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Abstract:
I. The reaction AgCl + KCH = KCI + AgOH was carried out at 30°, 40° and 50° using different
concentrations of aqueous potassium hydroxide and the equilibrium constants were obtained.

2. It was found that the concentration of potassium hydroxide used had little if any effeot on the
equilibrium of the reaction.

3. The heat of the reaction at the various temperatures was calculated by use of van't Hoff's reaction
isochore equation.

4. The heat of the reaction was found to decrease quite rapidly as the temperature was increased.

5. Conparisons are given with data submitted by Newton,3 and the heat of the reaction calculated by
use of the above mentioned data.

6. Data will have to be secured for the activities of ions in solutions of higher concentration before the
true equilibrium constants for these solutions can be determined.
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3
THE EQUILIBRTUM OF STLVER GHLORIDE, POTASSIUM HYDROXIDE,
SILVER HYDROXIDE, AND POTASSTUM CHLORIDE IN AQUEOUS SOLUTION AT DIFEERENT
TEIVH?ERATURES AND VARYING CONCENTRATIONS OF POTASSIUM HYDROXIDE.

THE CALCULATION OF THE HEAT" OF THE REACTION.

INTRODUCTION

G, Wetzlar in 1828, emd J. Percy® in 1880, found that at ordinary
temperatures an aqueous sdlﬁtign of sodium or pofassiﬁm chloride would react
with moigt silver oxide to gi%e é white precipitate of.silvef'chloride‘and a
solﬁti;n-of the alkali hydroxiée. Thg action, hpwever,'wa; not complete, and
if the solution was boiled the reverse action toqk place'ﬁroducing silver ox-
ide. This was found to be true of all the alkaline earth chlorides.

W. Gregory in 1839, and E, Mohr® in 1848, made silver oxide by boile
ing fresh}y precipitated silver chloride with a solution of aqueous potassium
hydroxide. The silver oxide thus wade was washed with Watgr to remove the alk-
ali and dried on filter paper. |

- In 1902,"Noyes'and Kbhf%_published a péper on the measurement of the
equilibrium between silver oxide, silver.chloridé, p6tassium ﬁydroxide; pot=
assium chloride, and water, They found. the value of the equilibrium constant
at 25° to be 0. 00957« Noyes and’ Kbhr's results were not very consistent and
in 1928, Newtonz, working at Purdue Unlver51ty, publlshed a paper on "The
Equllibrlum of Silver Ox1de and éllver Chloride W1th Aqueous Potass1um Chlora'
ide and Potass1um.Hydrox1de," The method used by Newton was to place varying -

;

proportlons of silver oOxide and silver chlorlde in ground—glass-stoppered '

: Pyrex Erlenmeyer flasks, and add the desired quaptltles of potassium hydrOXP.
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ides, potassium chloridey and_watef and rotate the sanpies‘in é thermostat at
25° + 0,029 for periods of fime Yarying from ;everal hours to three days,
The equilibrium was approached from both sides, No cénsistent differences were
observéd. Samﬁles of the‘liéuid portions-were then filtered from the.flasks
and titrated with 0.5 N sulphuric acid, usipg“phenolphthaleiﬁ aé an indicét-
or., The solution was tﬁen carefﬁllyievaporated to small buik and titrated
electrometrically with 0.0l N éilver sulfate solution, using a silveresil-
ver chloride eleétrode gnd econnecting to a saturated potassium sulfate-
mercurous éulfate?mereury electrode, The samples of silver oxide were pre-
. pared in different ways but the values obtained did not differ significant-
1y from one another, The average falue of_the equilibrium constant using an
approximately 0.1 N solution'of potassium hydroxide at 26° * 0,02° was
found to be 0,00905, |

The results of Newton‘'s experimené give values soméwhat below
those obtained by Noyes end Kohr, ﬁut‘in,all probability they ggree within
the limits of experimental eTrroT. The eqﬁilibriumraonstant ﬁor 0.05 N and
0.1 N solutions appears to be the’same'wiﬁhin experimentél error,

The purpose of this paper is: (1) to determine the eguilibrium
constant fof the reaction )

- AgOl + KOH = AgOH + EC1 |

in aqueous’solutipn at different températures and_vgrying concentrations of
potassium hydroxide,,and (2) to determine by calculation the heat of the

reactions




FREPARATION OF MATERTALS

The greatest difficulty encountered in prepering mateécials was in
. the preparation of carbonate-free potassium hydroxide.. The general method
used was 1o electrolyze an aqueous solution of a potassium salt using a mer-
cury cathode and a platlnum anode, By this method the potassium smalgem was .
-made. Then by reversing the current the amalgem was broken down and the pot-
assiun hydroxide obtained, |

