* 

""V*-! 
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Some of the hexaamine of cobalt(il) sulphate was. also * 

prepared, essentially as described by tfendlandt and Smith (125)• Dv 

ft 

passing dry ammonia gas through0 a suspension of the free salt in > 

absolute ethanol. Samples prepared in this way and by direct 

reaction of anhydrous ammonia gas on the free Salt were subjected" 

to thermal analysis at a heating rate of about 0*12 deg./min* and 

were found to be virtually identical, Fig. 16.. 8 

A sample of NiSO^•6HH-, which was prepared by .the method 

of Herner (1'40) , has been shown top be essentially identical "to both 

the hexaammine prepared by the reaction of dry .ammonia gas with the 

anhydrous salt and that reported by George and Wendlandt (126),• o 
0 

although the colors of the salts were different, due presumably to 

different particle sizes. ' „ • 

, The ammines of'the sulphates of cobalt(ll), nickel(i:l), 

copper(Il) and zinc(Il) were stored in tightly closed bottles and 

kept in a desiccator under an ammonia0 atmosphere. The ammines of 

the sulphates of manganese(ll) and iron(ll) had to be kept in sealed 

tubes because traces of water vapour »and oxygen from the air turned 

the compounds brown, probably due to oxydation or hydrolysis. 

Deammoniation of the salts was done under vacuum or in 

an oven at various temperatures previously determined (124-128,141, 

142) after which the glass tubes containing the samples were sealed 

to prevent water vapour in the air from reacting with the lower / 
1* ' 

ammines. ' 
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Fignre 16 

DTA for alanines of cobaat ( l l ) sulphate 

' ' i ' DTA for CoS0..6MH3 "prepared by 
c, the reaction of ammonia gas on 

the free s a l t . 

BW"~TGA fj0^'CoS0,.6HH, ^prepared as 

above. , ; 

C» TGA for COS0..6NH, prepared by 
4 3 , 

the Reaction- of ammonia gas on 

the free salt in methanol. 
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Deammoniation under vacuum was done in an apparatus O 

similar to that used for the preparation of the ammines* The glass 

tube containing the sample was placed horizontally and connected to 

the vacuum line by a piece of rubber tubing. This arrangement was 

necessary to prevent the fluffy solid from feeing carried away by 

the evolved ammonia from the salt* In addition to that, this would 

expose more surface area for faster deammoniation which was done 

at about 5 X 10 Torr. 

After partial loss of ammonia, some samples were heated 

in sealed tubes at different temperatures for various time intervals. 

They are denoted as "sealed" in tables of heat of solution.' Heating 

the sample in a sealed tube was found necessary for the preparation 

of low-energy ammines because, in some cases, heating in an oven 

did not result in the formation of low-energy modifications of the 

lower ammines* 
<' , • 

In order to establish points near C on the line BC in G 

the heat of solution graphs, several attempts weremaile to obtain 

compounds with more ammonia molecules coordinated*/This was done 

by sealing the reaction tube at an ammonia pressure of one 

atmosphere and performing the heat of .solution measurement immediate­

ly. The results are recorded in* tables of heat of solution as 

having been made by "direct preparation". . ' 

0 
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\ 
2. Hydrates '"of copper (II) sulphate 

CuSO .*5H20 of Baker analyzed reagent grade was used for 

the preparation of the lower hydrates of cepper(ll) sulphate. 

Thermogravimetrio analysis showed that the water Content of the salt 

was in good agreement with the theoretical value. The sample was 

ground slightly before dehydration. The methods of dehydration 

were similar to those described for the hydrates of other metal 

sulphates (71,72). 

# 

Several authors have suggested that the formation of a 

product layer on the crystal surface may hinder the ease of escape 

of the evolved- water moleoules (134-135)* It is possible that, 

during vacuum dehydration, such water molecules within the product 

layer may initiate crystallization of the product itself. 

Therefore, some small crystals of pentahydrate of copper(ll) 

sulphate were also prepared (145)* These were obtained by adding 

o 
absolute ethanol slowly to a Concentrated solution of copper 
sulphate in distilled water. The small crystals formed were 

collected and dried over a stream of air at room temperature. 

It has been observed that the reaction of ammonia with 

the, anhydrous metal sulphate gave finely powdered ammine complexes. 

If such a powdery product could also be obtained fron the reaction 

of water vapour with anhydrous copper(ll) sulphate, it would help 

rto prevent crystallization of the product during dehydration under 

vacuun* Thus some pentahydrate of oopper(ll) sulphate was prepared 
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by exposing a sample of finely powdered anhydrous salt to water 

vapour. Completeness of rehydration was. checked- by the gain in 

weight, and was found to be 34*98$ whioh was close to the penta­

hydrate composition, 36.08$. 

It was found necessary also in the later part of this 

investigation to prepare some trihydrate of copper(ll) sulphate. -

One batch of the salt was obtained by dehydrating the pentahydrate 

over concentrated H2S0,. The product with the desired composition 

was obtained after frequently checking the loss in weight of the 

sample. 

Another batch of trihydrate of'copper(ll) sulphate was 

obtained by crystallizing the salt from a solution of the penta­

hydrate in absolute methanol* (146). This was done by adding the 

pentahydrate slowly, while stirring, to warm methanol. When the 

solution was cooled, crystals of trihydrate appeared. They were 

collected and dried over a stream of air at room temperature* 

Thermogravimetrio analysis showed that the composition was that 

of trihydrate and the mode of dehydration was similar to that 

found for the trihydrate obtained by dehydration of the pentahydrate 

over conce^tirated HgSO.* Fig. 17* / 
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' Figure 17 . 

TGA for pentahydrate and trihydrate of CuSO 

1 Trihydrate from methanol 

Heating rate = 0.363°c/min. 

2 Trihydrate from pentahydrate over cone. HgSO, 

Heating rate • 0.287°e/min. 

3 Pentahydrate 

Heating ra te - 00.355°Ain. 

% 

A 

*J*\ 
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3. The chlorides 

The,starting materials used for sufeequent preparation ^ 

of the lower hydrates of the chlorides were hexaaquocobalt(Il) t »" 

chloride and hexaaquonickel(ll) chloride, both of Baker analyzed 

reagent grade. The lower hydrates were prepared by heating the 

by dehydrating the hexahydrate under vacuum at a pressure of about 

1 X 10"5 Torr. ^ -

Dehydration in an oven was done by placing the salt in 

an open vessel to facilitate escape of the water vapour evolved. 

If the hexahydrate was heated, in a glass tube, with one end closed, 

the water vapour could not escape easily and would be reabsorbed 

by the solid product to form a fused mass. This would form a hard 

crust inside the tube as more water was driven off at higher 

temperatures. 

Vacuum dehydration was done in the presence of BaO and 

concentrated HgSO. as, desicoants. Dehydrated products obtained by 

using only BaO as desiccant had lower heats of solution* An 

activated silica gel trap was used adjacent to BaO and concentrated 

—5 
HgSO. to enhance the attainment of a pressure of 1 X 10 J Torr, 

especially at the beginning of the experinents. Vacuum dehydration 

at room temperature under these conditions yielded, after 24 hours, 

a product of about nonohydrate composition, in agreement with the 

previous investigations (40,67). 
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From the decomposition temperatures of the salts, it 
- o 

appears that water molecules contained irithese ohlorides are more 

weakly bonded than,those in sulphate hydrates*' I«p the case of 

nickel, salts, for example, the decomposition temperature of nickel 

chloride monohydrate is 160°C (147) but 290°C for the monohydrate 

of nickel sulphate. Similarly, under vacuum, the hexahydrate of 

nickel chloride dehydrates easily at room temperature to its 

monohydrate, whereas the hexahydrate of nickel Bulphate hardly 

dehydrates at the sane temperature. " 

4* Ferrous ammonium sulphate 

The starting material used for subsequent preparation 

of the lower hydrates of ferrous ammonium sulphate was the 

hexahydrate, FeS04*(UH.)2S0..6Hg0, supplied by Fisher Scientific Co« 

The normal crystalline lower hydrates were prepared by heating the 

hexahydrate in a pyrex tube through which a stream of nitrogen 

flowed jet a pressure slightly greater than atmospheric. 

Vacuum dehydration was done in a manner similar to that 

described for the chlorides* In the first group of experiments 

where the attainment of the pressure of about 1 X 10 J forr was 

slow (at the beginning of an experiment) the heats of solution of 

the lower hydrates fell on a lower line, PK, as shown in the heat 

of solution graph, Fig* 31 on page 153* Therefore an activated 

silica gel trap was used in conjunction with various desiceante to, 
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j accelerate the attainment of a pressure of about 1 X 10 J Torr. 

The results obtained were then satisfactory. The rate of dehy­

dration at such a low pressure was quite fast, reaching the 

dihydrate\stage after about 24 hours. Beyond this, d^ydration 

proceeded very slowly. 

5+ the heats of solution of hydrates in aqueous ammonia 
t 

Lover hydrates of cobalt(li) sulphate were prepared in . 

the same manner as" described (7I).V3!he^starting material used was 

CoS0..7H20 of Baker analyzed reagent grade. The heats of solution 

were measured by dissolving the salts in 200 ml. of 3H aqueous 

ammonia* _ • 

6. Heat of solution measurements 

The heats of solution of the ammine complexes were 

measured in dilute aqueous ammonia, or in hydrochloric; acid when 

necessary, to ensure complete solubility. In pure water the ammine 

complexes were hydrolyzed. The ammine complexes of manganese(ll) 

sulphate and iron(ll) sulphate were dissolved in 1M hydrochloric 

acid solution, whereas the ammines of the sulphates of cobalt(H), 

nickel(ll), copper(n) and zinc(ll) were dissolved in 3M, 0.75M, 

0.3M and 0.75M aqueous ammonia, respectively. 
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7. Calorimetry * 

Integral heats of solution were measured In a calori-

*F meter consisting of a silvered Dewar flask equipped with a 

mechanical stirrer and a Beckmann thermometer. One litre of 

solvent was used in each experiment. The weight of the sample was 

between 0.2 and 0.3 go. The heat capacity of the calorimeter was < 

determined from the change in temperature caused by a known 

quantity of electrical energy from a heater made of ohronel A wire 

encased in a glass tube containing distilled water as a heat 

conductor. An Eico low-ripple battery eliminator was used to supply 

rectified power. Throughout the period of heating Una voltage and 

current were quite steady at,?for example, 4.00*0.02 volts and 6.00 

*0.002 amperes. Correction of the measured current -due to change 

in resistance of the heater due to temperature rise could have been 

made as shown in Appendix III, although this was unnecessary in the 

present experiments* Time was measured with 'a stop-watch to about 

240t0.1 see. Determination of the temperature change due to either 

the energy input or solution of the sample, which was probably the 

• limiting factor,.appeared to be accurate to ±0*002 degree. The 

heat capacity of the calorimeter changed slightly with the nature / 
/ 

of the solvent. The average value for each solvent concentration ! 
i 

is used in subsequent calculations. The minimal error in heat of ' 

• ° •' 

solution was about 12.1 calories* / 

Typical cdoling and heating curves are shown in Fig* 18. 

t 
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Figure 18 

Heating and cooling curves in a typical heat of solution 

measurement v, 
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AB is tiie cooling curve for the solvent which was heated initially 

to about ,29°C. When such a curve was linear, the sample was added 

to the solvent at B. There was a suddenrfemperature rise (or fall). 

Owing to thermal lag, the calorimeter was "given about 30 seconds 

for stabilization until the temperature'oamei to C when normal 

linear cooling was* resumed. Five minutes were taken before reaching 

[point D when the heater was switched on for £our minutes. When 

cooling was again linear, at point 1, the temperature was again 
• r 

recorded until point F was reached. _ A 

The temperature change due to solution of a sample was 

\J. obtained by the method described in Appendix II. It was assumed 

• that the rate of cooling along the lines AB, CD and EF was constant 

• for the temperatmrff^ange and this was found tgt*be so most of'1 the 

time* When this condition was not fulfilled, a graphic method was 

used to measure/the temperature change such as RS in Fig* 18. 

The heats of solution for the hydrate's of copper (ll) 

sulphate were measured in the same calorimeter* One litre of 

distilled water was used as solvent. For the hydrates of cobalt(H) 

chloride, nickel(ll) chloride and ferrous ammonium sulphate, the 

heat of solution measurements were done using a new calorimetric 

assembly which shall be described. About .0.3 gjR* of each salt was 

dissolved in 200 nl, of distilled water. All the salts dissolved «•• 

readily. Except forx copper sulphate, no hea^ of dilution data were 

available for the compound studied. Thus no attempt has been made 

to correct the heat of solution obtained, particularlyslfince energy 

J 
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fferences rather than the individual values were required for 

the measurement of ligand field splitting energies.' 
» 

8. construction of a calorimeter 

TT-s = ' 

The limitation of the calorimeter described previously 

was0 i t s inabi l i ty to measure the tenperature change accurately when 

the heat of solution of a sa l t was very sna i l . For such cases when 

AT was less than 0*0%°C, with an uncertainty of the thermometer of 

40.002°C, the error an the heat of solution could be greater than 

2036. To avoid this the new calorimeter was designed and built* 

The assembly i s shown schematically in Fig. 19* The 

essential features of this new apparatus are the same as the one 

previously described with the exception that the Beckmann thermo­

meter has been replaced by a copper-constantan thermocouple to 

measure the voltage change due/to the temperature change on 

solution .of a sample, or due to a known quantity of electr ical 

energy supplied by a heater* This voltage change could be recorded 

or read directly on a voltmeter* 

The voltmeter used to register the voltage i s a Hewlett-

Packard 41°A DC Voltmeter which has been made to be able to read 

a potential difference as small as 0.01 JUV. I t has a number of 

working ranges, from 3 9U.V to 10,000 V. Each range could be 

anplified to one full volt i f i t s output i s connected to a recorder. 

Thus i f 0*1 JHV i s registered on the 10 juv range, the output would 
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Figure 19 

Calorimetric assembly 

1 

2 

3 
4 
5 
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7 
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10 

11 
12 

13 

14 
A 

V 
Rl 
B2 

B 

stirrer 

glass funnel for sample delivery 

wooden box 

foamed polystyrene cover 

heater, 4*75 ohms 

200 ml* silvered"Dewar flask 

solvent 

pyrex tube encasing thermocouple 

thermocouple 

\ test-tube containing t-butanol 

]t-butanol 

Cahn recorder controls 

419A DC null voltmeter 

recorder 

ammeter 

voltmeter 

auxiliary resistance 

heater, 4*75 ohms 

12-volt battery . 
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be O.01 V, but if 0.1 >»V is registered on the 3 J»TT range, the 

output would be 0*03 V. 

The physical principle used in the construction of this 

new calorimeter is that of thermoelectric effect where it is known 

(148) that the e.m.f. generated by thermal effect on a thermocouple 

system is* 

e.m.f. * J OC.dT 

«1 

where o[ is the constant for a particular pair of metals used for 

constructing the thermocouple and dT is the temperature ® 
J differential. It is clear that the e.m.f• induced is dependant * 

only on the temperature difference between the two junctions of the 

thermocouple, Ty- T->. fr 

If the temperature of the cold junction is^designated 

as Tl (^ being constant) and that of the hot junction in the 

solvent aB T 2, the voltage recorded is 'completely determined. For 

T, at 0°C, the melting point of ice, and T 2 at 22°d, room tempera­

ture, the e.m.f. would be registered as 0.868 mV. To measure this 

voltage on the voltmeter above, the working range wuld have to be 

of 1 mV or 3 mV. If a salt is dissolved, its heat of solution 

would cause a change in the temperature, T 2, of the solvent to 

T 2 + A T 2 , which in turn would cense a change in voltage. This is 

usually of the order of 10/IV. Such a change in voltage is very 

insignificant in the 1 mV working range. 
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To avoid this, the initial voltage caused by the 

.temperature difference T 2 - T-̂  should be very small so that a more 

sensitive working range could be used and consequently a change of 

10 jaV could be detected easily. This requirement oould be obtained 

by placing the two junctions at approximately the same tenperature. 

There are two ways of doing this* one way is to bring 

the temperature of the reference junction to room temperature,, as 

the solvent is, or alternatively to lower the temperature of the 

solvent 'close to that of the reference junction. The second 

method is difficult to put into practice but the first method could 

easily be implemented. 

In the present investigation, the tenperature of the 

equilibrium between 

t-butanol(eolid)*=* *~1mtanolfliquld) 
o 

was used as T, because at room temperature of about 22 C this 

equilibrium could easily be attained* Other compounds could be 

used instead but they may be more difficult to obtain and probably 

are more expensive. 

Alternatively one could use the tenperature of the va­

pour of a pure liquid at its boiling point as the temperature of 

the reference junction, T, • The advantage of this method is that 

by varying the pressure above the liquid, the temperature of 

boiling could be varied at will to suit the tenperature of the 
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D 

solvent. However, a more elaborate0set-<up would be necessary to 

isolate the reference junction from the temperature of the room. 

The capacity of the Dewar flask used was 200 ml. 

instead ff one litre to ensure that the voltage change was high 

but that it could also still house the shaft for the stirrer., the 

encased thermocouple, the beater and the funnel for sample delivery. 

Using the optimum working range, the calorimeter could 

read as accurately as ±0.001 at O.O46 cal. This is exemplified by 

the results given in Table 7 and Fig. 20 where the number of -

divisions on the recorder is plotted against the number of calories 
•i 

supplied by the heater. The linear relation shows the accuracy one 

could obtain from $his assembly* S 

9. Hydrates of cobalt(ll) sulphate 

lower hydrates of cobalt(II) sulphate were prepared 

from the heptahydrate of Baker analyzed reagent grade by heating in 

an oven or in vacuo* as previously described (71) / For * reflectance 

study the %,alt*as placed in a shal^w^glas^cj^^ioh^^uldjbe 

fittedy into-the-saaple^holder of a tfnioan SP 5°0 reflectance 

attachment. The standard used was MgCO, for the whole range of the 

spectrometer (200- 1000 mja). 

For an infrared study, the high-energy hydrates of 

cobalt(ll) sulphate were obtained by dehydrating the salt under 

vacuun in the presence of BaO as desiccant* The low-energy 
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Table 7 

Recorder rei as function of power supplied 

Power supplied 
in oalories 

no. division 
on recorder 

50.1. 

37*5 

. 12*5 

24.9 

" </T4»8 

124 

148 

198 

11*5 

'8 .3 

3.0 

6.1 

16.6 

27.4 

33*2 

44.0 

r 

m 
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Figure 20 

Recorder reading as a function of*power supplied 

tt> ' 
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modifications of these hydrates were obtained by heating the 

heptahydrate in an oven. Each IR spectrum was obtained from a 

nujol mull of the salt between two sodium chloride plates, using 

a Unican SP 1000 infrared spectrophotometer. 

For the purpose of preparing some deuterated complex 

of cobalt(ll) sulphate, about 4 ml. of saturated solution of the 

anhydrous salt in"DJ0 (supplied by Stonier Isotope Chemicals) was 

prepared at about 100 C, When the solution was cooled, crystals 

of the deuterated complex of cobalt(ll) sulphate appeared. This 

complex will be referred to as salt I. 

