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INTRODUCTION 
 

 

This Physical Chemistry practical manual is designed for BS/MSc students studying in 7
th

 

Semester – 3
rd

 Semester under 3 credit course with Course Code 2569. It consists of various 

physical chemistry practicals. These practicals are divided into 09 units. The whole practical 

course (2568 & 2569) will be conducted in a one month workshop in the department of 

Chemistry, Allama Iqbal Open University, Islamabad. Participation in the practical workshop is 

mandatory for students doing specialization in Physical Chemistry with at least 70% attendance 

and minimum 50% marks are required to pass this course. 

 

Feel free to give your feedback, which will help us for the further improvement of this manual. 

 

 

  

 

 Dr. Nasima Arshad 

 Course Development Coordinator 
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COURSE OUTLINES 
 

 

Unit 1: Determination of molar masses of the following polymers by viscosity measurements. 

 a. Polyvinyl alcohol which is soluble in water 

 b. Polymethyl methacrylate soluble in acetone 

 c. Polystyrene soluble in benzene or toluene 

 

Unit 2: Verification of Freundlich and Langmuir isotherms for adsorption of acetic acid on 

given sample of charcoal. 

 

Unit 3:  Determination of partition coefficient of iodine between water and carbon 

tetrachloride. Using distribution method, determine the equilibrium constant and free 

energy change for the reaction. 

 KI + I2 ↔ KI3 

 I
-
 + I2 ↔ I

-
3 

 

Unit 4: Determination of velocity constant of malachite dye. 

 

Unit 5:  Determination of heat of solution, heat of hydration and lattice energy of a given solid 

(calcium  chloride). 

 

Unit 6: Spectrophotometric determination of the solubility-product constant for a sparingly 

soluble salt. 

 

Unit 7:  Kinetics of the hydrolysis of ethyl acetate by sodium hydroxide by a conductivity 

method. 

 

Unit 8: Synthesis of metal oxide nano-particles and their characterization, using IR technique. 

 

Unit 9: Verification of Beer’s law for KMnO4 and K2Cr2O7 solutions and measurement of the 

concentration of KMnO4 and K2Cr2O7 in the given solutions (Range 0.5 x 10
-3

 M to 

0.1 x 10
-3

 M in either substance). 
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EXPERIMENT 1-3 
 

1. DETERMINE THE MOLAR MASSES OF POLYVINYL     

 ALCOHOL WHICH IS SOLUBLE IN WATER 

2. DETERMINE THE MOLAR MASSES OF POLYMETHYL METHACRYLATE 

SOLUBLE IN ACETONE 

3. DETERMINE THE MOLAR MASSES OF POLYSTYRENE SOLUBLE IN 

BENZENE OR TOLUENE 
 

THEORY  
We take advantage of the fact that even small additions of polymers to solvents cause a very large 

increase in their viscosities and this change in viscosity is linked with the molar mass of the polymer. The 

ratio of the viscosity of the pure solvent, called relative viscosity, ƞr is given by; 

 

 
 

and for solutions of low concentrations, densities of solutions, ds are almost equal to the density of solvent 

dO. Therefore; 

 
 

Thus ƞr is an easily measurable parameter for solutions of polymers. Increment in viscosity for any 

solution would be (ƞS – ƞO). For a polymer solution, the specific viscosity, ƞsp , is given by 

 

 

 
 

For polymers, we go a step further and divide ƞsp by the concentrate of the solute in solution in terms of 

grams of solute per 100 ml of solution and we call this parameter reduced viscosity, ƞred for the solution. 

 

 

 

The values ƞr and ƞsp for a solution change rapidly with change in concentration but the ƞred values of 

solutions change less and more regularly or linearly. Thus a plot of versus concentration 

(g/100ml) is very nearly a straight line (Fig. 1). For this linear 

Relationship, we can write 
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Fig. 1. Intrinsic viscosity 
 

As for a straight line graph, m is the slope of the line and the addition constant is the intercept on the 

reduced viscosity axis and is called the intrinsic viscosity of the solution and is given by the solution and 

is given by the symbol [ƞ] 

 
 

For any value of c, for the solution 

 

     (1) 

 

For polymers, the intrinsic viscosity values can be obtained from the ƞred versus c graphs. This in turn is 

related to molar masses (M) of straight chain polymers by a simple equation, 

[ƞ] = K M
α
    [ Mark-Houwink Equation]………………. (2) 

 

Which is more valid when molar masses are above 10,000. Here K and a are constants for a given pair of 

polymer and the solvent at a specified temperature. K and a values for some systems are given in Table 1.  

a is called the shape factor. 

 

Table 1. K and a values for some polymer-solvent-temperature systems  

 
 

Polymer Solvent Temperature /0C K  x 105 a 

Polyvinyl acetate Acetone                   25                          18.8 0.69 
   30 10.2 0.72 
  Chloroform 25 20.3 0.72 
Polyvinyl alcohol Water 25 20 0.76 
Polymethyl methacrylate Acetone 25 7.5 0.7 
        30 7.0 0.7 
Polymethyl methacrylate Toluene 25 7.5 0.71 
   30 7.0 0.72 
Polystyrene Benzene 25 10.2 0.74 
   30 11.0 0.73 
Polyisobutylene Benzene 30 61.0 0.56 
Natural rubber Benzene 30   18.5   0.74  
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The values of the exponent constant a for a randomly coiled flexible liner chain polymer molecules range 

from 0.5 to 0.8. It is most often 0.7 but for rigid road-like polymer molecules its values may rise to 20. 

The uncertainty in values of K and a make viscosity average molar masses somewhat imprecise and 

different from number average and weight average molar masses. But the results still remain useful in 

practice. 

 

Since foaming is a common problem in making solutions of polymers, these are made in hot solvents by 

adding small factions of total weight at a time and reducing stirring. 

 

PROCEDURE 
i. Weight 4.0 g to 4.5 g of dry polyvinyl alcohol on a watch glass.  

ii. Take about 200 ml of hot distilled water in a beaker. Gradually spread the weighed amount of 

polymer in small lots on the surface of hot water and stir slowly without forming bubbles of foam.  

iii. When the whole of the polymer quantity is thus dissolved, cover the solution and allow it to cool.  

iv. When it is cooled, transfer it slowly to a 250 ml graduated flask along the side wall.  

v. Thermostat the solution. Rinse the beaker with small lots of distilled water and transfer these 

rinsings to the graduated flask till the solution volume is made up to the mark.  

vi. This is the master solution. Prepare from it six other solutions, whose concentrations are 80%, 60%, 

40%, 30%, 20% and 10% of the master solution, in 50 or 100 ml flasks and find the time of run for 

each solution ( fixed volume say 20 ml) in a suitable viscometer (run times of 100 second or more). 

vii.  For each dilution, measure the time of flow. 

 

OBSERVATIONS 
Temperature of thermostat     =     …. 

O
C 

Solvent……………..   Solute…………………. 

Values of constants                          K = 

Values of constants                         a = 

Volume of liquids for viscometer runs  =     

 

Serial  
No. 

Concentration 
 (g/100ml) 

Average run  
Time (sec)  

  

 
 

     

 

Plot the ƞred values versus concentrations (g/100 ml) as in Fig. 1. Obtain the intrinsic viscosity value [ƞ]. 

Calculating molar mass 

 

[ƞ] = K M
a
 

 

log [ƞ] = log K + a log M 
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EXPERIMENTS 1 
 

VERIFY THE FREUNDLICH AND LANGMUIR ISOTHERMS FOR 

ADSORPTION OF ACETIC ACID ON A GIVEN SAMPLE OF CHARCOAL 
 

REQUIREMENTS 
Pipette, burette, six 100 ml conical flasks, M/2 acetic acid, M/10 sodium hydroxide, charcoal, six funnels, 

6 pieces of glazed paper 5 cm x 5 cm, titration assembly. 

 

PROCEDURE 
1. Standardize the solutions of acetic acid and sodium hydroxide.  

2. Take six dried and cleaned 100 ml conical flasks. Number them from 1 to 6.  

3. Set up two burettes, one for water and the other for M/2 acetic acid solution.  

4. Now place in flask number one, 50 ml acetic acid, in flask number 2, 40 ml acetic acid + 10 ml 

water, in flask number 3, 30 ml acetic acid + 20 ml water, in flask number 4, 20 ml acetic acid + 30 

ml water and in flask number 5, 10 ml acetic acid + 40 ml water. In flask number 6, place 50 ml of 

distilled water (blank).  

5. Mix the solutions well. To each of the flasks, add two grams powdered charcoal in quick succession 

(For this six different two gram quantities of adsorbent charcoal can be kept weighed on glazed 

papers under watch glasses or funnels for protection against air currents).  

6. Shake well and place the flasks in a thermostat at room temperature for about 30 minutes. Shake the 

contents from time to time.  

7. Calculate the initial concentrations of acid for the five flasks and correct them for the titrant reading 

for the sixth (blank) flask.  

8. Set up six funnels fitted with dry filter papers of equal size and of good quality.  

9. Reject about 5 ml of initial filtrate in each case and collect the remaining filtrates in separate 

conical flasks.  

10. Titrate 10 ml of each solution against standard alkali. Tabulate the data as suggested further on. 

 

PRECAUTIONS 
1. A wet filter paper is avoided so that the filtrate is not diluted by the wetting solvent. 

2. To avoid change in concentration of filtrate due to adsorption by the filter paper, a small initial 

volume of the filtrate is rejected. 

3. The 30 minutes time is allowed to compensate for the slow penetration of solution upto the surface 

area in the pores of the particles of charcoal powder. 

 

DATA RECORDING 

Temperature = . . . . . .
0
C 

Mass of  charcoal,  m = 2 g (per bottle) 

10 ml of the original M/2 acid required 50 ml of M/10 NaOH 

 

Flask  ml of M/10 Initial Eqauilibrum Amount 
Nos. NaOH required        concen- concentration adsorbed 
 For 10 ml tration of acetic acid in 

 solution after of acetic mole/litre  =     Ci--Ce       /m       log           log Ce 

 adsorption acid, Ci                                                  20                                                               
  in moles/litre    
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1. . . . . . . . . . . . . . . . . . . . . . 

2. . . . . . . . . . . . . . . . . . . . . . 

3. . . . . . . . . . . . . . . . . . . . . . 

4. . . . . . . . . . . . . . . . . . . . . . 

5. . . . . . . . . . . . . . . . . . . . . . 

 

CALCULATIONS 
First calculate the concentration (Ci ) of acetic acid in moles/litre for flask. From the titration data, obtain 

the equilibrium, value of Ce  for each flask. The value of    for each flask can be calculated from the 

change in concentration due to adsorption i.e., (Ci – Ce) and the initial volume of the solutions (50 ml) as 

follows:   

       

 =      (Ci- Ce ) 50       =        (Ci- Ce )   moles 

                     1000                       20 

 

Form this, calculate the amount of acid adsorbed per gm of the adsorbent (  in moles or in grams. 

 

1. Plot a graph between log (  values (ordinate) versus log Ce (abscissa). If the plot obtained is a 

straight line, this will prove the validity of the Freundlich isotherm over the concentration range 

considered. Evaluate the value of  from the slope of the line and log Kfrom the intercept on the 

ordinate by the straight line for a value log Ce equal to zero. 

2. Similarly test Langumir’s adsorption isotherm by plotting versus Ce. Obtain the values of 

the constants α and β. 
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EXPERIMENT-2 
 

DETERMINATION OF ADSORPTION  

ISOTHERM OF ACETIC ACID ON ACTIVATED CHARCOAL 
 

THEORY 
Adsorption is a process that occurs when a gas or liquid solute accumulates on the surface of a solid or a 

liquid (adsorbent), forming a molecular or atomic film (adsorbate). It is different from absorption, in 

which a substance diffuses into a liquid or solid to form a solution. The term sorption encompasses both 

processes, while desorption is the reverse process. Adsorption is operative in most natural physical, 

biological, and chemical systems, and is widely used in industrial applications such as activated charcoal, 

synthetic resins and water purification. Similar to surface tension, adsorption is a consequence of surface 

energy. In a bulk material, all the bonding requirements (be they ionic, covalent or metallic) of the 

constituent atoms of the material are filled. But atoms on the (clean) surface experience a bond 

deficiency, because they are not wholly surrounded by other atoms. Thus it is energetically favourable for 

them to bond with whatever happens to be available.  

 

The exact nature of the bonding depends on the details of the species involved, but the adsorbed material 

is generally classified as exhibiting physisorption or chemisorption. Physisorption or physical adsorption 

is a type of adsorption in which the adsorbate adheres to the surface only through Van der Waals (weak 

intermolecular) interactions, which are also responsible for the non-ideal behaviour of real gases. 

Chemisorption is a type of adsorption whereby a molecule adheres to a surface through the formation of a 

chemical bond, as opposed to the Van der Waals forces which cause physisorption. Adsorption is usually 

described through adsorption isotherms, that is, functions which connect the amount of adsorbate on the 

adsorbent, with its pressure (if gas) or concentration (if liquid). One can find in literature several models 

describing process of adsorption, namely Freundlich isotherm, Langmuir isotherm, BET isotherm, etc. 

 

We will deal with Langmuir isotherm in more details: Langmuir isotherm In 1916, Irving Langmuir 

published an isotherm for gases adsorbed on solids, which retained his name. It is an empirical isotherm 

derived from a proposed kinetic mechanism. It is based on four hypotheses:  

1. The surface of the adsorbent is uniform, that is, all the adsorption sites are equal.  

2. Adsorbed molecules do not interact. 

3. All adsorption occurs through the same mechanism.  

4. At the maximum adsorption, only a monolayer is formed: molecules of adsorbate do not deposit on 

other, already adsorbed, molecules of adsorbate, only on the free surface of the adsorbent.  

 

For liquids (adsorbate) adsorbed on solids (adsorbent), the Langmuir isotherm (Figure 1) can be 

expressed by: 

M = Amaxkc /1 + kc   [mol g 
-1

 , resp. mol.kg
-1

]      (1) 

where: 

m – is the substance amount of adsorbate adsorbed per gram (or kg) of the adsorbent, the unit is mol g
-1

 , 

resp. mol.kg
-1

  

Amax – is the maximal substance amount of adsorbate per gram (or kg) of the dsorbent, the unit is mol g -

1, resp. mol.kg
-1

 

k – is the adsorption constant (mol
-1

 dm
3
 )  

c – is the concentration of adsorbate in liquid (mol dm
-3

 )  

 

In practice, activated carbon is used as an adsorbent for the adsorption of mainly organic compounds 

along with some larger molecular weight inorganic compounds such as iodine and mercury. 
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                                                          Figure 1:    Langmuir isotherm 

 

ACTIVATED CARBON 
Also called activated charcoal or activated coal, is a general term that includes carbon material mostly 

derived from charcoal. For all three variations of the name, "activated" is sometimes substituted by 

"active." By any name, it is a material with an exceptionally high surface area. Just one gram of activated 

carbon has a surface area of approximately 500 m² (for comparison, a tennis court is about 260 m²). The 

three main physical carbon types are granular, powder and extruded (pellet). All three types of activated 

carbon can have properties tailored to the application. Activated carbon is frequently used in everyday 

life, in – industry, food production, medicine, pharmacy, military, etc. In pharmacy, activated charcoal is 

considered to be the most effective single agent available as an emergency decontaminant in the 

gastrointestinal tract. It is used after a person swallows or absorbs almost any toxic drug or chemical.  

 

TASK 
Determination of adsorption isotherm of acetic acid on activated charcoal. Determine the adsorption 

constant (k) and the maximal adsorbed substance amount of acetic acid per gram of charcoal (Amax) of 

Langmuir isotherm.  

 

EQUIPMENST AND CHEMICALS 
6 boiling flasks (250 ml), 6 Erlenmayer’s flasks (250 ml), 6 funnels, 3 burettes (50 ml), 10 titrimetric 

flasks, 3 pipettes, holders for funnel, holders for burettes, filtering paper, wessels for weighing coal, 

spoon, rubber stoppers,  solution of acetic acid (c = 1 mol dm
-3

 ), solution of NaOH (c = 0.2 mol dm-3 ), 

activated charcoal, phenolphthalein 

 

METHOD  
1. Prepare aqueous solutions of acetic acid into numbered flasks following the scheme given in the 

table Table 1. The total volume of each solution is 60 ml. Use flasks fitted with stoppers.  

