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! Acidic Dissociation Constant and Related Thermody­
namic Quantities for Diethanolammonium Ion In 
Water From 0 to 50 °C l 
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(August 29, 1961) 

The dissociation constants of diethanolamine (2 :2' -dihydroxydiethylamine) and its 
conjugate acid were determined by electromotive force measurements of the cell 

in the temperature range 0 to 50 °e. The acidic dissociation constant (Kbh) of the diethanol­
ammonium ion is given by 

1830.15 
- log K b h = - T--+4.0302 - 0.0043261 T, 

where T, the temperature on the Kelvin scale, lies between 273.15 and 323.15°. From this 
equation were calculated flG o, the change in free energy; flIIo, the change in heat content; 
flSo , the change in entropy; and flC: , the change in heat capacity that accompany the dis­
soci::1tion of 1 mole of diethanolammonium ion in the standard state . At 25 °e, - log K bh = 
8.883 ; fl Go = 50,682 joule mole-I; flf£o = 42,400 joule mole-I; flSo= - 27.8 joule deg- 1mole- l ; 

and flC;'= 49 joule deg-1mole- l . 

1. Introduction 

The effect of changes of temperature upon the 
dissociation constants of neutral and negatively 
charged acids has been the ohject of considerable 
study over the past quarter century. This effort has 
resulted in much useful information concerning the 
thermodynamic quantitie associated with the dis­
sociation process in acids of these types. Until 
recently, however, the systematic study of posi­
tively charged acids has received little attention. 

From the electrostatic point of view, the dissocia­
tion of a positively charged monobasic acid is of 

I unusual interest. The dissociation process is iso­
electric, and consequently it might be expected that 
the electrostatic contribution to the change of heat 

I capacity would be zero [I, 2)2. This prediction was 
confirmed for ammonium ion [3, 4], but rather large 

I positive values of the heat-capacity change have 
been found for other acids of the same charge type. 3 

From the molecular point of view, the dissociation 
process appears to be a reaction of considerable com­

I plexity. Although considerable progress has been 
made, notably by Everett and Wynne-Jones and 

I their coworkers [6, 7, 8], Evans and Hamann [9], 
Laidler [10], and others/ in identifying the several 
factors involved, it is not yet possible to account 

1 Presented in part before the Division of Pllysieal Ohemistry at the 137tb 
I meeting of tbe American Ohemical Rociety, Olevel and, Ohio, April 1960. 

' Figures in brackets indicate the literature references at the end of this paper. 
• For example, the value of t:.co p, the change of heat capacity, for trimethyl­

ammonium ion is +183 j deg-' moJe-' at 25 °0 [5]. 
• See, for example, reference [111. 
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theoretically for the measured thermodynamic quan­
tities. The empirical correlation of structure wi th 
the observed changes of entropy and heat capacity, 
on the other hand, has revealed a considerable 
amount of regularity: permitting useful predictions 
to be made. 

Earlier papers have reported the dissociation 
constants of monoethanolammonium ion (12) and 
triethanolammonium ion [13) from 0 to 50 °C, as 
well as the changes of free energy, enthalpy, entropy, 
and heat capacity that accompany the dissociation 
process in the standard state. Similar data for 
diethanolammonium ion are now presented. 

2 . Method 

The method was the same as that used in the de­
termination of the dissociation constant of mono­
ethanolammonium ion [12], and that of triethanol­
ammonium ion [13, 14]. It has been described in 
detail in earlier publications and will only be sum­
marized here. 

Electromotive-force measurements of the cell 

were made at intervals of 5 deg from 0 to 50 °C. 
The molalities ml and m2 were approximately equal, 
and the partial pressure of diethanolamine over the 
buffer solutions was so low that no correction was 



applied for volatility of the solute (diethanolamine 
boils at about 140 °0 under a pressure of 2 mm Hg). 
It was also found that the correction for the com­
plexing of silver chloride by the amine was negli­
gible and it was therefore omitted.5 

The thermodynamic acidity function p(aH'YCl) was 
computed for each buffer solution at each tempera­
ture by the equation 

p(aH'YC I) == -log('YH'YClmH) 

= (E-EO)F/(2.3026RT)+log mCI (1) 
where E is the emf of the cell and EO the standard 
potential of the cell [15]. In addition, F is the Fara­
day, R the gas c~mstant,. T the temperature on the 
Kelvin scale, m IS molalIty, and 'Y IS the molal ac­
t ivity coefficient. Values of 2.3026RT/F have been 
tabulated elsewhere [16] . . 

