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INTRODUCTION 
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The purpose of this investiga·tion ·was to determine the 

heats of reaction of the silver ethylenediamine (ethylene-

diamine = en) complexes: AgHen++, Ag2(en)2++, Ag(en)+, and 

Ag{en)2+: by solution calorimetry. In the past two decades 

interest in metal complexes has greatly increased because 

of the demands from the government and industry for new 

materials with properties that are not found in conven-

tional organic compounds. Consequently, metal complexes 

have found practical application in polymeric products, 

analytical chemistry and as catalysts. 

The chen.1ical literature contains numerous thermodyna-

mic studies on metal complexes. In general; two approaches 

are employed. The first approach utilizes one cation and a 

series of ligands; the second varies the cations with re-

spect to a given ligand. Several extensive studies have 

concerned the series of divalent transition metal ions: 

cu+i-, zn+~, ca++, Mn++: and, occasionally, one or two 

other metal ions (l,2,3). Relatively few of these studies 

include silver - probably because of the limited number of 

complexing cations with the same charge or charge to radius 

ratio as silver. 
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Although silver can form three and four monodentate 

ligand complexes (4,5), it generally accepts two groups in 

its complex fo:i:mation with non-chelating agents and only 

one with chelating species. The ligands add stepwise, 

and under favorable conditions the formation constant for 

each step can be evaluated. In the case of silver ethylene-

diamine, the unshared pairs of electrons on the amine 

groups are coordinated with the silver ion. Schwarzenbach 

believes that the first ethylenediamine chelates with the 

silver ion to form a strained five-membered ring (6). He 

also attributes the greater stability of Ag(NH3)2+ as 

compared to Ag(en)+ to this strained ring (7). If the 

first ethylenediamine group does chelate, the entry of the 

second group would necessitate the breaking of one of the 

silver-amine bonds and bring about a correspondingly large 

change in the entropy of the system. Coupled with the 

formation constants for each step, the evaluation and 

discussions of the respective 6S terms will appear under 

Discussion of Results, page 30· 

The following work concerns three series of solutions 

whose concentrations have been chosen to render the concen-

trations of the species under study as large as possible 
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while making the concentrations of the other species as 

small as possilbe. However, it was necessary to obtain 

the thermodynamic functions for the Ag(en)+ and Ag2(en)2++ 

sin1ultaneously due to the nature of the system. 

Structural formulas appear on page 11. 



ll 

Agaen++ 

+ 
NH- CH-CH- NH-AG- NH -C~ - CH-N~ 2 2 2 2 2 "2 2 '2 

or 

Ag( en)+ 
(distorted linear) 

Ag( en)+ 
(tetrahedral) 
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HISTORICAL 
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With reference to the work done in this thesis, only 

three publi~ations have priil\&ry importance. The first of 

these is a series of papers on.silver amine complexes by 

Schwarzenbach (6,7,8,9): these studies contain the measure-

ment of the stability constants for the entire silver 

ethylenediamine system and provide the values used for the 

calculations of the concentrations of the various species 

present in the systems investigated in this work. The 

second (10) is a very recent paper dealing with the in-

frared determinations of the structure of some silver 

ethylenedia..~ine species present in the crystalline state7 

these results were used in the analysis of the thermo-

cheuical data obtained here. The third is an extensive 

work by Fernelius, Bertsch, and Block giving ~F, ~H, and 

~s for a number of metal amine complexes - including 

silver 1,3-propane diamine and silver 1,4-butanediamine (1). 

Other papers dealing with silver ethylenediamine are by 

1. Luca and Armeanu (11,12), 2. Harris (13), and 3. Pfeiffer, 

Schmitz, and Bohm (14). The first deals with the determina-

tion of the forn1ation constants for Ag(en)2+ and Ag(en)3+ -
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the latter in alcoholic solution only; the results are in 

good agreerat;:-n·c with the data obtained by Schwarzenbach (6). 

The other papers concel'.n only the preparation of some 

silver ethyleri.ediamine salts. It should be mentioned that 

other work has bee..fl done on systems that contain silver 

ethylenedia.vnine complexes in one form or another (15,16,17,18). 

but their results do no·i:. directly concel.-n ·this line of 

investigation. 
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EXPERIMENTAL 
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The basic principles of the calorimeter have been 

covered by several authors (19,20), and many references 

to specific designs are given by them. The caloriineter 

employed in this work is a modification of several which 

have appeared in the literature in the last few years 

(21,22,23). A cross section of the calorimeter and 

surroundings is shown in Fig. 1: a detailed cross section 

of the calorimeter itself is shown in Fig. 2. 