About 2 gm. of salt I were heated in an oven at 130°C 

for 12 hours* The produot obtained, salt II, was essentially of ' 

composition COSO..DJ0, as verified by its IH spectrum, Fig. 36 on 

page I65. Salt II was then exposed to water vapour at room 

temperature for 12 hours in a previously evacuated reaction tube, 

in the same way that the ammine complexes were prepared. The 

product obtained after rehydration, salt III, appeared to be moist -

a phenomenon which seems to occur for the rehydration of C«S04 (51). 

It was dried over a stream of air at room temperature. The IR 

spectrum of salt III is shown in Fig. 37. The salt is essentially 

of composition Co(H20)gS04*D;20. 

Salt III was divided into two portions* One portion 

was dehydrated under vacuum up to about the dihydrate conposition 

(salt IV), and the other portion was dehydrated in an oven to 
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) 
yield salt V of composition Co(H20)S04.D20. The spectra of salts 

IV and V are shown in Fig. 38 and Fig. 39» respectively. From 

Fig. 38, salt IV appears to contain no heavy water. 

^ S 

# 
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RESUIffS 

1. Ammine complexes 

The results given in Tables 8\to 13 and Figs. 22 to 27 

show that linear relations are obtained by plotting the heats of 

solution in oal* per gram of solute against the percentage of 

ammonia in the samples. The vertioal lines- in Figs. 22 "to 27 ) 

are at the monoammine compositions. Since the heat of solution 

lines AB (between the free salts and the.monoammines) have 

different scopes from the heat of solution lines BC (between the 

monoammines and heptaammines) it is evident 'that the last -

ammonia is bonded differently. Thus it is assumed that the 

monoammines are M(S0..HH,). ^_ 
4 3 ^*^ 

As in the case of the aquo complexes, the lines CE 

which represent the maximum possible heatsof solution for 

samples which might be prepared from the heptaammines, MS0..7NH,., 

which are probably /~H(NH3)g_7
 +(S04.NH3)

2", have been 

calculated and'drawn through the point C for each heptaammine. 

For the ammine complexes of the sulphates of 

manganese(ll) and iron(II), the heat of solution increases with 

increasing ammonia content in the samples. This relation is 

shown in Fig, 21 by the open circles which denote the heat of 

solution for some ammines of manganese(ll) sulphate. That the 

free salt has lower heat of solution than the higher ammines is 

/ 
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Figure 21 

Heats of solution for ammines of manganeee(ll) sulphate 

--'-"''"" * in IM HCl , , 

\ 

• n 
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PERCENT AMMONIA IN SALT 
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contradictory to the previous observations on the hydrate's and 

the ammines of the sulphates of cobalt(ll), nickel(ll), copper(ll) 
&- * 

and zinc(II) . For various reasons which will be cleaf later, it 

appears that all ammonia molecules in the samples w«re 

neutralized by the hydrochloric acid, with evolution of heat* . 

.This heat of neutralization is« represented by the straight line 

PQ in Fig. 21 passing through the origin with a slope of 7*10 

cal./one percent annonia* The full circles in Fig./21 therefore 

denote the differences between heats of solution obtained 

directly and the heats of neutralization of the ammonia content, 

giving the normal relation* such as have been found for other 

systems. These corrected values are used for subsequent 

discussion and plotted in Fig. 22 for ammines of manganese(ll) 

sulphate and in Fig- 23 for ammines of iron(ll) sulphate* 

For consistent results, it is necessary that all heat 

of solution samples dissolve to give the same species in aqueous 
*"> x* ** i 

solution of either ammonia or hydrochloric acid. Hhile the 

hydrates would for% hexaaquonetal(ll) ions when dissolved in 

water, it is not necessary that the ammines form hexaamnine-

metal(ll) ions when dissolved in aqueous ammonia solution* The 

oonsisteni results, however, suggest that it is reasonable to 

assune that the hexaammines were formed in solution* However, 

even if it were some other species such as" £"K(HH3)x(
H20)o-x-7 » 

„ " - . ' *• 

the difference in heat of solution such as 0-^ would be 
*j 

unchanged* 
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Manganese(Il) sulphate 

/ 
; / 

Using the method of l ea s t squares, the heat of solution 

data for the low-energy ammines of manganese(ll) sulphate oould 

be represented by the equations! 

yBC - -2 .36 - l*32x, 

and yj« * 52*4 - 4*17x, 

where the line BC represents the .heats of solution for the low-

"energy ammines obtained by heating the high ammine in an oven, 

and the line ff represents the heats of solution for the lower 

amrairfeB similarly prepared at higher temperatures* The two 

lines appear to intersect at .the dianmine composition, I. 

Attempts to obtain a sample of nonoammine with heat of solution 

falling at point B were not successful, several sealed tube 

experiments were done but samples obtained this way were 

insoluble in IM aqueous hydrochloric acid. 

The samples obtained by vacuun deanmoniation have heats 

of solution falling along the line IH which intersects the line 

BC at the tetraammine composition, jf. The linear relation for 

the line FH, obtained by the method of least squares, is 

y _ - 90.6 - 4*15x. 

By extrapolating the line BC in Fig. 22, the heat of 

solution for Mn(NH,)gSO.*HH^ (with 44.14$ annonia) has-been 

estinated as -60*5 cal./gn. and that of Mh(S04*HH,) as -15*7 
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Table 8 

Heats of solution for amraines of KnSO, 
•> 4 -

Percent 
ammonia 

18.17 
19.20 

24.92 , y 
25.28 

31.08 ^ 

32.36 

35.15 
38.31 ' t 

0.0 

1.90 

2.16 

6.02 

8.07 

9.68 

11,68 

I I . 8 3 
12.17 

12,54 

13.83 

Heat of solution 
(cal . /gm.) 

-24.1 
—26.1 

-38.2 

-38.5 

-44*9 
—&2.,A 

-5O.O 
-50.8 

54.1 
42.6 

45.2 
29.6 

20.0 

8.91 

2.87 
9.22 " 

• 6.91 
r -1.71 fc 

-5*09 

Method of 
preparation 

heat a t 75°C 

"' *« 

*• 

• • 

• • 

direc t preparation 

•>• 

•> « 

heat a t 300°C 

• * tf 

• • * 

* • 

• • 

heat a t 141°c 
0 

*, •# 

• • 

* • 

* m 
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Table 8 (continued) 
ifr 

Percent 
ammonia 

0.0 
2*53 
8*40 
9*05-

10.75 
11.91 
12*36 
13.34 
13.44 
18.26 
25.58 

26.24 
" 

Heat of solution 
(cal . /gn.) 

93*1 
78.0 

56.4 
- 49.4 

46.0 
41.2 
36.3 

37.3 
36.5 
19.0 

-14.9 
-21.0 

" 

Method of 
preparation 

vacuun at 112°C 
. . 

•> . . 

•• 
. . 

vacuum at room temp. 
. . 

•* 
Af 

• • 
• • 

• •-
a 
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Figure 22 

Heats of solution for ammines of MnSOj 
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cal./gn. The line CDS has been drawn by using the slope of 

-4.15 passing through point C for Mn(HHj£S0>.BH*. Thus it is 

possible to estimate the heat of solution for the high-energy 

MnS0..NH, at D as 80.5 cal./gm. This value gives the maximum 

energy of transition, for the monoanmine composition as 96.2 

cal./gm. or 26*0 kcal./mole of heptaammine, whioh is equivalent 

to 9.10 X 10 3 cm."1. 

Iron(ll) sulphate „, < y 

Heat of solution data for the ammines of iron(ll) 

sulphate have been treated similarly* The linear relations aret 

TBC " ~24*0 "* 1*22x» 

h y t t - 38.1 — 4.57*, 

and y _ - 82*5 - 4*59x. 

The lines TK, and BC appear to intersect at the diammine compo­

sition, I. Salts with ammonia content lower than I could not 

easily be obtained. Even though they were heated in sealed 
0 

tubes, their heats of solution fell on the line IE* 

Extrapolation of the line BC gave the heat of solution 

for Fe(NH,)gSO..NH,, with 43*96jC ammonia, as 77*4 cal./gn. and 

that for FeS0..HH,, with IO.O85G ammonia, as -36.2 cal./gm. 

Using the slope of -4.59, the line CDS has been drawn represen­

ting the high-energy modification line with an equation 
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Table 9 

Heats of solution for ammines of FeSO 

Percent 
ammonia 

15.05 
18.31 
20.46 

23.06 

25.8O 

25*90 
34.08 

37.24 
39*66 

3.78 
4.76 

8.63 
I4*'62 

15.82 

7*65 

'9 .13 
9*20 

11.25 

12,97 

15.95 
16.77 

4.01 

Heat of solution 
(cal./gm.) 

-42.2 

-45.0 
-48.2 

-54.4 

-53.9 

-57.3 
-65.6 

< -68.5 
-72.1 

. 68.4 
60.7 
41.8 

14.9 

7.74 

6,76 , 
~»*r* - 6.30 

- 3.81 
r-16.6 

-20*3 

-34*7 , 
-38,0 

- 6.67 

Method of «, 
preparation 

sealed a t 123°C 

ove* H2S04 a t 22°cf 
heat a t 79°C 

• • 

** 

*• 

direct preparation 

• * 

* • 

vacuum a t 79°C 
. . 

. . 

vacuum at 22°c 

«. 

sealed at 123°c 

heat at 79°C 

sealed a t 123°C 

heat a t 79°C 

sealed a t 123Qc 

sealed at 123°C 
over H2S0. a t 22*b 

sealed a t 123 C 
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Figure 23 

Heats of solution for ammines of FeSO. 



V 

PERCENT AMMONIA IN SALT 



— Ill — 

1 

yCB m 124 ->4*59x. 
c 

Psing this equation, the heat of solution for the nonoammine at 

D was found to be 78.3 cal./gm. or 31.0 kcal./mole of hepta­

ammine which is equivalent to 10*9 X 10^ on."" . 

Cobalt(ll) sulphate 

• / 

The heat of solution data for the ammines of coba l t ( l l ) 

sulphate may be expressed by l inea r re la t ions as t 
yBC - 167 - 5*09*, 

yAB " 191 ~ 8 , 2 6 x * 

and y „ .* 296 - 8.26x. 

Extrapolation of the l i ne BC gives an estimate of the heat of 

solution of Co(HH,)gS0,»HH,, with 43*38$ ammonia, as -54.0 ca l . 

per gram and tha t of Co(S0 .*MH.), with 9*89$ ammonia, as 117 

-ca l . /gn . The l i n e CDE with a slope equal to tha t of the l i n e 
t 

Ffl in Fig. 24, has been drawn through the point C for 

Co(HH,)gS0j(,*HH:,» The heat of solution for the high-energy 

CoSO..NH- at point D on the line CDE is then calculated as 223 

cal./gm. Therefore, the maximum energy of transition is 
11 Q 

227 - 117 - 106 cal./gm. 

which is equivalent to 10.2 X 10J cm, per mole of Co(NH3)gS04.RH3. 
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Figure 24 

Heats of solution for aomines of CoSO. 
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' -"""" Table 10 

sy 
"' - Heats of solution for anmines of CoSO 4 

Percent 
ammonia 

4*39 
10.3 • 
22.2 
26.2 

30.1* 

32.9 , 

38.3 

10.4 
12,1 

18.1 

23.2 

24.7 
28.2 

39.8 

0.0 

2.15 

3*92 
8.89 
9.78 

Beat of solution 
{cal./gm.) 

a. 

261 

212 

111 
74.0 

47.2 

24.5 
-16.8 

110 
108 

76.4 
51*1 
46.6 

18.2 

-35»6 

201 
180 

15SL 

131 
113 

Method of 
preparation 

vacuum at 100°C 

. * 

vacuum at 48°C 
vacuum at room -tern] 

. . 

direct preparation 

.. 

direct preparation 

heat at 130°C 

heat at 80°C 
.. 

heat at 40°C 

heat at 140°C 
direct preparation 

heat over 350°C 

heat at 300°C 
.. 

heat at 130°C 
direct ̂ preparation 

*•* 
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yiokel(II) sulphate 

Similar linear relatione for the heat of solution data 

for the ammines of nickel(ll) sulphate arei 
0 " 

Q 

y ^ » 116 - 3.60x, 

y m 250 - 6,96x, 

. *~_ * " ~'- and 31^ •» 176-u6.98x. 

--—iower ammines of nickel^Il) sulphate prepared under vacuum gave 

* beats of solution along the line FB in Fig. 25, but sample* 

prepared by heating in an oven gave lower heats of solution, 

falling between the lines IK and IH, as shown by ihe points 

marked with open circles. The line' IK was obtained for the; heats 

of solution of samples'; having approximately the desired percentage 

of ammonia which were heated in sealed tubes at elevated tempe­

ratures. 

Extrapolation of the line BC gives the heat of solution 

of Ni(HH3)6SO..NH^, with 43.15^ ammonia, as -41.0 cal./gm* and 

that of 5i(S0..NH3), With 9.91# ammonia, as 79*9 cal./gn. The 

line ODE in Fig. 25, drawn through the point C for hexaammine-

nickel(u) sulphate npnoammine, has been calculated using the 

slope of the line FH as 

yCE - 262 - 6.961. 

The heat of solution for the naximum possibly high-energy 
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Table 11 

Heats of solution for anmines of HiSO. 

Percent Heat of solution ' Method of 
ammonia . t (cal./gn.) preparation 

0.0 246 ' vacuun at 130°C 

12.5 160 vacuun at 100°C 

-18.3 " 129 vacuun at 70°C 

22,1 $3.2 vacuun at 70°C 

31*4 28.3 **" vacuun at room tenp. 

39*9 " -27*t direct preparation 

19.6 48.2 heat at 253V 

,27.1 11.8 heat at 77°C 

30.6 • 6.4O heat at 70°C 

32.2 0.0 heat at 70*0 

39.0 -23*5 , direct preparation 

39*9 -27.7 direct preparation 

0.0 177 sealed tube 350°C " 

2.94 155 sealed tube at 340°C 

11.6 95.8 sealed tube at 20O°C 

13.8 80.0 sealed tube at 200°C 
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Figure 25 

i 
Heats of solution for ammines of HiSO 
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modification of fliSO..NHj a t point D on the l i ne CDE can then be 

estimated as 193 oa l . / ga . Thus the maximum energy of t rans i t ion 

can be calculated as 113 oal./gar. which i s equivalent to 10.8 
•a _ 3 

X J.Qf cm^. per mele of HiS0.*7HH3. 

Copper(il) sulphate f 
a 

i 

—- _ Data tor the heats of solution for ammines of copper(II) 

sulphate have been treated similarly. The linear relations are« 

'BG 

7FH 

90.6 - 3«86x, 

218 - 7.52*» 

yIK " 191 * " 7 * ^ x . 

The heat of™solution for the heptaammine of copper(ll) sulphate 

which i s probably hexaamminecopper(II) sulphate monoammine, 

Cu{SH3)"gS0i,.NH3, a t point C was estimated by extrapolat ing the 

l i n e BC, and was found to be -74*54 cal . /gm. , and the heat of 

solution of Cu(S0.*NH,) was found to be 53«37 cal./gm* Using 

the slope of the l i n e FE as -7 .52 , the l i n e CDE has been drawn 

to pass through the point C. This l i ne allows the estimation of 

the heat of solution of CUS0..NH, of high-energy modification as 

174.7 cal . /gm. Thus the heat of t r ans i t ion , «i_B, i e 121.3 c a l . 
x —1 

per gm. which i s equivalent to 11.8 X 10 J c*. per mole of 

heptaammine whioh i s probably the e n t i t y whioh contains the 

2+ <fCu(HH3)67 ** species. 
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Table 12t 

Heats of solution for ammines of CuSO. 
n. 4 

Percent 
ammonia ̂  

0.0 
1.11 

1.74 . 

9.50 

9.74 

10.9 

13.2 

16.1 

19.7 

20.3 

23.1 

24.7 

25-4 

26.5 

28*2 

29.91 

30.00 

30.90 

31.10 

34.79 

0.0 

2.63 

3.50 

3.78 

Heat of solution ̂  
(cal./gm.) 

127 
" 118 

119 
58.1 

52.6 

47*7 

V 35*6 
' - ~ 21.2 

±4.2 

10*5 
>; - 0.76 

- 9.36 . 

-11.4 

-17.0 

-17.3 

-20.5 

-26.5 .' 

-32.3 

-28.0 

-46.5 

199 
176 

170 
169 

Method of 
preparation 

sealed tube at 240C 

.. 

sealed tube at 140°C 

. . t 

.. 

.. 

.. 

.. ( 

.. 

sealed tube at 100°C 

.. 

.* 
I . . •> 

direct preparation 

heat at 100°C 

heat at 100°^ 

direct preparation 

direct preparation 

vacuum at 240°C 

vacuum at 100°c * 

• « 

.. 

•\ 
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Table 12 (oontiiined) 

-
Percent 
anmonia 

9.64 

9.74 , 
10.00 

14*5 
15.0 

17*2 
19.0 

24.5 

25-4 -
26.6 

28.2 

28.7 

0.0 

1.60 

2.00 

5.00 

6.81 

17.6 

19.7 
25.2 

29.5 
32.57 

34*09 . 

34*35 -

34.79 

i - ' 

. 
b e a t of solut ion 

( c a l . / g n . ) 

123 
128 

123 

89 . I 
• 82.7 

. 70.9 

53.2 

12.3 

11.4 

- 1 . 3 2 

- I 5 . 9 
-18.9 " 

215 

206 

_-. 204 • 

\ 179 
„ ) 168 

V - ^ 92 .2 ' . 

63.7 
25.8 ' 

- 3.79 : 

-23.4 

-40.4 

«m 

^ 

Method of 
preparation 

*. vacuun a t 40°C 

•• 
«* 

• • 

• * 

• • 

• • 

- vacuum a t room ten] 

• * 

.» 

• • 

• * 

vacuum a t 200°C 

*• 

*• 

•« 

Vacuun a t 60°C 

• • 

vaouun a t 38°C 

d i r ec t preparation 

• • 

« « 

. . 
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Figqre 26 

^ 

Heats of solution for ammines of CuSO. 
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Zinc(II) sulphate 

The heats of solution for* zinc(ll) sulphate complexes 

with ammonia can be expressed est 

yAB " 1 2 7 " 7,32l» 

y w ' - 88.2 - 3.74x, 

and ym - 201 - 7.32x, 

As shown in Table 13, simple-beating of a high ammine Yn an oven gave 

lower ammines, with heats of solution falling between/the lines AB 

and FH in Fig. 27, These points are marked with thfe open circles. 

To obtain lower ammines with heats of solutiojĉ falling on the line 

AB, the salts with the desired compositions were heated in sealed 

tubes at elevated temperatures.° 

The heat of solution for 2n(HH3)6S0..HH3» with 42.7638 

ammonia, was estimated as -71.6 cal./gm. and that for Zn(S0..HH3) 

as 52*5 cal./gm. Using the slope of the line FBH, the line CDS has 

been drawn having the equation 

T<x - 240 - 7*32x, 

which gave the heat of solution for mOnoammina at D as 170 cal./gm. 