 Table 1    Scheme for acetic acid dilution  

 

flask No. V (acetic acid) cm3 V (distilled water) cm3 

1 6 54 

2 12 48 

3 18 42 

4 30 30 

5 42 18 

6 60 0 

2. Transfer 10 ml of the solution from each flask into numbered titrimetric flask. Final volume of 

acetic acid solution is VA = 50 ml per flask.  
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3. Determine the actual concentration of acetic acid in flasks by titration in this way: For titration, 

modify the volume in each titrimetric flask. Take away defined volume of the solution, to obtain in 

each flask the volume as given in the Table 2.  

 

Table 2 Volumes of the acetic acid solutions (V) used for titration before and after adsorption 

 

Titrimetric flask No. 1  2  3  4  5  6 

Volume solution - V [ml] 10 10 5 5 5 2 
 

4. Add 1-2 drops of phenolphthalein and titrate by NaOH.  

5. Once the endpoint has been reached, read the burette. The volume of the base (Xi
o
) - ml that was 

required to reach the endpoint write down to the Table 3.  

6. Calculate the actual concentration of acetic acid before adsorption (Ci
o
)  in he flask No.1-6, 

respectively according Equation 2:  

 Ci
o
 = Xi

o
CT / V    [mol dm

-3
 ]       (2) 

 where:  

 Xi
o
– is the volume of the titrant before adsorption (NaOH)  

 CT – is the volume of the titrant (NaOH)  

 V – is the volume of the analyte (from Table 2)  

 Write the results down to the Table 3.  

7. Using practical balance and wessels for weighing coal, weigh 6 portions of activated charcoal, each 

portion 5 g. The accuracy of weighing must be with accuracy 0.01 g. 

8. Put activated charcoal into numbered flasks with stoppers (1 portion per flask). 

9. Plug up the flasks, and shake them. Wait for 20 minutes, the process of adsorption is in progress. 

Mix the mixtures for several times by flasks shaking within this period. Remark: The process of 

adsorption is a function of time too. It is important to put char- coal into flasks at the same time, to 

provide adsorption for the same period in each flask.  

10. Filter the mixtures into clean and dry flasks. To avoid disturbing effect of adsorption of acetic acid 

into filtering paper, remove away the first portion of filtration, app. 5 ml.  

11. Determine the final concentration of acetic acid (Ci) in each of the flasks after adsorption: From each 

solution, transfer the asked volume into clean and dry titrimetric flask, again following Table 2.  

12. Repeat points 4-6, and from the consumed base (Xi ) from Table 3 determine the concen- tration of 

acetic acid (Ci) after adsorption according Equation 3: 

 Ci = XiCT / V    [mol dm
-3

]       (3) 

 where:  

 Xi– is the volume of the titrant after adsorption (NaOH) 

 cT and V – are the same values as in Equation 2  

 Write measured values (Xi ) and calculated values (ci ) down to the Table 3. 

13. Finishing experiment, wash carefully used flasks, pipettes, etc. 

 

Table 3   Experimental data 

 

Flask No. 
Xi

o 
mL 

ci
o 

mol. dm-3 
Xi mL 

ci 

mol. dm-3
 

mi  mmol.g-1 
1/ci  

dm3.mol-1 

1/mi 

g. mmol-1 

1        

2        

3        

4        

5        

6        
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DATA TREATMENT  
1. Determination of the substance amount of acetic acid adsorbed per gram of the charcoal mi (mmol g

 

-1
 ) in individual flask: 

 mi  =  (ci
o
 - ci) VA / g     (4)    

 where:  

 ci
o
 – is concentration of acetic acid before adsorption (from Table 3, unit mol dm

-3
 ) 

 ci – is concentration of acetic acid after adsorption (from Table 3, unit mol dm
-3

 )  

 VA –is volume of the liquid phase used for adsorption (VA= 50 ml, change ml to dm
3
) 

 g – is the mass of the adsorbent – charcoal (use 5 grams)  

 i =1-6 is the number of flask 

2. Write down the obtained values of mi to the Table 3.  

3. Determination of k and Amax  

 The Equation 1 one can rearrange into a form: 

 1/mi  =  1/ Amax  + 1/kAmaxci (5)       

 

 thus: 1/mi  =  f (1/ci)  should be a straight line  

 Use MS Excell to create the dependence 1/mi  =  f (1/ci)  and fit the experimental points with a 

linear function.  

 The slope represents the value of 1/kAmax max and intercept corresponds to 1/ Amax . Calculate Amax 

from intercept and k from the slope. 

 

REPORT  
The report must include:  

 Theory (adsorption, Langmuir isotherm, etc. )  

 Equipment and chemicals  

 Experimental procedure  

 Tables of results, calculations and graphs: m = f (ci) and 1/mi  =  1/ Amax  + 1/kAmaxci  

 Conclusion with parameters characterizing Langmuir isotherm – k and Amax. 

 



 12 

 



 13 

Unit–3 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

EQUILIBRIUM CONSTANT  

BY DISTRIBUTION METHOD 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 
 



 14 

EXPERIMENT – 1 
 

DETERMINE THE PARTITION COEFFICIENT OF IODINE  

BETWEEN WATER AND CARBON TETRACHLORIDE AT GIVEN 

TEMPERATURE (OR ROOM TEMPERATURE) 
 

DISTRIBUTION COEFFICIENT 
If in a system of two immiscible or slightly miscible solvent, a substance, soluble in both the solvents is 

added, then the added substance will distribute itself between the two liquids in a definite manner 

depending upon its solubility. At equilibrium the ratio of the concentrations of the solute in the two 

liquids is constant at a given temperature and is called the distribution coefficient or partition coefficient. 

It is important that the solute must exist in the two solvents in the same molecular state. If C, and C2 are 

the concentrations of the solute in the two solvents when equilibrium is reached, then at constant 

temperature; 

 

 

 

Partition coefficient (k) = 
2

1

insoluteofionconcentrat

insoluteofionconcentrat

 

 

THEORY 
The Distribution Law or Partition Law states that a solute distributes itself between immiscible liquids in 

a constant ratio of concentration irrespective of the amount of solute added. 

The molecular state of iodine in both the solvents CCl4 and water is the same as I2 and hence the partition 

coefficient is practically independent of concentration in dilute solutions. Hence, the distribution law in its 

simplest form may be applied, i.e.,  

 

                    Corg / Caq  = Kpart  (partition coefficient)   

 

PROCEDURE 
1. By means of a graduated pipette place about 50, 40, 30 and 20 mL of a saturated solution in I2 in 

CCl4 and properly labeled (1 to 4) glass stoppered bottles. Add approximately 0, 10, 20 and 30 mL 

CCl4 to bottle nos. 1, 2, 3 and 4, respectively. Add about 200 mL of distilled  water to each of 

the bottles. 

2. Stopper the bottles tightly and shake thoroughly. Withdraw 20 mL of the aqueous layer carefully 

and titrate against 0.01 N Na2S2O3 using starch solution as indicator (repeat to concordance). To 

analyse the lower CCl4layer, introduce a dry 5 mL pipette into the bottle while blowing 
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continuously in and lower till the bottom in reached, withdraw 5 mL of the lower layer of CCl4 and 

titrate against 0.1N thiosulphate solution. Calculate the ratio of concentrations. 

3. Similarly, titrate aqueous and CCl4 layer from bottle nos. 2, 3 and 4 and observe that the partition 

coefficient is reasonably constant. Take the mean value as K part. 

4. While titrating the non-aqeuous layer, the titration flask must constantly be shaken, otherwise the 

equivalence point may pass without the disappearance of purple colour of non-aqueous layer. The 

addition of about 5mL of 10% KI solution also helps. KI facilitates extraction of iodine into 

aqueous solution during titration due to the formation of unstable complex ion I3
-
 as  

  
 

DATA TABULATION 
 

Experiment no 
Equilibrium concentration 

of I2 in CCl4 layer (M) 
Equilibrium concentration  

of I2 in water layer (M) 
Partition coefficient of I2 
between water and CCl4 

1    

2    

3    

4    

 

5. Calculate the average value of the partition coefficient from the above results. 

 

NOTE  

 The partition coefficient k is a constant only at a fixed temperature. It may vary under 

 different temperatures. 

 The Distribution law holds only for dilute solutions, and when association and dissociation  of the 

 solute does not take place in both solvents. 

 

EXERCISE 
Distribution of succinic acid between water and ether could also be studied. Succinic acid also remains in 

normal molecular state in both water and ether. Take about 1.0, 1.5 and 2.0 g of succinic acid on three 

stoppered bottles numbered 1 to 3. To each bottle add about 50 mL ether and 50 mL distilled water. 

Titrate 10 mL of ethereal layer with 0.05 M NaOH and 10 mL g aqueous layer with 0.5 M NaOH.  

 

Calculate the concentration of the acid in the two layers in terms of moles/ l and obtain the average value 

of the ratio of concentrations to get K part. 
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EXPERIMENT-2 
 

USING THE DISTRIBUTION METHOD, DETERMINE  

THE EQUILIBRIUM CONSTANT FOR THE REACTION 
   

KI     +     I2 KI3
 

OR 

I- + I2 I3
-

 
 

THEORY 
The partition study experiment can be used for the evaluation of the equilibrium K, for this reaction. The 

reversible reaction 

KI     +     I2 KI3
 

 

takes place in an aqueous solution and according to the law of mass action, the equilibrium constant K, 

is given by 

 

         (i) 

 

Where [KI3], [KI] and [I2] represent the equilibrium concentrations in any single aqueous solution. 

The equilibrium condition may be investigated by studying the distribution of iodine between an organic 

solvent and water followed by a similar study for the distribution of iodine between the same organic 

solvent and an aqueous solution of potassium iodide. The first study enables us to evaluate the 

distribution constant K, from the relationship.  

 

         (ii) 

 

where Cs are the concentrations of free iodine in the two solvents which are determined by titrations. 

Since the distribution law applies only to a species common to both layers, the concentration of free 

iodine in the equeous potassium iodide layer Caq, can be determined from the concentration of iodine in 

the organic layer Corg, even when other species are present, using (ii), 

 

                           (iii) 

 

The titration of the aqueous layer with sodium thiosulphate solution however gives the total of the 

concentrations of iodine, free (I2) as well as that combined with potassium iodide (KI3). Subtraction of 

concentration of free iodine from this total result gives the concentration of KI3. 

 

The concentration of KI3 in the aqueous layer gives the concentration of combined KI. Subtracting this 

from the initial concentration of KI in the aqueous solution of KI, we get the equilibrium concentration of 

free KI. Knowing the equilibrium values of [I2], [KH] and [KI3] for any aqueous layer, the equilibrium 

constant K,may be calculated from (i) 
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Compounds Gram equivalent weight Gram molecular weight 
I2 127 g 254 g 

KI 166 g 166 g 

KI3 210 g 420 g 

 

 

REQUIRMENTS 
Six 250 ml glass stoppered bottles, 0.1 N potassium iodide, iodine, carbon tetrachloride and 0.1 N sodium 

thiosulphate solutions. 

 

PROCEDURE 
 

1. First determine the partition coefficient of iodine between water and carbon tetrachloride as in Expt. 

1and as set out in Table (a) below.  

2. Now perform a similar experiment, talking 3 bottles labeled as 4,5 and 6, using a solution of 

potassium iodide of known concentration (say 0.1M), in place of water. Obtain the concentration of 

iodide in two layers i.e., potassium iodide solution layer and carbon tetrachloride layer, accurately 

by titrating it with appropriate standardized thiosulphatee solutions and tabulate as in Table (b). 

 

Table (a) distribution of I2 between CCI4 and H2O 

 

Bottles Corg Caq K = Corg / Caq 
1.    
2.    
3.    

 

Table (b)  Distribution of iodine between CCI4 and aqueous KI solution 

 

Bottles 
Conc. Of 

Conc. of Conc. Of Initial 

 Iodine in Iodine in KI in 
Aqueous    
 Aqueous 

Layer 
CCI4 Layer 

4.    
5.    
6.    

 

CALCULATIONS 
From Table (a), the distribution coefficient for the distribution free iodine between CCI4 and aqueous 

layers of any composition can be evaluated. 

 

From Table (b), we get the total concentration of iodine in the aqueous layers (C1), concentration of free 

iodine in the CCI4 layer (C2) and initial concentration of KI (C3) in each bottle. 

 

For any bottle, say bottle no. 4, for the aqueous layer: 

Concentration of free iodine [I2] = (C2 / K) = C4 (say) 

Concentration of combined iodine [KI3] = C1 – C4 = C5 (say) 

Concentration of combined potassium iodide [KI3] is also the same C5 

 Concentration of free potassium iodide [KI] = C3-C5 = C6 (say) 
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These values of concentration for bottles 4, 5 and 6 are tabulated as in Table (c). 

 

Table (c) Equilibrium concentrations in aqueous layers 

 

Bottle No. 
 

Equilibrium 
Concentration of iodine C4 

Equilibrium concentration 
of potassium iodide C6 

Equilibrium concentration 
of KI3 C5 

4.    
5.    
6.    

 

Equilibrium constant    

 

ΔG
o
  for the formation reaction can be evaluated from the thermodynamic equation 

 

ΔG
o
  =  - RT In K  = - 2.303 RT log K 
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EXPERIMENT – 1 
 

TO DETERMINE THE VELOCITY CONSTANT FOR THE HYDROLYSIS 

OF METHYLACETATE USING AN ACID AS CATALYST AT 

LABORATORY TEMPERATURE 
 

 

REQUIREMENT  
Methylacetate, N/2 HCl solution, N/15 NaOH solution, Phenolphthalein (indicator), Ice cold water, 2ml 

pipette, conical flask, conical flask with stopper (Erlenmeyer flask), 50ml measuring cylinder, 150ml & 

250ml beaker. 

 

THEORY 
Methylacetate hydrolyses in presence of an acid (acts as catalyst) and produces acetic acid and methyl 

alcohol. 

      H+ 

CH3COOCH3   + H2O 

 

CH3COOH  +  CH3OH 

 

 

Velocity of the reaction = v = dx/dt = k
/
[ CH3COOH][H2O] 

       = k[CH3COOH] 

    Where k = k
/
  [H2O] 

 

 

 

(Note: water is present in large excess, water concentration practically remain constant throughout the 

reaction.) 

 

In the above equation rate of reaction is determined by the first power of the concentration (of ester). 

Hence, the reaction is called first order reaction. It is also known as pseudo- unimolecular reaction. 

 

Let, a = initial concentration of ester (at t = 0) of the above reaction. (a-x) = Concentration of ester 

remaining at time t. 

The rate is represented by; 

 

V = dx/dt = k (a-x) 

On integration,     

k =  2.303/t log a/a-x 

 

This reaction was followed by quenching an aliquot of the reaction mixture at different time and titrating 

the total acid (both acetic acid formed and the N/2 HCl acid taken originally) by a standard solution of 

N/15 NaOH. 

 

If V0, Vt and V

the reaction mixture at the beginning (t = 0), at time t, and at the end       ( t 

respectively, the rate constant of the reaction can be expressed as 

 

k =  2.303/t log V∞-Vo / V∞-Vt         (1) 

Where; 

Vo = titration reading time t = 0, at time t, and at t = ∞ 
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Because (V∞-Vo) is proportional to the concentration of the total acetic acid formed or

the conc. of ester in the beginning of the reaction, a and  (V∞-Vt) is proportional to the concentration of 

the unreacted ester (a-x) at time t. The equation 1 can be rearranged as follows; log V∞-Vo / V∞-Vt  =  k t 

/2.303     [Note the similarity with y = mx + c (=0)] 

 

The velocity can be determined from slope of graph log V∞-Vo / V∞-Vt  vs. t as;  

 

  Slope = k/2.30 

 

PROCEDURE 
1. N/15 NaOH solution was taken in the burette while 50ml N/2 HCl solution was taken in a stoppered 

conical flask using a measuring cylinder.  

2. 2ml methylacetate was pipetted out and poured into the conical flask and was shaked well. As soon 

as the ester was poured, the time count starts. 