A silvered Dewar flask of approximately two liters 

volume constituted the main body of the calorimeter. This 

flask was fitted with a double wooden cover shaped so that 

it fitted snugly inside the Dewar flask. Six holes were 

drilled through the wooden top to accommodate the two 

variable reaistance arms of the thermometer, the stirrer, 

sample holder, bulb breaker, and heater. The stirrer was 

a steel shaft with a brass pulley, and it rotated in a 

brass bearing. In order to protect the steel from cor-

rosion that might be caused by any solution in the calori-

meter, the stirrer was given several coatings of MARASET 

780, a very highly chei.~ically resistant epoxy resin 
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produced by the Marblette Corp. No detectable heating 

was caused by the stirrer under normal calorimeter heat 

flow. Throughout the months of use, no observable chemical 

attack occurred to the stirrer. 

The sample holder and bulb breaker were two glass 

rods extending above the first wooden top down into the 

solution inside the Dewar flask. The bulb holder was 

ground on,the end so that thin walled glass bulbs with 

, . short necks fitted closely at both the top and sides of 

their necks. These bulbs were sealed to the holder by 

~n:apping chemically resistant plastic tape around the 

neck and then coating this tape with paraffin. The bulb 

.breaker was an 11L11 shaped glass rod that was rotated into 

the bulb thereby breaking the thin glass wall. Both the 

bulb breaker and bulb holder were well beneath the surface 

of the liquid. 

The remaining hole in the lid accommodated the electri-

cal heater which was used to determine the energy equivalent 

of the system. The heater consisted of a tight coil of 

noninductively 'WOund n'Wnber 36 Advance ~lire of 208.2 ohms 

resistance with number 24 copper leads which was contained 
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in a glass tube bent into a·. coil around the stirrer; a 

paraffin oil provided the heat transfer medium. The 

electrical energy for the heater was furnished by a 

Power Designs Inc. constant current source, Model Number 

4005. 

The Dewar flask was lowered into a copper can two 

inches larger in diameter than the flask and about twice 

as deep. A second double top, attached to.the top fitting 

inside the Dewar by means of long bolts, fitted snugly 

inside the copper can and flush with the top of a large 

wooden box (30 inches x 30 inches x 30 inches) thus forming 

a dead air space. The distance f~cm the bottom of the 

second top to the top of the first top was six and one 

half inches. In order to minimize conduction of heat into 

or out of the calorimeter system Yi!. the metal stirrer, 

a glass rod was connected to the top of the stirrer shaft 

and attached to another shaft in a motor driven pulley 

above t..~e second double top. 

In order to measure the energy input to the heater, 

the electrical circuit in Fig. 3 was used.. During any given 

heating period (usually one minute) no current variation 

greater than one part in 10,000 was observed: usually the 
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variations were of the order of a few parts in 100,000. 

The heating period was measured by means of an electrical 

stopclock that was read directly to 0.01 seconds and 

estimated to 0.002 seconds. 

The appearance of the temperature sensing devices, 

Fig. 4, is exactly the san\e as that of a Wheatstone 

bridge. The device was constructed as follows: The 

resistances of the two manganin arms contained number 40 

wire plus pieces of larger wire soldered to the smaller 

wire so that the resistances could be matched as closely 

as possible. The total resistance of each arm was 366.4 

ohi-ns at 2s.1s0 c. The variable resistance arms (thermistors) 

were contained in glass tubing filled with paraffin oil 

to provide an efficient heat transfer medium. The four 

arms of the bridge were connected with short pieces of 

number 20 copper wire of matched resistance. Only the 

thermistors were inside the caloi:·imeter., Copper leads 

connected the bridge to the potentiometer and battery as 

indicated in Fig. 4. 

Manganin wire has a very low temperature coefficient 

of resistance over a tauperature range of 15° - 35°c. 

Thermistors, on the other hand, have a rather large negative 
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temperature coefficient of resistance (4.4%). When all 

the resistances are equal, the potential across the bridge 

is zero. At any temperature other than this transition 

temperature, the resistances of the matched thermistors 

will differ from that of the manganin coils, and a potential 

will exist across the bridge; this potential is measured 

by means of a potentiometer. Above the transition point 

the potential exists one way and below the transition 

point the potential exists the other way •. It should be 

noted that the t~nperature - resistance relationship over 

the small temperature range encountered in our measurements 

is linear. 

For any given run it is necessary to maintain a constant 

current through theternperature bridge. If there is a size-

able current variation, the potential drop across the bridge 

will also vary, and this will produce a potential change 

without a temperature change •. The source of current was 

lead storage batteries connected in series to give 40 volts. 

A resistance of 20,000 ohms was connected in series with 

the circuit to give the desired current of 0.002 amperes. 

The heating effect of this current inside the calorimeter 
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was about 0.6 calories per hour, an insignificant amount. 

In order to maintain the desired current and correct for 

any deviations, a decade resistance box with a range of 

one ohm to J.11,111 ohms (adjustable in one ohm steps) was 

connected in series with the circuit. The potential drop 

across a fixed. resistance in the circuit was checked 

periodically with the potentiometer. Since a deviation 

in the potential drop corresponds to a change in current, 

any deviations in the current could be compensated for 

by changing the resistance of the decade. The average 

constancy of current was better than one part in 20,000. 