The maximum heat of transition is 117*5 cal./gm. or 32*9 kcal./mole 

of heptaammine which is equivalent to 11.5 X 103 en. . 
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P Table 13 

* 

Heats of solution for ammines of ZnSO 

Percent Heat of soiAtion Method of 
ammonia (oal./g».) preparation 

>- I I i n i i i i i i i . 

.198 

125 -
101 

81.8 
I6.4 
17.4-

^ 

0.0 
9.63 

10.86 
l4*47 
16.43 
24.61 
25.21 

4.41 
5.70 
5.S4 
6.12 

9.57 
11.74 
12*48 
14*58 
15.29 
16.10 

0.0 

1.05 
2.06 
6.56 

9*60 

5.27 
5*88 

118 

112 

115 

100 

79.7 

71-9 

54*7 

48.1 

40.9 

36*5 

; 1 24 

118 
L 113 

75*1 

, 52.7 

89.9. 

89*4 

vacuun at 298°C 
vacuum at 210°C 
vacuun at 203°C 
vacuun at 100°C 
vacuum at 87-°C 
vacuum at room tenp* 

** 

heat at-300°C 

heat at'300fc 

heat at 265°C 

heat at 240°€ 

heat at 260°C 

heat at 190°C 

heat at 70°C 

heat at 120V „ 

heat at 110°C 

heat at 140°C 

sealed tube 350°C 

sealed tube 240°C 

sealed tube 350°C 

sealed tube 300°C 

sealed tube 300°c 

sealed tube 300°C 

sealed tube 335°C 

^ 

V 
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Table 13 (continued) 

*" 

Percent 
ammonia 

9*60 

^9.43 

24.03 

27.32 

29.67 

34.15 

J-V 

* 

( 

-

Heat of solution 
(cal,/gm.) 

52.7 

15.4 

- 2,08 

-14,4 

• -22,9 

-38.8 * 

Vy 
Method o£&->#*s^ 
preparation ^ v 

sealed tube at 200°C 

sealed tube at 50°C 

heat at 36°C t 
' direct preparation 

• • 

• • 

* 

(y ) ^ 
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*v 

Figure 27 

Heats of solution for ammines of ZnSO. 
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2. Copper sulphate pentahydrate 

The„first group of experiments with the iiydrates of 

.copper(Il) sulphate wa# done to reproduce earlier data given by 

Frost, Toon and Tompkins (68). The low energy hydrateB were 

prepared by heating the pentahydrate in an oven or by dehydrating 

it over concentrated HJ50. in a desiccator at room temperature. 

Tne heats of solution listed in Table 14 shave been corrected for 

by Lang et al» (119) « The linear relation, calculated ~by the 

method .of least squeres,.has been found to be . 

y M 82*71 - 2*57x. 

Though the present results seem to be in close agreement with 

previous data, they differ in that there is no break in the slope 

at the trihydrate composition* 

The heats of solution for the salts obtained by 

dehydrating the pentahydrate, under vacuum are given in Table 15* 

Tarious samples were placed sinultaneously at a pressure of 0.05 ,-'' 

Torr. However, the use of this technique caused a considerable 

lapse of tine before a pressure of 0.05 Torr was obtained, thus 

resulting in some samples having heats' of solution well below the 

line XX in Fig. 10 on page 45* However, since their heats of 

solution seen to fall in line with the heat of solution line FH, 

given by Frost, Moon and Tonpkins for the hydrates of high-energy 

nodification, these heats of solution seen to further indicate the 
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o 
Table 14 

Heats of solution for crystalline hydrates of CuSO, 

Percent 
water 

Heat of solution 
(cal./gn*) 

57.13 

56.00 

45.02 

40.78 

36.02 

<§ 32.12 

19.71 

18.85 

-0.43 

Method of 
dehydration 

heat at 160°C 

heat at 53°C 

over HgSO. 

\ . .« 

, . . * • 

9.97 

10.98 

14.5* 

15.98 

17.77 

19.83 

24.542 

25.07 *-

32.47 
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Table 15' 

Hydrates of copper(l l) sulphate 

several samples sinultaneously dehydrated* under vacuun 

pressure 5^1° Torr, i n i t i a l pressure high 

Percent 
water 

4.60 

7-33 „ 

11*93 

14.17 

17.99 
20.37 

a . 4 5 
25*21 
26*52 

Heat of solution 
(cal . /gm.) 

122.5 - * s 

108.8 

84.29 . 
65*76 % 

50*93 
40.40 

33.44 . 
35.46 

/24.74 

•r ' 

Dehydration 
tenperature C 

87 

57 
43 

43 

54 

' 54 ) 
t 22 ) 

22 

22 

k Table 1'6 

Hydrates of copper(l l) sulphate 
.-2 single sanple in vacuun line, pressure 5 X 10 Torr 

Percent 
water 

12*38 

19.97 

29*57 

32.24 

Heat of solution 
(cal . /gm.) 

83.77 

4.88 
^7 .87 
' 5-60 

Dehydration 
tenperature, C 

28 

- 46 
22 ' 

22 
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significance of the line FH. Therefore this has initiated further 

research to define the origin of the line FH along the line BC. 

r 

In an attempt to reproduce the line XT, the next group 

"°**v of experiments, therefore, was done with only single samples being 

dehydrated in the vacuum line. The, results obtained, Table 16, 

have therefore indicated the reproducibility of the results 

obtained by Frost, Moon and Tompkins (68) . * 

. Hycbates of high-energy modification 

In the previous investigations on the hydrates Of metal 

sulphates (71,72), it was found possible to prepare samples having 

heats of solution which fell on a line with a slope parallel to AB, 

such as the line CDS for the case of hydrates of cobalt(H) sulphate, 

and with intercept along the line BC at C (where C is the percent of 

water content of the starting material)• In the studies of the 

hydrates of copper(II) sulphate, attempts were nade to define such a 

line which passes through the pentahydrate composition. Several 

experiments were done at very low pressures and in the presence of 

various desicoants* The results obtained are sumnarized in Tables 

17-22* Even when fine crystals o*f the pentahydrate were used for' 

-6 

dehydration under vacuun at a pressure of about 5 X 10 Torr, no 

' product having the required heat of solution was obtained. Thus it 

appears that as yet the techniques and knowledge available are 

insufficient to enable the preparation of truly amorphous lower 

hydrates of oopper(ll) sulphate with heats of solution falling on a 
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Table 17 

Hydrates of eopper(ll) sulphate 
vacuun dehydration in the presence of BaO, p « 5X10~T,orr 

Percent 
water 

3.30 . ° 

5.88 

9.28 

18,93 

26.95 

30.47 

34.19 

> 

-~\ 

-

^ 

t 

Heat of solution 
(cal./gm.) 

133.1 

110.5 

99.72 

. 57.94 

27.40 

12.86 

2.94 

Dehydration 
Temperature, C 

81 
81 

"' 81 

43 
22 

22 
22 

Table 18 " 

Hydrates of copper(ll) sulphate 

vacuum dehydration at pressure less than 5 X 10 Torr 

Percent ' H6at of solution Dehydration „ 
water ^(cal./gm.) ' temperature, C 

8.46 100.0 - „ ' 8 1 

29.75 J5.33^ x 22 
35>.47 10.69 S 22 
33.21 7.33 { 22 ,jj 
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Table 19 

^Hydrates of oopper(il) sulphate' 
vacuun dehydration in the presence of BaO, 

pressure 5X10""^ Torr 

Percent Heat of solution Dehydration 
water (cal./gm.) temperature,°C 

. 5.12 * 113.3 41 
9-63 > 96.14 . * 22 

11.43 • 80.52 * - 22 
18,67 56.06 f . 22 
29.43 14.38 22 
29*81 ,16.06 22 

Table 20 

Hydrates df copper(ll) sulphate 
vacuun dehydration in presence of BaO and silica gel trap 

-6 pressure 1X10 Torr 

Percent Heat of solution , Dehydration 
water , (cal./gm.) temperature, C 

12.01 ;, 80.38 , 22 
20.36 ' 59.10 22 
24.20 ' , 36.31 22 
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Table 21 
• Hydrates of copper(ll) sulphate 

vacuum dehydration in the presence of BaO and graphite^ trap 
-6 

pressure 1X10 Torr 

Percent 
water 

Heat of solution 
( ca l . / gn . ) 

Dehydration 
temperature, C 

13.32 
26.20 
27.96 
33*02 

77.12 

29.42 
24.63 

0.73' 

c 
40 
22 

22 

22 

Table 22 
Hydrates of copper(ll) sulphate 

vacuum dehydration of rehydrated copper(ll)* sulphate 

Percent 
water 

Heat of solution 
"(cal./gm.) 

Dehydration 
tenperature, C 

11.18 

13.44 

18.34 

94 .'04 

74*85 

53.74 

22 

22 

22 

- \ 
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line originating from the pentahydrate composition and parallel to 

the line AB. 

The high-energy hydrates from the trihydrate 

n 

Since several experimental results, given in Table 15, 

have suggested that it was possible to obtain samples of lower 

hydrates with heats of solution falling on the line FGH, it seems 
s 

necessary to investigate whether the products of vacuum dehydration 

of the trihydrate would have heats of solution falling on the sane 

line. Thus the trihydrate of copper (ll) sulphate was used as 

starting material for vacuum dehydration experiments; the heats of 

solution for the products are listed in Table 25* When the points 

are plotted on the heat of solution graph, Fig* 28, they fall on the 

straight line FGH. 

Low-energy hydrates 

It appeared then that the most important problem was to 

prepare samples which were completely crystalline and thus would 

have heats of solution slightly lower than those given by Frost, 

Moon and Tompkins (68). Since heating the pentahydrate in an oven 

30. could not produce the 
4 

or dehydrating it over concentre 

required samples, sone hydrates were Cheated in sealed tubes at 

elevated temperatures. Unfortunately such ~a\technique was found 

only suitable for the preparation of crystalline hydrates having 

percent water content of 10.14 (the monohydrate composition) or 

less* Attempts to apply a similar technique for preparation of the 



higher hydrates were not very successful due to extensive 

decomposition. 

It was suggested that the lower hydrates prena*eA by 

dehydrating the pentahydrate of copper(ll) sulphate mighKcentain $ 

some high energy form. It is expected that in the presenceN^water 

vapour this would completely revert to its normal crystalline form. 

Therefore, some hydrates were prepared by exposing the anhydrous 

salt and the trihydrate to water vapour* However this technique 

gave little success as the heats of solution for the samples 

^ prepared this way did not usually give the required values, Tables 

23 and 24. Thus it was found necessary to prepare a purely 

crystalline lower,,hydrate which could be used for the preparation 

of other lower hydrates. Such a purely crystalline hydrate was the 

trihydrate of copper(ll) sulphate prepared by crystallising the 

salt from a concentrated solution of pentahydrate in methanol. The 

heats of solution for the salts prepared this way fell on the line 

BC as shown in the heat of solution graph, Fig. 28, and in Table 26. 

^ Tables 28-30*'summaria;e the data selected for the purpose 

of calculating tfie best equation for the straight line through all 

these points. Table 28 was used to calculate the equation for the 

line FH. Table 29 was used to calculate the equation for *the line 

BC and Table 30 was used to. calculate?^ equation for the line AB. 

tfsing the equation describing the line BC as 

T-gQ » 62*2 - 1.94 x, 
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Table 23 

Experiments with CuSO-.SHgC / 

Percent 
water 

Heatspf solution 
(cal./gm.) 

>**i!g~' 

Method of 
preparation 

24.85 

25.6^ 

28.07 

16.614 

11*56 

6.51 

pentahydrate over HgSO. ' 

rehydration of CUSO^.SHgO' 

Table 24 

Experiments with anhydrous CuSO-

Percent 
water 

Heat of solution 
(cal./gm.) 

Method of 
.preparation 

9*49 
9.63 

II.09 

34.89 

53.21 

54.74 

50.46 

•̂ 4.82 

rehydration of CuSO, 

t 
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Table 25 

Taouum dehydration of t r ihydrate 

Percent 
water 

4.24' 

5*99 

7*54 
10*56 

16.73 -
18.67 

22.18 

• Heat of solution 
(cal./gm.) 

118.8 , 

110*7 
107.2 
87J& 
55*02 

33*36 ' • 
25*66 

Table 26 

^Dehydration * 
tenperature; C 

« 

\ 

' 

9 

70 
70 

70 

43 
4 22 

22 
22.-

IV 

Experiments with CuS0..3H2O crys ta l l ized from methanol 

Percent 
** water 

-. 8.94 

10.59 
11.51 

11.87* 
25.30 

*• 

" 

Heat of solution 
(ca l . /gn . ) " X 

- 46.85 

. 45.39 
46.11 

38.56 

13.38 

-

Dehydration^ 
"temperature, C 

61 
61 

59 t 

59 

59 
/ 

\ y 
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Table 27 

Hydrates of copper(ll) sulphate 

in sealed tubes experiments 

percent 
water „ 

0.0 ' 

0.0 

3*69 

,8.27 

10.14 

Heat of solution 
__ (cal./gm,) 

96.58 

95.-63 

70.04 

49.48 

40.1 

15.80 ~ 37.14 ; 

21.23 

22.73 

29.88 

32.60 

20.06 ' -

17.61 ~~ 

6.20 

-O.74 

, Temperature 
of heating 

212 
246 

246 
246 < 

«200 

90 
90 
90 
90 

90 

* , 1 
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'the heat of solution for the crystalline monohydrate has been 

estimated as 42.5 cal./gn.} and that of the heptahydrate as 

-23.6 cal./gm. - The equation calculated for the JLine FGH is 

- 5.16" x. 
'$« 

144 

Using the slope of, the line FH as -5.16 , th& equation for the line 

CE parallel to the line FH passing-through the point c on the line 

BC has been calculated to be 

'CE 204 5.16 

The heat of solution for the monohydrate of high-energy modifica­

tion at D could then be estimated as 152* cal./gm. Therefore, the 

energy difference between points D and B is 109 cal./gm. or 31.3 

kcal./mole of heptahydrate. Expressed in wave numbers, this energy 
5 \ -1 

is equivalent to 10.9 X 10J cm. . ,-

'0-*. 

\ 

* 

X 
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Table 28 

Hydrates of copper(ll) sulphate > 

Data for calculating the equation for y_„ 

percent 
water 

1.11 

3.30 

4,24 
4.60 

5.12 
5.88 

5.99 

7*33 
8.46 

9.28 

9*63 
IO.56 

11.18 

11.43 

11.93 * 
12.01 

12.38 

13.32 

13.44 

14.17 

16.73 

17.99 

20.37 

a . 4 5 . 
22.18 

24.85 

heat of solution, 
(cal . /gm.) 

. *'• 134.1 
133-1 
118.8 

122.5 

113.3 
110,5 

110.7 
108.8 

106*0 

99*72 

96.14 
*87.086 

94.04 
80,52 

"84.29 
80.38 

83*77 
77.12 

~74.85 
65.76 

55*02 

50.93 
40.40 

33.44 
25.66 

I6.64 

vacuum 
dehydration 

at 81°C 
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Table 29^-

Hydratejr'of copper(II) sulphate 

for ca lcula t ing the equation for y. 

Heat of solut ion 
(cal . /gm.) 

BC 

Kethod ofrf 
preparation 

1 sealed a t 20O°C 

Iheat at 6l°C 

Jieat a t 59°C„ " 

Over HoS0„ *" 

oWer%2S04 

rehydration 

rehydration* 

over. H2S04 

dver HgSO. 

rehydration 

Table 30 

.? * Hydrates of coppej( l l ) sulphate 

Data for ca lcu la t ing the equation y 
AB 

,Percent 
water 

0.0 . 

8*27; 

">. 8 ' 9 4 

' 10*14 

«.?-

Heat of solut ion 
(cal./gm..}- <M' 

sealed at 

95.63 

70404 

49*49 

40 .11 ' J* 

246°C 

246°c 

U 246°e 

200*0 

200°C 

/ 

t * 

* . a 
M v. '} 
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Figure 28 

Heats'of" solution for hydrates of CuSO 
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3. The chlorides 

The heats of solut ion for the hydrates of coba l t ( I l ) 

chloride are summarized in Table 31 and F i g . 29 and those for the 

hydrates^of In ickel f l l ) chloride in Table 32 and F i g . 30. 

Cobal t ( l l ) chloride 

The heats of solution for the lower hydrates of cobal t 

ch lor ide , prepared by heat ing the hexahydrate i n an oven, were 

s imilar to, those for the lower hydrates of the' sulphate* l!be 
-* 

hydrates having composition between the hexahydrate and the mono-

hydrate had heats of solution falling on the straight line BC with 

the equation "» • ' 

.y - 116 - 2.72x, "' 

where x is the percent of water in the salt and y is the heat of 
» » r ' 

solution in cal./gm. The hydrates with*composition between the 

monohydrate and the anhydrous salt had heats of solution falling on'" 

The straight line AB with-the equation 
t 

" , y - 153 - 5."62*. . "" 

„ , The heats of solution for the lower hydrates prepared c 

° under\ vacuum, in the presence of only BaO as desiccant, have been. 

J ' * ' « 1' " 
fitted to the straight line FGH with the equation". * ' 

. , ' ' y - 201- 5»5ix. " ! 

1 ™ * \ t 

- By extrapolatirig the line BC to C, where C is the heptahydrate 

« \ 
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Table 31 

Heats of solution for hydrates of CoCl0 

\, 

f 
Percent % " Heat of solution • Method of „ 
Vater „ , (cal./gm.) . ,dehydration ' 

' i » '•' • ° ' ' ' ; ' i ^ • 

0,36 ' , 152 " * heat a t l6o°C 

1.95 • HO r \ ' , . . ' 
. 4*18 ,128 

7.69 " l l O , . . . , 

7*96 *'' 110 ' . . > I . , 

- ,8**96' 102 • " • * • • " . , > 

l l ' .S lv ' 87*0 • 

- ' ' ' 
- I5 .67 r . 71*8 , heat a t i2o°c 

15.82 , • ' 64.4 - * . . 
21*72 58.0 ' heat a t 75°C 
30.11 * 36.5 r , . . . ' 
38.40* ' ^ 10.2 over Hg(ci04)2 

40.10 . 8 . 1 ; heat a t 4?°C 

,40.14* . ' 5*5 ' over A1203 

45.43 < " • -8 .3 . . 

0.0 a . 181 ". vacuum with BaO,69 C 

t, 2.07 172 , * . . £ -I* 

2.25 . , ' 169 . . rl 

i l . 5 4 ' . - • 11'6 •> vapuum with-BaO, 22-°c 
11.58 ' * \ 120 " , . * ' ' 

11*6$ * \ ,r*~ • ^ l 'l4' * , - .*• 

12.32 - • _ ' l22 ' , " ' ; ' ', . ' • • , ' 
15.10- ' ! ' 101 ' , . . 