3.  2ml of the reaction mixture was pipetted out immediately and was added to 25 ml of ice cold water 

in a conical flask (i.e., quenching of the reaction). 2-3 drops of phenolphthalein indicator was added 

in that quenched solution and was titrated against N/15 NaOH solution.  

4. Titration was completed as soon as possible. The burette reading, so obtained, was considered as V0 

(since t = 0 min, assumed). 

5.  When the stopwatch was seen to be at 5 min, again 2 ml of the reaction mixture was quenched and 

the titration was done following the same procedure. The burette reading so obtained was 

considered as V5 (since t = 5 min).  

6. The same procedure was repeated at t = 10, 20, 30, and 40 min to get the corresponding burette 

readings of V10, V20, V30, and V40 respectively [Note: other convenient time gap may be used]. 

7.  Finally, the reaction mixture was heated at 60-80o C for 20min (caution: Do not boil the solution. 

Do not stoppered the conical tightly, use a paper strip to avoid stuck).  

8. It was cooled down to room temperature. 2ml of this mixture was taken out in the conical and was 

titrated against the N/15 NaOH as described earlier. The reading was noted as V  
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OBSERVATION AND CALCULATION 
 

Lab. Temperature: oC 

V0  = ml 
V = ml 

V   V0  = ml 

  

 

Table.  Burette reading at different times and corresponding calculated velocity constants. 

 

 

S. 
No 

Time/
min 

Burette 
reading 

V∞-Vt   V∞-Vo / V∞-Vt   logV∞-Vo / V∞-Vt   k = 2.303/t  log V∞-Vo / V∞-Vt 

min-1 

1 5      

2 10      

3 20      

4 30      

5 40      

 

From the Table :  kavg = 

From the Graph : kgraph = slope x 2.303 min-1 

 

RESULT  
Velocity constant for the hydrolysis of the methylacetate at laboratory temperature  

(….. oC) was found to be: 

i) From table, kavg  = min-1 

ii) From Graph, kGraph = min-1 

 

 
HALF-LIFE;  

At t= t/2 (i.e., half life period: half of the reactant converted to the product) 

x= a/2 

k =  2.303/t log a/a-x  = 2.303/t1/2 log a/a-a/2  = 2.303/t1/2 log 2 

t1/2  = 0.693/k 
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EXPERIMENT-2 
 

DETERMINATION OF VELOCITY CONSTANT OF MALACHITE DYE 
 

INTRODUCTION 
 

BACKGROUND 
Malachite green, also called aniline green, IUPAC name:4-[(4-dimethylaminophenyl)-phenyl-methyl]-

N,N-dimethyl-aniline is a toxic chemical primarily used as a dye. When diluted, it can be used as a topical 

antiseptic or to treat parasites, fungal infections, and bacterial infections in fish and fish eggs. It is also 

used as a bacteriological stain. 

 

The most significant form of the Malachite green is given as: 

 

 
 

The structures of compounds explain their chemical and biological properties, such as how well they 

might be absorbed in the body and how reactive they are. Malachite green is commonly known in a form 

called the chromatic form in which it is a green dye. However, as it is absorbed into the body, it is 

converted by body mechanisms into other forms that are equally important for us to consider. The first 

form is called the carbinol form, which is important because it spreads across cell membranes faster. 

When it is inside the cell, it is then metabolized into a form called leuco-malachite green. This form is 

known by researchers to be toxic in addition to the fact that it is retained in the body for a longer period 

than the chromatic form of malachite green. 

 

The contribution of third structure (leuco-malachite green) suggest that there will be an electron 

deficiency at the tertiary carbon atom and this point is valuable to attack by hydroxyl ion to yield 

colorless carbinol form.  

 

Reaction between the Malachite green dye and the hydroxyl ion (OH
-
) is chosen to study the reaction rate 

spectrophotometerically. In the presence of an excess of OH
-
 the reaction rate is given as: 

 

o[Dye]2.303
t log

k [Dye]


 
 

Where [Dye]o  =   Conc. of dye at t = 0    and     [Dye]   =    Conc. of dye at t =t 

 

 

 

http://en.wikipedia.org/wiki/Toxin
http://en.wikipedia.org/wiki/Dye
http://en.wikipedia.org/wiki/Antiseptic
http://en.wikipedia.org/wiki/Parasite
http://en.wikipedia.org/wiki/Fungus
http://en.wikipedia.org/wiki/Bacteria
http://en.wikipedia.org/wiki/Fish
http://en.wikipedia.org/wiki/Staining
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OBJECTIVE 
The main objective of this experiment is to determine velocity constant of Malachite dye. 

 

APPARATUS 
Spectrophotometer, volumetric flasks, beakers etc. 

 

CHEMICALS/SOLVENTS 
Malachite dye, KNO3, NaOH, distilled water 

 

PROCEDURE 
1. Prepare stock solution of Malachite green by dissolving about 25mg of Malachite green in 1000mL 

(1L). 

2. Pipette out 20mL of this solution in 100mL of graduated flask and add distilled water until the 

volume of the solution is about 95mL. Then add 5ml of 0.1M NaOH, so that total volume will be 

100mL.  

3. Mix the solution thoroughly and transfer some amount into 1cm cell of spectrophotometer. 

4. Measure the absorbance of the solution at 613nm at 30 see interval for 4min and then at 1min 

interval for further 4 min. This will be   Absorbance (Ao). 

5. Repeat the procedure (step 2-4) with five more solutions containing 2, 4, 6, 8,10mL, respectively of 

1M KNO3 solution in addition to the reactants so that total volume will be 100mL.  the absorbance 

measured will be represented as (A) 

 

CALCULATIONS 
Tabulate the absorbance data. 

Plote the graph between log A (or Ao) vs. Time for each run and calculate k and k
/
. The graph of time 

against log A (or Ao) will be linear and slope is given as: 

 

/ 2.303
k

Slope
 

             Knowing k
/
 ,  k is calculated as: 

/k k[OH ]
     or      

/k
k

[OH ]


 

 

k = velocity constant at particular ionic strength (k = ko at zero ionic strength i.e., where, A = Ao)  

[OH
-
] = 0.1M (concentration of NaOH) 
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Unit–5 
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EXPERIMENT – 1 
 

DETERMINATION OF HEAT OF  

SOLUTION FOR CALCIUM CHLORIDE 
 

INTRODUCTION 
The amount of heat energy involved when a substance is dissolved in water is called the heat of solution 

(or enthalpy of solution). When an exothermic reaction occurs, heat energy is given off by the reaction 

and the temperature of the surroundings increases (gets warmer). Conversely, when an endothermic 

reaction occurs, the reaction absorbs heat energy from the surroundings and the temperature of the 

surroundings decreases (gets colder). In this experiment, calcium chloride will be dissolved in water and 

the resulting temperature change will be used to determine the amount of energy involved by using the 

formula q = mcΔT. A Styrofoam cup calorimeter is used to contain the reaction. Since Styrofoam is a 

good insulator, any heat energy involved in the reaction will stay in the calorimeter. 

 

MATERIALS 

 calcium chloride(s) 

 room temperature water 

 beaker 

 graduated cylinder 

 thermometer 

 weigh boat 

 Styrofoam calorimeter set-up (see teacher for demonstration) 

 

PROCEDURE 
1. Assemble your calorimeter. Place the large Styrofoam cup into a beaker to keep it from toppling 

over. Use the small Styrofoam cup as a cover. 

2. Use a graduated cylinder to measure 100 mL of room temperature water. 

3. Measure and record the temperature of the water. 

4. Pour the tap water into the calorimeter. 

5. Measure approximately 5 g of calcium chloride into a weigh boat. 

6. Put the CaCl2 into the calorimeter. Be sure to put the cover of the calorimeter on immediately. 

Record the maximum temperature of the solution. You may have to stir it to be sure that all of the 

CaCl2 pellets have dissolved. 

7. Clean up by pouring your solution into the sink. Wash your calorimeter and all other equipment. 

 

RESULTS 

DATA AND CALCULATIONS 
Record your measurements in the table you prepared. Complete the calculations needed to fill in your 

table. 

Measured Data    Unit 

volume of water: ______________  mL 

initial temp of water: ______________  °C 

mass of CaCl2: ______________  g 

max temp of solution: ______________  °C 
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Other Data    Unit 

density of water: ______________  g/mL 

mass of water: ______________  g 

specific heat of water: ______________  J/g°C 

mass of solution: ______________  g 

temp change: ______________  °C 

heat evolved: ______________  J (show calculations) 

molar mass of CaCl2: ______________  g/mol 

heat of solution (ΔH): ______________  J/mol (show calculations) 

heat of solution (ΔH): ______________  kJ/mol 

 

SAFETY AND WASTE MANAGEMENT 
1. Wear safety eyewear at all times. 

2. Wear laboratory aprons at all times. 

3. Calcium chloride generates heat upon contact with water. Do not handle the calcium chloride with 

your bare hands. 

 

PRE-ACTIVITY QUESTIONS 
Answer the following pre-activity questions. Record your answers in your laboratory notebook, or on the 

available report form according to the instructions from your teacher. 

1. Write a balanced equation for dissolving calcium chloride. 

2. Define exothermic and endothermic. 

3. Classify the following processes as exothermic or endothermic. 

a. burning wood 

b. evaporating water 

c. melting ice 

 

POST-ACTIVITY QUESTIONS 
1. Is dissolving calcium chloride endothermic or exothermic?Â  Cite evidence (observations) that 

support your answer. 

2. Write a thermochemical equation (balanced equation with enthalpy value) for dissolving calcium 

chloride. The enthalpy value is −81 kJ/mol. 

3. Determine how many kJ of heat energy are evolved when 725 g calcium chloride are dissolved. 

(Hint:  use your equation in #2.) 

4. Calcium chloride is put on sidewalks and roads in the winter as “snow melt.”Â Â  Explain how 

calcium chloride could be used to melt snow or ice. 

5. In addition to using salt to melt ice, salt is used to prevent ice from forming. When salts are 

dissolved in water, the freezing point is lowered – it needs to be colder in order to freeze.  How low 

the freezing point drops depends on the number of particles that are dissolved.  Based on the 

number of particles per mole, which salt is more effective at lowering the freezing point:Â  sodium 

chloride (NaCl) or calcium chloride (CaCl2)? Explain. 
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EXPERIMENT-2 
 

DETERMINATION OF WATER OF HYDRATION 
 

OBJECTIVE 
The objective of this experiment is to determine the percentage of water in a hydrated salt of both known 

and unknown formulas. The experimental results will be compared with calculated theoretical values. 

 

EQUIPMENT AND CHEMICALS 
Magnesium sulfate heptahydrate (MgSO4 • 7 H2O) 

Copper (II) sulfate (CuSO4 • 5 H2O) 

Crucible (25 ml) 

 

Ring stand with clay triangle 

Bunsen burner 

Evaporating dish 

Tripling beam balance 

Unknown hydrates 

 

DISCUSSION 
Hydrates are crystalline salts that are bonded to water molecules in definite proportions. The weakly 

bound water is known as either the water of hydration or water of crystallization. The fixed numbers of 

water molecules that are weakly bonded to the salt are represented as follows: 

 

salt  • number of waters 

 

magnesium sulfate heptahydrate 

 

(MgSO4 • 7 H2O) 

 

The dot represents the weak salt • water bond in the chemical formula. The bond is so weak that simply 

heating the hydrated salt to liberate the water molecules as vapour can normally break it. If water is added 

to the now anhydrous salt, the reverse will take place with the waters reattaching themselves to the salt. 

This is known as a reversible action. 

 

MgSO4 • 7 H2 O ← →  MgSO4 + 7 H2 O 

(hydrate) (anhydrate) (water) 

 

There are three closely related substances that act similar to hydrates but have distinct individual 

characteristics. These are hydroscopic, deliquescent, and efflorescent substances. 

 

Hydroscopic substances: readily absorb moisture from the air and are used as drying agents 

(desiccants). 

Deliquescent substances:  continue to absorb water from the air until they form a solution. 

Efflorescent substances:  are hydrates that lose water when simply exposed to the atmosphere. 
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As previously mentioned, each hydrated salt has water molecules bonded to them in definite proportions. 

The percent water in the hydrated salt can be calculated, theoretically, using the chemical formula of the 

hydrate. 

 

% H2 O = (number of H2 O molecules) (molecular mass of H2 O) x 

100 molecular mass of hydrate 

 

Example 1:  Calcium chloride hexahydrate has the chemical formula CaCl2 • 6 H2O. What is the theoretical 
percentage of water? 

 
  The formula weight of CaCl2 • 6 H2O is: 
 
  Ca: 1 x 40.1 = 40.1 amu 
  Cl:  2 x 35.5 = 71.0 amu 
  H:  12 x 1.0 = 12.0 amu 
  O:  6 x 16.0 = 96.0 amu 
 
  Formula weight of CaCl2 • 6 H2O = 219.1 amu 
 
  Formula weight of H2O = 18 amu 
 
  % H2 O = (6 waters) (18 amu ) x 100 = 49.3%  
 

 219.9 amu 
 

For an unknown hydrate, the number of waters of hydration can be calculated given the % water and the 

molecular weight of the hydrated salt. 

 

Example 2:  The % water of hydration is 49.3% and the molecular weight of CaCl2 is 111.1 amu. 
Determine the formula. 

 
 If 49.3% of the weight is water, this means that the remaining 50.1% (100% - 49.3%) is the 

weight of the CaCl2. Therefore, if we base the calculations on 100 grams, the CaCl2 would 
weigh 50.7 grams. 

 
  A. Calculate the moles of water and CaCl2. in 100 grams.  
    

moles H2 O = 49.3 grams H2 O x 
 1 mole H2 O 

= 2.74 moles 
 

18 grams H2 O 
 

     

moles CaCl2 = 50.7 grams CaCl2 

 

x 

 1 mole CaCl2 

= 0.46 moles 

 

 
111.1 grams CaCl2 

 
      

 
 B. Convert the moles of H2O and CaCl2 to whole numbers by dividing the smallest   
 number of moles (0.46 moles CaCl2) into each component.  

   

For H2 O : 

2.70 moles  

= 5.87 (approx 6) 

 

0.46 moles  
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For CaCl2 : 

 0.46 moles 

= 1.00 

  

 
0.46 moles 

  
     

 
  C. The formula can be written where there is one molecule of CaCl2 for every six 

molecules of water. 
 

CaCl2 • 6 H2O (answer) 

 

PROCEDURES 
 

PART A - REVERSIBILITY OF HYDRATION 
The waters of hydration can be removed or added by simply heating a hydrated salt or wetting an 

anhydrous salt. This is called a reversible reaction. 

 

1. Place approximately one gram of hydrated CuSO4 • 5 H2O in an evaporating dish. Observe the 

colour and record your observations.  

2. Set the evaporating dish on a ring stand and gently heat the CuSO4 • 5 H2O. Observe any colour 

change and record your observations.  

 

 

 

 

 

 

 

 

 

 

 

 

 

3. Add a few drops of water to the evaporating dish. Observe the colour and record your observations.  

 

PART B - PERCENTAGE OF WATER IN MAGNESIUM SULFATE HEPTAHYDRATE 
 

The percentage of water can be determined in a hydrated salt by heating 

it to remove the water and determining the weight loss. All weights must 

be +/-0.1 grams. 

 

1. Weigh a clean dried 25 ml crucible and lid. Record this weight.  

2. Add approximately 3-4 grams of MgSO4 • 7 H2O to the crucible. 

Record the weight of the crucible and the hydrate.  

3. Heat the crucible to a dull red glow for approximately 15 minutes. 

Make sure that the crucible lid is slightly offset to allow the escape 

of water vapour.  

4. Allow the crucible to cool near room temperature. This is the temperature at which you can 

comfortably pick up the crucible without burning yourself.  

5. Weigh the crucible, crucible lid and anhydrous MgSO4. Record the weight on the Report Sheet.  
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6. Calculate the % water in MgSO4 • 7 H2O from your experimental results.  

7. Calculate the theoretical % H2O.  

Calculations % H2 O = 

mass of water given off 

x 100 

 

mass of hydrate 

 

    

 

PART C - PERCENTAGE OF WATER IN AN UNKNOWN HYDRATE 
The percentage of water in an unknown hydrated salt is determined as in Part B and the number of waters 

of hydration can then be calculated using the formula weight of the anhydrous salt. 