The potentiometer .used. for these measurements. was .. a 

White double potentiometer (Model Number 7622) capable 

of reading a maximum of 9,999 microvolts in one microvolt 

steps. However, with a lamp and scale and a galvanometer 

of sufficient sensitivity, ~he instrument can give at 

least one more significant figure. Calibration of the 

potentiometer against itself showed the internal consistency 

to be better than 0.05 microvolts. The present galvanometer 

setup, a t\'.'O meter light path and a scale that is magnified 

by a lens, enables us to read to plus or minus 0.5 microvolts. 
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However, since the galvanometer (sensitivity of 0.05 micro-

volts per millin\eter) is used as a null instrument for 

determining the temperature change, our accuracy is better 

than 0.5 microvolts because when the galvanometer passes 

the zero, the time is recorded and no attempt is made to 

interpolate between the units on the scale. The sensitivity 

of this system is about o.00001oc. The overall circuit 

for the setup is given in Fig. 5. 

In a typical run, the calorimeter is loaded with 1400 

grams of water, weighed to 0.3 grams on a large balance. 

The bulb containing the sample is attached to the bulb 

holder which is then secured in the tops. The calorimeter 

is then assembled in the copper can. It is necessary to 

wait about an hour before making a run in order to permit 

the system to come to thermal equilibrium. All current 

sources are also discharged before a run to minimize 

current fluctuations. The potentiometer batteries are 

discharged by means of resistances equal to the internal 

resistance of the potentiometer, the thermometer current 

is connected to the temperature bridge, and the heater 

current is discharged through a dummy resistance of about 

the saine resistance as the actual heater. After the 
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potentiomet:.:?r is in balance, the heat leak either into or 

out of the calorimeter is measured by setting the potentio-

meter dials "ahead" of the drift and marking the time 

when the galvanometer passes the null f1::>r the reading .. 

~fuen the heat drift is constant, the heater inside the 

Dewar flask is turned on. From the current, the resistance 

of the heater, and the time of heating: the heat input is 

calculated. The after drift is recorded after the heat is 

turned off, and the temperature change is corrected for 

the before and after heat.leaks assuming that all· the 

heating occurred at 0.6 (24) of the heating time. Similarly, 

the drifts are measured before and after the sample bulb 

is broken, and the temperature change is again corrected 

by extrapolation to the point where half of the reaction 

has occurred. There was a second and sometimes a third 

heat capacity determination after the sample has gone into 

the solution. From the temperature change of the sample, 

the enthalpy is computed. Temperature changes are approxi-

mately o.1oc. 

Before performing any che.i~ical reactions, several heat 

capacities of the system were determined to check for in-

ternal consistency. Secondly, it was necessary to check 
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·t}1e accuracy of t.he inst:i:'urneiri:. by measuring the heat of 

solution.of potassium chloride, a substance whose heat 

has been determined quite accurately. These results agree 

to plus or minus 0.3% of the accepted values.· Determina-

tions of the heat of solution of potassimn chloride were 

also made after obtaining the data for the chemical re-

actions under investigation. There was no detectible 

difference in the results (Ta.ble 1). 

'l"'he chemicals used in this investigation were reagent 

grade silver nitrate, potassium chloride, nitric acid, 

potassium nitrate, and ethylened.iantine. A freshly opened 

bottle of reagent. grade Fisher Chemical Co. silver nit.rate 

was used; the purity of the sample was established gravi-

metrically by precipitation as the chloride. The ethylene-

diamine was distilled once, discarding tha first and last 

portions and collecti~~ only the middle fraction under a 

nitrog-en a'bnosphere. The solution was stored under nitrogen 

in a wax lined bottle. Throughout the course of this 

work, no decomposition was detected. The ethylenediamine 

solutions used in the calorimeter were prepared by diluting 

the stock solution (13.00 molar) to give the various 
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concentrations needed for each series. The dilute ethylene-

diamine solutions were standardized with O.lN hydrochloric 

acid which had been standardized against sodiwn carbonate 

using bromcresol green indicator. The ethylenediamine 

was also standardized with bromcresol green indicator 

(the titration carried out to the second equivalence 

point). The silver nitrate crystals were broken up and 

kept in a dark desiccator after being heated for an hour 

at 140°c. A freshly opened bottle of Mallinckrodt reagent 

grade potassium chloride was used for standardization of 

the calorimeter. The potassium nitrate used to boost 

the ionic strength of some of the series was Fisher 

reagent grade. The nitric acid in the AgHen++ series was 

a 4.58 molar solution prepared from reagent grade con-

centrated nitric acid. The nitric acid stock solution was 

standardized against sodium carbonate both before and after 

the AgHen++ series. 