' 1 . * 

\ 
\ 
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Table 31 (cont'd) 

Percent 
water 

Heat of solution 
(cal./gn*) 

Method of 
preparation 

\ 

15.60 -
19.79 • 
20.92 

20*93 
22.03 

10.34 

14.04 
15.64 
I6.58 
18.76 

19,97 ' 
21.68< 
22.07 
22.71 

92.4 
72.3 
65*7 
64.9 
62.7 

144 
122 
112 
110 
102 
89.6 
79.8 
75-3» 
77.8 

vacuum with BaO,22 0 

vacuum at 58 C ** 
vacuum at 22°C ** 

* Jamieson's unpublished data 

.** with BaO, cone. HgSOY and activated s i l i ca gel cold trap 
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ffjgare 29 

Heats 'of solution for hydrates of CoCl, 

>, 
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composition, the heat of solution for the heptahydrate has been 

estimated to be -18.16 cal./gm. Using the slope of -5*52, the line 

CDE has been,, drawn. The heat of solution for the highest possible 

modification of the monohydrate at point D was then estimated to be 

'187 cal./gm. Since .the heat of solution for the crystalline, 

monohydrate at point B is 82.8 cal./gm., the heat of transition,, * 

0_Q, has been found to be 104*2 cal./gm, or 26.6 kcal./mole of 
3 -1 -

heptahydrate which is equivalent ,to 9*31 X 10J cm. . This value 

is in good agreement with the value of lODq found for the complex 

in crystals of cobalt(ll) chloride hexahydrate. 

' " -. ' N * 
Kjckel(II) chloride ' K, 

/ - * 

The heats of solution for the hydrates of nickel(II) 

chloride have been treated similarly. The heats of solution of ** 

the salts falling on the line BC are given by the equation 
"-••"! 

y - 132 - 2.96"x. " 
- X"; ' -' % „. \ ' r l, 

The heatp of solution for the salts prepared by vacuum dehydration 

of the hexahydrate in the presence of only BaO as desiccant fall on 

the line UK with the equation 

. y - 202 - 5-42x. 1 

By extrapolating the line BC tq C,/6he heat Of solution for the 

heptahydrate wa3 estimated to* be -14.2 cal./gm. and* that of the 

normal low I energy monohydrate at B was 95*5 cal./gm. £he line6CDE 
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) 

Table,32 

Heats of solution for hydrates of HiCl 2 

Percent 
water ' > 

Heat of'solution 
(cal./gm.) 

Method of 
dehydration 

3.12 

5-07 

145 

136 

heat at 150UC 

V. 
t « 

13.88 

20.61 

35-61 

37.10 * 

40.77 

45.47 

1*91 

6.37 

7.80 

10.96' 

12.87 

,15.51 
18.19 

20 .'43 

« 20.59 

^2.0 

68.4 

26.3 

" .22«8 

11*7 

r 3-53 

- 175 

"154 

^ 142 

• JL26 

-117-. 

94*6 

, 87.4 

•;;p 73.7 

t"f 78.8 

heat at 1Q0UC^ 

Over AlgOp 

Over HoS0. 2 4 

vacuum with^ BaO, 98°C 

' vacuum With BaO, 80°C 

vacuum with BaO, 80°C 

vacuum with BaO, 22°C 

X *x<-J. 
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Table 32 l'eont»d) 

Percent 
water' 

Heat of solution 
(cal./gm,) 

Method of 
dehydration 

' 6,13 

6.17 

6.74 

8,67 

16.08 

17.75 

•18-53 

19.03 

20.57, 

21.07 

21.07 

21.24 

21.84 

22,89 

25.46 

174 

1̂ 7 

•150, 

115 . 

107 

99*0 

^97*0 

' Q?'4 
87*6 

- 82.2 

, 89.9 
83.2 

77.5 

69.3 

vacuum at 76 C ** 

^ vacuum at 50°C ** 

vacuum at 30°C ** 

a? vacuum at 22 C ** 

-k 
* Jamieson's'unpublished data 

** with BaO, cone. HJSO. and activated s i l ica gel cold trap 

\ 
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Figure 30 
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Heatf of solution for hydrates of BiCl'„ 
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has been drawn to pass -through point C with the slope of -5.42. 

The, heat of solution for the highest possible modification of the 

monohydrate at D was estimated to be 187 cal./gm. Thus the heat 

of transition, 0_i» "as found to be 91.5 cal./gm. of monohydrate 

or 23.4 kcal./mole of heptahydrate.' 1 , 

4« Ferrous ammonium sulphate 

The heats of solution for the,hydrates of, ferrous 

ammonlnm salpihate are sumiaariaed, in fable 33 and in Fig* 31* The 

normal crystalline salte have faedts x>f solution falling on the 

„ lines FI and IE, where I is the dihydrate composition. Âttempts to 

, obtain the low-energy monohydrate, "having heat of solution I at point 

S, were unsuccessful. The compound decomposed when heated,{in a 
I ... , l i /* 

.sealed tube. 

about 1 X 

!\r--
r Under Vacuum,* when-thej pressure was high (greater than . 
i ."• '-."'Ir' . "" ' i \ • 
ixT^TOrr), the product!|of dehydration would tfayejheat of' 

solution falling'along, the line Ffc* * Hhen\ the pressure w4s lower \ 
-,' J.AX - \ \ ' , A * ' 1 f I *> 1 "' ' 

" than 1 X IjLO i^ToraL the bleats of solution "Of the product |would' fall 
on the line IJf *,41 \ *\' 

*̂ ' ' ^~,^y f * ' * "« ' * 
, The straight line equation for ,tW line™;FI is 

\ rFl\ 

© # i 

33.5 r 2 - ^ , -• 
. \ P 

while.that for thejUina IK "pt ^ ^ 

\\.. 

\ \ 

* \ 
yIK * f4,6; ~ 4#72jt* • 

V 

•» i 
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Table 33 

Heats of solution for hydrates of ferrous ammonium sulphate 

Percent 
water 

>9.48 
10.4 
11.2 

11.9 
14.1 

14.9 
' 19*0 
,23.52 
24.21 

24.37 
26.72 

27.56 " 

6.0 
1.38 

$•73 
6.62 

9.27 
10.7 
11.0 

11.3 

Heat oCSolution 
(cal */&»•) 

67*3 ' 
62.4 

4 60.3 
53.4 
41.8 

33.9 
32*9 
rO.14 

- 7.95 s 

I - 5.80' 

\ -15.45 
-22.47 

64.1 

58.4 
36.9 
34.1 
21.4 

15.1 ^ 
J*4£>*X 

10.2 

' Hethod of 
dehydration 

vacuum at 22°0 * 
V 

» 

1 f . » 

«&• 1 

. . 

heat a t 120°C 

mm u, 

heat a t 70°C 
heat a t 50°C 

4 
•• .* 

. . 
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-Percent 
water 

11.3 

17*57 

25*62 

27*56 

0*76 

2.74 
2.81 

3.26 

4.41 

'4*60 

5.36 

8.60 

8.65 

15-79 
16.64' 

17.0? 

/ 

Heat of solution 
(cal*/gm.) 

10,2 

- 2.34 

-20.00 

-22.47 

• 62.6 

58<6 

57.6 

60.6 

£2.8 • 

51*0' 

47.8 

39*0. 

39*9 

,13*6 

13*0 

/ 11*4 

* pressure less than 1 X 10"^ Torr 

** pressure high er than 1 X 10~4 Torr 

Method of 
dehydration 

heat at 50°C 

#• 

• mf 

" 

- .vacuum at* 22 C ** 
-

° 

^1 

. . 

• 
. . 

trfi 

/ b 
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and that for the line FGH is 

Ym - 109 - 4.76x, / 

By extrapolating the line FI, the heat -of solution for the 

monohydrate at B has been estimated to be 21,23 cal./gm. and that 

for the'heptahydrate a-t̂ C as -29788 cal./gm. The line CDB has 

been drawn parallel to the line IK to pass through the point C. 

The heat of solution for the highest possible modification of the • 

monohydrate at tf was estimated to be 38.26 cal./gm. Thus the heat 

of transition is 67.03 cal./gm*, which is equivalent to 9.62 X, K r 

cm." per mole pf heptahydrate. 

„ A" 
•v. * 

5 . Hydrates of cobal t ( I I ) sulphate 

The heats of solution for the hydrates of cobal t ( l l ) 
' / 

sulphate in IH aqueous ammonia are l i s t e d in Table 34 and plot ted 
t. 

in Fig. 32. The low-energy hydrates prepared by heating the •" 

heptahydrate in an oven have heats of solution falling along the 

line BC given by the equation -

yBC = 180.4 - 2.88x,' 

and along the l ine AB given by the equation 

7ja m 216.4 - 6.35x. 

In the presence of BaO as desiccant,,the products of 

^vacuum dehydration of the heptahydrate ha*e heats of solution 
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Table 34 

•Jf - i Percent 
water 

6.98 

16.15 

17.21 

24.82 

25.72 

27.05 

29.60 

33.97 

Heats of solution for hydrates of cobalt sulphate 
in 3 H aqueous ammonia 

Heat of solution 
(cal./gm.) 

233 

175 

173 

127 

128, 

115 

105 

80.6 

Method of „ 
dehydration 

vacuun a t 50 C * 

vacuum a t 221Dc * 

- 1.09 
1.82 

4*74. 

6.98 

10*30 

213 

199 

191 
.170 

\ 151 

heat a t 250°C 

11.25 

13.08 

13.15 

13.47 

14.70 

21.29 

22.53 

24.87 

37.24 

44.86 

153 

146 

145 

143 

146 

124 

115 

102 

67.O 

39.8 

heat at 150°C 

heat at 130°C 

heat at !10°C 

-<ai^ 

heat at 90 C 
V 
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Table 34 (eontfd) 

Percent 
water 

10-9 

13.7 
14.0 

16.0 

25.81 

28.88 

38.48 

44.^86 

Heat of solut ion" 
1 (cal . /gm.) 

219 
219 

295 

" 199 
148 

128 

74.0 „ 

39.8 

• 

' Method of 
dehydration 

vacuum a t 22°C ** 

* 

;, 

* with BaO 

** with BaO and activated silica gel cold trap 
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£> Figure 32 

Heats of solution for hydrates of oobal t ( l l ) sulphate 

' in 3K aqueous ammonia ^ 
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falling along the line FH uith the equation 

• _ "A , yFH«" 269.3 - 5(*6lx. 

Because of the relatively high pressure at the beginning of the 

experiments, these salts have lower heats of solution than the 

corresponding hydrates prepared by using'' an activated silica gel 

cold trap in conjunction with BaO as desicoants. By using both 

desiccants, the products of vacuum dehydration fell on the line 

CDB with an equation 

y0E - 284*3 - 5*39x* N 

\ 
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£• Spectroscopy 

1 Despite considerable evidence in support of the present' 

technique for the determination of the ligand field splitting 

energy, a theoretical justification is »still lacking. The 

formation of one would appear to require'more information about the 

nature of the electric field surrounding the metal ion, both in the 

normal crystalline salt and in its high-energy modification. This 

electric field, to a large extent, is determined by the lattice 

constituents immediately surrounding the metal ion •although the 

next nearest neighbours also play an important role. In the 

heptahydrate, the six water molecules determine the nature of this 

field and in the anhydrous sal^ the feature is determined by the 

sulphate ions. In the intermediate hydrates it is certainly a 
•8 

B 

mixture of these two species. 

The spectroscopic experiments were done for the purpose 

of examining the differences between the two modifications as this 

would be expected to help in correlating Q-y- to lODq. The infrared 

spectra would be used to identify the differences in the bonding 

and the electronic absorption spectra would be used to postulate 

the type of crystal field around the metal ion. 

Infrared spectra 
8 ' V 

While the full spectra of the salts are reported here, 
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only the fundamental modes of vibration of H20, Ba° ^ ^
 S®A shall 

be discussed. (The strong absorption bands at 2900 cm."* , I465 cm.*", 

* —1 —1 
1380 cm. and 700 cm.- are, all due-to various modes of 0-fi 

vibration in nujol.) . - „ , P * > 

P / ' » . I 
In the gas phasej^a m&Xex molecule has three fundamental 

modes of vibration (149,150) t T?, which is Raman active,, ̂ 2
 a n d ^3 

which are infrared active. -' 

V x « 3652 t> - 1595 V3 - 3756 ^ V 

-1 

When the water molecule is coordinated to a metal ion, as found in 

Co(H20)gS0,.H20, the O-H bonds are weakened by the decrease in 

electron density. This effect is shown in the decrease in the 

frequency of asymmetric stretching, ^,, which occurs at 3350 cm, 

in the spectrum of Go(HJD)zSO,»ff20 (112). When the salt is heated 

in an oven at 130°C, all the six water molecules coordinated to Co 

ion are lost. Thus in C0SO..H0O the last water in the salt is 

hydrogen bonded to the sulphate* ion (151)* Because it is 

differently bonded, vz ^ovdi. be significantly different from the 
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corresponding vibration of the coordinated water molecules. Thus 

no absorption ij3 expected to occur at lJSOO cnu~ • * 
o 

The infrared spel&rum of the high energy monohydrate, 

Fig. 14, page 63, shows an absorption band at 1650 cm." . " This 

appears to indicate that the remaining water is coordinated to the 

metal ion and is not hydrogen bonded to the sulphate ion as in the * 
a 

monohydrate o£ the' normal crystalline form. Thus vacuum dehydra-

tion appears to favour the removal of anionic water to tha-lrof-the 
', . ' o 

coordinated species. » „ j 

In order to further investigate, this "point, the 

dehydration.of the deuterated complexes of cobalt(ll) was studied.\ ^ 

The spectrum in Fig. 35 shows that in spite of the fact that the 

DgO was about 95$ pure, the amount of HgO present in salt I was 

quite significant. The band ai 3300 cm."" assigned to HgO is 

almost as intense as that at 2500 cm. assigned to>p20*" The j%& 

extent of "contamination" actually had no effect because most of 
' > s 

the HgO was driven off when salt I was heated to give salt II, * 
v? '*> 

Fig. 36. The DgO left appears to be hydrogen bonded to the sulphate 
ion together with traces of H 20. This conclusion is supported by 

—1 —1 ' 
the absence of bands at 1650 cm. and 1250 em. due to HgO and 

+ 

P90 deformation, respectively* 

It has been assumed that rehydration of salt II to form -

salt III under the described conditions would not involve DgO-flgO " 

exchange. The spectrum of salt III, Fig. 37, shows that this 
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Infrared spectrum of cobalt(ll) sulphate heptahydrate 
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Figqre 34 

Infrared spectrum of cobalt(II) sulphate monohydrate 
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r 

Figure 35 

Infrared spectrum of deuterated oobalt(ll) sulphate 

heptahydrate 
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Figure 36 

Infrared spectrum of deuterated cobalt (II) sulphate 

monohydrate 
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Infrared spectrum of hexaaquocobalt(ll) sulphate 
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assumption is quite valid since no DgO deformation frequency is 

observed *t 1250 cm. . Thus-BgO stays bonded to the sulphate ion 

with its 0-D stretching frequency occuring at 2500 cm. • This 

band persisted in the spectrum1 of salt 7 which was obtained by i 

dehydrating salt III in an oven but disappeared in,the spectrum of 

salt IV. On the basis ot these experiments, it has been concluded 

that under vacuum the anionic water must be evolved prior to the 

coordinated water. , * 

—1 
The weak band appearing at 980 cm. in the spectrum of 

Co(HgO)6SO..HgO has been assigned to the symmetric stretching of the 

sulphate ion. The asymmetric stretching band at about 1100 cm." 

is broad with several shoulders due to partial removal of the 

degeneracy. The extent of the splitting increases in the normal 

crystalline monohydrate as a result of coordination (152,153). 

In the high-energy modifications of these hydrates, the 

**-*u- ̂ ' a. * so/" _ .„. « — „lt„ ^ u«* 
splitting* This may be attributed to the loose vibration resulting 

« 
from lattice»ohaos or perhaps to the lack of covalent bonding so 

2— 
that the SO. -species exists in a purely ionic state, in which 

case the asymmetric stretching modes are completely degenerate and 

the symmetric stretching mode could not be seen because under 

symmetric consideration it is infrared inactive. 
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* \ 

Figure 38 

o 

Infrared spectrum for the product of vacuum dehydration 
v> 

of„Co(H20)gS04.D20 
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Figure 39 

Infrared Bpectrum of the product of dehydration of 

Co(H20)gS04*B20 in an oven. * 

*0 



4 

i f> -

$. i 

^ 

1 

,30NVXJ.IWSNVai 

\ j 



- 170 -

7» Reflectance spectroscopy , 

The reflectance spectra of the hydrates of cobalt(ll) 
i 

sulphate are given in Figs* 40 and 41. The assignment of the 

various maxima have been made with .the help of Tanabe and Sugano 

diagrams (154) for cobalt(ll) salts and various"previous investiga-

tions (74,96,155) . The maximum at about 21,700 cm." in the 

spectrum of Co(H20),-S0..H20 has been assigned to the electronic 

transition * ' 

while that at about 19;400 cm." has been assigned to the ' 

electronic transition 

—i *? 
The assignment of the more intense band at 19,000 cm. to the'spin-

4 2 

forbidden transition from the ground state T, (F) to the T, and 

u?2 has been made for several reasons. Strictly speaking the bands 

due to these transitions should be weak and sharp. However, it is 
A O 0 

possible that since the *j~(F)» %«»(G) and tIie V2e^ are close 

to each other in energy, spin-orbit coupling may occur between 

these states. This would result in the increase in the absorption 

intensity and broadening of the sain doublet bands. The close 

lying of the doublet, .states in energy results in the appearance of 

only a single band which represents the sum of the absorptions of 

both states, thus giving a considerable intensity of the absorption 
> " • • ' ' • ' i ' ' " - ' " " 

* This is a somewhat debatable assignment. See p. 871 of Cotton 
and Wilkinson (ref.11). 
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Figure 40 

Reflectance spectra of orystalline hydrates of c#baLt(n) 

sulphate 

1 COSO.*7H20 

2 CoS0..6H20 

3 CoS04*4H20 

4 CoSO..H2d 

5 CoS0.^20 

6 CoSO. 
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compared to the spin allowed transition band"due to the quartet 

\ 1 (P) state* ' , 

It should be noted that the most intense band at 

19,000 cm," remained constant in the spectra of the salts, from 

the heptahydrate to the anhydrous salt of cobalt(il) sulphate. If 

this band were due to the electronic transition to the ^i„(P) 

state, it would move toward the lower energy region as the ligand 

field decreases from the heptahydrate to the anhydrous salt. 

Instead, the absorption band at 21,700 cm." is the one that seems 

to be shifted to the lower energy region as the ligand field 

' —1 
becomes weaker. Thus the peaks at 21,700 cm. in the spectrum of 

—1 

the heptahydrate and at 17,000 cm. in the spectrum of the anhy­

drous salt have been assigned to the electronic transition from 

the, ground state to the TJ- (J») state. 

Referring to the Tanabe-Sugano diagram (154), it is 

obvious that the T* (G) and the * 2̂j,(0) states remain virtually 

constant with respect to the changes in the strength of the ligand 

field. Therefore the transitions to these states remain constant 

—1 
at 19,000 cm. despite changes in composition of the hydrates of 

i> 

cobalt(H) sulphate. 