The acidity function p(aH'YCl) is the s~me quantIty 
for which the symbol pwH was earlIer sugges~ed 
[17] and has been widely used. In order to clarIfy 
the nature of this quantity, it has now been proposed 
that p(aH'YCl) be used instead of pwH [18]. . 

The hydrolysis (dissociation) of diethanolamme 
as a base is sufficiently extensive that the true 
equilibrium concen.trations of. dietha!lOlammoni:un 
ion (BH+) and of dIethanolamI~le .(B ) m .the solu.tI?n 
differ somewhat from the stOIchIOmetrIC molahtl~s 
ml and m2. This hydrolysis reaction is written as 
follows: 

(2) 

It is evident from this equation that the molality of 
BH+ will be equal to (m ) +mOH) whereas that of B 
will be (m2-mOH)' Accordingly the ionic strength 
(1) will be given by 

(3) 

It has been shown earlier [19] that the concentration 
of hydroxyl ion can be computed very co~veni.ently 
and with sufficient accuracy by the approxImatIOn 

(4) 

where K w is the ion product constant for water [20]. 
Experience has shown that the determination of 

the dissociation constant is facilitated by estimating 
the magnitude of the activity coefficient of the io~ized 
diethanolammonium chloride in each of the solutIOns. 
The complete expression for th~ aci~ic ~lissociation 
constant of the diethanolammol1lum IOn IS therefore 
obtained by combining the. mass-law .e~pression tor 
the dissociation process WIth the aClch.ty functIOn 
p(aH'YCl) and with the Huckel. expressl~n f.or the 
activity coefficients. The resultmg equatIOn IS 

- log K~Ii==-log K bh-(31 = p (aH'YC I) 

+ 1 ml + mOH 2A~1 og . 
m2- mOH I+ Ba*{J 

(5) 

, Tbe solubility of silver cbloride in a 0.1 msolution of diethanolamine was found 
to be 0.0002 molej1iter. The corresponding correction to the emf can be calculated 
in tbe manner ontlined by Bates and Pincbing [4J. 
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The apparent value of K bh in any solution is ~~sig' 
nated K~h · A and B are constants of the D ebye-Hueke 
theory [2Ij, and a* and (3 are adjustable par~meters. 

The thermodynamic constant was obtallled by . 
plotting the values of - log K~", as a func~ion of I 
ionic strength and extending the hne so obtall1ed to 
an ionic strength of zero . When ~oo lar.ge a value of 
a * was selected, the plot of the nght SIde of eq (5) 
as a function of ionic strength was concave down­
ward ' when a * was too small, the function was con­
cave ~pwarcl. For the measurements of diethanol­
amine straight lines easily extrapolated to zero 
ionic ~trength were obtained by using a value of . 
zero for a*. The last term of eq (5) thus takes the 
form of the Debye-Huckel limiting law. 

3 . Experimenta l Procedures and Results 

Diethanolamine was distilled at 143 0 0 ±3° at a 
pressure of 2 mm Hg: The mid<;lle third of the dis­
tillate was collected and subjected to another ) 
distillation at the same pressure and temperature, 
and the middle third of this new distillate was 
collected. This :final sample was found by electro­
metric titration with a standard solution of hydro­
chloric acid to assay 100.1 percent, if assumed to 
contain only diethanolamine. 6 • • 

The buffer solu tions were prepared and studledlll 
0TOUPS of five. The last four of each series were 
prepared by weight dilution of the fi~st. Thi~ st<?ck 
solu tion was prepared, for each senes, by pIpe~mg 
into a O.I-m hydrochloric acid solution (standardIzed 
by weighing. the chlor~de as s~ver chloride) an 
amount of dlCthanolamme suffiCIent to produce a 
solution about 0.1 m in diethanolamine hydro­
chloride and 0.1 m in uncombined diethanolamine. 
The exact molality of the hydrochloride was, of course, 
the same as that of the hydrochloric acid used in 
making the solution .. The exac~ mol~lity. of the 
free amine was determll1ed by WeIght titratIOn. 