The three concentration systems used to determine 

the heats of reaction were as follows: a. 0.014 molar 

silver nitrate in 0.15 molar ethylenediamine1 b. equimolar 

ratios of ethylenediamine and silver nitrate in the range 
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of 0.02 to 0.03 molar each: and c. 0.04 molar ethylene-

diamine neutralized with an acid concentra·tion of 0. 065 

molar with the silver nitrate concentration around 0.034 

molar. Since the equilibriwn constants were deter.mined 

at O.lm ionic strength~ potassium nitrate was added to 

the above systems, when necessary, to raise the ionic 

strength. 

Calculations of the concentrations in system a. were 

facilitated by the asswnption that all the silver existed 

as the species Ag(en) 2+. From the concentration of the 

excess ethylenediamine and the equilibrium expression 

[Ag(en) 2+ ]/ [Ag(en)+] [ (enij = 103 (6), the Ag(en)+ 

present could be approximately calcula:ted: and, therefore, 

the concentration of the dimer, from the expression 

[Ag2 (en) 2++] / [Ag(en)+)2 = 103.83 (6). These approximate 

values were used to correct the concentration of the 

Ag(en) 2+. Since the concentrations of the Ag(en)+ and 

Ag2(en)2++ were small, two or three successive.approximations 

gave consistent results. 

For system b. it \'Jas necessary to assenlble the ·equation 

for the complete system of Ag(en)+, Ag2(en)2++, and Ag(en)2+ 

from the equilibrium expressions for each of the species 
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and the mass balance and electroneutrality relationships. 

i'he solution to a typical systen1 showed that the Ag(en) 2+ 

was present to only a small extent.. This permitted the 

:final calculatior1s to be performed by means of the expressions: 

CAg+ = [Ag(en) +] + 2 [Ag2 (en) 2++ J and (Ag2 (en) 2++ J / [Ag(en) +J 2= 

103.83 (6), where CAg+ represe~ts the total silver con-

centration. The equation was then corrected for free silver 

ion and the small Ag(en) 2+ concentration. (It was assumed 

that approximately half the excess ethylenediamine was 

used in fonning Ag(en) 2+.) several successive approxLvna-

tions produced consistent results. 

system c. presented the greatest difficulties in 

calculation since no ready simplification was available. 

The equilibrium expressions for the entire system were 

too difficult to solve. The pH of the solution was there-

fore measured. From this pH one can calculate the ratio of 

the species [Ag2 (en) 2++] I [AgH.en++] 2 and the species 

[H2(en)++]/ [Hen+]: from these ratios and equilibrium 

expressions, one may calculate the concentrations of the 

species. 

A table of the equilibrium expressions determined by 

Schwarzenbach (6) is given in Table 2. The concentrations 
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of tl:.e Yarious [lpecies in each solution used in caJ.culating 

the enthalpies iH given in Tables 3 and 4. 

From the algebraic surn of the observed calorimetric 

hGat, the heat cf solution of sil'\7er nitrate (25), and the 

heat produced by the shift i11 the concentrations of the 

various protona.ted ethylenediamine species (26), the over-

a.11 heat, Q, is obtained. . This O divided by the con-

centration of the sp~:cies given the enthalpy of the reaction. 

For the Ag(em) + - Ag2 (en);/·~ system, the enthalpy was 

det.el."ltlined from. the heats of pairs of runs in t·wo $imnl-

taneous equations. These heat. corrections appear in Table 5. 



29 

DISCUSSION A.:.."i\l'tl I{ESULTS 
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A. DISCUSSION OF RESULTS -
The free enorg·ies, enthalpies, and entropy changes 

fo:;: the silver ethylenctlianiine complexes appear in Table 

6i t.hese values are fo:i: O .. lm ionic st.reug·th. 

Although many tletermina·~iol1s of £:i:ee energies for 

silver complexes a~e in the literciture, very little thermo-

dynamic wor1~ ~las been done on the entl1ali;;>iGs and entropies. 

Therefore, comparisons with thesa data can uot be extensive. 

The data here, however, do seem to be in line ·with the work 

done by .Fernelius (1) and Fyfe (27). Although Fe:cnelius 

did not determine thermodynamic functions for silver 

ethylenediamine comple::.:es, he clid determine the thermo-

dynamic functions for 1,3-diaminopropane, 1,4-diamino-

butane, and l,J-diaraino-2-hydro~-ypropana complexes with 

silver fo:c th~ fi~·st formation constant. The enthalpy 

value obtained here for the .r.g(en) + complex, AH = -25 

;1;5 kcal./mole, although much larger, is in line with the 

enthalpies obtained by Fernelius, -10.7 kcal./mole for 
.·,·.··I ,· 

1,4-diaminohutane, -14.G kcal./mole for l, 3-di~ui11opropane, 

and -13.2 kcal./mole for l,3-diamino-2-hydroxypropane. 



llcr t.he l~g(en) 2+ enthalpy, -13.0 kcal./r;-tole, the v«lue 

quoted by Pyfe (27) for Ag(tm3) 2+ , -13.5 kcal./mole, shows 

a mor~ reasonable comparison. Both comple:1:.:es involve 

si.-nila:c groups attached to a silver ion. The data by 

Datt.a ar.i.d Gryzbowski (28} for t.11e enthalpiez of the silver. 