 

1. Obtain an unknown hydrated salt from your instructor along with the formula weight of the 

anhydrous salt. Record this information.  

2. Using the unknown hydrate, repeat the procedures outlined in Part B.  

3. Calculate the % water in the unknown.  

4. Calculate the water of hydration of the unknown using the formula weight of the anhydrous salt.  
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  NAME: ......................................  

 

  DATE: .......................................  

 

  SECTION: .................................  

 

WATER OF HYDRATION 

REPORT SHEET 
 

REVERSIBILITY OF HYDRATION 

 
1. Colour of wet CuSO4  .............................................................................  

 

2. Colour of dry CuSO4  .............................................................................  

 

3. Colour of re-wetted CuSO4  .............................................................................  
 

 

From your experimental observations, what can you conclude about the CuSO4 • 5 H2O? 

 

  % water ................................................................  

 

 

PERCENTAGE OF WATER IN MAGNESIUM SULFATE HEPTAHYDRATE 

 
  Unknown No. .......................................................  
 

1. Mass of crucible, lid, and hydrate  .............................................................................  

 

2. Mass of crucible and lid  .............................................................................  

 

3. Mass of hydrate (1-2)  .............................................................................  

 

4. Mass of crucible, lid, and hydrate after heating  .............................................................................  

 

5. Mass of water given off (1-4)  .............................................................................  

 

6. Mass of anhydrous unknown (4-2)  .............................................................................  

 

Calculation of % water in the unknown from the experimental results. 

 

  % water ................................................................   

 

Calculate the water of hydration on the unknown hydrate, given the formula weight of the anhydrous salt. 

 

Formula weight = ______________________ (Obtain from instructor) 
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EXPERIMET-3 
 

ENTHALPY OF HYDRATION OF COPPER(II) SULPHATE 
 

OBJECTIVE 

To determine the enthalpy of hydration of copper(II) sulphate 

 

INTRODUCTION 
This experiment enables an approximate determination of the enthalpy of hydration of copper(II) sulphate 

to be made. The enthalpy change when one mole of anhydrous copper(II) sulphate is dissolved in water is 

first determined. Secondly, the enthalpy of solution of copper(II) sulphate pentahydrate in water is 

determined. , Thirdly, the enthalpy of hydration of copper(II) sulphate is evaluated by using Hess's Law 

of Constant Heat (Enthalpy) Summation. 

 

THEORY 

 

1. Define the terms 'enthalpy of solution' and 'enthalpy of hydration'. 

2. 1H
 is the enthalpy of solution for anhydrous copper(II) sulphate. 2H

 is the enthalpy of solution 

for copper(II) sulphate pentahydrate. 3H
 is the enthalpy of hydration of copper(II) sulphate. Draw 

an energy cycle to relate  

(a) the dissolution of anhydrous copper(II) sulphate 

(b) the dissolution of copper(II) sulphate pentahydrate and 

(c) the hydration of anhydrous copper(II) sulphate 

3. By using the diagram in (2), give an equation to relate 1H
, 2H

 and 3H
. 

4. In procedure A, temperature change, , for the dissolution of anhydrous copper(II) sulphate is 

measured. Give a formula for the calculation of 'heat given out, Q' by using the temperature change. 

(Use the following symbols in your formula: mw for mass of water, ma for mass of anhydrous 

copper(II) sulphate, Cw for specific heat capacity of water, Ca for specific heat capacity of 

anhydrous copper(II) sulphate,  is the temperature change) 

5. Express 1H
 in terms of Q. 

 

PROCEDURE  

A.  DETERMINATION OF HEAT OF SOLUTION OF ANHYDROUS COPPER(II) 

SULPHATE 
1. Using a measuring cylinder, place 100 cm

3
 of distilled water in a polystyrene beaker and record the 

initial temperature of the water. 

2. By the use of a triple beam balance, weigh 7.5 - 8.5 g of anhydrous copper(II) sulphate, accurate to 

1 decimal place, with the aid of a watch glass. 

3. Add the anhydrous copper(II) sulphate to the water in the beaker and stir to dissolve it as quickly as 

possible. 

4. Record the highest temperature of the solution. 

 

B. DETERMINATION OF HEAT OF SOLUTION OF COPPER(II) SULPHATE 

PENTAHYDRATE 
 Proceed as in part A, but use 11.0 - 12.5 g of copper(II) sulphate pentahydrate instead of the anhydrous 

salt.  
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RESULTS FOR SECTION A AND B 
 

 Anhydrous  
copper(II) sulphate 

Anhydrous  
copper(II) sulphate 

Mass of watch-glass/g    

Mass of watch glass + copper(II) sulphate/g     

Mass of copper(II) sulphate added/g     

Initial temperature of water/pC       

Highest/Lowest temperature of solution/oC       

Change in temperature oC   

 

CALCULATIONS 

1. Calculate the molar enthalpy of solution of anhydrous copper(II) sulphate, 1H
. 

2. Calculate the molar enthalpy of solution of copper(II) sulphate pentahydrate, 2H
. 

3. Calculate the molar enthalpy of hydration of copper(II) sulphate(VI), 3H
. 

 

DISCUSSION 

1. There are many assumptions you have made in calculating 1H
 and 2H

, give at least  three of 

these assumptions. 

2.  Give at least three errors in this experiment, and suggest methods to minimize the errors. 

3.  Is this method applicable to evaluate heat of hydration of potassium nitrate? Explain. 

  

 



 35 

EXPERIMENT-4 
 

DETERMINATION OF ENTHALPY CHANGE (ΔH) FOR  

THE HYDRATION OF AN ANHYDROUS COMPOUND 
 

PURPOSES AND GOALS 
The purpose of this experiment is to use Hess’s Law to determine the enthalpy change (ΔH) for the 

hydration of an anhydrous compound. 

 

INTRODUCTION 
Conservation of energy 

 

HESS’S LAW OF HEAT SUMMATION 
Alternative view of Hess’s Law:  ΔH does not depend on how I get from reactants to products. I can use 

this idea to determine ΔH for a reaction which is hard to study directly. 

Example:  graphite                diamond 

                C(s, gr)                  C(s,di) 

 

A thermochemical cycle 

                                                                   ΔH1 

                            C(s,gr) + O2(g)                    CO2(g) 

 

 

 

 

C(s,di) + O2(g)  

H1 = H2 + H3    

The direct conversion of graphite to diamond (corresponding to DH2) is hard to measure, but the two 

combustions  

( H1 and H3) are easy to measure.  We can determine H2 indirectly from H1 and H3. 

H2 = H1 - H3 

Your experiment 

 

ΔH1 

MgSO4(s) + xs H2O(l)              Mg
2+

(aq) + SO4
2-

(aq) 

          7 H2O(l) 

               

           ΔH2                                      ΔH3 

 

                                  

MgSO4
. 
7 H2O(s) + xs H2O(l) 
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CALORIMETRY 
Calorimetry---measuring heat flow 

Fundamental idea:  Qreaction = -Qsolution 

Qsolution  = C ΔT 

C = (mass of solution) x (specific heat of the solution) 

 

SAFETY 
Aprons and glasses 

Thermometers are fragile and expensive; don’t use a thermometer as a stirring rod. 

 

PROCEDURE 

1. Needed equipment: 100-mL graduated cylinder, stirring rods, thermometers, 2 thermometer clamps, 

2 calorimeter cups, ring stand, ring. 

2. One run with MgSO4, two with hydrate. 

3. Weigh empty calorimeter cup.  Record mass on data sheet.   

4. Weigh solute (about 7.50 g of MgSO4, 15.35 g of hydrate).  Idea:  equal moles of solute in samples. 

5. Add 100 mL water to cup; measure temperature every 30 seconds for five minutes.  

6. Add MgSO4; use stirring rod (NOT THERMOMETER) to dissolve solute quickly. 

7. Measure temperature every minute for fifteen minutes. After run is over, measure and record mass 

of cup plus solution. 

8. Weigh second calorimeter cup; add water and measure temperature for five minutes as before.  

9. After 5 minutes, add MgSO4
. 
7 H2O.  Measure temperature for 15 minutes as before. Measure and 

record mass of  cup and solution. 

10. Discard solution (sink); add 100 mL of water and repeat run. After 5 minutes, add second portion of 

MgSO4
. 
7  H2O.  Measure temperature for 15 minutes as before.  Measure and record mass of cup 

plus solution; you will use the same mass of empty cup for both runs. 

 

CALCULATIONS 
Draw a graph of temperature vs time for your experimental data.  Each run is a separate graph.   

Extrapolate the temperature lines before and after adding solute to the time at which solute was added.  
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ΔT = Tfinal – Tinitial     

C = mass of solution x specific heat of solution     

(specific heat of solution = 3.837 J g
-1 

deg
-1

) 

 Qreaction = - C ΔT 

 

 

 

 

 

Average ΔH values for solution of hydrate.   

 

ΔH1 

 

MgSO4(s) + xs H2O(l)               Mg
2+

(aq) + SO4
2-

(aq) 

               + 7 H2O(l)  

 

           ΔH2                                                       ΔH3 

                                                                        

 

  

MgSO4
. 
7 H2O(s) + xs H2O(l) 

 

You have calculated the heats of solution of MgSO4 (ΔH1 ) and of MgSO4
. 
7 H2O (ΔH3).  

The enthalpy of hydration (ΔH2) is ΔH2 = ΔH1 - ΔH3.  

 

 

temoles_solu

Q
H

reaction
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EXPERIMENT-5 
 

ENTHALPY OF HYDRATION AND SOLUTION 
 

LEARNING OBJECTIVES 

 To qualitatively correlate the ªHsoln of several compounds with their properties such as ionic charge, 

size, etc. 

 To quantitatively determine the enthalpy of solvation of MgSO4  and MgSO4 • 7H2O. 

 To quantitatively determine the enthalpy of the water of hydration in MgSO4 • 7H2O. 

 

INTRODUCTION 
Many ionic salts contain water molecules that are loosely bound to the salt ions. These water molecules 

can be driven off from the salt by heating the salt to the appropriate temperature. The stronger the water 

molecules are bonded to the ions, the higher the temperature necessary to drive them off. The energy of 

this process is difficult to measure experimentally, however, so we will approach it in a different manner. 

When a substance is dissolved, it becomes surrounded by a sphere of solvent molecules called the 

solvation sheath or sphere. The thickness of this solvation sphere depends on the concentration of the 

solution, the less concentrated the solution, the thicker the solvation sphere. Two solutions of MgSO4 in 

water of the same concentration should then have the same thickness of water molecules in the solvation 

sphere around each ion. For dilute solutions (less than 0.01 Molar) the number of water molecules added 

by dissolving MgSO4 •7H2O versus MgSO4 is sufficiently small that it can be neglected, (very small % 

error) and therefore it can be assumed, within experimental error, that the solvation sphere is the same in 

each. 

 

When heat is involved in a chemical reaction, it is generally represented as "q,” and can be either 

exothermic, where heat is released by the system to the surroundings, or endothermic, where heat is 

absorbed by the system from the surroundings. When this process takes place at constant pressure such as 

reactions at atmospheric pressure, the heat is referred to as "enthalpy" and given the symbol ªH. 

Generally, when ªH is used, it usually also refers to the amount of heat involved per mole of the 

compound of interest, here, the solute. 

 

When a substance is dissolved, there are always three energy processes that must be considered, as 

follows: 

 

1. The solvent molecules must be separated from each other to make room for the solute molecules. 

This process requires energy, will be termed ªH1, and is positive. 

2. Next, the solute molecules or ions must be separated from each other to be able to fit in between the 

solvent molecules. This process also requires energy, will be termed ªH2, and is also positive. 

3. Last, there must be an attractive interaction between the solute molecules or ions and the solvent 

molecules to supply the energy required for the above two separations, this will be termed ªH3 and 

is negative. 

 

The overall energy of the solution process depends on the relative magnitudes of ªH1 , ªH2 and ªH3 and can 

be expressed as the algebraic sum in the equation ªHsoln= ªH1+ ªH2 + ªH3 = ªH salvation where ªHsoln and 

ªHsolvation are equivalent terms. Since we are dealing here with all aqueous solutions of ionic compounds of 

approximately the same concentration, ªH1 will remains a constant. Therefore, ªHsoln will depend on the 

relative energy to separate the ions, ªH2 and the interaction of those ions with the water solvent molecules, 

ªH3
.
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Another factor that has an influence here is the charge to size ratio of the ions. Water is a polar molecule, 

with the oxygen end of the molecule being negatively charged, and the hydrogen end being positively 

charged. When ionic substances are dissolved then, the energy of interaction between the solute and the 

solvent must come from the attractive forces between the negative end of the water molecule and the 

solute cations, and the attractive forces between the positive end of the water molecule and the solute 

anions. Obviously, the more concentrated the charge, i.e., the larger the charge to size ratio, the stronger 

these forces will be. In this experiment, we will be looking at the influence of this charge to size ratio. 

 

In considering the study involving the two magnesium sulphate compounds, it would seem reasonable 

toexpect that the ªHsoln for MgSO4 would be larger than the ªHsoln for MgSO4 • 7H2O because MgSO4 • 

7H2O already has seven waters of hydration associated with it and thus has already released the amount of 

energyequivalent to those waters of hydration, i.e., the ªHhydration . Consequently, assuming the spheres of 

solvation are the same for approximately the same concentration, as discussed above, accurately 

measuring the enthalpy of solvation of both MgSO4 and MgSO4 • 7H2O and then subtracting the ªHsoln for 

MgSO4 • 7H2O from the ªHsoln of MgSO4 should result in an approximation to the ªHhydration for MgSO4 • 

7H2O. 

 

EQUIPMENT AND CHEMICALS NEEDED: 

 Magnetic stirrer with stirring bar 

 MicroLAB interface with a temperature prob 

 Styrofoam cups with lids with a hole in the lid toward the side for the temperature probe 

 Electronic balance with at least 0.01 g sensitivity 

 Split cork, utility clamp and ring stand 

 

A program for the MicroLAB interface to collect temperature from the probe, and display it in the Graph 

view, Digital Display view and in the Spreadsheet view. 

 

1.0 g of ammonium nitrate 1.0 g of sodium chloride 

1.0 g of sodium hydroxide 1.0 g of sodium nitrate 

1.0 g of sodium sulfate 1.0 g of lithium chloride 

1.0 ml conc. sulphuric acid  

20 g anhydrous magnesium sulfate 20 g of magnesium sulfate heptahydrate 

 

CAUTIONS 
Ammonium nitrate: Irritant to skin, eyes and mucous membranes. Store away from any source of 

combustion or ignition. 

Magnesium sulfate:  Low toxicity, may irritate eyes and respiratory tract. Avoid contact with skin, 

eyes and mucous membranes. 

Sodium Chloride:  Prudent laboratory practices should be observed.  Slightly toxic by ingestion. 

Sodium Hydroxide:  Avoid body contact. Highly toxic by ingestion. Strong tissue irritant; particularly 

hazardous to eye tissue. Damage occurs very quickly. 

Sodium Sulphate:  Prudent laboratory practices should be observed. Substance not considered 

hazardous. 

Sodium Nitrate:  Toxic by ingestion. Avoid heat, friction, and contact with organic and 

combustible substances. 

Sulfuric Acid, conc.:  Avoid contact with skin, eyes and mucous membranes. Avoid explosive 

spattering when mixed with water, always add acid to water, never the reverse. 

Severely corrosive to eyes, skin and other tissues. Toxic; strong skin irritant. 
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EXPERIMENTAL PROCEDURE 
 

1. EQUIPMENT SETUP 
 a. Plug the temperature probe into CAT 5A, then calibrate the probe in an ice bath and in at 

least two other water baths with temperatures between 0 °C and 60 °C, using a thermometer 

for calibration. Remember: your data cannot be better than your calibration 

 b. For the qualitative experiments, name the file after each different compound for later data 

retrieval. For the quantitative experiments, name the file after the solute and the amount of 

solute used. 