' The electronic transition from the ground state to the 

not seen in the,-region of inve; 

8100 cm,"*1 (96). The transition to the \„(V) state oocurs just 

%2„(F) is not seen in the„-region of investigation since it is near 

alg* 

below the T»,-(F) sta^e and thus appears only as a shoulder at 
M'g^ 
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about 16,000 cm."" , on the intense absorption curve at 19,000 cm.~. 

As the salt gradually lost its water, the maxima 

shifted to the lower energy region until the spectrum of the 

anhydrous salt was obtained. The free salt shows the electronic 

transitions as follows, 

2*2g» \gW *~ \gW '«* 19,000 em."1 

t ( 

^T,-(P) •«- ' at 17,000 cm."1" Llgv 

'lg( 
and 4A, JF) *- at 13,800 era."1. 

The products" of vacuum dehydration of cobalt(ll) 

sulphate gave entirely different spectra, Fig. 41. The absorption 

maxima at about 20,000 cm. have broadened into just a single band 

with little, if any, shoulder. The various maxima seen in the 

lower energy region in the spectra of the low-energy salts are not 
» 

seen in the spectra, of the high-energy salts because it seems that 
-1 the absorption occurs within the entire region from 16,000 cm. to 

-1 > —1 
10,000 cm, #/| except for a little hump at about 12,500 cm. which 
is probably due to the electronic transition from the ground state 

to "ihe A, state. 
lg 

Thus the electronic absorption spectra of the normal 

crystalline hydrates of cobalt(ll) sulphate do not show the 

expected increase in the energy of transition as the symmetry of 

the ligand field decreases from 0^ to D.. . A gradual decrease is6 
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r 

observed, instead, as the percent of water content decreases, 

suggesting that the potential around the metal ion also decreases. 

While it is true that a tetragonal field in Co (HgO) .SO ..HgO must 

result in the increase in the energy of transition, this could only 

be so ir the remaining ligands exert the same potential as in the 

heptahydrate. Thus it appears that when the sulphate ions 

rearrange to fill the coordination positions left vacant by the 

water molecules, this would be accompanied by lattice contraction. 

This would bring the oxygen atoms from the sulphate ions closer to 

the protons on the water molecules and hence increase the hydrogen 

bonding* This hydrogen bonding would result in a shift of electron 

probability fro% the sulphate ion to the water molecule, the net 

effect of which is to depolarize the dipole moment and thus 

transform' it into a weaker ligand. Consequently, it would exert a 
At 

weaker potential on the metal"ion and therefore the split in the 

" d-orbitals would be smaller. 

From the lack of splitting of the band corresponding to 

the transition to %., (F) state, it appears Hiat the extent of 

depolarization is appreciable, so much so that the' potentials due 

to water molecules and sulphate "ions would be almost equal. If 

this were true, then the potential field must be approximately 

octahedral throughout the dehydration process. 

The spectra of the high-energy hydrates show all the 

features expected. The absorption due to the electronic transition 

to the T?lg(P) etate is quite broad. This could be attributed to 
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• Figure 41 

Reflectance spectra of high-energy hydratee of 

cobalt(II) sulphate 

1 9*6636 water l e f t in sa l t 

2 I9.OI56 water l e f t in sa l t 

( ) 
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the fact that the high-energy hydrate is loosely packed, resulting 

in the relaxation of the metal-ligand' bonds *-? "Since the mechanism 

of transition is vibronic in nature, the "absorption band would be 

broadened* 

However, the reason for the broadening of the band '* 

could also be attributed to the presence of all possible symmetries 

of the field, as a result of lattice ohaos. Since each metal ion 

is in a different field symmetry, it is expected that the splitting 
.* i. 

of the d-orbitals would be different. Some transitions would be 

higher and some would be lower. This is evident from the fact 

that the tai'Kof/ the ̂ - ( P ) band on the longer wavelength side 

.does nof go to Ozero ihut is broad right to the end of the range of 

the investigation (10,000 cm."*. ) • The only distinct feature, seen 

at about 13*000 Cm." , is a hump which is°'probably due to the 

transition to the A£J(F) state. Ho exact assignment could be 

made without further evidence. y 
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X-ray diffraction and electron microscope studies 

Parthasarathy (113) has examined some normal crystalline 

hydrates as well as their high-energy modifications with a 

polariaingXiicroscope* Host of the lower hydrates' showed some'"sign 

v 
of crystallinity. Four extinction positions were"observed in one 

complete rotation of the microscope stage. However, no ..conclusive 

evidence for the presence or absence of crystallinity could be 

obtained for the samples prepared under vacuum. 

In an attempt to search further for the evidence of 

crystallinity in the high-energy modifications, three different 

hydrates of nickel(ll) sulphate were examined by both the electron 

microscope and X-ray diffraction experinents. Salt I, containing 

16.04£ water, was prepared by heating Ni(HgQ)gSO. in an oven at 

145°C. The heat of solution for this salt fell on the line U K in 

the heat of solution graph for the nickel sulphate,system (72). 

Salt II, containing 14*09$ water, was prepared by heating the 

hexahydrate under vacuum at 59°C. The heat of solution for this 

• salt fell on the line FOH in the heat of solution graph. Salt III 

was prepared by heating a sample containing 14*59$ water for 12 

hours in a .sealed tube at a. temperature of 200°C. This salt was 

found to be insoluble in water* 

The different diffraction properties between salt I and 

salt II are shown by the presence of a few lines in PlateXl but not 

in Plate II. Thus it may be inferred that the products of) vacuum . 
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dehydration are amorphous or microcrystalline. As seen in Plate III 

the crystallinity of A the 3alt increases when it is heated in a 

sealed tube at an elevated temperature. It is seen that there are 

many more lines in Plate lit than in Plate I. 

The difference between salt I and saltan is less clear 

when seen by ««saf electron microscope. This is illustrated by Plates 

IV and V for salt I, and Plates 71 and VII.» There appears to be no 

sign of crystallinity at all in the two salts, which is in great 

contrast to salt III as shown in Plates VIII, IS and X. Plate VIII 

. / 
shows that the crystallization of the product of dehydration is 

partially complete at that temperature. This is evident from the 

t 
smoothness of the surface of the solid on the upper left side of 

Plate VIII. This is in great contrast to the roughness of the 

adjacent surface on the right side, where it is seen that minute 

crystals are formed. Under much higher magnification these minute 

crystals show sharp edges, indicating a high degree of crystallinity. 

Even though the present results give only slight 

information regarding the differences between several salts mentioned 

above, it is hoped that these experiments may give some indication 

to any interested reader about what to expect, if he is interested 

in investigating this subject further from this angle. 

#• 
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•a. 

X-ray dif f ract ion pa t te rns for some hydrates of 

sriso, 
4 . 

plate Ii Product of dehydration of Hi(HgO)gSO. 

in an oven at 1/-5°C - 16.04$ water. 

Plate lit Product of vacuum dehydration of 

Ki(HgO)6S0 - 14.09?? water. 

si 
Plate IIIi Hydrate of imo. with 14.59$ water 

heated in sealed' tube at 200°c. 

'i&i' 

^ 
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Plate I Plate II Plate III 
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Scanning electron microscope 

Plate IVJ Product of dehydration of 3S"i(Hg0)gS0. 

in an oven at 145°C - 16.04$ water. 

Magnification* X 225 

«& 

-« a 
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Scanning electron microscope 

*> 

Plate Vt Product of dehydration of Bî HgO)gSO. 
in an oven at 145°C - 16.04$ water. 
Magnification* X 7500. 
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Scanning electron microscope 

\ Vt 

Plate VIi Product of vacuum dehydration of 

M(H20)'6SO. - 14.09$ water. 

Kagnification, X 750 

» 
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Wr 

Scanning electron microscope 

Plate VIIi Product of vacuum dehydratio^of 
Ni(H20)6S04 - 14.09$ water " \ , 

Magnification* X 7500. 

T 
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Scanning electron microsoope 

Plate VIII* Hydrate of HiSO, vi th 14*59$ water 
heated in sealed tube at 200°C. 

Magnification* X £25. 
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Scanning electron microscope 

Plate IX* Hydrate of NiSO. with 14*59$ water 

heated in sealed tube at 200°C. 

^ Magnification* X 2250. 
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/ 

Scanning electron microscope 

Pla te X* Hydrate of ffiSO with 14-59$ water 

heated in seaftBdHfcube a t 200°C. -

Eagnification* X 7500* 
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Discussion 

1. Heat of solution < 

The heats of solution now obtained for the ammine 

complexes show much similarity to the results for the aquo complexes 

given by Jamieson et al. (71)• For each salt, the heat of solution 

line for the high-energy ammines is always parallel to the line AB 

(from the anhydrous salt to the monoammine) just as the heat of 

solution line for the high-energy hydrates was always parallel to 

AB {from the anhydrous salt to the monohydrate). In all cases, the 

heats of solution* for the normal crystalline salts fall on the 

lower lines BC and AB, where Q. is the heat of solution for the 

heptaammine. _ f 

In each case, the products of vacuum deammoniation of 

the ammines of BiSO., CoSO. and CuSO. have heats of solution along 

a line which intersects the line BC at the hexaammine compositions 

for CoSO. and JTiSOa, and the pentaammine composition'Vfor CuSO.. '•" 
•^mr 

Hence these three salts resemble the hydrates of MnSG., FeSO., 

CoSO., MlSO. and ZnSO. (71,72). These hydrates, especially those 

of the sulphates of iron(ll), cobalt(Il) and aincfll) could be 

regarded as"ideal1 since the heats of solution for the low-energy 

and the high-energy monohydrates at B and D were experimentally 

measurable quantities, and hence the heat of transition, Q ^ for 

each system was directly obtained from the experimental results. 

The products of vacuum dehydration for the hydrates of MnSO. 
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and HiSO,, however, have heat of solution lines intersecting the 

low lines BC at the pentahydrate and the hexahydrate compositions 

respectivelyj hence the heat of solution for the high-energy ̂  

monohydrate at D was not obtained experimentally but was located 

by extrapolation. Similarly, the products of vacuum deammoniation 

for each of the ammines of CoSO.» HiSO- and CuSO! have heats of 

solution on a line FGH which intersects the line BC at the 

composition of the starting material. . %. 

V 
» P 

The heat of solution results for the ammines of MnSO., 

FeSO. and ZnSO., as well as the hydrates. of| CoClg and MiCl2,~ateo 
~P U * " 

resemble those for the hydrates of MnSO., FeSO., CoSO^JTiSCL and 

ZnSO.. The high-energy modifications of these salts' do not, 

however, have heats of solution on a line whioh interaects thVlpw 

line BC at the composition of the starting material. Instead, the 

high-energy modifications for each system have heats of solution , 
t I , ^ 

on an intermediate line, and thus have been regarded as "less 0 

ideal" in this investigation. It has been assumed that each line 

CDE or each intermediate line must be parallel to the line AB 
r , 

i U 'I, l * 

since each of these lines represents the heats of solution for a 

series of successive dehydration or deammoniation' products which 

do not undergo lattice rearrangement* It is oertainly desirable, 

when possible, to establish points D on lines CIS by experiment, 

instead of extrapolating data for lower lines. 
Such extrapolation might not even be valid if, as is 

the case for copper(Il) sulphate, the Experimental lines whioh 
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apparently correspond to AB and BC were higher than the actual 

lines for the normal crystalline lower hydrates. Thus the Heats of 

solution for the lower hydrates obtained by heating copper(II) 

sulphate pentahydrate in an oven suggest that some fraction of the' * 

high-energy form is present due to incomplete crystallization of 

the salt to its most stable form. It appears that the process of 

crystallization of the metastable phase is complete Only by 

heating the salt in sealed tubes at elevated temperatures. * If 

such sealed tube experiments were not done, the heat of solution ~ 

estimated for the normal crystalline monohydrate would be higher 

and consequently the heat of transition $_., would be too low. 

Furthermore, it should be recalled that the 

establishment of the line FGH for the CuSO. system was the'-main, 

factor which led to the search for a sample of orystalline 

monohydrate which has a heat of solution at point B in Fig* 28. 

Thus vacuum dehydration or deatnmoniatioh experiments are very 

important in the present calorimetrio technique for the estimation 

Tjf^the heat of transition, Q^. 

The"inability as yet to obtain an ideal heat of solution 

line for the ammines of MnSO., FeSO. and ZnSO.ois attributed to 

instability of the bexaammines of these salts., Uote that the 

starting materials for the preparation of lower ammines of thesg 

metal sulphates were approximately of the tetraammine composition 

even though higher ammine compositions which were close 

c 
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to the hexaammine oould be obtained* Because of the instability 

of eaoh hexaammine, the ipitial pressure of deammoniation under 

vacuum was high. It has been shown that the higher -tfiê pressure 

of dehydration, the lower was the fraction of high-energy hydrate 

present in the products (68)• It is assumed that this is also true 

for the ammine systems. 

However, it is diffioult to say that high pressure was 

the only cause of this because the results obtained for the vacuum 

dehydration experiment* of C u S O ^ O suggested that some other • 

factors which are still unknown might be involved. For this salt, 

vacuum dehydration, even at a pressrure of 1 X 10 Torr, failed to 

give a sample with heat of solution on a high-line originating 

from the pentahydrate composition. 

One could propose that in the case of the ammines an 

additional factor might have been the extreme instability of the 

hexaammine 'lattice due to steric hindrance of ammonia molecules as 

ligands in a solid sulphate. " Ammonia is a bigger molecule than P 

water with a molecular volume of 11*5 JP compared to 11.0 Mr for 

water. Such steric hindrance may cause two molecules of ammonia to 

be held more loosely than the other four and thus as soon as they 

are given off the lattice would automatically assume the structure 

of the tetraaamine with all four remaining ammonia moleoules held 

strongly. Probably the position of the sulphate ion is not very 

different in the tetraammine than in .the hexaammine, so that 
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rearrangement oould occur without difficulty. 

The lability of aquo and ammine ligands cannot be 

compared with the situation in solution where it is known that 

ammonia molecules are bonded more strongly to give a higher ligand 

field splitting energy. In a solid sulphate, the presence of the 

sulphate ion has to be taken into account too, since further sterio 

' hindrance could be involved. This is true if one compares the 

instabilities of the hexaammines of metal sulphates with the 

hexaammines of metal chlorides, since the chloride ion has a-
•• ' , - , 

smaller ionic volume than the sulphate ion. 

Tha intermediate points denoted by open circles in the 

heat of solution graphs can now be accounted for. The heat of 

solution graph for the ammines of nickel(II) sulphate shall be 

considered as an example. It has been stated earlier that the line 

UK indicates removal of ammonia from the coordination sphere 

without subsequent rearrangement of the lattices of the products, 

and the line BC is the heat of solution line for those samples 

which have rearranged to form, the normal crystalline lower ammines. 

Consider the hexaammine at point I. When two molecules of ammonia 

are removed from the coordination sphere, if rearrangement OCCUTB 

the product takes the form of the tetraammine. Subsequent removal 

of ammonia from the tetraammine would, of course, give the product 

according to the following general rule* with rearrangement the 

heat of solution would fall on the line BC, tmt without 

' \ Xv 
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rearrangement it would fall on a line parallel to IJK, which seems 

to have been approximated by the open circles. These open circles, 

therefore, represent the high-energy modification line corres-

v ponding to the tetraammine^ as starting material and indicate the 

existence of a relatively stable intermediate phase with respeot 

to rearrangement. This stability is aquired by virtue of the 

immobility of either the sulphate ion or ammonia in the lattice 

to rearrange to give the normal Crystalline form. Rearrangement 
if 

of a hexaammine lattice to a tetraammine lattice occurs probably 

because the lattice volume of a hexaammine is large enough for 

freer movement of the coordinating species such as the ammonia 

molecules or the sulphate ions* It would seem that the tetra­

ammine lattice would be more.compact and therefore free movement" 

would not be possible, resulting in no rearrangement under 

ordinary conditions. However, to a slight extent this restriction 

might be removed if the compound was heated so that the lattice 

would expand and the entities would gain some kinetic energy? 

thus rearrangement was possftle under sealed tube conditions. 

Furthermore, to achieve this, sealing was nefcessary to ensure 

that the ammonia released would not escape, possibly allowing the 

formation of lower ammines. 

If such steric hindrance is a result of compactness of 

a lattice, one could predict that the smaller the cation the more 

difficult it is to obtain the lower line BC in going from Mn + to 

2+ 
Cu , a fact which has been observed in this laboratory. 

a* 

I 
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It seems likely that the rearrangement is entirely due 

to the sulphate ions. This seems to be so because, from the heat 

of solution graphs, no matter where a high-energy line originates 

along the line 3C, the energy required to break each metal-ligand 

bond is the same for any ammonia content. Furthermore, as one 

moves down from one integral ammine to another integral ammine on , 

any line, the energy required to break the metal-ligand bond is 

the same. This would Indicate that the bond strength remains the 

same, no matter from which lattice the bond originated. 

One particular case which we have encountered in this 
j 

thesis is the dehydration of CuS0..3HgO which was prepared in three 

different ways. As Bhown in Fig*'17 on page 85, the reaction" 

CuS04.3HgQ> » CuSO-.HgO + 2HgO 

occurs at almost the same temperature. This oould only be so if 

there is 'no rearrangement of the water molecules coordinated to 

2+ 
the Ctt ion. If there is rearrangement, a new geometry would be 

assumed by the complex and this would change the metal-ligand 

bond strength. Consequently,, this would be reflected in the 

decomposition temperature and since it has been stated earlier that 

the slope of the heat of solution line for the high-energy/ 

modification is a measure of the metal-ligand bond energy, this 

change m energy would change the slope of this line also* a fact 

which has not been observed in" this investigation. 
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' / The results obtained for the hydrates of CoCl0 and 

HiClg illustrate the possibility of preparing samples with higher 

heats of solution. Previous investigation of the hydrates of 

CoClg suggested that the products of vacuum dehydration are 

microcrystalline (67)• In view of the differences in the experi­

mental conditions, however, it could be assumed that the products 

obtained in the present experiments are slightly different* Sven 

if they were microcrystalline, it is interesting to note that the 
"X 

combined effect of BaO and concentrated BgSO. as desicoants was 

to raise the energy content of' the ..samples prepared by vacuum 

dehydration. This is probably due to the shortening of the time 

for attaining low pressure in the vacuum system. It appears that 

the initial rate of removal of water vapour was very important so 

that recrystallisation of the high-energy product into its. stable 

form could be prevented. Once recrystallization was induced by 

the, formation of nuclei the normal crystalline material could 

multiply and recrystallization could spread throughout the solid 

product at a very fast rate. This could be understood if the 

aicrocrystals with heats of solution falling on tin. line FOH were 

regarded to be smaller than those' with heats of solution falling 

on the line I^K. This implies that aicrocrystals formed at a 

lower pressure are smaller than those formed at a higher pressure, 

and as the pressure is decreased the size of microorystals formed 

decreases, Thus for samples of high-energy having heats of solu-
/ 

tion falling on the highest lines CE, there should not be even 
i 

microorystalline structure. 
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But for the tendency to Zona mixtures of a high-energy 

form and the starting material, one could also classify the hydrates 

of FeSO..(M.)gSO. as ideal and those of CuSO. as less ideal. Frost, 

Moon and Tompkins (68) regarded as microcrystalline the products of 

vacuum dehydration of CuSO ..5HgO which have composition of water 

higher than that of the monohydrate. The heats of solution of these 

products (Fig., 28) which fell on the line XT, were lower than would 

' be expected for the high-energy form. Experiments on vacuum 

dehydration of Fe^gOW^MH-JgSO. have been helpful in understanding 

more about this line XX. This is because the line BE in Fig. 31 , 
1 1 

shows a similar feature to the line XY. From the relationship 

between the heats of solution and the compositions of the salts , 

given by Donnan and Hope (120) it appears that the hydrates of 

FeS0..(EFH.)gS0. which have heats of solution fallings along the line 

FK are mixtures of the hexahydrate and the anhydrous salt. The 

anhydrous salt obtained by heating the hexahydrate in a nitrogen 

atmosphere, or prepared by vacuum dehydration at a pressure of 

about 1 X 10""' Torr, has heat of solution at point E, This would 

suggest that when the salt is dehydrated at a pressure of about 

1 X 10""' Torr, each ̂ *Fe(Hlo) , J + would lose four water molecules 

9.4. \ 

to form ^~Fe(Hg0)2^/ « The normal crystalline form of this 

dihydrate is stable, with hsat of solution at point JI in Fig, 31. 