« An attempt was first made to brepare the potassiﬁm hydroxidée by
electrolyzing a satuiated solﬁtion of éotassium oxalate. The saturated sol-
ution of potass1um oxalate qu Ei?cgd in an electrolytlc cell and mercury
placed in the bottom of the cell. A.platlnmn anode ‘Was suspended in the
solution and another platinum wire sealed in a glass tube was placed in
contact with the mercury.'Elec%rolysis at é.5 to 8,7 amperes and 4.5 to 5
volts was carried on for five houré.'Thé solution was then removed from
the top.of the mercury and the amalgam was ﬁashed with cold dis£illed,wa€er
uyntil it gave no trace of oxalate when‘tested_with one drop of a 0,01 N
potassium permenganate solution. The WQShed amalgam wes tﬁen placed in a
degiccator ipto which carbon dioxide=free air was passed and qovered wiph
distilled waﬁer.‘The euryent was reveréed using & platinum wire suspended in
the solution as -the cathéde and anothef piatinum wire cénnecte@ to the amal-
gem as an ‘anode. The.currént used was.0.10 to 0.15 emperes aﬁd the voltage
‘was 1.0 to 1. z“ﬁolts. When the hydroxide had beentformed tests were meade fof
the presence of mercurlc, ﬁercurous, carbonate, and oxalate 1ens. The flrst
three were found to be absent but the oxalate ion was present in sufficient

gugnﬁgty to reduce four to five drops of a 0.0l N potassium permangenate-

v

solution. This method had to be discarded as unsatisfactorys
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: Tbé seme general method wasAthen used with a saturated solution of
high grade potéssium hydroxide. The.yield of amalgem in this case was too
small to permit its uses |

Finally it was found‘thqt by>psing g\saturéﬁed'solution of C. P«
potassium chloride a very satisfactory amalgem could bg prepared and the
potassium hydroxide obtained was free from chloride, carbonate, mereurous
end mercuric ions; 4 saturated solutiom of C. P. potassium chloride was

electrolyzed using a platinum esnode and.a mercury cathode. The lead wire %o

the mercury was sealed in a glqss tube to prevent coﬁtact with the solution.

The anode was a flat spiral of platinum which was parallel %o the.surface of
the mercury and submerged in the'sélution to a depth oﬁ 2.5 to 3.0 centi-,\\"
meters, The electrolysis wes carried on for 4 to 5 hours at 2 amperes aﬁd.
4.5 vplfs. The smalgem wes removed from the "‘cell and washed with cold dis=
tilied water until it gave no trace of éhloride ions'on testing it With\sil&
ver nitrate ih a nitric acid solut;on. When the amalgam was washed with cold
distilled water very little‘decomposition tOOQ place, but. with warm distille
ed Watef considerable hydrogen was evolved. The Washed smalgem was then
placed in e desiccator into which carbon dioxide=free air was passed and ‘was
covered with distilled water. A platinum cathode was suspended in the sol-
ution end another platinum wire sealed in a glass tube was connected with
the amalgem, During the proceés of breakiﬁg down the émaigwm tg form the
popassiumuhydro;;de the cﬁrrent used ﬁas O.lolto O.ls‘amperes and‘laz to 1.0
voltss The low current was used fo prevent as‘mnéh as pqssible the format;on
of‘me:curous oxide., The potassium hydroxide pfepared in this man#er’was ap-
proximateiy 1,5 N and it was diluted with distilled water to obtain the res

quired solutions. The potassium hydroxide solutions were stqred in waxed




7
bottles and kept free of carbonate by ﬁeans,ofJSQda lime tubes.

The silwver chloride was méde by thoroughly mixing an approximately
0.1 ¥ silver nitrate solufion wiﬁh an approximately 6 N hydrochloric acid
solution. The precipitated silver chloride was stirred and washed with hot
distilled water, The residue was filtered off by means of a filter pump and
suetion flask. The partially dried silver chloride was ﬁhen plaéed ip a
drying oven ﬁéld at a temperature of 120° for six hours. The silver thors
ide thus obtained was finely di%ided and showéd no6 reduction to free silvers: -
The silver chlorlde was stored in a dark place until ready for use. In no
case was 31lver chlorlde used which had stood in the Gerk.room for more
than three dayso .