The observed values of the electromotive force 
(th e averages for two pairs of electrodes in each 
cell) were corrected in the us;_ml way to the standard 
reference state for 1 atm partIal pressure of hydrogen. 
The corrected average values are given in table 1. 
Values of p(aH'YCl) were calculated by eq (1) fr?m 
each corrected value of the emf and the chlonde 
molality (ml)' 

The quantity - log K~h was evaluated by eq (5) 
for each solution and was plotted at each tempera­
tme as a function of ionic strength. The calculated 
points at each temperature fell on a straight line 
when a* = O was chosen. By the method of least 
squares, the equations for these lines were deter­
mined and the intercepts (-log K bh) at 1= 0 were 
obtained. The values of - log K bh from 0 to 50 0 0 
are listed in table 2 together with the standard 
deviation of the intercept. . 

The basic dissociation constant (K b) of dlCthanol­
amine is also given in table 2. This i.s the equi­
librium constant for eq (2) and was obtamed by the 

6 An estimate of the efleet of monoetbanolamine as an impurity is gil'en in the 
appendix, section 5 of this paper. 



I TABLl, 1. Electromotive jone oj the cell: Pt ;Hz(g, l atm), diethanolammonium chloride (m,), diethanolamine (mz), AgCI;Ag 
jrom 0 to 50° 0 

Series m, m, 0 5 10 15 20 
----------- - ---------------

A 0.10066 0.10833 0.82349 0.82387 0.82410 0.82411 0.82396 
.06207 .06680 .83254 .8328., . Ra327 . 83~33 .83394 
.03922 . 04220 .84134 .84203 .84263 .84294 .84313 
. 02924 . 03147 .84704 .84762 .84854 .84908 .84911 
. 02097 .02257 .85385 .85481 .85573 . 85628 .85669 

B .10239 .09148 .81879 .81904 .819 17 .81902 .81883 
.09114 . 08143 . 82095 . 82124 . 82139 .82132 .82108 
.07174 . 06410 .82543 .82584 .82608 .82613 .82600 
.05182 .04630 .83165 .83213 .83254 .83274 .83278 
.03138 . 02804 .84125 . 84192 .84250 .84287 .84305 

C . 10239 .10575 .82202 .82236 .82256 .82253 .82246 
.08678 . 08963 .82526 .82570 .82597 .82603 .82594 
. 013163 .013595 .86239 .86352 .86444 .86508 . 86573 
.009087 . 0093S5 .870 17 .87143 .87250 .87334 . 87407 

D .10239 . 10460 ---------- ---------- ---------- ------- --- ----------
. 012161 . 012423 -- -------- --- -- ----- -- -- - ----- ---------- ----------
. 008791 . 008981 ---------- ------ ---- ---------- ---------- ----------
. 007109 . 007262 ---------- ---------- ---------- ---------- ----------
.005248 .005361 --- ------ - ---------- -- --- ----- ---------- ----------

E .08643 .07830 . 8223r. .82268 . 822il8 .82286 .82269 
.06103 .05529 .82881 .82917 .82946 .82954 .82950 
.04569 . 04139 . &1436 .83492 .83531 .83552 .83556 
. 03521 .03190 .83950 .84018 .84062 .84003 .84 111 
.02521 .02284 .84605 .84657 .84709 .84746 .84782 

T ABLE 2. Summary oj the dissociation constants oj diethanol-

25 30 35 
----------

0.82364 0.82320 0.82254 
.83363 .83320 .83260 
.84325 .84304 .84263 
.84961 .84918 .84893 
.85694 .85699 ----------

.81877 .81781 .81675 

.82096 .82019 .81939 

.82588 .82533 .82466 

.83270 .83224 . 831M 

.84320 . 81285 .84254 

.82230 ----- - ---- ----------

.82573 --- ------- ----------

.86612 ---- -- ---- ------- ---

.87475 --.--- --- - ----------

---------- .82129 .82056 
---------- .86739 .86743 
---------- .87496 .875 17 
------- - -- .87979 .87998 
--- ------- .88720 .88755 

.82243 .82190 .82112 

.82958 .82902 .82838 

.83562 .83525 .83469 

.84117 .84092 .83959 

.848.10 .84814 .84760 

40 45 
------

0.82165 0.82068 
. 8~194 . 83 114 
.84191 .84124 
.84817 .84795 

---------- ----------

. 815Ra .81490 

.81842 .8 1729 

.82387 .82294 

.83099 .83007 

.84196 .84130 

---------- ---- - -----
-------- -- ---------. 