 

2. QUALITATIVE PROPERTIES OF SOME DISSOLVING COMPOUNDS: 
 a. Add 20 ml of distilled water to a 50-ml beaker, and suspend the temperature probe by a cork 

in a utility clamp on a ring stand in the beaker at the side and above the stirring bar so that the 

rotating bar does not strike the temperature probe. Stir the solution moderately. 

 b. Collect temperature data for two to three minutes for the water in the beaker. 

 c. Add an amount equal to the size of a pea of one of ammonium nitrate to the beaker and 

monitor the graph until the temperature has leveled out and begun to slope up or down for 

about two or three minutes. Try to keep the amount of the solids approximately equal, and 

measure them out just before they are to be used so they do not pick up moisture from the 

atmosphere. 

 d. Repeat steps "a" through "c" for each of the compounds: sodium chloride, lithium chloride, 

sodium hydroxide, sodium nitrate, sodium sulphate, and 0.50 ml of conc. sulphuric acid. 

 

3. QUANTITATIVE DETERMINATION Of ªHsolution AND ªHhydration: 
 a. Accurately weigh to 0.01 g approximately 2 g of MgSO4 to the nearest 0.01 g into a plastic 

weighing boat. 

 b.  Add 100.0 ml of distilled water to a double Styrofoam calorimeter with a lid described above, 

place it in a 250-ml beaker for stability and place on the magnetic stirrer. 

 c. Insert the temperature probe through the lid and suspend it by a cork clamped in a utility 

clamp so that it is in the water above the stirring bar. Be careful that the spinning bar does not 

hit against the temperature probe. 

 d. Using the basic temperature program, collect about one minute of temperature data for the 

water. 

 e. Slide the lid up on the temperature probe so that you can add the MgSO4 to the water without 

removing the temperature probe out of the water. 

 f. Slide the lid back down the temperature probe as soon as the solute has been added and 

monitor the temperature change on the graph on the screen. 

  When the temperature has leveled out and begun cooling down so that you can get a good 

linear curve fit on your cooling portion, stop the data collection. 

 h. Repeat steps "a" through "g" for 4, 6 and 8 g of anhydrous MgSO4. 

 i. Repeat steps "a" through "g" for 2, 4, 6 and 8 g of MgSO4 • 7H2O. 

 

DATA TREATMENT 
a. From the spreadsheet data for each compound in the qualitative section, obtain the starting 

temperature, ending temperature and the change in temperature. 

b. Plot a graph of each compound in the qualitative section with the ªT written on each. 

c. Enter these data into a table of compound vs ªT and arrange them in order of increasing 

exothermicity. 

d. What conclusions can be drawn from these observations? What are the similarities and differences 

in your observations for each compound? What reaction(s) is/are taking place? Can you begin to 
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correlate the amount of change in temperature with the individual ions of the compounds? Give 

experimental support for your conclusions in your write-up. 

e. Plot a graph of each run in the quantitative section and evaluate each section as follows: 

(1) Print one of the graphs, then explain on the graph what is occurring in each section of the 

graph, i.e., the initial flat zone, the rising or falling zone, the plateau, and the downward 

sloping or upward sloping zone. 

(2) Place the cursor on a point at the mid point of the steeply changing part of the curve and 

determine the row number and temperature for this point. 

(3) Using the domain function, perform a linear curve fit for the initial flat portion of the curve 

and the constantly falling (for a heating curve) or the constantly rising (for a cooling curve) to 

obtain the equations for these two domains. 

(4) Using the linear regression equation for each of the domains calculated above, and the 

"Interpolate/Extrapolate"function, calculate the temperature for the row number determined 

in (2) above. 

(5) Calculate the ªT for this particular experiment by subtracting the temperature calculated for 

the initially flat portion for the midpoint row number from the temperature calculated for the 

constantly falling or rising portion for the midpoint row number. 

(6) Record this ªT vs the sample weight in grams in a table. 

f. Repeat steps (1) through (6) for each quantitative run, for both anhydrous MgSO4 and MgSO4 

•7H2O, tabulating the data by compound. 

g. Print out one of the above graphs for each compound, MgSO4 and MgSO4 • 7H2O. Be sure to label 

them properly. 

h. Clear the spread sheet and enter the ªT vs weight data from the table for the anhydrous MgSO4, then 

proceed as follows: 

(1) In a spreadsheet column, calculate the number of moles of compound for each of the data 

points. 

(2) In an adjacent column, calculate the Qsoln value for each of the data points. (Assume the 

specific heat of the solution is 4.184 J/g°C.) 

(3) Make a graph of Qsoln  vs weight, and Qsoln  vs moles. 

(4) Do a linear regression through each. 

(5) Using the linear regression equation and the "Predict Value" option, calculate the qsoln per 

gram, and the ªHsoln per mole for MgSO4 . 

(6) Print a graph of the data in (3) above with the Predict Value hand printed on the graph. 

i.   Repeat steps h.(1) through (6) for MgSO4 • 7H2O. 

j. From the data from h.(5) and I.(5) calculate the ªHhydration for MgSO4 • 7H2O. (Write this calculation 

and its result on your graph for "qsoln vs moles" for MgSO4 • 7H2O, clearly labeling all of the 

values.) 
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EXPERIMENT-6 
 

LATTICE ENERGY CALCULATION 
 

INTRODUCTION 
Ionic solids tend to be very stable compounds. The enthalpies of formation of the ionic molecules cannot 

alone account for this stability. These compounds have an additional stability due to the lattice energy of 

the solid structure. However, lattice energy cannot be directly measured. The Born-Haber cycle allows us 

to understand and determine the lattice energies of ionic solids.This module will introduce the idea of 

lattice energy, as well as one process that allow us to calculate it: the Born-Haber Cycle. In order to use 

the Born-Haber Cycle, there are several concepts that we must understand first. 

 

LATTICE ENERGY 
Lattice Energy is a type of potential energy that may be defined in two ways. In one definition, the lattice 

energy is the energy required to break apart an ionic solid and convert its component atoms into gaseous 

ions. This definition causes the value for the lattice energy to always be positive, since this will always be 

an endothermic reaction. The other definition says that lattice energy is the reverse process, meaning it is 

the energy released when gaseous ions bind to form an ionic solid. As implied in the definition, this 

process will always be exothermic, and thus the value for lattice energy will be negative. Its values are 

usually expressed with the units kJ/mol. 

 

Lattice Energy is used to explain the stability of ionic solids. Some might expect such an ordered structure 

to be less stable because the entropy of the system would be low. However, the crystalline structure 

allows each ion to interact with multiple oppositely charge ions, which causes a highly favorable change 

in the enthalpy of the system. A lot of energy is released as the oppositely charged ions interact. It is this 

that causes ionic solids to have such high melting and boiling points. Some require such high 

temperatures that they decompose before they can reach a melting and/or boiling point. 

 

BORN-HABER CYCLE 
There are several important concepts to understand before the Born-Haber Cycle can be applied to 

determine the lattice energy of an ionic solid; ionization energy, electron affinity, dissociation energy, 

sublimation energy, heat of formation, and Hess's Law. 

 

 Ionization Energy is the energy required to remove an electron from a neutral atom or an icon. 

This process always requires an input of energy, and thus will always have a positive value. In 

general, ionization energy increases across the periodic table from left to right, and decreases from 

top to bottom. There are some excerpts, usually due to the stability of half-filled and completely 

filled orbitals. 

 Electron Affinity is the energy released when an electron is added to a neutral atom or an ion. 

Usually, energy released would have a negative value, but due to the definition of electron affinity, 

it is written as a positive value in most tables. Therefore, when used in calculating the lattice 

energy, we must remember to subtract the electron affinity, not add it. In general, electron affinity 

increases from left to right across the periodic table and decreases from top to bottom. 

 Dissociation energy is the energy required to break apart a compound. The dissociation of a 

compound is always an endothermic process, meaning it will always require an input of energy. 

Therefore, the change in energy is always positive. The magnitude of the dissociation energy 

depends on the electronegativity of the atoms involved. 

https://chem.libretexts.org/Core/Inorganic_Chemistry/Crystal_Lattices/Thermodynamics_of_Lattices/Lattice_Enthalpies
https://chem.libretexts.org/Core/Physical_and_Theoretical_Chemistry/Physical_Properties_of_Matter/Atomic_and_Molecular_Properties/Ionization_Energy
https://chem.libretexts.org/Core/Physical_and_Theoretical_Chemistry/Physical_Properties_of_Matter/Atomic_and_Molecular_Properties/Electron_Affinity
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 Sublimation energy is the energy required to cause a change of phase from solid to gas, bypassing 

the liquid phase. This is an input of energy, and thus has a positive value. It may also be referred to 

as the energy of atomization.  

 The heat of formation is the change in energy when forming a compound from its elements. This 

may be positive or negative, depending on the atoms involved and how they interact. 

 Hess’s Law states that the overall change in energy of a process can be determined by breaking the 

process down into steps, then adding the changes in energy of each step. The Born-Haber Cycle is 

essentially Hess's Law applied to an ionic solid. 

 

USING THE BORN-HABER CYCLE 
The values used in the Born-Haber Cycle are all predetermined changes in enthalpy for the processes 

described in the section above. Hess' Law allows us to add or subtract these values, which allows us to 

determine the lattice energy. 

 

CALCULATING LATTICE ENERGIES USING THE BORN-HABER CYCLE  
A particular set of equations known as a Born-Haber cycle demonstrates how chemists are able to use the 

first law of thermodynamics—that the energy of the universe is conserved in any chemical or physical 

change—to find an unknown energy value that is difficult or impossible to measure experimentally. Some 

energy quantities, such as the lattice energy of a mineral or the electron affinity of an atom, can be 

difficult to measure in the lab. Examining a Born-Haber cycle we see that there is more than one path to 

the formation of a substance in a particular state, and that if we use consistent definitions, an energy value 

that we seek can be calculated from energy values that we already know. 

 

The following exercise will help us see the way these energy values relate to one another, give us practice 

with their definitions and symbols, and deepen our insight to their meaning when we see them in other 

types of problems. 

 

Each physical or chemical change represented has: 

 an equation that represents a clearly defined physical or chemical change; 

 a definition of the particular type of energy change; 

 a symbol or abbreviation for the energy change equal to a value for the change in enthalpy (ΔH), 

the energy that is released or absorbed during the change, expressed in kJ/mol; and 

 a name by which that change in enthalpy is commonly known. 

 

To set up the equations in a Born-Haber cycle, cut out the cards for names, equations, defini-tions, and 

symbols with energy values. Arrange them to show the two alternate pathways to forming the ionic solid, 

linking the sequence of changes using the equation cards, and placing the definitions, names, and values 

near each equation. Pay close attention to the physical phases noted in the definitions. 

 

When the cards have been arranged, examine the way the equations fit together. Can you clearly trace two 

paths to a final product? If so, according to the first law of thermodynamics, the energy changes along one 

path will be equal to the energy changes along the other path. By setting the sum of energy changes from 

one path equal to the energy changes of the other path, find the unknown value for the lattice energy of 

the solid. 

https://chem.libretexts.org/Core/Physical_and_Theoretical_Chemistry/Thermodynamics/State_Functions/Enthalpy/Heat_of_Sublimation
https://chem.libretexts.org/Core/Physical_and_Theoretical_Chemistry/Thermodynamics/Thermodynamic_Cycles/Hess%27s_Law
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TEACHER’S KEY 

 In this exercise, students will identify ionization energy, electron affinity, standard enthalpy of 

formation, energy of sublimation, bond energy, and lattice energy as ΔH values for particular 

reactions. 

 Constructing a Born-Haber cycle will demonstrate how Hess’s law (and the first law of 

thermodynamics) can be used to find one of the energy values in the cycle, if the others are known. 

 Creating a visual arrangement with cards gives students a visual context to help them see how the 

specific energy quantities can be used to determine the unknown value. 

 As shown below, definitions, symbols, equations, and energy values could each be copied in a 

different color, to help with recognizing and organizing the cards. 

 Students should work with one complete set of equations at a time. 

 

Sample of student arrangement: 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

CYCLE 1 
 

 Li (s) ➞ Li (g)  ΔHsub  = 155.2 kJ 

 Li (g) ➞ Li+(g) + e−  1st Ionization Energy of Li = 520 kJ 

 ½ F2 (g) ➞ F (g)  ½ Bond Energy of F2  = 75.3 kJ 

 F (g) + e− ➞ F− (g)  Electron Affinity for fluorine = −328 kJ 

 Li+ (g) + F− (g) ➞ LiF (s)  Lattice Energy of LiF = ?? 

 Li (s) + ½ F2 (g) ➞ LiF (s)  Standard Enthalpy of Formation of LiF (s) = −594.1 kJ 

 

−594 kJ = LE + −328 kJ + 75.3 kJ + 520 kJ + 155.2 kJ 

Lattice Energy for LiF = −1016 kJ  
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CYCLE 2 
  

 Na (s) ➞ Na (g)  ΔHsub  = 108 kJ 

 Na (g) ➞ Na+(g) + e−  1st Ionization Energy of Na = 496 kJ 

 ½ Cl2 (g) ➞ Cl (g)  ½ Bond Energy of Cl2  = 122 kJ 

 Cl (g) + e− ➞ Cl− (g)  Electron Affinity for chlorine = −349 kJ 

 Na+ (g) + Cl− (g) ➞ NaCl (s)  Lattice Energy of NaCl = ?? 

 Na (s) + ½ Cl2 (g) ➞ NaCl (s)  Standard Enthalpy of Formation of NaCl (s) = −411 kJ 

−411 kJ = LE + −349 kJ + 122 kJ + 496 kJ + 108 kJ 

Lattice Energy for NaCl = −788 kJ  

 

CYCLE 3 
  

 Ca (s) ➞ Ca (g)  ΔHsub  = 178.2 kJ 

 Ca (g) ➞ Ca+(g) + e−  1st Ionization Energy of Ca = 590 kJ 

 Ca+ (g) ➞ Ca2+(g) + e−  2nd Ionization Energy of Ca = 1145 kJ 

 Cl2 (g) ➞ 2Cl (g)  Bond Energy of Cl2  = 244 kJ 

 2Cl (g) + 2e− ➞ 2Cl−  Electron Affinity for chlorine = 2(−349 kJ) 

 Ca2+ (g) + 2Cl− (g) ➞ CaCl2 (s)  Lattice Energy of CaCl2 = ?? 

 Ca (s) + Cl2 (g) ➞ CaCl2 (s)  Standard Enthalpy of Formation of CaCl2 (s) = −795.8 kJ 

 

−795.8 kJ = LE + 2(−349 kJ) + 244 kJ + 1145 kJ + 590 kJ + 178.2 kJ Lattice Energy for CaCl2 (s) = 

−2255 k 

 

FURTHER ANALYSIS 
Lattice energy is often used to estimate the strength of an ionic bond. Comparing the lattice energies of 

the three salts, students could now be asked to look at the relative strengths of the bonds in the 

compounds to relative sizes of ions and relative charge on ions. 

 

According to Coulomb’s law, the strength of the bond should increase with increasing charge on the ion, 

and with decreasing size of the ion. 

 

Do students see any evidence for this in their results? Can they explain their reasoning? 
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Unit–6 
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EXPERIMENT – 1 
 

CALCULATION OF THE SOLUBILITY 

PRODUCT CONSTANT OF SILVER ACETATE 
 

THEORY 
When ionic compounds are dissolved in water the ions separate and are hvdrated. When the ability of the 

water molecules to do this reaches its limit, the solution is said to be saturated. In this state the tendency 

of the ions to precipitate  is equal to the rate of dissolution and an equilibriuin is reached. 

 

The solubility product constant  is expressed by: 

  

Ksp = [Ag
+
] [ CH3COO

-
] 

 

This holds true in cases where the compound is dissolved or in a solvent containing no common ions. In 

cases where any of the equilibrium ions are in the solvent these concentrations must be taken into 

account. These ions will affect the solubility though not the constant. 

Note;    All silver solutions ore saturated and must be filtered before use 

 

A) AgAc in distilled water 
1. Take about 40 mL of the AgAc solution and filter. Place this in a prepared burette, noting the 

initial reading. 

2. Pipette 10mL of a 0.05M KCI solution into an Erlenmeyer flask. Add 15mL of distilled water 

(use a graduated cylinder for this). All final titration volumes will be 25mL.  Add 1mL of a 

5% Potassium Chromate solution as an endpoint indicator. 