complexes wi·d1 glycine and ar9inine do not compare too 

favorably wit.h t.he above. The enthalpies for the l:l 

comple..\':es are -14 ±1 kcal ./mole cuid -24 ±4 kcal ./mole, 

respectiv~ly; and fo~ the 2:1 complexes are -33.7 !2.5 

kcal./mole and -30.3 ±4 kcal .• /mole, respect.ivel~... Hovrover, 

one coulO. expect ~ome discx-Gpancies 'because of the different 

nature of the ligands and :the dif fe1:ence in ionic st1:engt.h 

for tne determinations -O.l!'!.1 for these data and 0.02m for 

the glycine and arginine data. The value for the 1:1 

silver glycine complex agrees with ~ne data in this work 

for the AgHen-!·+ comple~=, -14 kcal./mole, but this is pro-

bably a coincidence.. In light of the data by Fyfe (27) 

and the dat~a here for Ag (en) 2 +, this AgHen++ enthalpy is 

some·what anomalous since the heat of fo~"ination for itz 

one silver-nitrogen bond equals that for the forrnation 

oi the t.'IJO silver-nitr.:>gen bonds for the others. Secondly, 

one would e::::pect a lower en·thalpy because one end of the 
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ethylenediamine has been protonated. Since the bonding 

in each of the cases should be the same (linear sp bond), 

nq ready explanation is available except that the method 

for determining the AgHen++ concentration may have intro-

duced a large error. Comparison of the AgHen++ enthalpy 

with that of Ag(en)+, and Ag(tmn)+ is not desirable because 

the latter are all chelates. The enthalpy for the dimer, 

Ag2 (en) 2++, falls in line with the data for Ag(en) 2+, 

Ag(NH3) 2+, Ag(tn)+, Ag(tmn)+ and Ag(thn)+ (1). (Where 

tn = 1, 3-diaminopropane, ·am = 1, 4-diaminobutane, and 

thn = l,3-d.iamino-2-hydroxypropane.) In the cases of the 

latter compounds, each silver-nitrogen bond contributes about 

6 kcal./mole. If the dimer is the 10-membered :cing pro-

posed by Schwarzenbach (6), then the enthalpy, -25.57 

kcal./mole, divided among the four silver-nitrogen bonds 

gives about this value, 6 kcal./mole. However, the linear 

polymeric structure found for the mercury ethylenediamine 

complex is also proposed for the Ag2(en)2+~ complex by 

Newman and. Powell (10) based on their infrared spectra 

data for the sulfate. Since the spectra were taken on the 

crystalline compound, a strict comparison can not be made, 

and both structures could exist. 
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Due to the la:i::·ge uncertainties in the entropy values, 

a quantitative discussion can not be w1dertaken; however, 

certain qualitative conclusions can be drawn. The entropies 

all strongly oppose the formation of the complexes Ag(en)+, 

Ag2 (en) 2++, and Aglien++. 

The entropy value for the formation of Ag(en)+,ds = 
-60 e.u. ±20 e.u., may seem unusually large, but comparison 

with data obtained by Fernelius (1) shows that this value 

can be in line. Fernelius obtains AS = -11 e.u. for 

1,4-diaminobutane and -23 e.u. for l,3-diaminopropane; 

consequently, one could easily expect above -30 e.u. for 

ethylenediamine since it is next in that series of decreasing 

carbon atoms, and the chelated complex would be severely 

strained. Since this large entropy for Ag(en)+ is plausible, 

the large enthalpy for the reaction does not sees.~ unreason-

able. The infrared studies of Newman and Powell (10) 

also indicate that Ag(en)+ is not chelated: but since 

their measurements were done on the crystalline chloride, 

the results are not strictly comparable. Both structures 

could exist. 

The ~s for Ag(en) 2+ of -8.4 e.u. is in line with that 

for Ag(NH3) 2+ quoted above (28); no other data was available 
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for comparison here. A negative value is obtained because 

three particles form one, thereby prod.ucing a more ordered 

system. In the case of the dimer, the effect is similar 

since four particles form one. The -25.2 e.u. for the 

formation of the d.imer is not unreasonable when considered 

from the restriction imposed by the 10-membered ring. The 

entropy for AgHen++, -38 e.u., is anomalous arid can be 

explained only on the ~ame basis as the enthalpy for this 

complex. The entropys for the glycine and arginine silver 

complexes (28) do not compare especially well here d.ue to 

the differences in the ligands. The entrQpy data for 

these complexes is as follows: 

glycine 1:1 ~s = +19 ±3; e.u. 1:2 ~s = -47 ±a e.u. 

arginine 1:1 ~s ~ -20 ±12 e.u. 1:2 ~s = - 32 ±12 e.u. 