Under vacuum, the existence of the dihydrate appears to be only 

transitory. Thus further dehydration would readily give the 
* ' anhydrous salt, which has he anhydrous salt, which has heat of solution at point K 



\-196 -

, .Thus it appears that each /"FeiHgOjgJT" "̂  in the' 

hexahydrate of ferrous ammonium sulphate after losing some water 

would then lose all its coordinated water molecules, irrespective 

of other £*'e(HgO)g_7 groups in the crystals. At any * 

- intermediate composition, the product would be likely a mixture 

of the hexahydrate and the free salt, with heat *̂ L>.olution 

falling, along the line FE. 

Similarly, it is doubtful that the products of vacuum 

i*#~*~ of C S O ^ O .Hah hava h . . ^ , aol.Uo. fill*, 

along the line XT in Fig* 28 are really microorysta||gto* It 

appears that, under vacuum, the decomposition of the pentahydrate 

to form the trihydrate would be accompanied by lattioe rearrange­

ment. The trihydrate stage is transitory and dehydration would 

proceed to the monohydrate stage with the formation of the 

' corresponding high-energy form. Thus an intermediate product 

would be a mixture of the high-energy monohydrate and pentahydrate* 

Thus this mixture would have a heat of solution on the line XT 3 

joining the heat of solution points for the pentahydrate and the 

high-energy monohydrate. t 

Garner and Tanner (53). arrived at a similar conclusion 

although in a less definitive way. „T̂ t»y dehydrated a CuS0-«5H20 

crystal under vacuum* When dehydration was partially completed 

they split the crystal and found that the core of the crystal was 

made up of undecomposed pentahydrate. This pentahydrate was 

file:///-196
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covered by a layer of dehydrated salt. - later, Eohlschutter and 

Hitschmann (43) carried out an X-ray diffraction study on the 

products of vacuum dehydration of CuS0..5HgO at 20°C. The products 

which were of about the trihydrate composition gave X-ray 

diffraction patterns which showed weak pentahydrate lines. The 

present suggestion that the products of vacuum dehydration of 
> 

CuSOA*5HgO are -mixtures of the pentahydrate and the high-energy 

monohydrate is compatible with these data, 
i 

One ouestion which arises from these studies is 

'If * * 
whether the same anhydrous salt was prepared from the higher ' '" 

hydrates and the higher ammines. It has been observed that the 

colour of anhydrous nickel sulphate prepared from its hydrate is p 

much brighter than the anhydride prepared from its higher ammine8. 

Similarly, when the hydrates of nickel sulphate with heats of 

solution falling on the line U K were heated in sealed tubes, the 

colour of the salts gradually turned from yellow to green. It has 

been proposed*that, under such treatment, the sulphate ion would 

rearrange to form a normal crystalline salt, but, as has been 

observed (71), the products are insoluble in water. The obvious 

conclusion would appear to be that rearrangement of the sulphate 

2-
ions also involves formation of covalent bonding between SO. and 

2+ 
M . As the covalency of the bond increases, the less soluble jfcbe 

product becomes. One would, therefore, expect the anhydride which 

was prepared from a higher ammine to be different from that 
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prepared from a higher hydrate because the temperature required for 

the preparations is higher for the ammines than for the hydrates, 

as shown in Table 4 on page 72. 

This has been observed in the oases of cobalt(ll) 

sulphate and zinc(ll) sulphate. In aqueous ammonia., the heat of 

V * 
solution of anhydrous CoSO. prepared by heating the higher ammine 

4 • ^ . x 

was found to be 197 cal./ga, while that prepared from the higher 

hydrate was 216 cal./gm. similarly, the heat"of solution of ZnSO - -

prepared from the higher hydrate was 163.7 oal,/gm. and that from 

the higher ammine was 127 oal*/gm. Thus for consistency in the 

present investigation, all of the anhydrides of metal sulphates 

used for heat of solution measurements have been prepared from the 

higher ammines. 

From these studies one might conclude that the nature 

of the lower hydrates and ammines is determined by the extent of 
* 

the rearrangement of the sulphate ions. In a salt of high-energy 

modification, the sulphate ions are bonded to the metal ions " 

purely by ionic bonds, while in a normal crystalline salt the bonds 

are partially covalent. The extent of this covalency would be 

determined by the nature of displaced ligands. 

* This value was obtained by dissolving the anhydrous zinc(ll) 
sulphate, prepared by heating the heptahydrate in an oven at 
2Q0OC, in 0.75 M aqueous ammonia. 
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2. Jiigand field splitting energy 

* The ligand field splitting energies now obtained for the 

hexaammines of nickel(II) and cobalt(ll) are in close agreement with 

the original values of J^rgensen (95*156-158) just as the maximum 

differences1in heat of solution between the high-energy and^normal 

crystalline hydrates of several metal sulphates have previously been 
•t 

shown to be equivalent to the spectroscopically measured ligand 

field splitting energies for several hexaaquo cations. Thus thgre 

appears to be further verification that the present technique, at 

least in principle, could bemused to give quantitative measurements 

of the ligand field splitting energies for octahedral complexes. 

Unfortunately no spectroscopic values have been given 

for the ligand field splitting energies of the hexaammines of 

manganese(ll), iron(ll) and zino(ll)-and therefore such values 

cannot be quoted here for comparison. In aqueous ammonia the 

ammines of manganese(ll) and iron(ll) are hydrolyzed to their 

hydroxides which precipitate as black solfcs* In one molar aqueous 

hydrochloric acid these salts dissoAjteJeadily* This could be'due 

to marked lability of ammonia ligifnus which would allow reactions 

' such as 

where jd could be either HgO or Cl" in solution. The ammonia 

released could then undergo hydrolysis 
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KH^ + HgO ^ HH4OH —*- NH+ + 0H~ £~6j 

The occurrence of reaction £"6J depletes the concentration of 

ammonia in solution, producing the inactive Iffit . Thus the equi l i ­

brium of reaction £~5 J would be displaced to the right.* The 0H~ 

could then react with the metal complex, 0Kh^J * to form the 

black hydroxide observed, 

fabJ U + 20H~-* M(0H)2 + 6% flj 

In the presence-of excess hydrogen ion, ammonia removed would react 

directly according to equation £"&J^ 
'•> 

x HH3 + H
+ •-+ ' m*A f8j , 

The dissociation constant of SH"t is of the order of 10""1°. ' There-
4 

fore no OH*" would be present and the net reaction can be written as 

£M(M3)^J 2+ + 6H+ + 6L -• 0&6J
 U + 3SB$ &J 

From the heat of solution data, e*g. Fig.-21 for the ammines of 

manganese(ll) sulphate, it is apparent that all the ammonia ligands 

in the heat of solution samples have been replaced by water 

molecules or chloride -ions, and therefore it is necessary to 

subtract the heat of neutralization of ammonia from the heat of 

solution of every sample exeepvxbB. anhydrous salt. The quantity to 

be subtracted, 710 cal./gm. of ammonia content, is obtained from 

thermochemical data (80,81) for the equation 
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HH 3<aq) + HG1(aq) ^ ^ ( a q ) £>J 

where AH 0 . - AH° WLfl^ - AH° M ^ - AH° BBl ( | j q ) 

» - 71*13 + 19*35 + 39*687 - 12.09. kcal./mole 

«* 710.1 cal./gm. ' / 

It is probably because of this that no attempt has been made to 

measure ligand field splitting energies speetroscopically for 

ammines of manganese(ll) and iron(ll), since the hexaammines (or any 

lower ammines) do not exist in aqueous solution. It is, of course, 

impossible to measure the ligand field splitting energies for 

sinc(ll) complexes speetroscopically since all the 3d orbitals are 

filled so that no absorption spectra due to the d-d transition 

could be observed. 

However the values obtained both by the present calori-

metric method and the spectroscopic method for other complexes of 

the metal ions may be used for the purpose of comparison. From the 

speetrochemical series it is known that the ligand field splitting 

energies due to HgO, HH-, and ethylenediamine (en) are in the order 

HgO /]SH3 ^en. ^ 

The values (71,95,157,159,160) for those ligands and various cations 
< 

under consideration are reproduced in Table 35 and Fig. 42 together 

with the values found for the hexaammines of manganese(ll), iron(ll) 

and zinc(ll). It seems that they all are of the same order of 
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i 

idej thus giving confidence in the present method. For 

various reasons discussed above, it is unfortunate that no ligand 

fieltjl splitting energy for the trisethylenediamine -zinc(ll) has 

yet Wengiven. However, the ligand field splitting .energy obtained 

for hexaaquozinc(ll) (72) appears to suggest that the present-

assignment of lODq for hexaamminezinc(ll) is correct. 

The ligand field splitting energy obtained for 

2+f.> \ 
/"Co(H20)g_7 [in CoClg.o&gO which has been^found to be 9.3 X 103^ " 

cm»""l is in good agreement with that found py the spectroscopic 

method (74)• This value is smaller than the corresponding value 

* 

obtained for the same Complex in the sulphate*. The IQDq for 

^f"Ni(Hg0)g_/ cation in the chloride has not been quoted in the 

literature but the value of 23,4 kcal./mole obtained in this 

investigation is comparable to 24.O kcal./mole obtained by Jamieson 

et al. (71) for the complex in the sulphate salt. Thus it is 

obvious that the present technique is as sensitive as,.if not more, 

than, the spectroscopic method for estimating lODq for'the simple 

complexes studied* / 

/ 

These*unrelated methods for estimating lODq, namely the 

spectroscopic method and the present calorimetric method, have shown 

.-that the ligand field splitting energy for a metal complex differs 

from one environment to another. It seems possible to conclude 

that the difference is due to the variation'in the metal-ligand 

bond distance, since lOBq is -inversely proportional to the fifth- -
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power of the metal-ligand bond distance, E , (73) * A n increase in 

H should decrease lOBq. However from-orystal structure analyses it 

has been shown in most oases that the difference in mefal*ligand 

bond distance is quite small* As an example, in HiSO ..6H20 the* 

H 20-Si bond, length is between 2.02 I and 2.04 A (27) whereas in v* 

o 
NiCl 2*6HgO, it is 2.10 A (161). In view of the slight variation of 

metal-ligand bond length, the difference in lODq cannot be due to 

this, especially when the difference is as large as that observed " 

for cobalt(ll) complexes. It is more likely that the variation in '"'** 

lODq is due to differences in the secondary coordination sphere 

(74)* The similar!tiesyof the ligand field splitting energies for 

the hexaaquo complexes in the sulphate salts to those of the 
vo ( 

ion is corresponding species in aqueous solution is probably due to the 

similarity of the, secondary coordination involving oxygen from the 

neighbouring sulphate ions in the sulphate salts or oxygen from ' 

water molecules in aqueous solution"(94). For the chlorides, on the 

-jather hand, the secondary coordination sphere is made up of chloride 

ions and, therefore only a slight Inference is expected.-

* ** 

Great care is necessary when, one compares the values of 

lOBq for all these complexes. In aqueous solution various "' 

complexes of a number of metal ions in different salts have been ,, „ 

found to have the same value of 10Bo> Such is not necessarily true 

for crystals. Thus the ligand field splitting energy now measured 

for ̂ Cu^gO) , J is not necessarily a better value than that 

quoted in the literalfure (95) for the same ion in solution. 
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The £"Fe(Hg0),-__7 +' i o n i s probably the best example to 

further illustrate this point. The HgO-Fe bond distances in 

Fe(H20)6SO..HgO vary from 2,068 A to 2.144 A (162) while in 

Fe(H2O)6S0a.pH4)gSO4 they vary from 1.85 A to 2.14-1 (107)- On 

the average)the HgO-Fe bond distance in the double salt is shorterf 

consequently it is expected that IQDq would,be higher. Although 

the^ligand field in the double salt is tetragonal, it is possible 

to estimate the ligand field splitting energy, lOBq, for an -r- s 

octahedral field from the appropriate correlation diagram (shown in 

Fig. 11, p. 54). The value thus obtained (about 5.6 X 10^ cm.** ) 

is lower than the value for the ̂ ~Fe(HgO)g_/ + ion in FeS0..7Hg0 

or in solution. This is probably because HH"t ions in the double 

salt, by virtue of their positivity, render the secondary '"•" 

coordination sphere IOBS negative and thus'decrease the ligand 

field splitting energy to more than compensate for the expected 

increase due to shorter metal-ligand bond distances. 

3. Ligand iffield splitting energy from jfehe lattice energy 

The equation whioh relates the heat of solution of the 

monohydrate to* that of the heptahydrate is 

HSO..HgO + 6H20 — * HS0..7H20 

where the enthalpy~̂ MP--£eaction, AH, is the difference between the 

heats of solution of the two salts. < *> 
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A H " A H solu t io n C a o n o h y d r a t e > - AHg o l u t i o n(heptahydrate) -\ 

- AE s(l) - *V" S (7) . / * 

I t appears that Alt Us. a measure of only the energy of bonding for 
s •= r 

the' six water molecules in the heptahydrate. This would seem to be 

true if the lattice srrangerae.it of the monohydrate is similar to 

^Hiat of the heptahydrate. However, addition of water molecules to ' 

crystalline lower hydrates involves lattice rearrangement and •• 

„ therefore AH must include the enthalpy of this rearrangement. 
•s 

Consider the reactions when various salts dissolve in 
'•A 

water* ' 

a) heptahydrate 

KS04.7HgO + aq, ^ f ^ O ) ^ , ^ * FS°4'*2°J{m) * AHs<?) 

b) tetrahydrate * 

KS04'.4H20 + 3Hg0 —t> K&0 ..7H20 | 

KS04.7H20+aq. ^ £*{*&) sJ$$ I CSO^OJ,^ 

c) monohydrate 

KS0.*Hg0 4- 6H20 • HS0.*7H2
0 ' 1 

• I- T 2- t A Hs^) 

KS04*7H20 * aq. ^ Cmz0)$J*\ + ^ V W ^ J 

AH (7) involves only the breaking of the lattice into its ions, 

r*'(%°) 6J(aq)
a n d O 0 4 - H 2 ° 7 ( ^ J AH8(I) and AH s(4), however, 

involvei 

AHe(4) 

' i . 

http://srrangerae.it
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2+ 

\ 

i ) the energy of breaking of K -JIOj bonds, D(X-60.),~ 

i i ) the energy of forma'tiojr^f HJ)-* bonds, D(M-0H2) , 
L^^ <— -* 2+ 2— * 

i i i ) the energy of ffetifinatien of {_ K(HgO)6_/ - SCT bonds, 

^KOHg-SO^ 

iv) thê difference in crystal field stabilization energies, 

h*T BS0|- " *E» « * 

\ ' v) the heat of solution of the heptahydrate, AH (7) * '' 

\Similar effect are seen in both, cases except for the fact that'the 

ipumber of JM30, bonds broken and HgO-* bonds formed would be six 

" for the monohydrate and three for the tetrahydrate, i.e* 

4HB(4) ? 3D(M-S04) + A E 4 + AHs(7) - 3»(K-0Hg) - 3B(JK>H2- S04) 

A W B ( 1 ) * 6B(M-S04) + A ^ + AHS(7) - 6D(K-0Hg) - 6n(H0H2- S04>. 

Therefore, A H * 6»(K-604) - 6D(K-0Hg) - 6n(HOHg- S04) + &&x 

where AE. is the extra crystal field stabilization energy of the 

hexaaquo complex over that o$$xha sulphate complex,, by virtue of its 

stronger ligand field. 

The values of -AH for all metal sulphates studied are 

given in Table 36 and Fig. 43. It is' known that for the high spin 

manganese(Il) and zinc(ll) salts, the values of A E is-zero. 

Therefore for these two salts 

AH m 6D(M-£04) - 6D(»-OH2) - 6B(K0H2- S04) 

only, Xjf it is assumed that D(K-OHg) and D(M0H2- SOj vary 

linearly with the atomic number of these metal ions, as represented 

\ 



* 

f 
Table 36. 

Heats of reaction, A H , 

and differences in stabilization energies, AE 

Sulphate A H (kcal./mole) A E (kcal./mole) 
MMaWIVIMaa*>aWl*aaaBp*|>li^^ 

Fe a' " 

Co 

Ni 

Cu t 

Zn - 13.35 

8.08 

12.25 

17.84 , 

19.86 

14.27 

~t. 

0 

* ! * 1 5 

7.69 

8.66 

2.02 

) 

4 * 

~y 
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by the dotted line in Fig. 43, it is apparent that 

AE- - ^H^eDOlHOHg) - 6B(M-S0.) . 

Some values of <&E estimated in this way are listed in Table 36. 

Thus it seems possible to calculate A E for a hexaaquo complex 
/ 

and consequently lODq, if the values of IQDq for sulphate/ 

complexes are known, or vice-versa. ' j 

! 
The values of IQDq for sulphate complexes may be 

found either by ' / 
/ 

i) calculating from a knowledge of their lattice energies, or ' 

ii) from spectroscopic measurements. / 

At the present time very few if any spectral data are available 

for anhydrous or free salts of metal sulphates. Therefore the 

following discussion is restricted to the evaluation of IQDq ufrom 

the lattice energies of the salts. 

/ 

Lattice* energy of an anhydrous metal sulphate/ 

The- experimental lattice energy /of a salt, may be 

calculated from known thermodynamic data for the reaction 

11 (a) * so4 (g) — MS04 («) » A H' 

where A H » U + 2HT 

- A H ? K2(g) " A Hf S°T(B) + A H? *»4 (s) • 
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Figure 43 \ 

;iori Enthalpy of reaction for hydrates of metal sulphates 
at 
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Heats of formation of various speoies have been" collected from 

several sources and are given in Table 37. The lattice energies 

calculated are listed in Table 38 and plotted in Fig. 44* * 

t - Semi-empirical values^'of the lattice energies, TJ-, 

have teen calculated using the expression of Kapustinskii and 

Tatsimirskii (£9,90). * 

U± - 287.2 ( |n> 
k a 

(*V+ r ) 

0.345 
1 _ + 0.00870 (r.+ r ) 

0 
According to Kapustinskii (I63) r for sulphate ion is 2.30 A. 

° a 1 

..Values of r. from various sources are listed in Table 37 &»d Fig. 