---------- ----------
--- - ------ ----------

.81980 .81892 

.86734 .86718 

.875 10 .87499 

.88013 . S8008 

.88775 .88781 

.82001 .81907 

.82757 .82658 

.83403 .83308 

.83903 . 83916 

.84709 . 84G49 

50 
-

0.8196 2 
8 
1 
4 

. 8301 
105 

.8472 
-----_ .--

.813 

.8162 
64 

1 
1 
9 
8 

.8216 

.8290 

.8404 

.------ - -
----.--- -

---------
---------

.817 

. 8667 
63 
1 
9 
o 
2 

.8746 

. 879R 

.8876 

.8179 

. 8256 

.8321 

.8.182 

.8457 

2 
o 
4 
9 
7 

ammonium ion (K bh) and diethanolamine (K b) jrom 0 to 8 .29 

50 °0 

- logK,. U; - logJ(, 
----

' C 0 _____________ 
9.550 0.001 5.394 5 ___ _________ _ 
9.404 .002 5. 330 10 __ __ __ __ ____ 9.268 .001 5.267 

15 ______ __ ____ 9.1~3 .001 5.213 20 ____________ 9.005 .001 5.162 
25 _____ _______ 

8. 883 .001 5. 113 30 ____________ 8. 759 .001 5.074 35 ____________ 8. 6~2 .002 5.048 40 __ ______ ____ 8.51S .001 5.017 45 ______ ______ 8.406 .001 4.990 

50 ____________ 8.297 .001 4.965 

t formula 
I (6) 

! The constants given in the second column of Lable 
2 may be expressed by the following equation, valid 
from 0 to 50 °0 : 

1830.15 
- 10g K bh=-T-+4.0302- 0.0043261 T, (7) 

where T is temperatme in OK : T =00 + 273.15. 
I The constants of eq (7) were computed by the method 
! of least squares. The standard deviation of a single 
, value of - log K bh from eq (7) was 0.003 . Equation 
I (7) is of the form proposed by H arned and Robinson 
! [22]. 
I H all and Sprinlde [23], using a cell with fL hydrogen 
electrode and a liquid junction, found a value of 
8.88 for - log K bh for diethanolammonium ion at 
25 °0. In recent work [24], Ohremos and Zimmer­
man have reported a value of 8.96 at the same 

I temperature. This value was calculated from p H 
i measurements made with a pH meter of the glass­
electrode type. Our resul t agrees well with the 
earlier work of H all and Sprinlde. 

I 
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FIG URE 1. Plots oj -log K~h as a junction oj ionic strength at 
0, 25, and 50 °0. 

4 . Derived Thermodynamic Quantities 

The changes of free energy (tJ.GO) , enthalpy 
(M fO) , entropy (tJ.SO) , and heat capacity ( tJ. O~) for 
the dissociation for one mole of diethanolammonium 
ion in the standard state were calculated in the usual 
way from the change of the dissociation constant 
with temperature as given in eq (7). The results 



are summarized in table 3. The thermodynamic 
quantities for the dissociation of monoethanolam­
monium ion [12], diethanolammonium ion, and 
triethanolamrnonium ion [13] at 25 °C are compared 
in table 4 . 