X thermostat was constructed and insulated by packing éxeeisior
around it. The tempergture was controlled by means of a mercury;toluéne
thermo~:egplator and a 500.watt knife heaters A,constant'stirring kept the
" temperature the same throughout the apparatus. figure 1, shows Ehe relative
positions of the heater, the:thermo~regulatorg the shaker, the stirrer, and
the reacﬁiéﬁ apparatus, |

To insure thorough mixing the shaker; shOWn"in,figurb.é, Wes el
ployed and kept the reaéting mixture in constant motion. The shaker was
fastgped to the bottom of the thermostat by meaﬁS'éf a hihéé‘and‘the ﬁo@—
tom of the upright was cuf at an angle to allow the‘béckward and fofward
motlon,to teke place. A strlp of wood wés connected to the top of the up-
‘rlght and then fastened to a pulley in such a manner that the uprlght was
shaken back and forth as the pulley revolved. The pulley was comnected di-

' rectly to a low speed motor,




THERMOSTAT
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Reaction Apparatus
Fig 3.



11 ‘
' , , i R .
The reaction apparatus, figure 3, was designed to faqilitaﬁe the -
filtering off of the liquid portibns of the reaction mixture without meking '
it necessary to remove the appasratus from the thermostat. The reaction cham-
ber; A, was a 200_cc. round bottom Pyrex flask, the container, B, for the
wash water, was a 60 ce, Pyrex florence flask, and the filter flask, B; was

a 125 ce. Pyrex round boftom flask, The method of operation will be describ-

ed under the procedure.
PROCEDURE

Twenty-five cubic centimeters of aqueoﬁs potassium:hydroiide of
known concentratién woré placed in reaction chamber A, figuré 3, ané an
amount of silver ch;oride which was in excess of the theoret;pél amount
necessary for complete reaction was added, Flask D was fillééfwith disfi;lé
ed water and the Wﬁole eppgratus was shaken‘iﬁ a thermostat at a constant
temperaéure for & period of time varying fndm tﬁree and. one-~half to twelve
hourss Equillbrium was assumed to have been established when the resulis. of
three or more runs, taken over time 1ntervals varylng enough to allow for
further reaction, showed no variation in the equilibrium constant that
* could not be accounted for on the basis of experimental error. Obviously,

. longer time intervals were necessary for the establishment of equilibrium
at low'temperatures than at high temperatures.
| When equlllbrium had been. reached a filter pump was attached ﬁo
“the- tube E, figure 3, and the liguid- contents of reaction chamber A were re=
| ‘moved to filter flask B by means of tube C whlch'had a Gooch filter plate

held in place in $he funnel by means of the usual asbestos mat, When all of
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the liquid had been removed; the resiaﬁe was washed with the distilled water
from container D; Portions of twenty cubic centimefers each were used for -
the washing and fhe mixture was shﬁken during the washing to insure complete
Washlnga After each washing the liguid in reactlon chember A was removed to
fllter flask ﬁa The entire apparatus was removed from the thermostat and the
liquid portion in the filter flask B was titrated by means of  a standardized
hydr?chlorle aeid ‘solution which was approximately onesh&lf the normelity of
the potassium h&drokide usedAin the reaétioné Pheﬁolphthalein was used as an
indicator, | | |
As a cheék on tﬁé results, the titrated solution was evaporated on

a steam plate and the dry potassium chloride was ﬁeighed. The potassigm
chloride contained a négligible quantity of silver hydroxide -and silvgr
chloride. The error introduced is caleulated below.
| Solubility product&of AgOH et 250 is 1,74 x 10-8

Solubility product®or Agl at 250 is 1.56 x 10-10

' )

Mols KOH gt equilibrium is .0022

Mols KOH/liter is .0022 x 40 = ,088

. . ., } .
76 -9 » : ®
lé:g'i %ggg - 1,97 x 10«7 -mols Ag / liter from ygOH

Mols KCl at equilibrium is ,000028

Mols KCl/liter is .000028 x 40 = ,00112

1512 ; ig;%l ‘o 13:9 x 10-8 mols Ag / liter from AgCl

15,9 x 10~8
4 x 10

& 5,47 x 10-9 mols Ag in 25 cc. from Agll

19,7 x 10-8

s ~9 mols Ag i . A
R 2 4,925 x 107° mols Ag in 25 cc: from AgOH
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Molecular weigﬁt of Ag&H‘ié 124:9
124,9 x 4.925 x 10-9 = 43976 x 10-*'7 gus. AgOH
Mblecular welght of Agcl 1s 145 3 Lo
143.3 x 3,47 x ILO"8 - 6.15 x 10'5 gms, AgCl | < )
Total welght of AgOH and AgCl is q000006647 gmsa
The Welghed amount of KCl 1s 0»2225 gnso
% error is 0000006647 divided by .2223 x 100 90029§ %
| * Phis shows that the error due to ‘the amounh of AgOH and AgCl is =
less .than experlmental error and in addltion to thls 1f we con51der the
common ion effeet of the silver ion’ }n AgCl the solublllty would be even
less than that;shown above. The error then woﬁld_be smaller than calculated.
The amdunt of silver chloride was neglected, The\amounﬁ of potass=
ium chloride from the titrétion was’ca;culéfed and this;was subtractéd from
the weight of the dry'potassium‘chloride obtained, In this.ménner_the amount
of potassium chloride fraﬁ the reaction of silver chloride and potassium |
hydroxide was founds By diviaing the weight of potassium chloride by its
aéﬁmic‘weight fhe mols potassium chloride formed in the reaction wére cale=
uleted and this velue was checked against the total mols of potassium hy-
droxide used in the reaction (see tab;eé I, II, end III)s |
'This seme procedure was used with staﬁdardized solutions of pOtFSSﬁ
ium hydroxide of various‘concentfations énd et femperatures of 300 § 400 and’
50° ¥ ,0250, The temperatures were measured by nieans of a Beckmenn therm=