From the obtained thermodynamic data ad.d.itional data 

was calculated (see Table 6). 



!!• DISCUSSION ~ ERROR 

All total silver and potassium chloride concentrations 

are accurate to better than 0.1%. The concentrations of 

the ethylenediamine for each system are accurate to 0.2%. 

Plus or minus values on the enthalpies ref e~ to calorllnetric 

precision; entropy uncertainties were determined mainly by 

the enthalpy uncertainties. The uncertainties in the 

equilibrium constants are those given by Schwarzenbach 

and, therefore, determine the free energy uncertainties. 

Volumes for the calori.111etric runs are accurate to 0.1%. 

Ionic strengths are accurate to about 1% except where 

uncertainties in the calculated concentrations would give 

greater error. Heat correction uncertainties depend on 

the concentration of the species concerned and acquire 

additional uncertainty because of concentration uncertain-

ties. Therefore, it is preferable to list all the un-

certainties in the heats given by·those authors for each 

source. The heat of solution of silver nitrate is ac-

curate to 0.2% (25). The ethylenediamine heats of neu-

tralization are accurate to abou·t 1% {26). Due to the 
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uncertainties in tl1e logarithms of t.he stability constants, 

the calculated concentra.tions have less than one signi-

ficant figure: however, the tabulated. concentrations have 

three and four significant figil:-ces. 2:·his does not imply 

·these values were understood to have that much accuracy 

but simply that they were. carried out t.o the limit·of 

experimental e:c·ror, usually about 0. 3%, in order to pro,Tid.e 

enough digits to calculate the enthalpies. All concen-

trations of species other than major speci~s are little 

bet·ter than order of magnitude. · In the case of AgHen++, 

the uncertainty in concentration is about 200~. Conse-

quently, no plus or minus values a.ppear for the concen-

trations. 
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TABLES A.ND FIGURES 
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1. ··rS. 4. 

•• 

• 6 • 

7. 

dead air space 

1. bulb holder 
2. bulb breaker 
3. pulley rotating stirrer shaft 
4. second double top 
· 5. stirrer shaft · 
6. first double top 
7. Dewar flask 

s. copper can 
9. . wooden box ( 30" x 3011 x 30") 

-~ 
I 
I 

1 

9. 

Figure 1. Cross Section of the Calorimeter and surroundings 
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4. 

1 2. 
3. 6. 3. 9. 

I I • 10 • ' • 
• I I I// I 

'~; ;/ 

11. 

12. 

l. bulb holder 7. teflon washer 
2. bulb breaker 8. brass bearing 
3. thermistor tube 9. heater 
4. glass rod 10. first double top 
s. rubber stopper· 11. steel stirrer shaft 
6. brass screw clamp 12. Dewar flask 

13. sample 

FiCJUre 2. Detailed Cross Section of the calorimeter 
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potentiometer 

'-'-------1i 2. 
Rl • 1.1178 obma 
Ra • 1.2159 o'hal9 

. R3 • J.9~'8958 ohm• 
1. heates 
2. power source 

Figijr:e 3• Heeter Circ:uit Diagnm. 
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f thermometer 
I i current 

,/ "' ' ... 
'\." 2. 

~"" /---// 

----~ 

2. ·\i~ 

"-t/ 
I i.,. __ 

~ 
3.~ to potentiometer 
t---+ 
l 

1. thermistor 
2. Manganin resistance 
3. fixed resistance (about four ohms) 

l 
! 

L_-...-Figur_e ___ 4_., ___ T_empera:t.ure--'s.ens.ing ... Bridge--Diaqr:am..__---~ 
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l. 

2. 

l. galvanometer 
2. poiientiometer 
3. heat.er 
4. to 110 volts A.c. 
s •... etopclock 
6. dummy neater 
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9. 

a. 

4. 
_ __.J 6. 

3. 

s. 

7. double pole double throw swit;ch 
a. constant current source 
9. voltage stabalizer 

10. 40 volts (lead storage batteries) 
11. decade resistance 

Figure s. Complete Circuit Diagram 
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'!'ABLE 1 

Heats of Solution of KCl 

Run Moles KCl Molarity AH (kcal ./mole) 
This Work N.B.S. (29) 

1. 0.033829 0.056512 4.22 4.19 

2. 0' 029093 0. 029093 4.18 4 .. 18 

3. 0.038475 0.067568 4.20 4.19 

4. 0.056439 0.124007 4.20 4.20 

Runs 1-4 were done before the silver determinations; 

runs 5-7 were done after the silver determinations. 

s. 0.035300 0.035300 4.19 4.18 

6. 0.042892 0.07819 4.20 4.20 

7. 0.053493 0.132685 4 .• 21 4.20 
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TABLE 2 (6) 