45« The value of U. thus calculated for a salt is always smaller 

(83) than TJ obtained experimentally from a Born-Haber cycle. This 

is because TJ. by nature of its derivation is only an estimate of 

the ionic energy term of the lattice energy? covalency and crystal 

field stabilization energy terms have not been included. Thus, if 

they are considered , ^ 
U » JJ. + C + E. 

It is known that for manganese(ll) and jzinc(ll) complexes the value, „ 

of B is zero. Therefore for these two metal salts, 

TJ m TJ- + C. 

Assuming that the energy due to covalency is linear from manganese ' 

to zinc, the line joining these two metal ions could be used to „ 

i 
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Table 37 

Ha.*a a, t O T « . , art* a » ^ 6 4 ( „ 

(in kcal./mole). 

Mn 

Fe 

Co 

Jtt 

Cu 

2n 

a* b * 

6OI.45 601.65 

650.7 658.9 -

687.7 681.2 

700.8 701.4 

0 730.1 732.3 

664.9 664*7 

- A H f 

a* 

251.3 

. 221.3 

,216.7 

, 216.0 

184.7 

233.4 

1 B 0 4 (s) 
b* ' 

254.2 

. 220.5 X 

207.5 

213.0 

. 186.6 

233.9 " 

V 
a* from ref. 82 

b* from ref. 79 
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Table 38 

Experimental l a t t i c e energies , in kcal./mole 

a* b* c* d* 

Kn 

Fe 

Co -

Hi w 

Cu 

Zn> 

695*75 

715.0 

747.4 

759-8 

757.8 

741*3 

698.65 

714.2 

1 738,2 

756.8, 

759.7 

741.8 

695.75 

723.2 

740.9 

760.4 

760.0-

741.1 

698.65 

722.4 

731.7 

757-4 -

761.9 

741.6 -

" P 

t> 

* a these' values are taken from ref. 82, 

b these values are calculated from ref. 82 and 71 

c these values are calculated from ref. 8,2 and 79 

d ' these values are calculated from ref. 79 and 71. 
4 

^ 

; 
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Figure 44 

Experimental lattice energies for some metal sulphates 

LJ calculated from ref.1 82 and-71 

•^ calculated from ref. 82 and 79 f 

r\ calculated from ref. 79 and 71 

jra taken from ref. 82, 

& 
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Table 39-

Radii of some metal ions 

(in 2) 

Mn 
2+ 

Fe 
2+ Co 2+ m2+ Cu 

2+ 
' ' Zn 

2+, ref . 

0.91 

0.80 i 

0.80 

0.80 

O.83 

0.76 

-0.75 

0.74 

0,82 

0.70 

0.72 

"0.72 

0.78 

0.68 

O.69 

0.69 

0*72 

O.92 

-

0.72 

\ °'82 
O.69 

0.74 

0.74 

79 

11 

164 

82 
* 
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Table 40 

<-, 

lattice energies of KSO. in kcal./mole 

(calculated from Kapustinskii equation) skii equal 

Kn Fe Go -Hi Cu 
-M-

2tt ref. 

658.8 

678.7 

678.7 

678.7 

673.1 

686.2 

688*l' 

' 69O.O 

675*0 • 

697.8* 

693.9 

693.9 

682*4 

701.7 

699.8 

699.8 

693.9 

657.1 

-

693.9 

673,1 

e699.8 

69O.O 

69O.O 

79 

l l 

164 

82 

y 

<-">3«-



,.> 

- 217 -

' J) 
' Figure 45 

Ionic lattice energies for some metal sulphates 

^ 

Q from ref. 79 

S\ from ref. I64 

Q from'"ref. 11 

h 
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estimate C fori other metal sulphate's. Thus knowing D*, TJ. and C, 

the value of E Would he [found for each, salt j such values are given 

in Table 41. This table} may be used to obtain crystal field 

stabilization energies of the aquo complexes, z$i& consequently 

values of lODq. The results of calculation are shown in Table 41 

and seeaTfco agree" reasonably well with the values/obtainedi by other 

methods. 

v\ 

* \. 

i t 
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• Table 41 • ' x 

Stabilisation energies of metal complexes * 

in an octahedral field 

i i e ta l i on . *? 

n 

B S 0 4
 B S0 4 " B Hg0 ,EHgO 1QD(5CH20 

( i n Dq) ( i n k c a l . ) ( i n k c a l . ) ( i n k c a l . ) ( i n k c a l . ) 

i ' • 

' Kn2+ 

Fo2 + . 

Co2+ 

M2+ 

Cu2+ 

' Zn2+ 

-

0 

4 

8 

12 

' ' §/ 
y o 

- 1 

O 

8.92 

14.0 

20.36 

16.66 

. 0 
f 

— " — • • " ' — — « — — r " 

0 

3.45. 

7.69 : 

8.66 

2.02 

a 

* r 

0 .. i 
i 

12.07 \ 

21.69 i 

29.02 

18.68 

0 

p 

/ 

- / 

30.2 

2 7 4 . 

24.17 •' 

31.23 

-
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4. Origin of Q ^ 

It is obvious now that for any particular salt Q ™ is 

a constant quantity whioh depend on the ligands removed. For 

/ • " "* - \ I 

consistent results both the high-energy and the low energy forms ofi 
/ " . ' 

tbe salt must dissolve to/ give /the same solvated species. 
/_ 
/ 

When the hexahydrate of a metal jyulphate dissolves in 
water, the heat of solution of the salt may be identified with the 

/ ' ' 

energy required to bre^k the lattice into its ionic 'components plus 
their solvation energies, For example, Co(HftO).-S0..H;>0 would 

I e 

dissolve in Water to form the hexaaquocobalt(ll) ion and sulphate , 

monohydrate ion, i-e*, 

Co(HgO)6S04.H2b -f r^(H20)67(^lvated) + *$*#{solvated) ", 

Similarly, the solution ojf the monohydrate would be 

/ ' • 
CoS04.HgO +-6Hi0^—* Co(HgO)^S04.H20 — • _' \ 

' ' ^ " :?Co(H 20) 67 (
2+ X v a t e 4 }Vs0f.Hg0 ( s^ a; e d ) ;AHs(l) 

A0 discussed earlier, the heat of solution for the heptahydrate 

could be considered in terms of bond energies as the energy of 

interaction between the complex >and the sulphate ion* 

A H (7) *> 6 D(K0H«-SO.), 
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and tha t of the nonohydrate as 

AH (1) =* ^energies of1 the honds broken 

•^vV" ' - ^ e n e r g i e s of the bonds formed +AE,* • 

i *e . , AKE(1) - 6D(HTS04) + 6D0l0fig- S04) j 6D(M-OHg) - 6B(M0Hg- SO )̂ 

+ ' S H 2 O " B s o 4 : ' ' f 
. * . AH s(l)-^H r(7) - fi>(lHBO.) - 6D(M-OHg) - 6D(HOH2- SOp + AEĵ  

Similarly, in aqueous anmonia, the heats of solution of the s a l t s 
J! 

would- be Represented by 

co(H2o)gS04.EgO + 7 i« 3 —•> co( :nu) 6so 4 . f tC + ,7H2O—*_* 

/ " r ^ ( ^ 3 ) 6 7 ( " o l v a t e d ) * S 0 4 " ^ 3 ( s o l v & t e d ) \* . * H s ^ 

and - ° 
co^o4»HgO + 7HH, »• po([M-)6so4.:na;3.+H2O -u—» * > 

^ - C 0 ( B H 3 ) 6 J (
2 * l v a t e d ) f S0 2 - .13H 3 ( g o l ^ a t e ^ . A H j ( l ) 

where AH^(7) » 6B(K-OH2) + DfSO^HgO) +rJbfi$m%' Sp;|5 + 6B(H0H 2-6O 4) , 

'~~ " ' . " - 6T}(I:-ZR3) - D ( S O 4 - UH3) - 6D(MHH3- SO4) + ^ - EH a 0 " . 

and , / • -

AH|(1) * 6D(M-S0 4 ) + D(S04-Hg0) * 6D(KT3H3-"S04) 

' - 6D(l I - ? 3 ) , - HSC&7 m3) - 6D(!.!M3- ^04) + E ^ - < E S 0 4 * 

*• ' ' •> 
' .,".AH|(1)-AH*(7) m 6D(M-S04) - eufrl-OHg) - 6DP(HOHg- SO )̂ + AE 2 

" i •• . . . . . . . ; . , ! , , , , , — i • •• • . f t . • | , — , — : , , . 

. *AE i s the difference in ' s tabi l iza t ion energ^e^ (see page 208). 

i 
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TluW?,in both cases AH (1) - AH (7) is the same and consequently the 
'/\ ' \ e 's % -

' slope of the line BC is the same. Jamieson et al. (71), gave the \ 
P a , P 

heat of solution l ine BC.for the hydrate of cobalt(H) sulphate ast 
.) 

yBC = 114.7 - 2.8QX, , / 

and the results obtained m the present investigation for the heats 

of solution of the 'salts in-aqueous ammonia gives 
< t 

5 i 

•'y^j - 180.4 -,2*88x. 

The corresponding expression for the heat of solution 

difference for the high-energy modification of the monohydrate and 

the heptahydrate isi p •> 

AHS(1*) -AH g(7) - 6D*(JJ-S04) .^I)(l.l-0H2) - 6p(H0Hg- S04) 

\ 
v V * e 

where D*(M-S0.) is the metal-sulphate bond energy in the high-energy-

hydrates." In the present infrared study of the salts, it has been 

* concluded that the metal-sulphate ion bond in the high-energy salts. 

is completely ionic, whereas in the .normal crystalline s&lts 'it 

is partially covalent. Thus the relation - ' . 

AHS(1*) -'AHg(l): '» ^HE(1*), - AHE(7)] - JAri^fi) -AHfi(7)] 

. . f 6D*'(H-S04) - 6D("H7S04) ' -;i 

! I ! 
1 At — Q-avJf ' I T ' 

"~ ^ 

/ 

I' 

• 1 I 
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is obtained, where ^L_ appears to be only the energy of the 

« covalency of the six,metal-ligand bonds. » 

' ' \ , However, it has also been concluded that the increas'p '. , 

in' the covalency of each H-SO. bond was due' to the inherent » -* 

property of the crystal field to Maintain its octahedral symmetry -
* rf« 

around the metal ion. On this basis it seems possible that the 
*• 

energy of covalency was gained by the crystal to compensate the' 

* '. / 
/''loss of potential^ energy due to the removal of water around the % 

p ' *- * • <• / H 
metal ion, i.e., , , , % 

energy of covalency OC potential due to the water. 

In-a hydrate of a metal sulphate, the interaction 

hot-ween the sulphate ion and the complex is coulombic as well as 

oovalent, i.e., through hydrogen bonding between! the oxygen atoms 

'on the sulphate ion and the protons on the ligands, When a ligand 

water is removed, the interaction between the metal ion and the 

sulphate ion is purely coulombic. As eystallization occurs, the-.' 

normal Crystalline material is formed. During this process, heat 

• is evolved due ,to an increase in the covalency of the bonding 

between the sulphate ion and the metal ̂Lon. 'if crystallization 

does ncft occur,, however, no heat is given off and the excess 

energy, wMdh otherwise would be evolved uhejn covalency in the 

* "V. * 
bonding increased, would increase*!as more ligand water is removed 
ii „ 

'•* from the lattice. <• - , 

1 * 
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-1 , Thus the difference in the lattiofe( energy between the 

high-energy modification and its normal crystalline form lieB 

mainly in the energy of covalency. The energy of ionic interaction 

in the high-energy hydrate gfeems to remain constant because the 

loss in -the energy of metal*-waterf' interaction as a; result of the ' 
, / -; h* ~ 

j °° 

removal of water molecules would be compensated by the gain in 

metal-sulphate interaction energy which is the result of lattice 

relaxation^ - This loss and gain in ionic interaction energy would 

preserve the total ionic lattice energy of the Original salt, the 

heptahydrate. *If this is so, one could calculate this energy by 

using several expressions mentioned in.an» earlier section and 

compare ,the results obtained with the heat of solution data. 
%"\% \ The lattice energy of Hi(HgO)vSO.,Iis made up of ionic ., 

interaction between the metal ion and water 'dipoles, U,„_ , the 

L - ' - 2 V 
•metal ion and the sulphate ion, tf„qo , the stabilization energy ^-^k 

due to ligand water, E„ 0j "and a covalent energy term, C, i.e., 

U3Ji(HgO)6SO^ " UEOH + FKS0 4
 + EHgO + C* 

The lattice energy of "the high-energy anhydrous tfickel(ll) sulpnate \ 

-would then be 

3wH2-
+inDS04*

,,V ** 

." HiSOj COUICMJC calculated by using simple elecWostatic theory if I 

it 'is assumed that,.in the hexahydrate of niokel.(ll) sulphate, the 
1 

-i . 

> ) 
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2+ , . . 2 - , . ionic species are £!Ji(HgO),« 7 ions surrounded by'S04"* ions 

(27,28) as shown schematically in Fig . 46. The radius of 

^"£i(H20)g_7 would- then become ecrual to the sum of the ionic 
0 * 

radius of n ioke l ( l l ) ion, 0.69 A (82,164), and the diameter of c 
O " o 

water molecule, 2.76 A-(02), 'The radius 'of sulphate ion is 2,30 A 
<<? , - ^ * 

( I63 ) . therefore the ionic component of . the l a t t i c e energy of 

IIi(H20)gS0. due to £~lli(\Q) ^J and ,S04~ in terac t ion could be 

calculated by using the Kapustinskii equation as, 395*6 kcal*/mole. 

y\ 

The overall ionic interaction^energy' due"to the nickel 

ion and water molecules could oe calculatecTby~*consldering both 

the attraction" energy due,,to llx and HgO, and dipole - dipole 

repulsion energy due to the uater molecules.^ The energy qf."Jattrac-

tion is given by 

U 2 
r -

-10 where 2e i s ' t h e electronic charge on the jtie,tal ion, 9.60 X 10' 
' ." ^ ' ' P ' a ' 

e . s u ^ ^ i s the dipole moment of water , ' ! .87 X \0">l° eea.-cm.,Jand 

r i s the metal-^water d is tance . (There are s ix water molleoules 

arotOid~each nickel, ion, therefore the multiplication by 6) , .1 

- , , ' -file energy1 due to/dipqle — dipole. repulsion coul l be 

calculated by usiti£ the expression given Sy-Gfarrick (165) and 
i • 

Hirschfelder e t a l . (166)t 
1 * ' , > f. * 

-g-\ (1 + ooc .2,'%.), H-

\ 

"k 

, \ 
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V "- . 

Figure 46 

<%> 

• 7 2 + ^ 2 -
. Schematic diagram for ^fSttfHgOjgJ7 S»4 
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1 ' •—-£S^ i 

where s. is/the distance between the dipole under consideration.' 

t h . 
an 'i , and." the k " ?diWble, • i s tbeir ? .angle .'pf' alignment. 'For., 

, » octahedral arraatemeni ^f~diooles around, a metal ion, $ 'becomes 

; . •? ' . . v v - 7.115 - - . ' , , ' 
< , . i ? . , * * ^ 

« • " ' . \ ' - , ' ' ' • 
Therefore, the' Overall energy is , ' --''.'' 

' ; , * . ' < • 5 I ' * . " . * iH2 ' r " ZeJ* 
' :• .*„.+.*,. -'-,7,115 . - - - ' 6 - — 

j > . r J r ^ ' 

•631 (w r 

a 

For r » g.07 i , U '+ u" "» -3,21.3' kcali / t tole 
. , * a r 

T3BH-

-0 

* • , The stabilisation energy of the hexaaquonickel(ll) ion 

in the sulphate salt'is 12D<J» (Jiven IODJJ; for the complex rs 24.0 

kcal./mole, , * • • » < " 

**> ">;^ , EL*- * 28.8 kcsl./mple.'*.' o 
» is. c . , . , r x 

' " ' _ „ * "> • « ,' * ' « ' 

therefore'the "total ,ionic energK XL,.,* , is ^ , 
";d 

: v x v. *• 

HiS04 

'»" 359*6,+ 321.3'+ 20.8 
if r ** J - * ' 

="-' 745*7 kcal./mole'. 

' ' ()a , •,, „- The .lattice eitergy for the anhydrous* nickel' sulphate at A on the 

heat of solution "graph; (71) has" been calculated earlier as 757.1 

*''• kcal./aole. therefore, on the basis of this calculi tj^n, the heat 

-$• T 4 P. 
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; * • - - . • • 

of transition from K to A is 757*1 - 745*7 * 11*4 kcal./mole or 

7*3.7 cal.'/fjjs* of the anhydrous salt. 

Scrota the heat of solution measurements for the hydrates 

Qf nickel sulphate' (71), it is known that the heat of transition 

from K to A is ecjual to that from J to B. The heat of solution 

for the high-energy nonohydrate obtained experimentally, at J," has 

been estimated to be 160.9 cal./cm*, and the'heat of solution for 

the monohydrate at B was 84.9,4 cal./gm* Therefore the heat of 

transition, Q™, which is e«iual to Q , is 75*96 cal./gm,* Thip ' 

energy i&- almost equal, to the difference in the lattice energijec 

calculated above. 

Thus it nay be concluded that the difference in the 

energies of the two modifications of <the, hydrates is the result of 

the lack of covalent energy in the bonding of the,high-energy ' 

hydrates* This energy'its pleased when* the formation of the 

covaleut bond is favourable* w " 

Since this energy is proportional to the potential r 

energy of water in the' salt, it appears possible that this energy V-

is also proportional to lODq. Hecall that Van Tleok (73) expressed 

IQDq; as _ - ' , & « 
25 „.,A.4\ - L lOjfcj * • e^<r4>-

, • " ' 3 ' ' ? *' 

If the ncbt-liand'side of the expression is multiplied and divided 
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. 'y •••-
by 2, the charge on the metal ion, the expression becomes 

10%—^ 
25 

3 ZR 
4$. 

4-

The quantity in the paranthesis is#- the .potential energy of 

interaction between the central ion and the "ligand at a^distance 
. a * 

H. for a given ion, {r / is constant. Therefore lODq is 

proportional to the interaction potential and consequently also • 

proportional to the heat of transition (J™* " 

w 

r 
While this thesis was in preparation, a recent book 

by S„. T. Ashcroft and C. T."^brtimer entitled "Thermochemistry s 

of|j|ransition Eetal Complexes", Academic Press, London and Uew 

York. 1970."appeared in the HacBonald'Library. Some of the work 

wijbh aquo complexes, whicn, indicated the possibility of a * 

thermochemical method for measuring ligand field splitting <• 

.energies, and led to the work of this .thesis, wan quoted in this 

book, p.p. 351-355.' - ' • ' ' il 

\ ' 1 
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1 

Appendix I 

m 

" Theoretical Calculation of lODo; 

The expression given by Tan Tleok (73) for calculating 

the value of lODq for an octahedral complex is 

°y 25- eju. <y4y 
N lODq; = ,— r-*- . . . 

v . . . 3 He 

% _ r 

m order to use this ex^essxon the value of M9 ^V^\ and R have 

to be found. 

