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INTRODUCT ION 

The electrolytic dissociation constant of hyd.razine 

hydroxide has been determined. by various investigators. The 

valaes obtained, however, vary over a wide range. This may 

1e attributed. to the experimental difficilties encountered 

and inaccuracy in methods of procedure or interpretation of' 

results. Furthermore, the determinations have been made at 

random temperatures and different ionic strengths, thereby 

lessening the general value of the results. The purpose of' 

this work is to determine the ionization constant of hydrazine 

hydroxide by a systematic investigation at various temp- 

eratares in solutions of known ionic strength. 

There are three common methods by which dissociation 

constants may be obtained. They are: conductivity, dis- 

tribution or 'avidityTT measurements, and measurement of the 

hydrogen ion activities in buffer solutions. All three of 

these have been utilized in the previous determinations of the 

constant for hydrazine hydroxide. 

The conductivity method of determining the ionization 

constants of weak acids and bases has some distinct disadvant- 

ages. Very pure water mast be used in the preparation of all 

solutions. The equivalent conductance at infinite dilution 

must be obtained and in order to do this, the conductivity of' 

at least one salt of the acid or base must also be determined. 
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In addition to these objections, extraDolation methods mast 

be used, the interpretation of' which is sometimes question- 

able in the light of' modern theories. Bredig (1) measured 

the equivalent conductivity of hydrazine hydroxide and from 

this value calculated the ionization constant. He found 

values which varied from 4.4 to 2.1 x lO, depending upon 
the concentration used. Such a v,riation casts doubts upon 

the accuracy o± the work. Moreover, when platinum is used 

in the cell, hydrazine hydroxide is decomposed, which may be 

the explanation of' the variation. 

The distribution of' an acid between two bases is a pro- 

cedu.re that has been used. in earlier work as a means of 

determining ionization constants. Gilbert (5) by measuring 

the increase in solubility of hydrazine picrate in the 

presence of ammonium hydroxide, determined the ratio of the 

ionization constant to that of ammonia from the equilibrium 

established. His results were obtained at only one temp- 

erature and at two ionic strengths. The indirect method of 

computation magnified errors of analysis to such a degree 

that the results obtained are not highly concordant. 

The potentiometric determination of ionization constants 

has been developed to givea high degree of accuracy, al- 

though many investigators have overestimated its simplicity. 

This method offers many possibilities in methods of procedure. 

In order to obtain indisputable results, the cells must be so 

constituted that liquid junction potentials will be eliminated 
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or kept at a constant minimum value. The best way to do this 

of course, is to use a concentration cell without trans- 

ference. In the case of hydrazine hydroxide, a cell of this 

nature has not been devised due to the high chemical re- 

activity of the hydrazine hydroxide in neutral and alkaline 

solutions. 

The choice of electrodes used must be thoroughly 

studied. The quinhydrone electrode could not be used to 

measure the hydrogen ion activity because quinhydrone reacts 

with hydrazine hydroxide. The hydrogen electrode would be 

inadequate as platinum black decomposes this base. The glass 

electrode seems to offer the best possibility. Hughes (6) 

using the glass electrode measured the pH of a solution 

containing M/lO N2H5OH - MIlO N2H5C1 at half neutralized 

buffer mixtures by comparison with phosphate and borate 

buffers. The ionization constant corresponding to this pH 

was 1.7 x lO6 or 1.4 x io6 depending upon his interpretation 

of the ionization of the salt. 

Due to the fact that the dissociation eqailibriwn is 

affected by the presence of salts, such a determination is 

valid only at the particular salt concentration in which it 

was measured. Such an ionization constant is, moreover, a 

hybrid figure because the glass electrode measures the 

activity of the hydrogen ion, whereas the other factors in 

the equation are expressed in terms of concentration. Thus: 
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C i5c 