T A BLE 3. Thermodynamic quantities for the dissociation of 
diethanolammonium ion: BH+=> B + H+ 

!lGO tiHO tiSO AC~ 
--------

°C j mole-' j mole-' j deg-'mole-' j deg- l mole-' 0 _____________ 49, 936 41. 220 - 31.9 45 
,1 ______ ------- 50, 094 41, 440 - 3l. 1 46 10 ____________ 50, 247 41, 680 - 30.3 47 
]5 ____ ___ _____ 50, 396 41,910 - 29.4 48 20 ____ ______ __ 50,54 l 42, 160 - 28.6 49 

25 ____________ 50, 682 42, 400 - 27. 8 49 30 __ __________ 50, 819 42,650 - 27.0 50 
~5 _________ ___ 50, 952 42, 910 - 26. 1 51 40 ____________ 51, 079 43, 160 -25. ~ ':;2 45 ____________ 51,204 43, 420 - 24.5 53 
50 ____ ________ 51, 325 43, 690 -23. 6 53 

T ABLE 4. Comparison of the thermodynamic quantities for 
the dissociation of monoethanolammonium, diethanolam­
monium , and triethanolammonium ions at 25°C 

Acid (BH+) - log K .. tiGo !lHO tiSo .6C~ 
---

Monoethanolam-
j mole-' j mole-' j deg- l mole-' j dey-Imo/..-' 

monium [121 ___ __ 
Dietbanol-

9.498 54,205 50,540 - 12.3 - .5 

ammonium ______ 8.883 50, 682 42, 400 - 27.8 49 
(pre~ent work) 

Triethanol-
ammonium [131 _ 7. 762 44,305 33,450 -36.4 52 

5 . Appendix. Effects of Impurities in the 
Diethanolamine 

The effect of small amounts of monoethanolamine 
or other bases present as an impurity may be gaged 
as follows. In the measurements described above, 
a solution was m ade of diethanolamine (D ) and 
hydrogen chloride in water . Let a be the weight of 
diethanolamine in 1 kg of water. The molality of 
D , on the assumption that this base was 100 percent 
pure, would be a/M D, where MD is the molecular 
weight of D, and hydrochloric acid would be added 
to a molality a/ (2M D ); thus 

I I a 
mD= mDH= 2MD . (8) 

H ence, the apparen t concentration dissociation con 
stant, k'nH, can be written 

(9) 

A relation between k'nH and the t ru e concentration 
dissociation constant is sought. 

If a fraction x (by weight) of the base added is 
present as another base (e.g., monoethanolamine, 
1v£) whose conjugate acid has the dissociation 
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constant kMH' the total concentration of diethanol­
amine (as free base and hydrochloride) is 

(l - x)a 
M D 

(10) 

and the total concentration of monoethanolamine is 

xa 
(ll ) mM+ m~fll=M 

I '\f 

From the defini tion of the dissociation constants, 

kDH 
mD=- mDH (12) 

mH 
and 

kMH (13) mM=-- mMH mH 

H ence, from eq (8), (10) , and (12) one can write 

(14) 

and from eq (8), (11), and (13) one find s 

( kMH) xa MD I 
mMH 1+- = M-=2x M mD' mH 1 M 1 M 

(15) 

Electron eutr ali ty imposes the following condition: 

mH+ mMH+ mDH= mCl+ mOH (16) 
or 

(16a) 

inasmuch as the hydroxyl ion concentration is very 
much smaller than the molality of the added hydro­
chloric acid . H en ce, with the aid of eq (14) and (15 ) 
one obtains 

2(1 - x) m'n + 2xM Dm'n 
1 + kDH/mH M M( l + kMH/mH) 

(17) 

R emembering that mH= k'nH and that m()l= m'n= m'nH, 

one can then write 

I - x + XM D = 05 
1 +kDH/k~H M M(l + e) . , 

(18) 

where e= kMH/k;H' Finally, eq (18) can be rearranged 
to 

kDH (l + e) (2- 2x) 
k'nH (1+ e)-2x(MD/MM) 

1. (18a) 

It is now possible, with the aid of eq (18a), to 
compute th e error in the dissociation constant 
resulting from the presence of small amounts of a 
second base in th e diethanolamine used. Inasmuch 
as the assay (100. 1 percent) exceeded the theoretical 
value, it is evident that the impurity was a base of 



equivalent weight less than that of diethanolamine . 
It is likely, therefore, that it was mono ethanolamine 
(molecular weight = 61.08) rather than triethano­
lamine (mol wt = 149.19). The value of x is readily 
shown to be 

(19) 

where t.A is the observed assay value (in percent) 
minus 100, due consideration being given to sign. 