3. Titrate from a lemon yellow to a peach/ight brow color. For accuracy do this 3 times. 

4.  Calculate the concentration of the silver ions. From the average of the 3 runs calculate the 

Ksp. 

 

B) AgAc in a solution of 0.1 M KNO3 
1. Take about 40 mL of the silver solution. Filter and load the burette as above, again noting the 

initial volume. 

2. Pipet 10 mL of the KC1 solution into an Erlenmeyer flask again adding the Potassium Chromate. 

3. Titrate 3 times. Calculate the silver concentration and the Ksp as in 'A’ 

 

C) AgAc in a solution of 0.1 M AgNO3 
1. Here take 50 mL of.the.silver solution Filter and treat as before 

2. Pipet 25 mL of the 0.05 KC1 solution into an Erlenmeyer and add the Potassium Chromate. 

3. Titrate and  calculate as before 

 

D) AgAc in a solution of 0.1 M NaAc 
1. Take 60 mL of the AgAc solution. fiter and treat as before 

2. Place 10 mL of the KC1 in as Erlénmeyer along with 15 mL of water and the 1 mL of 

Potassium Chromate. 

3. Treat and calculate as before 

 

Note: C2H3O2 is the Acetate ion. It is sometimes abbreviated as Ac- 
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RESULTS 
 

A) Silver acetate/water 
 KCl taken = ………… mL 

 

Titration  #1 #2 #3 

Initial volume …….. …….. …….. 

Final volume …….. …….. …….. 

Volume used …….. …….. …….. 

Ag molarity …….. …….. …….. 

 Average molarity  .......................................................................................  

 Ksp AgAc  .......................................................................................  

  

B) Silver acetate/potassium nitrate 

 KCl taken = …………  mL 

 

Titration  #1 #2 #3 

Initial volume …….. …….. …….. 

Final volume …….. …….. …….. 

Volume used …….. …….. …….. 

Ag molarity …….. …….. …….. 

 Average molarity  .......................................................................................  

 Ksp AgAc  .......................................................................................  

 

C) Silver acetate/Silver nitrate 

 KCl taken = …………  mL 

 

Titration  #1 #2 #3 

Initial volume …….. …….. …….. 

Final volume …….. …….. …….. 

Volume used …….. …….. …….. 

Ag molarity …….. …….. …….. 

 Average molarity  .......................................................................................  

 Ksp AgAc  .......................................................................................  

 

D) Silver acetate/Sodium acetate 

 KCl taken = …………  mL 

 

Titration  #1 #2 #3 

Initial volume …….. …….. …….. 

Final volume …….. …….. …….. 

Volume used …….. …….. …….. 

Ag molarity …….. …….. …….. 

 Average molarity  .......................................................................................  

 Ksp AgAc  .......................................................................................  

 

Calculate average Ksp using the results from all 4 parts 

Litratue value is 2.3 x 10
-3

 

Find %age error 
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EXPERIMENT-2 
 

TO DETERMINE THE SOLUBILITY OF A  

SLIGHTLY SOLUBLE IONIC COMPOUND 

TO CALCULATE THE SOLUBILITY-PRODUCT  

CONSTANT FOR SILVER CHROMATE 
 

INTRODUCTION  
When soluble ionic compounds are dissolved in water, the solution usually contains just the ions that 

were present in the solid salt.  For example, in a saturated solution of KNO3, the solution contains only K
+
 

and NO3
-
 ions, and the dissolved salt is completely dissociated.  In solid KNO3 each ion is surrounded by 

ions of the opposite charge.  This is still largely true when the KNO3 is dissolved in water, but the ions are 

farther apart and each ion is surrounded by a cluster of water molecules that are more or less tightly 

bound to the ion.  The ions in solution are therefore said to be hydrated or “aquated”. 

 

KNO3(s)   K
+

(aq)   +  NO3
-
(aq) 

 

The fact that a salt is slightly soluble suggests that the forces of attraction between the ions in the solid are 

larger than the forces between the ions of very soluble salts.  Many sparingly soluble salts do not 

completely dissociate into the ions present in the solids.  The equilibria that exist in solutions of slightly 

soluble salts, particularly those of heavy metals and transition elements, often contain other species.  For 

example, when lead (II) chloride is shaken in water, the solution contains not only the expected Pb
2+

(aq) 

and Cl
-
(aq) ions, but also undissociated molecules of PbCl2(aq) and PbCl

+
(aq) ions.  Clearly the solubility of 

PbCl2(s) would be larger than that calculated from the concentration of Pb
2+

(aq) or Cl
-
(aq). 

 

Further complications arise due to the nonideal behavior of ions in solution.  At infinite dilution, ions 

behave independently.  As the concentration of dissolved ions in solution increases, electrostatic 

interactions between ions also increase and the ions fail to behave independently.  Therefore, the 

“activity” of the ions becomes somewhat less than their measured concentration and solubility isn’t 

directly a function of measured concentration.  One way to minimize the importance of ionic strength, is 

to maintain a large excess of inert electrolyte (e.g. NaNO3 or NaClO4).  In this way a constant ionic 

environment can be maintained even if one component of the solution is varied; hence ionic strength and 

ion “activity” remain constant even if equilibria are shifted with respect to other more dilute solution 

conditions. 

 

In this experiment, a calibration curve for chromate ion is prepared using a constant electrolyte 

concentration.  This same electrolyte concentration is then used to dissolve unknown amounts of 

chromate ion.  These solutions can then be measured spectrophotometrically and compared to the 

calibration curve to determine the chromate concentration.  Because calibration solution conditions and 

the unknown solution conditions are identical, all of the problems addressed above are avoided.  The 

solubility product constant for silver chromate can be calculated from the chromate concentration. 
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PROCEDURE 
 

PART A   

PREPARATION OF CALIBRATION CURVE  
Work in a group of four to obtain your calibration curve, but evaluate your data as pairs.  Use a buret to 

add 1.00, 5.00, 10.00, 15.00 mL of standardized 0.00240 M K2CrO4 to each of four clean, dry, labeled 

100mL volumetric flasks.  Dilute each flask to the 100.00mL mark with 0.25 M NaNO3.   

Measure the transmittance of each solution at 375 nm.  Calculate the CrO4
2-

 molar concentration in each 

solution.   Calculate the absorbance and plot it versus CrO4
2-

 molar concentration to construct your 

calibration curve  

 

PART B 

DETERMINATION OF CHROMATE SOLUBILITY  
  

1.  Prepare three solutions in separate 12mL conical test tubes by adding 4mL of 0.00400 M  AgNO3 

to 4mL of 0.00240 M K2CrO4.   

2. Stopper each test tube.  Mix the solutions thoroughly at periodic intervals for about 10 minutes.   

3.  Centrifuge for 30 seconds.  Decant the supernatant into the waste beaker and add 3 mL of  0.25 M 

NaNO3 to the precipitate left in the tube.  Mix each solution thoroughly for 5 minutes. 

4.  Centrifuge again. Decant the supernatant into the waste beaker and add 3 mL of 0.25 M NaNO3 to 

the precipitate left in the tube.  Mix each solution thoroughly for 5 minutes. 

5.  Centrifuge again. Decant the supernatant into the waste beaker. Add 5 mL of 0.25 M NaNO3 and 

mix periodically for 10 minutes. 

6.  Centrifuge and transfer the clear, pale yellow supernatant liquid from each of the test tubes to a 

clean, dry cuvette.   

7. Measure the transmittance of the three solutions.  Calculate the absorbance of the three solutions. 

8.  Use your calibration curve to calculate the molar concentration of CrO4
2-

 in each solution. 

9.  Calculate the Ksp for silver chromate. Show your calculations as well as your calibration  curve 

and the determination of the concentration of chromate ion. Submit this for the lab  report for this 

experiment. 

 

CALCULATIONS 
Determine Ksp as 

Ksp = [Ag
2+

][CrO4
2-

] 
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EXPERIMENT- 3  
 

TO MEASURE THE SOLUBILITY PRODUCT  

CONSTANT (KSP) OF COPPER (II) IODATE, CU(IO3)2 
 

GOALS 
1. To measure the molar solubility of a sparingly soluble salt in water. 

2. To prepare a calibration curve based on complex ion formation for absorbance enhancement. 

3. To calculate the solubility product constant (Ksp) of a sparingly soluble salt from its molar 

solubility. 

4. To confirm the common ion effect on the molar solubility of a sparingly soluble salt. 

 

INTRODUCTION 
Solids that dissolve completely, such as NaCl and NH4NO3, were referred to as "soluble" and others that 

did not dissolve completely, such as AgCl and BaSO4, were referred to as "insoluble". In fact, very few 

ionic solids are completely insoluble, meaning that they will not form any ions when placed in aqueous 

solution. Most solids that are commonly referred to as "insoluble" are actually slightly soluble and will 

produce equilibrium between undissolved solid and ions in solution. For example, when copper (II) iodate 

(Cu(IO3)2) is placed in water, the following equilibrium is established.  

 

Cu(IO3)2(s)  Cu
2+

(aq) + 2 IO3
-
(aq)           (1) 

 

The equilibrium constant associated with this reaction is called the solubility product constant and is 

given the symbol Ksp 

 

Ksp = [Cu
2+

][IO3
−
 ]

2
             (2) 

 

It is important to emphasize that the equilibrium in equation 1 is only true if some solid is present. If the 

solid completely dissolves in solution, then the product of the ions as shown in equation 2 is not equal to 

the Ksp. However, as long as some solid is in contact with solution, the solution will 

become saturated with the ions according to equation 1.The molar solubility of a solid is the maximum 

number of moles of the solid that will dissolve in one liter of solution. Molar solubility is measured in 

moles/liter and has units of molarity (M).  

 

Molar solubility can be determined by measuring the concentration of the ions formed in a solution 

saturated with the solid. For example, if the molarity of Cu
2+

 in a solution saturated with Cu(IO3)2 can be 

determined, the stoichiometry in equation 1 indicates that this is also equal to the molarity of 

Cu(IO3)2 that dissolved in solution or its molar solubility. Alternatively, if the molarity of IO3
-
 in a 

solution saturated with Cu(IO3)2 can be determined, the stoichiometry in equation 1 indicates that the 

molar solubility of Cu(IO3)2 in water is one half the [IO3
-
] in solution.  

 

In a saturated solution, if all the ions came from the solid, then the ratio of cations to anions is known. In 

the case of Cu(IO3)2, it is known that 2[Cu
2+

] = [IO3
-
]. Thus, if the Cu

2+
 concentration can be measured, 

the IO3
-
 concentration can be calculated and vice versa. These concentrations can then be entered into the 

Ksp expression (equation 2) to solve for the solubility product constant of Cu(IO3)2. 

 

The preceding discussion referred to dissolving the sparingly soluble salt in pure water. However, if some 

of the ions that are to be produced by the solid are present in solution from another source, Le Châtelier's 

Principle predicts that the equilibrium in equation 1 will shift to the left and less solid will dissolve. This 

would result in a lower molar solubility. This is referred to as the common ion effect. In the example of 

http://en.wikipedia.org/wiki/Saturation_%28chemistry%29
http://en.wikipedia.org/wiki/Molar_solubility
http://en.wikipedia.org/wiki/Common-ion_effect
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Cu(IO3)2, the presence of either Cu
2+

 or IO3
-
 in solution should result in a lower molar solubility than in 

pure water.  

 

Cu
2+

 in solution has a pale blue color and you were able to measure its absorbance at 620 nm. For this 

experiment, it is necessary to prepare a calibration curve for Cu
2+

 over the range of 5 x 10
-4

 M to 0.01 M. 

At these concentrations, the absorbance of Cu
2+

 is too low to detect directly by spectroscopy. To improve 

the absorbance of the Cu
2+

 solutions, aqueous ammonia (NH3) will be added to each solution to produce 

the complex ion Cu(NH3)4
2+

 according to the following reaction. 

 

Cu
2+

(aq) + 4 NH3(aq)  Cu(NH3)4
2+

(aq)           (3) 

 

Cu(NH3)4
2+

 in solution has a dark blue color and its absorbance at 600 nm can be measured over the range 

necessary for this experiment. The equilibrium constant associated with equation 3 is called 

the formation constant and is given the symbol Kf. The Kf for Cu(NH3)4
2+

 is 4.8 x 10
12

. which indicates 

that the forward direction of this reaction is greatly favored over the reverse. The result is that with a large 

excess of NH3 present, almost all of the Cu
2+

 ions are present as the complex ion, Cu(NH3)4
2+

. Thus we 

will make the assumption that the [Cu(NH3)4
2+

] is equal to the [Cu
2+

] in the solution before the addition of 

NH3. In this experiment, you will prepare a calibration curve for Cu(NH3)4
2+

 from four standard 

Cu(NO3)2 solutions. Then you will calculate the solubility product constant for Cu(IO3)2 from 

measurements of the [Cu
2+

] in five solutions saturated with Cu(IO3)2. You will also calculate the molar 

solubility of copper (II) iodate in pure water and in solutions containing Cu
2+

 and IO3
-
 and compare your 

results to predictions of the common ion effect. 

 

EQUIPMENT 
Test tubes, stoppers, test tube rack, spatula, glass stir rod, spectrophotometer (spectronic 20), beakers, 

vials etc.   

 

REAGENTS 
Solid Cu(IO3)2 (~0.25g), 5.0 x 10

-4
 M Cu(NO3)2 (5mL), 1.0 x 10

-3
 M Cu(NO3)2 (10mL), 5.0 x 10

-3 
M 

Cu(NO3)2 (5mL), 1.0 x 10
-2

 M Cu(NO3)2 (5mL), 5.0 x 10
-3

 M KIO3 (5mL), 1.0 x 10
-2

 M KIO3 (5mL), 3 M 

NH3 (5mL), deionized water. 

 

SAFETY 
Cu(NO3)2 is listed as an oxidizer and corrosive. KIO3 and Cu(IO3)2 are listed as strong oxidizing agents. 

As with all chemicals in the lab, if you come in contact with a solid, you should gently brush off the 

affected area with a paper towel and then flush the area with water. If you come in contact with a solution, 

you should flush the affected area with water. 

 

WASTE DISPOSAL 
All solutions generated this week must be placed in the waste bottle in the lab. Designate a "waste" 

beaker and set it aside for use during your lab. You can put the small samples of solution you will make 

into this beaker and empty it into the waste bottle at the end of class, instead of going back and forth to 

the waste bottle. Always remember not to overfill the waste bottle. If your waste bottle is full, please alert 

your lab instructor. 

 

LAB PROCEDURE 
1. A spectrophotometer will be set up in your work area. Make sure it is plugged in and allow it to 

warm up. 

2. While the spectrophotometer is warming up, label five clean, dry test tubes A - E and set up a 

beaker for waste. 
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3 

 

3. Fill each of the five test tubes to 3/4 full with the following solutions. 

4. Using the spatula provided, add a small amount of solid Cu(IO3)2 to each of the five test tubes. A 

"small amount" means just a little bit on the smaller end of the spatula. If the solid dissolves 

entirely, you can always add some more solid to the test tube. 

5. Stopper each of the test tubes. While holding the stopper in place, invert the tubes and agitate the 

contents for several minutes. 

6. Allow the test tubes to equilibrate for a minimum of 10 minutes. Agitate the solutions periodically 

while you work on your standard solutions. 

7. Label four additional clean, dry test tubes 1 - 4. These will be the standards for the calibration 

curve. 

8. Fill each of the four test tubes to 2/3 full with the following solutions. Try to fill each test tube to 

the same level. 

 

 

 

9. Add 12 drops of 3 M NH3 to each of the four test tubes (1 - 4). 

10. With the glass stir rod provided, gently mix each solution so the dark blue color is uniform 

throughout the test tube. Be sure to rinse and dry the stir rod between solutions to avoid cross-

contamination and errors from dilution. 

11. Following the detailed instructions for the spectrophotometer provided in lab, take a background 

spectrum. 

12. Take a blank spectrum with deionized water. To condition your vial, carefully pour some deionized 

water into a vial and pour it out to waste then refill with deionized water. 