; .„^ . - . . - . • • 
\ 

The quantum mechanical expression for 6"^ "is 

<rl> - I ( E 3 / . r 4 , r 2 dr, 

where R.., i s the radial wavefunction of 3d<-orbitals • This < 
3d 

i s given as 
17/2 

» ' . " » 81/30 
TVfl77

 2 ffefff] — J . r* exp I 
) L »' J L 3a J 

where a is the Bohr radius (a=0.52924) and Z «„ 13 the effective 

charge of the nucleus on the d-electron. 

"-2Z 
exp 

0 

eff 
> 

adr 
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Using the mathematical identity 
' o o , 

fn • •' * 
Jx exp(-ax). dx a n + 1 

r 
. * y r 1 0 e x p ( - 2 3 e f f r / 3 a ) . dr « ( 3 a / 2 S e f f ) U . loi 

uhich after •simplifying gives 

, 4 \ = 

) l % . 101 

( i 4 > = 9(3 2 /2T) (a/3e f j f) 

Wf as 2000 ,; 1 0 ~ \ 2 / ( 3 fM cm. 4 

The value of Z --, could he estimated by applying S l a t e r ' s r u l e . 

Star Fe 2 + , -Z B f f i s 6 .21. 

. ' . ^ r 4 ) = * 2000X10-32/(6.21)4 

» 1,345 :; io~32
 c1a.4, 

2, Evaluation of total dipole moment, }k . 

To calculate M <it is necessary to find the value of 

the induced dipole moment of the ligands. Classical electrostatic 

theory could be used and the derivation for a generali case has been 

Civen (I65). Here the special case on the octahedral arrangement 
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shall be presented. 

Considering a collection of di poles around a positive 

, ion v " ' 

i t i s evident that the ion dipoles and dipole-dipole interact ions 

determine the value of dipole induced. 3he^ dipole-dipole i n t e r ­

action potent ia l , T, i s given by 

k«n 

*t COS. 
k«l s 

_th. 

«k 

whetre s. i s the d i s t ance of k * d ipo le from the d ipole under 

cons ide ra t ion and 9L i s the angle of a l ignment . Therefore, the 

e l e c t r i c f i e l d , E,» due t o , t h i s i n t e r a c t i o n a t the d ipo le under 

cons ide ra t i on i s 

dT d 

d dS dR 

k»n 
\ . COS.6J 

• s k 

<k=n 
^ - 3 . ( 1 + 0 0 0 . ^ ) . 

The e l ec t r i c f i e ld , E . , due to a posit ive ion i s 

"<• 
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3e 

I E j « - » 

\ 

yt 
*" .* . total f i e l d , E, -• S. + E. ? 

« I a. 

- 5 - 5 1 * 3 ( l + * c o s . \ ) 
R* k-1 s£ 

For s i x di poles arranged octahedral ly, n « 5» s,» Sg» 5,*« s.=« nj2 

hm *F *2rr*4^4 ' V a» V °" 

Ze 4& o JJ JL o * 
. * . E w -J5 - — r - ( 1 + oos. s ) - T ( 1 + cos . w ) 

H5 BV8 4 8R5 

Ze * 2 .37* 
- " I * -— 

Since induced dipole moment, j a . , i s proportional to the f i e ld 

i n t e n s i t y , therefore 

Jft± - *B 

where 0(. i s the p o l a r i z i b i l i t y of the d ipole . 

/ Z e 2.37 » \ 

But-ji " J* i + ^ 0 * where jk i s the permanent dipole moment of the 

l igand. After simplifying, 
/ Ze 2.37 «*0 \ 0 , 

u - V R* RJ / * i 
1 2»37«. 
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Therefore, to calculate |*«, the values of o(, )».,eandR 

have to be known. For water molecules and ammonia, they are„listed 

in Table.A(l). Substituting those values, tt and subsequently ° 

could be found. 

M, 
a 3*948 debye units, and 

My Q * 3.645 debye units. 

3. Evaluation of IQDq; 

. To calculate lODq then, all. values are inserted in the 

expression 
/J <r4> 

* lODq = (25/3) ejl-^ 
R 

For the complex hexaaquoiron(ll) ' ; 

4.8JC10_10X 3.645X10"18 X 1.345X10"32 

lODq - (25/3) — ; 7 = — 
(2.14)6 X 10-48 

«* 2.041 X 10- 1 2 ergs or 10.2 X 103 cm,"1, 

which is about 0.4 X 10 3 cm."" less than the experimental value of 

10.4 X 103 cm."1. 

For hexaammineiron(ll) • . 

lODq » 10.5 X 103 cm."1 

• \ * 
•a _ i 

which i s about 0,4 X 10 J cm, l e s s than the experimental value of 
3 - 1 •* \ ' 

10.9 X lO^cm. •*•. 
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' If instead, the value of (r4> is considered as constant 

< ' 2+ ' * 

for a par t icu la r ion, such as Fe , i n the presence of any ligand 

and taking the experimental value "of lOBq for the hexaaquoiron(ll) 

as a reference, one could calculate th«r value of IQDq for any 

similar'coniplt3x of the metjj. i on . For example* 

J _ i <• m -
______ _ ___________ ( „ 
1QD%> -%o- *4HL 

- 1*0243 

10Dq„„ * - 1,0243 X 10.4X103 cm.""1 
^ 3 

- 10*7 X 20 3 cm."*1, 

3' —1 
which is 0.2 x 10J cm. smaller than the experimental value 

obtained in this investigation. 
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Table Afl^ 

Some Physioal Constants for H„0 and HH, 

H20 MH-

permanent dipole moment I.85 en-

1 * radius• 

polarizibility 

1.38 

1.48 

1.40 

1.40 

2.26 

* o 
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Appendix II c. . 

* Sample experiment - Ammines of -Fe§0.', ' 

1. Preparation of amaine * ' 

-1.,weight of reaction tube + FeSO, "* 11.1750 gm*' 

2. weight of tube " „ 9*1732 gm. 

.*. weight of FeSO. . " 2,0018 gm.-

FeSO. wan reacted with anhydrous ammonia gas at rqom 

temperature (22|°C) at a pressure of 1 atmosphere. 

3. weight of tube after reaction * 12.4908 gm. 

.". weight of product - •• * ' 3.317.6 gm. 

.*,* weight of\amjnonia in product * 1,3158 gm,' 

.*. % ammonia - 39.66 

„ .*. aolecular-formula is FeSO..'(5*86) 1JH, 

2. Sulphate analysis 

i -

1 . weight of beaker + s a l t k 25,0300 gm, 

2 . weight of beakerv . 24.7937 gm, 

, * . weight of s a l t 0,2363 gm. 

The s a l t "was dissolved \n 50 ml, of Hi aqueout. HCl and 1 ml 

of concentrated HTO, was added, BaSO. was precipi ta ted by 

adding a concentrated solution of BaClg. The prec ip i ta te was 

col lected in a sifi tered glass funnel. 

3.-weight ,of glass funnel + BaSO. 16.7506 gm. 

\ 
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'* 4*. weight of s intered glass funnel 16,5315 S"1* 

jreight of BaSO. 0.2191 gm. 

-- t molecular/weight of BaSO, i s 233,43 gm* » 

6 .*..no. mop.es of BaSO. collected i s 9*386 X 10""4 

. * . n o . jfaoles of FeSO. i n original s a l t is^9.386 X 10~4 

* i 

molecular weight of FeSO. i s 151*93 gm. 
ft e 

,*. weight of FeSO. in original salt is O.I426 gn. 

.". weight of ammonia in original salt is 0.0937 gm. 
f 

'ammonia - 39*65 (theoretical 39*66$) 

3. Deatmoniation of salt 

1. weight)of glass tube + sample - 8.3925 gm. 

'2. weight of glass tube 8.1776 gm. 

.*. weight of sample 0.2149 gm. 

J weight of ammonia in sample 0.0852 gm. 

Deaaaoniation under vacuum at 79 c for 12 hours at a 
X -3 • ' 

pressure of 1 Z 10 J Torr. 

3. weight of glass tube + product 8.3I24 3m, 

,". weight, of product 0.1348 gm, 

"• „*. weight of ammonia lost O.OSOl gm. 

*\. weight of ammonia left 0.0051 gm* 

**.\$ ammonia in product 3*78. 

^ 

http://mop.es


4* Heat of solut ion measurement 

\ • 
1. weight of tube + sample 

2. weight of tube + sample left 

* , .*. weight of sample used 

solvent* 1 litre of IK HCl at 29°C. 

/ ' 
Time, Tenp. 

O. 3.999 

0.5 3.991 
/ 

1.0 3-984 

1.5 3.977 

2.0 3*970 

2.5 3.963 

3.0' 3.957 

3-5 3.950 

4.0 3,943 

d.5- 3^938 

5*0 3.930 

sample in 

6,0 3.928 

Time Temp. 

7 

7 

8 

8 

9 

9 

10 

10 

11 

Time Temp, 

12.0 

I 

3.921 

0 3.914 

5 3.908 

,0 3.900 

5 3*892 

.0 3*886 

.5 3.880 15 

0 3.871 

5 3.864 * 16.0 3.0JL8 

0 ' 3.858 I6.5 3*911 

0 heat off 

heat on 17.0 3.904 

11.5 

.voltage* 4.02 T 
currents 580 mA« 

6.1915 gm* 

6.0567 gm. 

0.1348 gm. 

Time, Temp. 

17.5 3.898 

18.0 3.891 

18.5 3.884 

19.0 3.879 

19.5 3.871 

20.0 '3.865 

20.5 3.858 

21.0 3.850 

rate of cooling from 0« to -ll» - 0.0139 deg./min* 

from 6* to 21* - 0*0138 deg./mxn. 
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5. Calculation /> ,<-

In Fig. 18 on page 90, the lines BP and CQ were 

extrapolated^ from the lines AB and, DC respectively^ To calculate 

the temperature change such as RS (***-T C), the following steps' 

were performed* 

1. The slope of the line AB was found/ from the relation 

dT - S.dt, 

where dT is a small change m temperature, S is the slope, a 

constant, and' dt is a small change in time. By integrating 

% \ h 
, f 

adt - S / ^ / dT - / S.dt = s / 

•'• V T A * s <W : • 
v. f 8 - (V*A>/<VV " 

1 

where T, is the temperature at point A, and T_ at B, and 

t. is the time at point A, and t_ at B. 
A a 

2. Tj, was deduced between X-JY-J- (Y-j- X£) 

3. Since AP is parallel to QD, 

A T - SR - Y ^ 

- (Y-- Xj) + (X£- Xj) 

but (X!j<- X£) - (Xj- 35) .S 

- v • 
where t^ = (X,- XV) - time elapsed from X-to Yn. 
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4., Therefore, 

By calculating A T for as many pairs of points as possible, X,Y,, 
0 j XX 

X2Y2, X,Y,,.....X Y_, thj* averages-value of A T was found. The 

same procedure was followed for calculating the temperature 

difference between D and E. for the determination of the heat 

capacity of the calorimeter. Ijiowing the weight of the sample, 
i a 

the heat of so lu t ion , AH , could be found from the r e l a t i on -

AT :i c 
&H _. 

where' C is the heat capacity of the calorimeter and w is the 

weight of the sample dissolved* . ^ 
' * ' 

For this example for the heat of solution of an 

amnine of FeSO^,, the,average of AS? was 0.071 for the lines AB 

and CD, and 0.011 for the lines CD and £F in the tine interval t, 

between 5 snd 10 minutes. Usinc the rate of cooling, S, for the 

lines AB and CD as 0.0139°c/min., t^S is found to Me 0.834°C. 

Therefore A T is 0.0124 a. sinilar treatment on the lines CD and 
p 

EF given the heat capacity of the calorimeter as 1035 cal./°C. 

Therefore the heat of solution is 
A T X C 0.0124 :; 1035 

% 

I 
vs 

V 

95.2 

—! 

cal */m* 

0.1348 

• 
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Since the salt,contains about 3*78$ ammonia, the heat • 

of neutralization has to be subtracted from this. It is 26*86 cal, 
0 ' 

Therefore the corrected heat of solution for the salt is 68,3 > cal', 
, * * • 

per gram. *• ' " ' * - " • ^ . 

J 

y 
J 

-<_» 1 



1 a 

- 243 -

Appendix I l i a 

Average Current Irtput during the Heating Period. 

" The current-Was found to be nearly constant and could 

• ^be represented by 

I - A + Bt + Ct 2 - -

Suppose a t time t- the cu r ren t was J- and,at time t_ , I 2 * 

, i e t tx be the to ta l time of energy input . 
# • * . • * 

' i 

W *3 
- / I .d t 

>. 

At3 + | t 2 + | t 3 . 

av. 
A + | t 3 + f t 2 . 

f l + J2 4 , . _ , . _ 2 -

a 

- # (A + Btx + Ct£) + ( A + Bt 2 •»• Ctg) 

- A ^ t . + t^+f^+tl) 

" A + I *3 * I *3 ' 
U ^ + t 2 ) - • _< t 2 - 2 t 3 t 2 + 2t2 ) 

.'.* 6 t | j _ 6 t 3 t 2 + t | 

*•* t 2 '_- t 3 ( 1 £ / | ) _ - -0*79t3* 
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and \ p* 0.21t-

Therefore the values of current at 0.79 and 0.21 of 
I' 

a-

the to t a l time were noted and the i r average value was taken for 

further ca lcula t ion. 
J," 
i 

\ 

\ 
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v. Appendix IT ' j . 

Key valuee for generating»thermocouple tables* 

o I 

For a copper-oonetantan thermocouple, the following 

values could be used. 

Temp,,°F Toltage, T 

-50 . -1.6540 t 

0 -0.6695 „ 
- . 50 , 0.3890 \ 

100 * 1.5170 ) 

Example* to find T corresponding to ^0f. 

/" T0 TQ - - 0.6695'»T. 
- j V1 m 0.3890 mT* 
T2 j T2 - 1.5170 mT. 

- (T - Tx) (T - T2)| * (T - T.) (T - fg) 
r_-o_ »\___i" • — « i 7 „ + t * - - - - - - - • T-, 

" <T - T0) (T - T-) 

(T2- T05* (T2- T-) 
* T2 

(72 - 50) (72 - 100) (72 - 0) (72 - 100) 
J_- . ( . o.6695) +' : , 

( 0 - 50) ( 0 - 100) • • (50 - 'o) (50 - 100) 

" J ( 7 2 - 0 ) (72-50) 
(0.389P) + . (1.5170) 

(100 - 0) (100 - 50) 

- O.8768 mT. 
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Appendix T 
a 

Estimation of errors ' * 

Standard deviations <*~, which give estimates of the 

probable, errors due to addition, subtraction, multiplication and 

division of various measurements may be calculated using standard 

formulae.* " / 

For i 

R - A + B + C 

the standard deviation in the value of H, «*1, is given "by the 

formula -

O r - ) 2 - (<$*+ <-B)*+ (<rc)
2 

where or, <r and <*1 are the standard deviations in A, B and C 

respectively. For 

B R *oA X ? 

or is given by the formula • 

Thus the standard deviations associated with the present 

investigation may be estimated. For the example given in Appendix 

II, for the uncertainty in the weight of the salt of * 0.0001 gm.f 

* H. A. Laitinen, Chemical Analysis, McGraw-Hill, Hew York. i960. 
P* 544. 
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the composition of the starting: material is 39*66 * 0.0l£. 

\ The heat capacity of the calorimeter has been estimated 

to fbe Accurate to 1.05 X 103 cal./oc. With the uncertainty of the 

Beckmann thermometer of about 0.002 °C, the individual heat of 

solution appears to be accurate to ± 2.1 cal. (of. p. 89). 

For the purpose of estimating errors in Q__, the heat of 

solution data for the ammines of nickel (ll) sulphate and the 
m 

hydrates of nickel(ll) chloride shall be considered. The former 

illustrate possible errors in the heats of solution measurements 

obtained from the simple calorimeter described on page 89 and the 

latter from the new calorimetric assembly (p. 92). 

For a collection of data, ^J^t en equation of the form of 

y - mx + b 

has been obtained by applying the method of least squares * 

n£xiyi " <&_)<&_) 

_>i - »£*. 
n 

where * 

»r*!-(_x)2 

and 
n 

The sun of the squares of the deviations, £d?, has been calculated. 

The standard deviation in the slope, 01, and the standard deviation 

in the intercept, <£ , have been estimated by using the formulae ## 

* T. B, Grumpier and J. E. Yoe, Chemical Computions and Errors, 
Wiley, lfew York. 1949. P. -It-

** H. D. Young, statistical Treataent of Experimental Data, HoGraw-
Hill, Hew York. 1962, p. 122. 
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,2 t d i 
°m 

2 ( I d 2 / n ) ( _ > f ) 

' ^ ' n l x f - d x , ) 2 

For ammines of tElckel(>ll) sulphate, the equations are 

yBC - (116 t 5) - (3-60 t 0.17)x 

y__ - (250 ± 3) - (6.96 + 0.12)x 

The heat pf solution for the monoammine at-B i s 

(116°+5) - ( 3 5 . 7 t * . 7 ) 
p* 

- (80 + 5) cal./gm. 

The heat of solution 'for the heptaammine at C is 

(116 ± 5) - (157 + 7) 

- (- 41 t 9) cal./gm. 

Using the slope of the line FE,' the equation for the line CE has 

been calculated as '„ 

yg- - (193 110) - (6.96 ± 0,12)x. • 

The heat of solution of the monoammine at D is therefore (193 £ 10) 

cal./gm. *• 

."* Q__ - (193 ±£0) - (80 + 5) 

- (113 £ 12) cal./gm. 

, or 31 i 3 kcal./ mole, of heptaammine. 

«_•> 
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For the hydrates/of nickel(ll) chloride 

yB(J - (132 + 2) - (2.96 £ 0.04jx 

y__ - (202 + 1) - (5.42 ± 0.08)x. 

The heat of solution for the monohydrate at B is 

(132 ± 2) - (36.1 ± 0.4) - 96 t 2 cal./gm. 

The heat of solution for the heptahydrate at C is | 

(132 £ 2) - (146 i 2) . - 14 £ 2 cal./gm. 

Using the slope of the line FE, the equation for the line CE .has 

been calculated to be , 

yc£ *" (253 * 2> ~ (5.42 ± 0.08)x. 

erefore the heat of solution for the"monohydrate at D is 

(253 £ 2) - (66 + 2) - 187 ± 3 cal./gm. 

. \ ^ - (187 ±3) -(96 £2) 

m 91 + 3 cal./gm. or 23 £ 1 kcal./ mole of" 
<p-

heptahydrate. - . >-

This accuracy is obviously better than that in the 

spectroscopic technique for estimating lODq since most spectra 

for transition metal complexes are quite broad, so that the 

absorption maxima cannot be assigned to any great accuracy. 
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