ometer which was set by means of thermometers guaranteed to meet Bureau of

Stendards specifications. The data is given on pages 14, 15 and 16




TABLE - I.
Temperature 30° % ,025%

Time of  Titration Mols KCOH at Mols KOH at Mols KC1 at Wt. of K81 on Total mols K01 Bquilib-

run in  ee. .06925 N equilibrium start. equilibrium evaporation on evaporation wiom
hours Hel (2Bcey sample) ‘ in grams Check column 4 Constant
3% | 32.7 2002264 008295 .000031 - 01792 20024023 .0136%*,
5 : 32,75 002267 002295 »000028 01741 2002334 20125
6 32,75 002287 .0028295 - 000028 01737 2002328 - .0123
5% . 38,75 2002267 002295 000028 $1742 «002335 00123
Gonstant for the 0.0918 N XOH solution 9--ﬁ"‘--‘ﬂ—’--“"""J";-“--'““"‘-“'-'°'f""--ﬁéolas
G0o 2655 N -
HC1 - ' :
4% 54,0 201433 : +01452 200019 1,0997 T 001474 : 0132
10 54,0 .7 201433 ' 201452 ¢ 00019 1.1026 201478 0132
5 54,02 0 01434 001452 00018 1.1001 001464 60125 S
4 54,0 «01433 201452 200019 1.0855 ° 01455 - 0132
3% 53,97 001432 .01452 200020 1.0973 201471 20139
Constant for the 0,5608 N KOH solutionl ~ecwemmmecm e cccmccccmc e bm o e e mm e e s mm e i s0132
6Co D31 W
- HCL - o
4% 42,45 02854 02284 »00030 1.7293 ~ .0RB18 ‘ 20133
5 42,45 02254 ) 02284 200030 1.7269 +02315 .0123
7 42,45 . +02254 02384 . 00030 1.7434 . 002337 01533
3% - 42.47 - -02255 02284 00029 - 1,7785 002384 +0128%*

Constant for the 0,9137 N KOH s0lution see-cecemmcccmemac—camaccemamoem—— o s 0 et e e -m=0133

*These values were not used in calculating the mean for the equilibrium constant since in sach case
the time of the run was shorter and equilibrium may not have been established.
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. TABLE II.

Temperaturs 400 % .025°

Time of Titration Mols XOH at Mols KOH at Wols XCl at Wt. of EC1l on Total mols KC1 Equilibrium
run in GG. 0629 N equilibrium starts equilibrium evaporation on evaporation constant
hours HCl {25cc. sample) in grams Check column 4
6 41.0 2002839 2002907 +000068 48300 »003083 +0240
7 41,0 .002839 «002907 + 000068 02216 .002971 0240
6%— . 41.0 +002839 002907 »000068 «2243 003006 0240
4 40,9 2002837 "« 002907 000070 02234 002994 ‘e 0246%*
Constant for the 8.1163 W KOH solution  w=-~-- - i e e e e e .0240
0.2655 N HC1 -
4 5304 001417 .01452 -400035 1,0959 001469 0247
4% 53.4 s01417 +s 01452 000035 1,0900 2014581 0247
6 534 201417 001452 00035 1.0011 201472 - . s0247
% 53.4 . 501417 . +01452 «00035 1.0951 «01468 0247
Constant for the 0.5608 N XOH SOIUBION mmmrm e e s e e e s 0247
OQJSI N HCl . ‘ ' :
5 o 42,0 - .02250’ :02284 +00054 1.7538 «02351 «0242
4 42,0 502250 . 202284 » 00054 1.7870 +02366 00242 -
6 42,0 .02250;.- .02284 «00054 1.6293 202318 - 0242
7 42,0 022309 . - - 402284 00054 1, 7397 «02332 . 0242
0242

o~ — i, 0 o T Y oy TGS P SO A T a0 M TR St U afa (T g A S A D N WS SO T W T W W L OV M O g iy

Constant for the 0,9187 N KO solution
*This value was not used in calculetlng the mean for the equilibrium gonstant since the tlme of the

run was shorter than in the other cases and equlllbwlum may not have besn established.