13. Condition a vial using standard solution 1 and take an absorbance spectrum. Identify the 

wavelength of maximum absorbance near 600 nm. Record the wavelength and absorbance at this 

wavelength in Data Table A. Absorbance values are reported to the 0.001. For all remaining 

absorbance measurements in this experiment, be sure to use the same wavelength you have 

identified as the maximum. Retain this sample in the vial until you have completed your calibration 

plot. Students often choose to label a sheet of paper with positions 1, 2, 3, and 4, placing each vial 

on the appropriate position. 

14. Repeat step 14 for each of the remaining standard solutions and record their absorbances in Data 

Table A. 

 Table A: Absorbances of Standard Cu
2+

 Solutions 

15. The MicroLab software will plot the absorbance of the Cu
2+

 solutions that you made as a function 

of their concentrations. The trendline and R
2
 value are displayed. If your plot is linear with an 

R
2
 value of 0.9 or greater, continue the experiment. If your R

2
 value is low, consult with your lab 
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instructor. Record these in Data Table A. Do not close the MicroLab file, as this calibration curve 

will be used to determine Cu
2+

 equilibrium concentrations. 

16. Once you are satisfied with your calibration curve, empty the four standard solution vials into your 

waste beaker and rinse each one with deionized water. 

17. Remove the stoppers from the five test tubes labeled A - E that you prepared in steps 3 - 6. Place 

them in a centrifuge adding one tube filled 3/4 full with deionized water for balance. Centrifuge the 

tubes for 2 full minutes. Allow the centrifuge to stop on its own so as not to agitate the solid 

present. 

18. Label five additional clean, dry test tubes A - E. 

19. Decant each of the five solutions from the centrifuge into the new test tube of the same label. Fill 

each to 2/3 full as you did for the standard solutions in step 8. Again, try to fill them to 

approximately the same level. When doing this, be careful not to transfer any solid! Do not start 

to pour and stop because this will stir up the solid and cause you to have to re-centrifuge the 

solution. If you over-decant, you may pour some back into the tube containing solid. 

20. Add 12 drops of 3 M NH3 to each of the five test tubes (A - E). 

21. With the glass stir rod provided, gently mix each solution so the dark blue color is uniform 

throughout the test tube. Be sure to rinse and dry the stir rod between solutions to avoid cross-

contamination and errors from dilution. 

22. Condition a vial using solution A, refill the vial, and measure its absorbance. Remember that these 

next samples are not part of your calibration curve and should be read as unknown concentrations. 

Record this value in Data Table B. Be sure to use the same wavelength used in the calibration 

curve. Do not discard the solution until you have completed your measurements of solutions A - E. 

23. Repeat step 22 for each of the remaining solutions and record their absorbances in Data Table B. 

 Table B: Absorbances of Solutions Saturated with Cu(IO3)2 

24. Once you are satisfied with your results, empty the five vials into your waste beaker and rinse each 

one with deionized water. 

25. When you are finished taking measurements, close the MicroLab software and unplug your 

spectrophotometer. 

26. Collect all your copper solution waste and place it in the waste bottle in the lab, making sure not to 

overfill it. Rinse and dry all your glassware with water and return it to the set-up area where you 

found it. 

 

Question 1:  Using the trendline from your calibration curve, calculate the [Cu
2+

] in each of the 

solutions A - E. Show one representative calculation neatly. Enter these results in 

Data Table B. 

Question 2:  Calculate the [IO3
-
] in each of the solutions A - E. Remember that for solutions A 

and B where IO3
-
 was originally present, you must account for the initial amount 

plus any ions that were formed due to the solubility of the solid. Show one 

representative calculation neatly. Enter these results in Data Table B. 

Question 3:  Calculate the Ksp for each of the solutions A - E. Show one representative 

calculation neatly. Enter these results in Data Table C. 

 Table C: Calculated Ksp and Solubilities of Cu(IO3)2 

Question 4a:  Calculate the average of your five Ksp values. Enter the result in Data Table C. 

Question 4b:  The literature value for the Ksp of Cu(IO3)2 is 6.85 x 10
-8

. How does this compare to 

your average experimental values? What is the percent error compared to your 

average? 

 % error = 

experimental - theoretical 

theoretical 

 x 100 
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Question 5:  Calculate the solubility of Cu(IO3)2 in each of the five solutions. Remember that for 

solutions D and E where Cu
2+

 was originally present, you must subtract the initial 

amount from the equilibrium amount to get the amount formed due to the solubility 

of the solid. Show one representative calculation neatly. Enter these results in Data 

Table C. 

Question 6:  Looking at your solubility results for solutions A and B as compared to C, did the 

solubility increase, decrease or stay about the same in the solutions that originally 

contained IO3
-
 ions? Does this confirm the common ion effect? If not, can you 

explain why it does not? 

Question 7:  Looking at your solubility results for solutions D and E as compared to C, did the 

solubility increase, decrease or stay about the same in the solutions that originally 

contained Cu
2+

 ions? Does this confirm the common ion effect? If not, can you 

explain why it does not? 

27. Remember to show your TA your calibration curve and calculated Ksp values. Your TA will 

manually grade the results and enter your score into WebAssign. 

28. Before leaving, enter your results in the in-Lab assignment. If all results are scored as correct, log 

out. If not all results are correct, try to find the error or consult with your lab instructor. When all 

results are correct, note them and log out of WebAssign. The in-lab assignment must be completed 

by the end of the lab period. If additional time is required, please consult with your lab instructor. 
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SPECTROPHOTOMETRIC DETERMINATION  

OF A SOLUBILITY PRODUCT CONSTANT 
 

Name_________________________________________________ Period_________ 

 

Lab Partner____________________________________________ Course_________ 

 

Data Table 
Attach a Graphical Analysis graph of the calibration line of the CrO4

-2
 concentration. The graph should 

have labeled axes, and a linear regression line with slope intercept, and correlation factor. 

 

Molarity of the stock K2CrO4 solution:____________________________ 

 

Beer’s Law Plot Data 

Vol (mL CrO4
2-

) Concentration (M) %T Absorbance 

    

    

    

    

    

 

Molar Solubility of Chromate - Data 

Trial %T Absorbance [CrO4
2-

] (M) [Ag
+1

] (M) Calculated Ksp 

from data 

1      

2      

3      

 

1. Show your equilibrium setup and calculations for each of the trials. Use the reverse side of this 

sheet. 

2. Discuss any problems or sources of error that you encountered in the lab. 
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EXPERIMENT- 4  
 

TO MEASURE KSP OF COPPER (II) TARTRATE 
 

INTRODUCTION  
The solubility product constant, Ksp, of a slightly soluble salt provides a simple example of aqueous 

equilibrium.  Spectrophotometric determination of this constant can be done quickly and simply. If an ion 

of a compound is colored or can be made to form a colored complex in solution, the solubility product 

constant may be determined by visible spectroscopy. The solubility product constant is defined as the 

product of the concentrations of the ions formed by the dissociation of the salt, each raised to the power 

of the coefficient of the balanced equation. Copper (II) tartrate dissociates according to the equation:  

 

CuC2H206(s)  Cu
2+

(aq) + C2H206
2-

 (aq) 

 

Thus the solubility product constant is represented by the expression: Ksp = [Cu
2+

] [C2H206
2-

]  

 

The copper 2+ ion has a characteristic blue color. A saturated solution of copper (II) tartrate can be 

prepared by mixing solutions of copper (II) sulfate and sodium tartrate. The concentrations of the 

solutions to be mixed needs to be great enough to exceed the solubility of copper (II) tartrate. The copper 

(II) tartrate will then form a precipitate. The solution that remains is then saturated with respect to copper 

(II) tartrate. It is necessary to keep the tartrate ion in excess so that all the copper (II) ions present in 

excess of the solubility of copper (II) tartrate will precipitate.  

 

PURPOSE  
The purpose of this experiment is to determine the solubility product constant of copper (II) tartrate.  

 

EQUIPMENT/MATERIALS  
Small Erlenmeyer flasks 15-25 mL,  spectrophotometer and cuvets,  centrifuge and centrifuge tubes,  

millipore filter and syringe,  volumetric flask (100 mL, 10 mL) (a 10 mL graduated cylinder may be 

used),  adjustable pipets (0-2 mL), Beral pipets copper (II) sulfate (0.100 M) sodium tartrate (0.100 M)  

 

SAFETY  
Always wear goggles and an apron in lab.  

 

PROCEDURE  
 

PART I   

PREPARATION OF A SATURATED SOLUTION OF COPPER (II) TARTRATE  
1.  Place 4.0 mL of 0.100M copper (II) sulfate and 5.O mL of 0.100M sodium tartrate in  

 a 10.00mL volumetric flask. Add distilled water to make 10mL of solution. Mix well.  

2.  Allow the solution to remain undisturbed for about 15 minutes while other solutions are  being 

prepared. The solution should form a precipitate.  

3.  Centrifuge to remove the precipitate. Save the clear blue solution. If this solution shows  any 

cloudiness or further precipitates, filter it with a millipore filter.  
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PART II  

PREPARATION OF STANDARD COPPER (II) TARTRATE SOLUTIONS  
4.  Prepare 10 mL of 0.02 M copper (II) tartrate. Measure 2.00 mL of 0.100 M copper (II) sulfate, add 

5.0 mL of 0.100 M sodium tartrate and dilute until the total volume is 10.00 mL.  

5.  Prepare 10 mL of 0.018 M copper (II) tartrate.  Measure 1.8 mL of 0.100 M copper (II) sulfate, add 

5.0 mL of 0.100 M sodium tartrate and dilute until the total volume is 10.00 mL.  

6.  Prepare 10 mL of 0.015, 0.012, 0.010 M copper (II) tartrate in a similar manner.  

 

PART III  

DETERMINATION OF COPPER (II) ION CONCENTRATION IN THE SATURATED 

COPPER (II) TARTRATE SOLUTION  
7.  With nothing in the sample compartment of the spectrophotometer, zero the % transmittance.  

8.  Set the spectrophotometer to a wavelength of 675 nm.  Zero the absorbance using a blank  made 

by diluting 5.0 mL of 0. 1 M sodium tartrate to 10 mL. with distilled water.  

9.  Determine the absorbance of each of the five standard copper solutions.  

10.  Place the saturated copper (II) tartrate solution in a cuvet and record the absorbance of  this 

solution. 

 

Questions:  
1.     Why was the sodium tartrate added to the copper (II) sulfate solution?  

2.     Why is a Ksp value useful? 

3.     Why was a wavelength of 675 nm used?  
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Unit–7 
 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

KINETIC STUDIES BY  

CONDUCTIVITY METHOD 
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EXPERIMENT – 1 
 

KINETICS OF THE HYDROLYSIS OF ETHYL ACETATE  

BY SODIUM HYDROXIDE BY A CONDUCTIVITY METHOD 
 

OBJECTIVE    
To determine accurately the rate constant of a second-order reaction, the saponification of ethyl acetate. 

 

THEORY  
The alkaline hydrolysis of fats is referred to as saponification (literally, "soap-making").  Over the years 

the term has come to be used also in referring to the alkaline hydrolysis of any type of ester. 

 

  The saponification of ethyl acetate 

  CH3COOC2H5 + OH-  CH3COO- + C2H5OH     (1)  

 proceeds by a second-order reaction.   

  Rate = k[CH3COOC2H5][OH-]       (2)  

 

We can write the rate equation in terms of calculus notations, 

   
BA

A c c  = 
dt

c d
  k

       (3)  

where cA = concentration of ethyl acetate at time 't', and 

           cB  = concentration of OH- at time 't'. 

 

In this experiment, the initial concentration of hydroxide ion is adjusted to be the same as that of ethyl 

acetate.  Since their initial concentrations are the same and since the mole ratio of  OH- : CH3COOC2H5  

is 1 : 1, then at any time t, the concentration of ethylacetate must be the same as hydroxide ions.  That is, 

 

cA  =  cB               (4) 

 

Equation (3) becomes 

          
 c  = 

dt

c d
 

2

A
A k

       (5) 

 

The concentration of ethylacetate (or OH-) remaining at any time can be determined by integration. 

 

    

 dt  - = 
c

c d
 

t

0

c

c 2

A

AA

o
 k

      (6) 

or 

    oA c

1
+ t  = 

c

1
k

       (7) 

             (  y   = mx + b  ) 

 

where  co = initial concentration of ethylacetate and   

  cA  = concentration of ethylacetate at time t. 
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Thus, according to equation (3-6), a plot of  "

1

cA  versus time" should be a  straight line. The rate constant 

k can be accurately determined by measuring the slope of the graph. 

 

 

CONDUCTIVITY AND CONDUCTIVITY BRIDGE 
As reaction (1) progresses, the amount of OH- ions in solution diminishes as CH3COO- ions are 

produced. It is known that the electrical conductivity of OH- ions is much greater than that of CH3COO- 

ions. Equivalent ionic conductivity at infinite dilution, at 25oC, for OH- and CH3COO- are 198.6 mhos 

and 40.9 mhos respectively.  Therefore, the progress of reaction (1) can be followed conductometrically. 

 

Conductance L is a measure of the ability of a substance to conduct electricity and is defined to be the 

reciprocal of resistance.  Thus, Ohm's law may be expressed as  

 

     
i =  

E

R       (8) 

or 

     i = E L        (9) 

 

where  i =  current, E = voltage, and  R = resistance.  The unit of conductance is Siemens. 

 

The conductance of a solution is measured by dipping a cell containing two platinum electrodes into the 

solution.  The electrodes are connected to one arm of a Wheatstone bridge and an alternating voltage is 

applied to the bridge.  The conductance is then obtained from the scale by nulling the bridge.  An 

alternating voltage is used to prevent polarization of the electrodes.  Accurate measurements are obtained 

only with properly prepared electrodes. 

 

The equivalent ionic conductivity is unique for each ion and is a measure of the velocity or mobility of 

the ions under the influence of an electric field. Conductance of a solution is directly proportional to its 

ionic concentration, the surface area of the electrode and is inversely proportional to the distance between 

electrodes.  Expressed mathematically, 

 

    
L =   

C A

d


        (10) 

where C = concentration (equivalents per cm3), 

 d  = distance between electrodes (cm), 

 A = area of electrode (cm2), 

  =  equivalent ionic conductivity constant. 

 is unique for each solvent and is dependent on temperature. 

 

PROCEDURE 
1. Prepare a common solution of 0.100 M ethylacetate for the BOTH groups. Pipet 0.49 mL of 

ethylacetate from the reagent bottle and make up to 50 mL in a volumetric flask. 

2. Into a 250 mL Erlenmeyer flask (flask #1), 

 (i)   pipet in 10.00 mL of 0.100 M  ethylacetate, 

 (ii)  add 40.00 mL distilled water from a burette. 

3.   Into another 250 mL Erlenmeyer flask (flask #2), 

  (i)  pipet in 10.00 mL of 0.100 M NaOH, 

  (ii)  add 40.00 mL distilled water from a burette. 
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4. Into a 100 mL volumetric flask (flask #3), prepare 0.0100 M NaOH by pipetting in10.00 mL of  

0.100 M NaOH and diluting with water to 100.0 mL. 

5.   Using lead donuts to stabilize the flasks, place all three flasks in a water bath at approximately 

25oC to obtain thermal equilibrium.  Record the temperature of the water bath. 

6. Measure the conductance of flask #3, the 0.0100 M NaOH. This conductance value is Lo, measured 

at time = 0 sec.   

 

  [Lo should be approximately 2500 to 3500 mhos, or 

                   2.500 x 10-3  to 3.500 x 10-3 Siemens, or    

                           2500 to 3500 Siemens.] 

 

7. Start the saponification reaction by mixing together the entire contents of flasks #1 and #2 

containing the ethylacetate and sodium hydroxide respectively. Stir the mixture and start the timer. 

Measure the first conductance reading after 300 seconds and continue collecting data at 300 

seconds intervals for one hour.  

 

DATA SHEET 
   

  Temperature of reaction = _______________________________ 

  Conductance of 0.0100 M NaOH, Lo =                            Siemens 

 

Time [sec] L [S] Lo - L [S]  (Lo - L)/t  [S/sec] 

300    

600 
   

900 
   

1200 
   

1500 
   

1800 
   

2100 
   

2400 
   

2700 
   

3000 
   

3300 
   

3600 
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INTERPRETATION OF DATA 
According to  (7),  

    

 t = 
c

1
 - 

c

1

oA

k

                (7) 

we can accurately determine the rate constant, k, of a second-order reaction by plotting  

" 

1

cA  versus time"  where cA is the concentration of ethylacetate or hydroxide ion, at any time t.   