] or the measurements reported here, M was 
+0.1, and x is therefore 0.0015. Tbe value of 
kbH at 25°C is 1.31 X 10- 9 and kMH is 3.18 X 10- 10 

[12]; hence E is 0.243. The ratio of molecular 
weights, MD/MM, is 1.721. Substitution of tbese 
values in eq (18a) gives 1.0051 for kDH/kbH' It may 
be concluded, therefore, that the presence of mono­
ethanolamine (x=0.0015) could result in values of 
- log K bh for diethanolamine that are too kigh by 
about 0.002 unit. This correction was not made in 
reporting the values of - log KIJh given in table 2. 

6. References 

[1] R. W. Gurney, J. Chern. Phys. 6, 499 (1938), Ionic proc­
es es in solution, chap 7 (McGraw-Hill Book Co., Inc., 
New York, N.Y., 1953). 

[2] E. C. Baughan, J. Chern. Phys. 7, 951 (1939). 
[3] D . H . Everett and W. F. rc. Wynne-Jones, Proc. Roy. 

Soc. (London) 169A, 190 (1938); D. H . Everett and 
D . A. Landsman, Trans. Faraday Soc. 50,1221 (1954). 

[4] R . G. Bates and G. D. Pinching, J . Research NBS 42, 
419 (1949) RP1982 . 

[5] D . H. Everett and W. F. rc. Wynne-Jones, Proc. Roy . 
Soc. (London) 177A, 499 (1941). 

75 

[6] D. H. Everett and W. F. K . Wynne-Jones, Trans. 
Faraday Soc. 35, 1380 (1939). 

[7] D . H. Everett, D . A. Landsman, and B. R. W. Pinsent, 
Proc. Roy. Soc. (London) 215A, 403 (1952). 

[8] D. H. Everett and B. R. W. Pinsent, Proc. Roy. Soc. 
(London) 215A, 416 (1952). 

[9] A. G. Evans and S. D. Hamann, Trans. Faraday Soc. 47, 
34 (1951). 

[10] rc. J . Laidler et al., Trans. Faraday Soc. 55, 1725, 1731, 
1734,1738, 1743 (1959). 

[11] R. P. Bell, The proton in chemistry, chap 5 (Cornell Uni­
versity Press, Ithaca, N.Y., 1959). 

[12] R . G. Bates and G. D . Pinching, J . Research BS 46, 
349 (1951) RP2205. 

[13] R. G. Bates and G. F. Allen, J. Research NBS 64A 
(Phys. and Chern.) 343 (1960). 

[14] R. G. Bates and G. Schwarzenbach, H elv. Chirn. Acta 
37, 1437 (1954). 

[15] R. G. Bates and V. E. Bower, J. Research NBS 53, 283 
(1954) RP2546. 

[16] R . G. Bates, Electrornetric pH determinations, p . 313. 
(John Wiley & Sons, Inc ., New York, N.Y. 1954). 

[17] R. G. Bates, Chern. Revs. -l2, 1 (1948). 
[18] R. G. Bates and E. A. Guggenheim, Pure and Applied 

Chern. 1, 163 (1960). 
[19] R. G. Bates, G. L. Siegel, and S. F. Acree, J. Research 

NBS 31, 205 (1943) RP1559. 
[20] H . S. Harned and B. B. Owen, The physical chemistry of 

electrolytic solutions, 3d ed. (Reinhold Publishing 
Corp., New York , N.Y. 1958). 

[21] R. A. Robinson and R . H . Stokes, Electrolyte solutions, 
2d ed., app 7.1 (Academic Press, New York, N.Y., 
1959) . 

[22] H . S. Harned and R. A. Robinson, Trans. Faraday Soc. 
36, 973 (1940). 

[23] N. F. Hall and M. R. Sprinkle, J . Am. Chern. Soc. 54, 
3469 (1932). 

[24] G. Chremos and H. K. Zimmerman, Jr. , T exas J . Sci. 11, 
467 (1959). 

(Pfl.per 66Al-142) 


	jresv66An1p_71
	jresv66An1p_72
	jresv66An1p_73
	jresv66An1p_74
	jresv66An1p_75
	jresv66An1p_76