K gy
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TABLE III.
o L Temperature 50° % ,025°

Time of éitration Mols EOH at Mols KOH. at Mols XCL at ¥t. of K0l on Total mols XKC1 Equiiibrium

fun in  ce. .0629 N equilibrium start. equilibrium evaporation on évaporation constant
hours BC1 - (25ec. sample) ‘ in grams Check eolumn 4 :
.12, 31,95 002213 2002295 000082 © 1732 02317 +0370
5 31,95 .002213 002295 - - .000082 . w1723 .02308 : »0370
8 31,95 002213 002295 ,000082 21729 .02311 0370
7 31,93, s002212° | ,002295 +000083 1737 02320 0375%
Constant for the 0.0918 N EOH solution =-w-m=- e e e e S e i 070
CCoe 52655N HC1 . " . i
~ % 54,2 © ,01439 01493 00054 1.1437 .- - OLB33 . .0375
L9 54.2 .01439 .01493 .00054 1.1332 01519 0375
7 54,2 . .01439 . .014953 00054 1.1362 . 01523 . L0875
5 54.15 ,01438 01493 +00055 1.1512 01542 | .0382%
E AR : =
Constant for the 0.5808 N XOH S0lution mcmemmemecc s mcccm e s e s e el o 05 75
. 6Ge o531 ¥ HC1 ‘ : : o
-6 45,95 02440 . 202531 +00091 1.9114 . 402562 L o0375
7 45,95 02440 02531 00091 1.9176 02570 0373
8 45,96 -  .02438 ° - ,02531 .00093 1.9197 - 02573 . .0381
"B 45,89 ' 402439 02531 400092 1.9167 . 602569 0377
Gonstant £or the 0.9157 N KOH SOLUBLON -emmemmimmmmmnmammmmmm e e e e e e .0376

'*These values wore not used in the calculation of the mean for the equilibrium cdonstant singe the
time of the run was shorter and equilibrium may not have been established.
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fone, Ratio -
c1= / OH™

00907 -
+00915
»00893
00881
, s00937
+00924
00895

-= 200905

+00889
00891
- 200894
00906
00905

TABLE IV,
Newton's values at;25°‘_ »020 *
(For comparison)
Conc, of OH® . : ‘Cone., of Clg
mols/Kg water . mols/Kg water
0939 «000852 -
21011 +000925
+1098 +000981
+1072 «000944
+1038 2000973
+0997. T 2000921
+0978 -0008%75
Average for solutions approximately 0,1 N . =-
0529 2000471
0842 000483
-0520 +000465
+0531 000481
20536 - 2000485,
Average for soiutions approximatelyib.bﬁ N ————

00897

*.Thege values were taken from the Journal of the American Chem~

ical Society 50, 3258 (1928):
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The equilibrium constants determined from the data show that the
concentration of the potassium hjdroxide hés little or noxeffect on the equils=
ibrium, The constents are in close agreement with each other and experimental
error may easily take care of;the differences found., |
Celculation of the equilibrium constant:
The reaction we are considering may be written
AgCl + KOH = AgOH # KC1-

The mass-action'exbreSsion“for $his reaction is then written

- _CkCl o CheQH
- CKOH » CagCl

The AgCls AgOH,.and Agg0 which is undoubtably present are all.inlthe
solid form and are vef&linsoluble as was shown earlier in the discussion. On
the basis of this their concentration is practically a copstént and can be.
ineluded as such.in the constant K..When'the common. ion effect is considered
the amount of thesevsalts ;n solution is so smell that it is negligible and
with stronger conceptrations of potéséium.hydroxide the solubility decreasqs
to a greater extent. Many attempts have been made to determine the-sélubil_
ity of these salts buf phe values given by various experimenters vary S0