Many of the figures recorded in the literature as 

dissociation constants of weak acids and bases consist of 

this sort of approximations. Such a "constant" will not be 

a constant when measured in the presence of different con- 

centration of ions. The true thermodynamic dissociation 

constant on the other hand, 

M 

represents a true constant ander all conditions.* The 

determination of this constant involves a knowledge of the 

manner in which the activity coefficients vary with the 

concentration, or it may be obtained by determining the 

apparent dissociation constant in solutions of decreasing 

salt concentrations and extrapolating the results to zero 

concentration. In view of possible uncertainties con- 

cerning activity coefficients of hydrazinium ions, which 

have never been experimentally obtained, it was thought 

best to follow the second procedure. In order to obtain 

solutions of low ionic strength, advantage was taken of the 

fact that barium sulfate is highly insoluble. Solutions of 

*In this paper the apparent dissociation constants are 
designated by K' while the thermodynamic constants are given 
merely as K. 
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hydrazine sulfate were treated with barium hydroxide in 

suitable amounts, whereby, all barium ions and a consider- 

able proportion of the sulfate ions were removed from the 

solution, which left a low concentration of hydrazine 

hydroxide and hydrazinium ions along with a small con- 

centration of sulfate ions. Using a glass electrode, the 

pH of a series of solutions was determined, containing in 

each case eouivalent amounts of hydrazine hydroxide and 

hydrazinium ions, the ionic strength being varied by the 

addition of potassium sulfate. These measurements were 

repeated at fifteen, twenty-five, thirty and thirty-five 

degrees Centigrade. 

EXPERIMENTAL PART 

Since the use of the glass electrode requires the 

measurement of low potentials through high resistances, a 

somewhat complicated method of measurement must be used. A 

quadrant electrometer or a condenser and a ballistic gal- 

vanometer could be used, but the expense of the apparatus 

prohibited their usage. The vacuum-tube potentiometer, 

because of its simplicity and small cost, offered the best 

possibilities. 

The set-up is shown in Fig. I. The principle is that 

of DeEds (4). It is to be noted. that the essential parts 

are a potentiometer, a 232 radiotron and a Leeds and 
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Northrup galvanometer #2420-C. The vacuum-tube is kept in 

a dry atmosphere by placing it in a Mason jar along with a 

small beaker of phosphorous pentoxide and closing the jar 

with a rubber stopper. This is done to prevent any elec- 

trical leakage over the tube and base. Connections are 

made by wires soldered on the four prongs and on the control 

grid and led through glass tubes in the rubber stopper. 

In operation a certain amount of current flows in the 

plate circuit, producing a rotation of the galvanometer 

coil. The zero point of the galvanometer is then adjusted 

by means of the torsion of the coil suspension to counter- 

balance the rotation of the coil produced by the plate 

current. The sensitivity of the system can be regulated by 

increasing or decreasing the plate current and changing the 

torsion in the suspension accordingly. Switch S2 is opened, 

si being closed, and the rheostat R is adjusted so that the 

galvanometer will read on the scale. The potentiometer is 

set to read directly the voltage of the standard cell, switch 

S1 is opened to include the standard cell in the circuit and 

S2 is closed. The reading of the galvanometer is the zero 

point which must be used in all determinations of the elec- 

tromotive force o± cell X. Switch is then opened and 

is thrown over toinclude cell X in the circuit. The elec- 

tromotive force is then determined by changing the potentio- 

meter dials until the galvanometer again gives its zero 
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reading. The potentiometer reading is now eqaal and 

op'osite to that of' the glass cell combination. Readings 

were reprodacible to ±3.5 millivolt. 

The glass electrode used in this experiment was made 

from Corning 015 soft glass by blowing a small bulb on the 

end of a six inch test tube. This bulb, if made too thick 

would not function when introduced into the cell. Various 

arrangements of the cell were tried, but the following type 

was chosen because of its simplicity 

Hg, Hg2C12, KC1(O.l N) II Unknown soln., Glass, 

Buffer(known pH), KC1(3.l N), Hg2Cl2, Hg. 

The glass electrode is somewhat difficult to work with if a 

high degree of accuracy is required. Differences in thick- 

ness, time of ageing, and effects of salt concentration all 

have an influence on its behavior. The particular corn- 

binations chosen for this work obviates most of the common 

difficulties except the last. Since the two end electrodes 

of' the chain are identical, they respond in the same manner 

to temperature changes. In making a pH determination, the 

glass electrode was dipped in a standard buffer of known pH 

and a reading E1 taken. The electrode was then placed in 

the hydrazine solution rd a second reading E2 taken. Then 

at twenty-five degrees, the pH of the hydrazine may be found 

by the relation 

p H 
EL - E + p H 

.o 5 9/ 



It might be noted that the concentration of the buffer inside 

the glass electrode, like the asymmetry potential, does not 

appear in the final equation. 