Ethylenediamine and Silver Ethylenediamine Equilibrium 

Expressions 

[Ag(en)+] I [Ag+] [en] = 104. 7 ± O.l 

[Ag2(en)2++] I [Ag(en)+]2 = 10~.83 ± 0.15 

[Ag(en)2+] I [Ag+] [enJ2 = 107.7 ± 0.1 

[AgHen++] I [Ag+][ Hen+ J = 102. 35 ± 0.05 

[Ag2(en)++] I [Ag+] [Ag(en)+] = 101. 76 :t o!~ 

[Hen+] I [H+] [en] = iol0.03 

[H2 (en)++] I [ H+ J [lien+]= lo 7 • 22 
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TABLE 3 
Chemical Composition of Each Run 

Run CH+ Moles Ag+ Volume cen CAg+ I'* 
(M.) (Ml.) (M.} (M.) 

system a. 
L-1 0.014791 1409.9 o.1s35 0.010501 0.103 

L•2 0.017647 1710.2 0.1535 0.012526 0.104 

L-3 0.014874 1410.2 0.1535 0.010557 0.104 

L•S 0.014198 1409.B o.1s3s 0.010081 0.102 

L-6 0.014004 1410.3 o.1s3s 0.009940 0.101 

L-7 0.014038 1411.0 o.1s3s 0.010000 0.102 
system b. 
c-6 0.024527 1403.5 0.0174"76 0.017575 o.1os 
D.;.l 0.039550 1398.0 0.028290 0.028255 0.095 

D-3 0.028132 1397.6 0.020375 0.020129 o.osa 
D-4 0.026997 1397.8 0.019806 0.019314 0.097 

D-5 0.041587 1397.8 0.029992 0.029752 0.096 
system c. 
H-1 0.06536 0.051760 1402.9 0.042298 0.036895 0.102 

H-4 0.06550 0.050022 1400.0 c.042386 o.o~s130 0.102 

H-5 0.06532 0~048647 1403.9 0.042269 0.034651 0.!14 

H-6 0.06545 o.os1029 1401.tO 0.042355 0.036423 0.102 

H-7 :'.Q:.-06550 0.047136 1400.0 0.042386 o.033669 0.100 

*f = ionic strength 
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TABLE 4 

Concentrations of Principal Species for "L" Series 

Fart a 

Concentration Before Reaction in Moles per Liter 

Run en Hen+ H2en++ 
WWW 

L-1 0.1494 0.004000- · 0 

L.-2 0.1494 0.004000 0 

L-3 0.1494 0.004000 0 

L-5 0.1494 0.004000 0 

L-6 0.1494 0.004000 0 

L-7 0.1494 0.004000 0 

Concentration After Reaction in Moles per Liter 

Run en Hen+ Ag(en){ Ag(en)+ Ag2 (en) 2++ 

L-1 0.1289 0.003715 0.01033 0.000080 0.000043 

L-2 0.1249 0.003659 0.01229 0.000099 0.000068 

L-3 0.1288 0.003714 0.01038 0.000081 0.000044 

L-5 0.1297 0.003729 0.00992 0.000076 0.000040 

L-6 0.1299 0.003731 0.00979 0.000075 0.000038 

L-7 0.1298 0.003730 0.00984 0.000016 0.000039 
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TABLE 4 

Concentration of Principal Series for no 11 Series 

Part b 

Concentration Before Reaction in Moles per Liter 

Run en Hen+ H2en++ 

c-6 0.01616 0.00132 0 

D-1 0.02660 0.00169 0 

D-3 0.01895 0.00143 0 

D-4 0.01840 0.00140 0 

D-5 0.02825 0.00174 0 

Concentration After Reaction in Moles per Liter 
Run er' Hen H2en++ Ag(en) 2,+ Ag(.en)+ A92 (en) 2 ·H· 

c-6 0.0001 0 0 0 0.00110 0.00818 

D-1 0.0001 0.00004 0 0 0.00141 0.01335 

D-3 0.0001 0.00003 0 0.00013 O.'JOll8 G.00940 

D-4 0.00015 o.oooooa 0 0.00026 0.00115 0.00889 

D-5 0.0001 0.00004 0 0 ... 00014 0.00144 0.01403 
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TABLE 4 