.widely that the agreement is in magnitude only, Errors are so large due to‘
the small amount éf these salts thathgé into solution.that the valuses aré- "
almost useless and will remain so until mofe éccuyéte methods of analysis
can be developed. The silvér hydroxide and the silver chloride inpthe.aboye

equation will then be considered as constant and the new mass-action equa=

+

tion will be written _ .
Srel . g
CKOH

The mols of“potassium hydroxide which is added at the start'of
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the reaction is known and by titration with a standard hydrochloric acid. sol-

utlon at equlllbrlum the mols of pota351um.hydrox1de ‘at equilibrium may be

determlned. The difference in these amounts will then be the mols of potassw

ium chloride formed in the reaction, The equilibrium constant is then ob=~

. tained. by dividing the concentration of potassium hydroxide in mols per

‘liter into. the concentration of potassium chloride in mols per liter at

equilibriung

‘A review of.the-tables will show that the constant obtainbd for
the 0,0918 N KDﬂ.solution at 300 I ,025° is %he only one that veriés to any
great extent from the values with the other concentrations at the same temp-
erature. The total conceﬁtrations of potéssium hydroxide'and potassium
chloride are used in calculatlng the constants. This 1nvolves the assumpe
tion that these sibstances are 100% dissociated in solutlon, an assumpbion
Whigh certainly can‘not be Justlfled e;thgr from the standpplnt_qf the old-
er electrolytic diésociation theory or from that of the newer interionic
attraction tﬁeory as applieé to strong electrolytes.

While it is realized that the activities or "effective concentra-
tions" of the ions involved in this equilibrium sﬁould be used in calculat-
ing the values of the equilibrium éonstants the difficulty attending the
evaluation of the individual acfivitiés in suéh a systenm are'greaﬁ enough
to preclude such a calculatlon at this time,

However; using the hypothe31s of the 1ndependent actlvity co-
efficients of the ionsg, viz, ;-_"In dilute solutlons the activity coeff~
jecient of any ion depends solely upon the‘total ionic streéength of the solw -

ution" == and using the data givén in the same reference for hydroxyl and
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chloride ions at ionie strength of 0%1 molalﬁsolution as being coﬁparabie
with the 0,0918 N KOH soiution used in this'Wka it is found that the acw—
tlvity of the hydroxyl ion 1s 0 8l and that of the chlorlde ion is 0s79s
This means that only O 81 of the total hydroxyl ion concentratlon.measured
analytically is effective at equilibrium anq that only 0.72 of the total
chloride ion as measured anaiytically ié'effective at equilibr'ium° In other
words gnly 0.81 of the ﬁydroxyl’ioné potentially available and 0.79 of the
chloride ions potentially dvailéble in solution_are actually involvéd in
the equilibrium. |

This‘meanst%hgt”in order to arrive at the more exact value of the
equilibrium constant where the 096918 N KOH solution is involved the equil-
ibrium constant given in the tableé should be multiplied by 0.79/0;81; This
would give'a series of values running‘aﬁout 2.5% lower than those tabulated
above,

The hypothesis of the independent activity coefficients of the ions
- gtated above contains the fgther végﬁe phrasé‘"dilute solﬁtioﬁs"« In a éaéé
like this’same‘explaﬁation of the ph?ase séems necegsarya‘Léwis and Randglﬁgf
comment as follows;, "Wheﬁ we use thé rather vague phrase "dilute solutions® -
in a caée like this we mean that the principle as stéted approaches COoms
plete valldity as the d11ut10n is indefinitely increased. It becomes then a
matter of experlment to determine at what concentrations such a prlnclple
may be regerded as valld w1th1n certaln limlts of permissible error; say 1%
"Wlth such an 1nterpretatlon 1t is our bellef that. the hypothesis 1s correct
éver the same range as our previous rule of mixture, namely, up to an ioniec

strength of a few hundredths to a few tenths, according to +tlie nature of
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the ioans, The degreé of departure in cencentrated solutions doubtless de-
vkyﬁeﬁds‘upon}numerous factors, such_as the amount of -hydration of.éhe iong™

ﬁhile this'rule cen be applied in solutions c;rresponding,to the
0%0918 N KOH solution used here it is doubtfui it it.baﬁ be extended to
. include even approximately 0.5 N KOH solﬁtions although fu?ther expers
imentation in connection with this work may show thaf the erﬁ tenths" of .
the above quotation may prove to be aé many - -as five tenfhs. This_is>a‘possE
ibility to which we-can,do no more than call attenﬁioﬁ at this point.

Becsuse of the.uncertainty involved in attempting to evaluate the
activities of the ions in the more concgntrated'sqlutipns it is felt that it
is better toupreseﬁt the actually determined valueé of totél conéentration
of the iomns from which the necessary actiyity daté cah be obtained as soén‘
ag a suitable and satisfactory treatment of the concentrated solutioné ot
the sirong electrolytes are availaﬁlea.lt is possible that this data is
available’ for all the concentrations invoivéd but considerable work will
have to be doné.in ordér to arrive.at values which %iil apply to fhe exact
concentrations and températures.involved in this study. It is égain empha=
sized that sufficient data are avail&bleg'for the 0,0918 N KOH solution
and possibly also for the 0.5808 N.and the 0.9137 N KDﬁ solﬁtions and When
faken together with the-data of this ﬁaper, Woulé alloﬁ of a calculation of

the equilibrium constants in terms of the more significant activity-ratios.