The salt bridge used was a special one designed by 

Ingham and Morrison (7) for work on a similar problem, the 

dissociation constant of hypochiorous acid. This bridge 

eliminates uncertainties due to agar-agar bridges and also 

prevents contamination of the solution. It consists of a 

U-tube with a stopcock at the bend. The bore of one arm 

was approximately four millimeters while the other arm was 

drawn into a tube whose bore was much smaller. Over this 

arm a glass jacket, containing one small hole a few cen- 

timeters from the bottom and another hole nearer the top, 

is connected by means of a piece of rubber tubbing. The 

U-tube is filled with saturated potassium chloride and the 

stopcock is closed. The jacket is slipped over the arm and. 

the bridge placed in the solutions, the large arm in a 

beaker o± saturated KC1 and the other arm in the solution of 

unknown pH. This liquid runs into the glass jacket through 

the bottom hole. The levels of the two liquids are so ad- 

jasted that on opening the stopcock a little, potassium 

chloride can be run into the bottom of the jacket thereby 

creating a junction with a horizontal interface with the 

denser potassium chloride on the bottom. This arrangement 

gives a permanent and. reproducible junction. 



The buffer solutions used were made by the addition of 

0.1 N HC1 to 0.05 M borax solution in specified volumes (2). 

The pH of these solutions was determined with the hydrogen 

electrode. Tank hydrogen was passed through alkaline 

pyrogallol, acid permanganate and finally through distilled 

water. Using any buffer as a standard, the values obtained 

with the glass electrode checked with those obtained with 

the hydrogen electrode. Table I gives the pH values of the 

standard buffers at different temperatures. 

TABLE I 

pH H2 e.m.f. glass pH glass 15° 30° 35 
elect. elect. elect. 250 

7.379 0.1033 Standard 7.39 7.36 
8.089 0.0615 8.087 8.094 8.06 
8.327 0.0475 8.324 8.337 8.315 

The temperature was controlled by means of an air 

thermostat which consisted of wooden box containing a copper 

coil, through which hot or cold water could be introduced. 

The air inside this box was constantly stirred by means of a 

fan. It was necessary to place the fan motor at a distance 

of five feet and connect it to the fan by a long section of 

glass tubing. 1±' the fan motor was closer to the apparatus, 

a reading could not be taken because of the erratic behavior 

of the galvanometer. 

Four solutions were made containing a fixed amount of 
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hydrazine sul±ate and. varyirg known amounts of potassium 

sul±ate. For an example; a mixture of 1.6266 grams of 

hydrazine sulfate and 4.3565 grams of potassium sulfate was 

dissolved. in distilled water and öjluted to five hundred 

cubic centimeters. The concentration of the potassium 

sulfate was 0.05 molar and that of the hydrazine sulfate 

0.025 molar. The concentration of the potassium sulfate in 

the other solutions decreased in steps from 0.05 to 0.005 

molar. These solutions were titrated against O.O99 normal 

barium hydroxide to obtain the endpoint. Since the result- 

ing solution is slightly alkaline it was feared that oxi- 

dation of the hydrazine might take place. Experience, 

however, showed that the solutions were stable at least to 

the extent that no noticeable change in pH occurred when the 

solutions stood for a period of an hour or more. 

Examination of the stoichiometric relations shows that 

two equivalents of barium hydroxide are required to react 

completely with one mole of' hydrazine sulfate. The half 

reaction point is easily found because of the fact that it 

occurs at the pH of the methyl orange endpoint. Further 

addition of one half the barium hydroxide required for this 

first step then produces a solution containing one equivalent 

of hydrazinium ion and one equivalent of hydrazine hydroxide. 

The proper amount of barium hydroxide being added, the pH of 

each solution was determineaat a series of four temperatures. 

Check runs were made on ali except the one at thirty degrees. 
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RESUlTS AND DISCUSSION 

The results are shown in Table II and in Figures 2 

and 3. The thirty-five degree curve in Figure 2 and the 

points corresponding to the thirty-five degree run in 

Figure 3 are doubtful because of an erroneous reading of 

the electromotive force when the stand.ard buffer was used. 

Two such readings were taken which disagreed. The reading 

which gave the most logical curve in comparison to curves 

at lower temperatures was used in the calculation. 