concentration of Principal Species for "H" Series 

··Part c 

Concentration Before Reaction in Moles per Liter 

Run en 

H-1 2.46 10""5 

H-4 2.47 io-5 

H-5 2.47 10~5 

H-6 2.47 10 ... 5 

H-7 2.47 10-5 

H•8 2.47 io-5 

Hen+ 

0.019181 

0.019223 

0.019167 

0.019210 

0.019223 

0.019223 

H en++ 2 
0.023092 

0.023138 

Q.023076 

0.023120 

0.023138 

0.023138 

Concentration After Reaction in Moles per Liter 

Run 

H-1 3.4 lo-7 0.002370 0.02072 0.01200 0.00102 

H-4 3.5 lo-7 0.002399 0.02074 0.01202 0.00102 

H-5 3.4 10-7 0.002359 0.02072 0.01200 0.00102 

H-6 3.5 lo-7 0.002390 0.02073 0.01202 0.00102 

H-7 3.5 io-7 0.002399 0.02074 0.01202 0.00102 

H•8 3.5 lo-7 0.002399 0.02074 0.01202 0.00102 

0.00039 

0.00039 

0.00039 

0.00039 

0.00039 

0.00039 
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TABLE 5 

Heat Corrections and overall Heat in Calories for Each Run 

Run Calorimeter AgN03 Hen+ H2en++ Heat of 
Heat Heat Heat Heat Reaction 

system a. 
L-1 -110.57 80.76 7,.15 -198.48 

L-2 -129.Bl 96.35 8.62 -234.78 

L-3 -109.24 81.21 7.20 -197.65 

L-5 -103.69 77.52 6.85 -188.06 

L-6 -102.56 76.46 6.76 -185.78 

L-7 -103.19 76.65 6.80 -186.64 
system b. 
C-6 -174.82 134.68 21.54 -331.04 

D-1 -282.19 215.67 27.46 -525.32 

D-3 -201.84 153.60 . 23.28 -378.72 

D-4 -195.57 147.40 21.96 -264.93 

D-5 -299.78 227.07 28.28 -555.13 
system c. 
H-1 145.07 282.61 80.32 76.04 -293.90 

Ii-4 134.24 273.12 80.04 76.71 -295.63 

H-5 129.62 265.61 B0.32 76.57 -29J.aa 

H-6 144.20 278.62 80.03 76.51 -290.96 

H-7 130.98 269.36 80.03 76.71 -295.12 

H-8 120.94 257.36 80.03 76.71 -293.16 
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TABLE 6 

. Thermodynamic Data for the Indicated Reactions 

Reaction 

1. 

2. 

3. 

4. 

Ag+ + en =· Ag(en)+ 

Ag+ + 2en = P .. g(en) 2 + 

2Ag+ + 2en = Ag2 (en) 2++ 

+ . . 
Ag + Hen+ = AgHen++ 

Derived relationships: 

s. Ag(en)+ + en = Ag(en) 2+ 

6. 2Ag(en)+ = Ag2 (en) 2++ 

7. · Ag2 (1,;;n) 2 ++ + 2en = 2Ag(en:) 2 + 

Reaction ::.AfF{kcal.Lmolel. -.aH (kcal .Lmolc;tl .. 

1. 6.4 ;i; 0.14 25 + 5 -
2. 10.5 + 0.14 13.016 + 0.02 - -
3. 18.0 + 0.3 25.57 + o.s ... -
,. 3.0 ±. 0.06 14.45 + 2 .. ;. . -
s. 4.l + 0.2 . .;.12 .o ± 5 ~ 

6. 5.2 :t; 0.3 ":"24.4 :!; 8 

7. 3.0 ± 0.4 C.46 t o.s 

-~s ,e.u.2 
60 ± 20 

8.43 + 0.3 -
25.21 :!: 2 

38.3 ± 20 

-54 :!: 20 

-99 :I: 40 

-8.4 ± 2 
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SUMMARY 
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A solution calorimeter was constructed. The temperature 

measuring device used thexmistors as the temperature 

sensitive elements. The heat capacity was determined by 

electrical calibration. The heats for the following re-

actions were determined: 

l. Ag+ + en = Ag(en)+ 

2. Ag+ + 2en = Ag(en) 2 + 

3. 2Ag+ + 2en = Ag2{en)2++ 

4. Ag+ + Hen+ = AgHen++ 

From the equilibrium constants reported by Schwarzenbach 

(6), the free energies and entropies were calculated: there-
\ by, providing insight into the nature and structures of the 

reactants. 
-!J.Flkcal.Lmole} -AHlkcal:Lmoltl -~ le.u.) 

l. 6.4 + 0.14 25 + 5 60 ± 20 - -
2. 10.5 ± 0.14 13.016 ± 0.02 8.43 :t 0.3 

3. 18.0 ± 0.13 25.57 ± o.s 25.2 ± 2 

4. 3.0 ± 0.6 14.45 ± 2 38.3 ± 10 

The data indicate that the Ag(en)+ is chelated. Data 

for AgHen++ is anomalous. The data for Ag(en) 2+ and Ag2 (en) 2++ 

are in line with -work done by others (1,27). 
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ABSTRACT 

A solution calorimeter \'18.s constructed with a tem~ 

perature range of one degree in the region of 2s0 c. The 

precision of the calorimeter was about 0.3°~. The heats 

of reaction of the following silver ethylenediamine com-

plexes were measured: Ag(en)+, Ag2(en)2++, Ag(en)2+, 

and AgHen++. With the formation constants determined by 

Schwarzenbach (6), the respective entropies were calculated. 

Enthalpy and entropy data for the Ag(en)+, Ag2(en)2++, 

and Ag(en) 2+ complexes are reasonable. The data for the 

AgHen++ complex seems anomalous. 
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