THE HEAT OF THE REACTION
In the study of the chemicel kineties of a feaction nothing is of more‘

interest or of more importance than the energy changes involved in the
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action. The chemical energy involved in a éhemigal reaction carried outb
under the conditions of this study (namely, in solutipn and undef cona;—
 tions where none of the reactants appear as volatile gégés, and no light ‘is
absorbed or 1iberéfed and no electriééf’energy is absorbed or liﬁerated) is
absorbed or evolved almost entirely in the form of heat.

For a long time it was assumed that the heat evolved in a chemigal
reasction was a direct measurement of the chemical affinity of the_various
reactants for each other, that is, if a large amount of heat_waé 1ibprated

Jin a reaction there was a large affinity displayed by. the réacting atoms.or
molecules, On the other hand if smell thermai effects accompanied a-reaction
the atoms or molecules involvedlwere said to héve;small affinity. While.this
is known to be true,onlf in a gqualitative seﬁse and anotﬁé; physical quantity
the change in free enefgy'of a syétem, is to bé taken as the quantitative
measure of chemical affinity, the thermal effects accompanying chemical |

, chanée are still of prime impor%anceq In fact the whole study of chemical

. ‘thermodynamics and of thermo-chemistry is based upb# the heat cheanges accom-
panyiné chemical‘reaction.' | |

Calculgtion of the heat of the reaction:

A very importanfnequation is used for calculating heats.of reacéion
from the equilibrium constants meééured at fwo different temperatures éna it
was deriﬁgd by van't Hoff. The unihtegyated expression has the following .
form: | | | | |

dlnK . __AH °
aT RT?

where K is the eguilibrium constant, T the absolute tqmperature, R the molar

gas'constant and - 4H the heat of the reactions =
- . [
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This expression(cen be-integrated-if AH is constant to give the
N i

.

following forms

AR | To~ Ty
X R - Ty 1y

where Ko is the equilibrlum constant at temperature Tg and Ky is the equil~ -
ibrium constant at temperature Elg and R and AR have the seiiie. slgnlfieance .
as before, and.are meesured in calories.

By means of this equatiqn_it‘is‘poesible to caleulate the heat
- of the reaction 1if the squilibriom constants at two different temperetures
are known, or if the equilibrium censtant_at one temperature and the hest
of the reaction are known, the equilibrium constant at'another tompa r=
ature may be ealculeted..In most cases, however, AE is not constant over
‘a-very long teﬁperature range so that one must be careful not to apply the
eguation over excessifely 1arge‘temperature interveis. The temperature
interval usually amployee is 109 ¢, it having been found that the equation
holds fairly woll due to-the fact that the_value of 4H does not ghange -
'greatly.in.such an interval. It is emphasized, however, that the equation
- ie strietly applicsble only in cases where AH is a asonstant, that is, whore
a.biot,of the logarithms of the equilibrium constants egainet the recipro=
cal of the oorresponding absolute temperateree is a streight-lines For
.cases where AH 1s not a constant' the accuracy of the data calculated from
) the eéuation becomes increasingly more acouirate as the temperature interx
'vei decreaeesi_ ‘ | o |
When the equilibrium constant data of this paper are substituted °

into the equation it '18 found that AH is far from constant, but it is

found to decrease quite *apldly as the temperature rises.
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The heat of the reasction was caloulated as shown in.the samp1§
caloulatiqn given belows
" Refering to the table on page 25 for the‘0.091§~ﬂ KCH solution ap'ﬁoé
to 40° & .oé50 the values mey be obtained for Tp, Ty, Kp.and Kj. Substitute
ing these values in van't Hoff's eq&ation:isochore we have |

50240 : AH_ 513 - 303
20303 log = orox * 57 315 % 305

Upon solving the above equation for 4H we have

gn = —£s606 (lom 50240 w-lom (0125) 803 x 515
- 313 - 303 "

‘80 = 12, 656 oslories per mols

The following table sontains the values of the heat of the reac<
tion at different temperaturss as caleulated from the data of this papsr

and from the value of X obtained by Wewton? at.25° % .020.

| MABLE V.

Caloulated heat of the reaction.