Neglecting the small amount of ionized hydrazinium 

hydroxide (which can be shown to be negligible within the 

limits of experimental accuracy of the potentiometer set-up) 

it may be seen from the equilibrium expression that under 

the concentration conditions chosen 

This is the apparent or stio"chiometric KB in which no 

allowance has been made for the salt effect. The total 

ionic strength in each solution was calculated, allowing 

for the dilution and for the barium sulfate precipitated. 

This precipitation materially lowered the ionic strength. 

The activity of the hydroxyl ion can only be obtained in- 

directly from the activity of the hydrogen ion (or pH) using 

t'fle relation 

OoH 



TABLE II 

Temp. p pH K x 10 KA x 10 

15° 0.000 7.1 
0.029 8.22 6.05 
0.044 8.26 5.55 
0.089 8.36 4.35 
0.164 8.42 3.82 

25° 0.000 10.81 
0.029 8.02 9.55 
0.044 8.051 8.89 
0.089 8.116 7.68 
0.164 8.179 6.62 

30° 0.000 13.1 
0.029 7.99 10.20 
0.044 8.01 9.76 
0.089 8.06 8.55 
0.164 8.13 7.44 

35 0.000 16.5 
0.029 7.82 15.10 
0.044 7.84 14.40 
0.089 7.90 12.60 
0.164 7.96 10.90 

KB X 

0.636 

0.933 

1.11 

1.26 

lia 
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K itself changes considerably with salt concentration, 

hence the calculation of the hydrogen ion activity in salt 

solutions involves several difficulties. This may be 

avoided entirely if hydrazine is considered from the stand- 

point of the BrnstedTs extended theory of acids and bases 

as an acid similar to the ammonium ion. This same treatment 

is recommended by Clark (3). On that basis the fundamental 

eouilibrium would be 

whence 

NIg N 

This KA represents the dissociation constant of the 

hydraziniam ion as an acid and is related to KB (the dis- 

sociation constant of hydraziniwn hydroxide as a base) in the 

following manner 

K 

From the thermodynamic value of KA, determined by extrap- 

dation of our results to an ionic strength of zero, the 

thermodynamic value of KB may be calculated using the well 

established values of K without Question of the validity of 

the results. This newer method of treatment was adoDted. and 

the results are given in terms of KA. 

The effect of salt concentration uDon the ionization of 
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weak acids and. bases is of importance in the ase of buffer 

solutions, and has been studied. from that viewpoint by 

several investigators (8) (9) (31). The theoretical 

treatment has been developed. from the standpoint of the 

Debye-Huckel theory and. the results are generally stated in 

an equation similar to the following 

Where 

pl< z 

K pI< '° 

A = 0.5 (as in the fundamental Debye-Huckel eouation) 

B a constant which varies with the nature of the salt. 

Morton (9) has tested the effect of potassium sulfate on 

acetate buffers. Choosing the value of 0.411 for Bras does 

Morton, and using the data for the highest salt concen- 

tration at 25e. 

+ - 

From this KA : Q x 10-e, which is in exact agreement with 

the value obtained by extrapolation from curve. In view 

of the approximations involved, such close agreement is 

probably fortuitous. 

The calculation of KB follows easily from KA and the 

values are found in the last column of Table II. These and 

KA are plotted against the temperature in Figure 3. The 
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knowledge of the variation of KB with the temperature allows 

the calculation o± the standard free energy of ionization 

and the heat of ionization. 

and. 

whence at 250 

O 

dt RT2' 

l a6 CJ,eS 

and for the 25° - 30° interval 

INcH ' 
+ 

¿1 H = 6OO cf0-ieS 

This may be compared with the very early work of Bach (0) 

in which he obtained by a calorimetric method. i H 3950. 

On account of the high heat of dilution of hydrazinium 

hydroxide there is possibility of considerable variation in 

this 'igure when obtained, at different concentrations. 
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3 TJJfl 

1. Glass electrode measurements of the pH have been 

made on a series of hydraziniwn salt solutions at different 

concentrations and temperatures from 150 to 350 Centigrade. 

2. The thermodynamic ionization constants of hydra- 

zinium hydroxide as a base and hydrazinium ion as an acid. 

are found from the apparent dissociation constant at 

different salt concentratiori. 

3. From the ionization constant, the standard free 

energy and heat of ionization was calculated. 
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