300 to 409 % ,0250

KOH Solution s = K - Ty ™ Heat of riaction
: ‘ ’ gcalories / mol
0,0918 I . L0240  ,0128 313 303 12,656

0.5808 N - ;0247 -0152 B5_ 303 11,871

0,9137 W .0242 L0133 B3 . - 303 11,351

40° to 500 % 0250

0.0918 X 20370 .0240 325 Bl 8,785,

0.5608 W 40375 0247 325 313 8,441
" 0,9131 N 20376 - ,0242 323 313 . 8,889 .
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300 to 50° I ,0250

KOH Solution, Ko 6] T Ty - Hoal of regetion -
‘ - - calories /Pmol

0.0918 N 20870 L0123 . (3G 303 10,756

0.5808 N 0375  .01l32 325 303 10,220

0.9137 N 0376 <0133 - 325. 303 10,177

- Newton's data for 0.1 N and .05 N KOH solutions at 259 I ,020

Author's data for 0.0918 N and .5808 T KOH solutions at 3%0° % ,0250

KOH Solution Ka bl s 7y Heat of regation
, : : ’ ‘ealories ;/ mol

Approxs 0.1 N ,0123 ,00905 303 298 11,035

Tewton 0,05 N cmmm 200897 amw 298 S

Author 0.5808 N 40132 - ~==== 303 — 15,916

. * In this calculation the aonstant'obtained'by_Newton for the
0.05 N solution was used as shown above with ﬁhé consﬁant obtained by
the author for thé 0.5808 K solution. It appears,thét this comparison
can be made since the goncentration of the solution seems to have such a
smali effect on thé equilibrium. The value .0089?.was spbstituted‘f@r :0
and the co}responding absolute temperature Ty is 2989 The value s0132
was subétituteq for'Kglénﬁ its corrasponding absolute temperature is 303°
The value obtained for thé heat:of fhe reaofion seems to agree fairl&

well with the values obtained at the other temperaturess
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Quélitatively the déta means that the reactioh in quaestion
| Agll + KOH = KGL + AgOH *
absorbs heat when going in the forward direc£ion anq is favered by raising
the tempergture..Qﬁantitatively it,means.thatAdﬂidecreaseé from olose to
' 13,000 calories per mol at 25° ¢ to about 8,500 calof@és per mol at 500 Ca
" Here égain the wvalues of K should bevthose calculated_oﬁ the

basis of activities instsad of total molar concentrations‘but in the ab-
- sence of sctivity data for the ﬁore concentrated solutions the equilibriim
constants presented before will be used.. In the ease of the 0.0518 N XOH
solution it is possible 'to calculate AH using the values of K evaluated
in terms of actifities‘but after all thié probably would have but little
effect on the value of AH inasmuch as it is the ratio of two equilibrium
constants which is involved in the caleulation of AH and inasmuch as the
differences in the activities at two different temperatures 10° apart
would probably not be greatly différente Or if the activities of the ions
do change, that of one ion would probably ehange to about the same extent
as the other and the ratio of the chlorlde ion to the hydroryl ion would
be practieally the sane. It is beligved that the values of AH obtained
from adtivities will ﬁop\b;ygyeatly diffenant from those presenﬁed in this
papers This is a fdiqt which future stﬁdy ﬁillvhayg to’séttleo

Wbtzlar.and Pércyﬁ and Gregory'and:Mohﬁﬁ report that at the boil-
;ng point of the solutlon most of the silver’ ehlorlde can be converted to
gilver oxide or in otber words the ratio of th; chloride ion to the hydrox-
yx ion is high. If this is true it means that the value of the equilibrium

constant must inerease rapidly as the temperature is raised above 50O for

at this temperature the ratio of the chloride ion to the hydroxyl ion is




27
only 0:0375, a value only four times larger than that at 25° and a very

small value in comparison to what it must be at 950 C.

SUMMARY o ) .
l.. The reaction Agll + XKOH = X0l +:AgQH was carried out at 30°,.
40°, and 50° using different goncentrations Bf aqueous potassium hydroxide
and the equilibrium constants wefe.obtained. |

2. It was found that the concentration of potassium hydroxide

“used had little if any effect on the eQuilibrigm of the reaction.

3. The hest of the reaction at the various temperatures was cal-
culated by use of van't Hoff's reaction isochore aquation.
4. The heat of the reaction was found to decrease quite rapidly

as the temperature was ingreased. -

8 and

5, Gon@ariédns are given with data submitted.ﬁy Newton,
the heat of the reaction calculate@ by use 6f thq above mentioned data.

B Daté will have tp be secﬁred for‘the activities of ions in sol-
utions of higher concentratidn before the true equilibrium constants for
these golutions can be determined.

The author wishes to téke this space to express his appreciétiod
to Dre Re M.,Melaveng’Dg.;OL . Shéppard, Dr. B._L; Johﬁson, and Professor
e éc Gaines of the chemistry department, and Mz, Jesse CGreen. of the
Moﬁtana State Oollege Agricul tural Experimenﬁ Station for ﬁhé time, assist-
ance; and,inspiration they have giien him during thé_yéap wﬁile the above

[

work was being carried to completion.
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