Since 'cA'  is proportional to L - L and  co  is proportional to Lo - L, it follows that 

 

   co - cA   (Lo - L) - (L - L) 

       Lo - L      (11) 

Rearranging eqn (7) gives 

    A

Ao
o

c

c - c
 =t c  k

      (12) 

Substitute into eqn (12),  

    


L- L

L - L
 =t c o

o k

     (13) 

 

Rearranging eqn (13), 

    

 L + 
t

L - L

c

1
 = L o

o










k
    (14) 

    (y =      m x          +  b) 

 

A plot of " L versus 

L -  L

t
  o









" should yield a straight line. The slope of the line, m, is 
koc

1

.  If we 

measure the slope of the line, we can calculate k provided we know the initial concentration, co. 

 

TREATMENT OF DATA 
1. Enter your data neatly in the data sheet. 

2. Plot a graph of  "L versus 

L  -  L

t

o

". 

3.  Measure the slope in the straight portion of the curve and calculate the rate constant for the second-

order reaction.  Note that the initial concentration, co, of ethylacetate is not 0.02 M. 

4. In your lab report, comment on the difference between the value of conductance 

 'L' measured at the so-called t = 0 and, the value that might have been obtained at the exact moment 

of mixing.  
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EXPERIMENT-2 
 

HYDROLYSIS OF ETHYL ACETATE  

BY CONDUCTANCE MEASUREMENTS 

 
INTRODUCTION 
This experiment is the first in a series of kinetic studies. Ethyl acetate hydrolyzes in alkaline solution to 

give ethanol and acetate. The production of acetate, at the expense of hydroxide in the solution, allows the 

rate to be followed through the conductivity of the solution: 

 

-d(a-x)/dt = k (a-x)(b-x) 

 

where a is the initial molarity of ethyl acetate, b is the initial molarity of sodium hydroxide, x is the 

amount of reactant lost in time t, and k is the rate constant. The integrated form of the equation above 

depends on whether a and b are equal. If equal: 

 

x/a(a-x) = kt 

and, if not equal, 

ln((b(a-x))/a(b-x)) = k(a-b) t 

 

We may follow the progress of the reaction by monitoring the conductance of the solution as a function of 

time, since the conductance is determined by the concentrations and equivalent conductances of the ions 

in the solution: 

 

x/(a-x) = (L0 - Lt)/(Lt-Lc)=  kat 

 

for the equal concentrations case, where L0 is the initial conductance, Lc the conductance at completion, 

and Lt the conductance at time t. Thus, a plot of (L0 -Lt)/(Lt-Lc ) versus t should yield a straight line, the 

slope being ka. For the unequal concentrations, x is given by 

 

x = c(L0-Lt)/(L0-Lc) 

 

where c is the concentration of the limiting reagent. From this, a plot of ln{[b(a-x)]/[a(b- x)]} versus t will 

yield a line having a slope of k(a-b). The rate constants will be determined at four temperatures, so that 

the activation energy for the reaction may be obtained from a plot of ln k versus 1/T: 

 

ln k = -Ea/RT + ln A the slope being -Ea/R, the intercept ln A. 

 

PROCEDURE 
Each group will work at two temperatures. Prepare 250 mL each of 0.04 M ethyl acetate and 0.04 M 

NaOH. Store 100 mL of each solution immersed in one of the constant temperature baths, the remainder 

in the other. Rinse the conductivity cell several times with distilled water. The reaction is initiated by 

mixing the solutions in a conductivity cell. In each bath, there should be one run with equal 

concentrations and one with unequal concentrations. The cell can comfortably accommodate 60 mL, so 

the proportions should be 30-30 or 20-40. Once the solutions have been mixed (call this t=0), read the 

resistance every minute for the first ten minutes, once every two minutes for another ten minutes, then 

once every five minutes for the last 25 minutes. Once the solution has reacted for 45 minutes, leave it in 

the water bath until the end of the lab period. Do the same for the other solutions. {HINT: since 4 45 
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minutes is the length of the lab period, you will need to overlap the series of measurements by starting 

one run once the preceding run is in the slow phase of reaction.} 

 

R0, the initial resistance, may be measured for each solution by mixing an aliquot of the NaOH with an 

aliquot of water having a volume equal to the ethyl acetate solution volume. 

 

CALCULATIONS 
Use the cell constant from the resistance of the KCl solution (Ls for 0.0100 M KCl is 0.001412 ohm-1 

cm-1) in Experiment 5. Determine the rate constants for each of the four solutions, using the appropriate 

plots described above. Compare the values of L0 obtained by extrapolation of the data and those obtained 

from the NaOH-water mixture. Share the data. Report the standard errors in the k values, and estimate the 

error in the values of Ea and A. 
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EXPERIMENT – 1 
 

SYNTHESIS OF METAL OXIDE NANOPARTICLES AND  

THEIR CHARACTERIZATION, USING IR TECHNIQUES 
 

APPARATUS 
Ferric Nitrate/chloride, Nickel  Nitrate/Chloride, Aluminium Nitrate/Chloride, Zinc Nitrate/Chloride, 

Urea, Sensitive Balance, Magnetic stirrer, Hotplate, Muffle furnance. 

  

FLOW CHART FOR EXPERIMENTAL PROCEDURE 
 

 
 

PROCEDURE 
1. The required amounts of salts were dissolved in distilled water along with fuel urea. Different 

amounts of salts used and urea in grams is given in table. 

2. After dissolving in distilled water the mixture is stirred for 15 mins to obtain fine mixed solution. 

Then this solution is heated on hot plate till carbon contained powder is obtained.  

3. This powder is calcined at 250
O
C for two hours in muffle furnance. Metals oxide black brownish 

powder is obtained which will be characterized by IR.  
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S. No. Metal/O Ratio Salts in gms Urea in gms 

1 0.25 5 0.387118 

2 0.5 5 0.774237 

3 0.75 5 1.161355 

4 1 5 1.548474 

5 1.25 5 1.95592 

6 1.5 5 2.32271 

7 1.75 5 2.709829 

8 2 5 3.096947 
 

RESULT 
IR data and interpretation 

 

EXPERIMENT-2 
 

SYNTHATIC PROCEDURES FOR NANOPARTICLE SYNTHSIS 
 

1. PREPARATION OF TiO2 NANOPARTICLES BY SOL GEL METHOD 
 

CHEMICALS 
Titanium tetra iso propoxide [Ti(OCH(CH3)2)]4, SigmaAldrich, 97%], iso-propanol [(CH3)2CHOH, 

Sigma-Aldrich, 99.7%] and nitric acid [HNO3] were used as received without any further purification.  

 

PROCEDURE 
A 20 ml of solution Titanium tetra iso propoxide was added drop by drop into the 22 ml of solution 

containing 10 ml of iso-propanol and 12 ml deionised water under constant stirring at 80º C into the round 

bottom beaker. After 1 h, concentrated HNO3 (0.8 ml) mixed with deionised water was added into the 

TTIP solution and keep it under constant stirring at 60 ºC for 6 h highly viscous sol gel was obtained. The 

prepared sol-gel was heated at 300 ºC for 2 h in the open atmosphere. After annealing, the TiO2 

nanocrystalline 2 g powder was obtained. 

 

2. PREPARATION OF ZnO NANO PARTICLES WET CHEMICAL METHOD 
 

PROCEDURE 
500 ml 1% Starch solution was obtained by mixing 5gm Starch with 500 ml distilled water and boiling 

the mixture until transparent. 14.87 gm Zinc Nitrate Hexahydrate (Mol. Wt. 297) was added to the above 

solution to obtain a 0.1M Zinc Nitrate solution. 100 ml 0.2M Sodium Hydroxide solution was prepared by 

dissolving 0.8gm NaOH crystals in distilled water. 25 ml of the 0.2M NaOH solution was added dropwise 

along the walls of the vessel to the 0.1M Zinc Nitrate solution while continuously stirring with magnetic 

stirrer. The mixture was continuously stirred for 2 hours by the magnetic stirrer and then kept undisturbed 

overnight to allow the precipitation of Zinc Hydroxide. Supernatant was discarded carefully and the 

remaining solution was centrifuged in a cooling centrifuge at 11000 rpm for 10 minutes to separate the 

residue from the excess supernatant in the form of a pellet. The pellet was washed 2-3 times with distilled 

water to remove the starch from the Zinc Hydroxide pellet hence obtained. Zinc Hydroxide was obtained 

in the form of a paste after washing. The paste was kept in the oven at 80°C overnight in an oven to allow 

dehydration. Zinc Oxide formed by the dehydration was suspended in distilled water as per the 

concentration requirement to obtain a suspension of Zinc Oxide Nanoparticles. 
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3. PREPARATION OF MgO NANOPARTICLES BY SOL GEL METHOD 
 

PROCEDURE 
0.2M magnesium nitrate (MgNO3.6H2O) was dissolved in 100 ml of deionized water. 0.5M sodium 

hydroxide solution was added drop wise to the prepared magnesium nitrate (MgNO3.6H2O) solution 

while stirring it continuously. White precipitate of magnesium hydroxide appeared in beaker after few 

minutes. The stirring was continued for 30 minutes. The pH of the solutions was 12.5, as measured by the 

expandable ion analyzer (EA 940, Orian, Korea). The precipitate was filtered and washed with methanol 

three to four times to remove ionic impurities and then centrifuged for 5 minutes at 5000 rpm/min and 

dried at room temperature. The dried white powder samples were annealed in air for two hours at 300 and 

500ºC. 

 

4. PREPARATION OF Al2O3 NANO PARTICLES BY LASER ABLATION METHOD 
 

PROCEDURE 
Aluminum powder with purity of 99.99% and an average particle size of 35 μm were pressed in a 

stainless steel mold by a hydraulic with a pressure of 100 bars to obtain the aluminum pellet with a 

diameter of 15 mm and 5 mm thick. The aluminum pellet was used as a target for laser ablation. The 

experimental setup of the laser ablation is shown in Figure 1. The aluminum pellet was placed at the 

bottom of a glass vessel with a diameter of 30 mm and 50 mm in height. Deionized water with a volume 

approximately of 10 mL was poured into the vessel until its level was approximately 5 mm above the 

target. The Nd:YAG (Miyachi, ML-2331B) that emitted the laser light at a wavelength of 1064 nm was 

used for the laser ablation. The laser ablation was carried out at different laser energies of 1, 3, and 5 J 

with a repetition rate of 2 Hz. The laser beam was focused by a 50 mm focal-length lens onto the 

aluminum pellet. For each energy of laser ablation, the aluminum target was ablated with 5,000 pulses for 

the total time of about 40 min. After the laser ablation, the Al2O3 particles suspended in deionized water 

was obtained. 

 

5. PREPARATION OF CeO2 NANOPARTICLES BY MICROWAVE 

HYDROTHERMAL METHOD 
 

PROCEDURE 
(NH4)2Ce(NO3)6 (5 × 10−2 mol L−1 , 99.9% purity, Aldrich) and PEG (0.1 g, Mw 400, 99.9% purity, 

Acros Organics) were dissolved in water. Subsequently, NH4OH (30% in NH3, Synth) was added until 

the pH 9. The solution was transferred into a sealed autoclave and placed in a domestic microwave (2.45 

GHz, 800 W). The system was heat treated at 130 °C for 20 min (heating rate: 10 °C/min; Pf 1.2 atm). 

CeO2 powders were washed with deionized water and dried at 80 °C. Assynthesized CeO2 powders were 

calcined at 500 °C for 1, 2 and 4 h. 

 

 

 

 

 

 

 

 

 

 

 

 

https://www.hindawi.com/journals/jnm/2012/819403/fig1/
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EXPERIMENT-3 
 

AN UNDERGRADUATE LEVEL EXPERIMENT ON THE  

SYNTHESIS OF AU NANOPARTICLES AND THEIR SIZE-DEPENDENT 

OPTICAL AND CATALYTIC PROPERTIES 
  

SUMMERY 
The synthesis of gold nanoparticles (Au NPs) 15, 26, and 34 nm in diameter, followed by the 

investigation of their size-dependent optical and catalytic properties, is described herein as an 

undergraduate level experiment. The proposed experiment covers concepts on the synthesis, stabilization, 

and characterization of Au NPs, their size-dependent optical and catalytic properties at the nanoscale, 

chemical kinetics, and the role of a catalyst. The experiment should be performed by groups of two or 

three students in three lab sessions of 3 h each and organized as follows: i) synthesis of Au NPs of 

different sizes and investigation of their optical properties; ii) evaluation of their catalytic activity; and iii) 

data analysis and discussion. We believe that this activity enables students to integrate these 

multidisciplinary concepts in a single experiment as well as to become introduced/familiarized with an 

active research field and current literature in the areas of nanoparticle synthesis and catalysis. 

 

INTRODUCTION 
Nanoscience encompasses the study and manipulation of nanomaterials, which display feature sizes of < 

100 nm in at least one dimension. Among nanomaterials, metals are particularly interesting due to their 

unique optical, chemical, and electronic properties that allow applications in areas such as plasmonics, 

catalysis, biomedicine, information storage, and sensing. 

 

The optical and catalytic behavior of gold nanoparticles (Au NPs) relative to the bulk element represents a 

remarkable example of how properties change as we move from the macroscopic to the nanoscopic 

dimension. While the optical properties of Au NPs in the visible range have been exploited for centuries 

(such as in stained glass windows and the Lycurgus cup), the demonstration of their catalytic activity 

towards CO oxidation in 1987 represented a milestone in the field of nanocatalysis, followed by a burst 

on the utilization of Au NPs as catalysts for a wide range of transformations. 

 

The catalytic activity of Au NPs is largely due to the increase in the particles surface-to-volume ratio. On 

the other hand, the unique optical properties of Au NPs arise from the interaction of their free electrons 

with light, in which the oscillating electric field component from the incoming electromagnetic wave 

drives the free electrons in the metal into collective oscillations, which is the surface plasmon resonance 

(SPR) excitation. The SPR excitation leads to adsorption and scattering of the incident electromagnetic 

wave close to the resonance frequency (in the far field) as well as the generation of intense 

electromagnetic fields close to the surface of the nanostructure (in the near field). 

 

It has been established that many properties (including optical and catalytic) in metal NPs are dependent 

upon several physical and chemical parameters that include size, shape, composition, and structure (solid 

or hollow interiors).
11

 Thus, the understanding on how properties vary as a function of these parameters is 

crucial to optimize performance and enable new applications. 

 

Although undergraduate level laboratory experiments have been proposed on the synthesis of metal 

nanoparticles and investigation of their optical and/or catalytic properties, activities in which students can 

establish a correlation between size and observed properties remain limited. Here, we present an 

undergraduate level experiment in which the students synthesize Au NPs having three different sizes, 

followed by an investigation on how their optical and catalytic properties change as a function of size. 
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Specifically, the proposed experiment consists of three main parts. In the first, students perform the 

synthesis of three Au NPs samples having increasingly bigger sizes by a seeded growth approach. In the 

second, students qualitatively and quantitatively investigate the variations in the optical properties due to 

the formations of Au NPs and also as a function of their size (by both visual inspection and UV-VIS 

spectroscopy). In the third, students employ the hydrogenation of 4-nitrophenol by sodium borohydride as 

a model reaction to investigate the size-dependent catalytic activity of the synthesized Au NPs. This 

activity should be performed by groups of two or three students in three lab sessions of 3 h each. The first, 

second and third lab sessions should be organized as follows: i) the synthesis of Au NPs having different 

sizes and investigation of their optical properties; ii) evaluation of the catalytic activity; and iii) data 

analysis and discussion. This experiment covers concepts on the synthesis, stabilization, and 

characterization of Au NPs, their size-dependent optical and catalytic properties at the nanoscale, 

chemical kinetics, and the role of catalyst. 

  

EXPERIMENTAL OVERVIEW 
Full experimental details regarding the synthesis of Au NPs having different sizes, the investigation of 

their optical properties and catalytic activity are given in the student guide. In summary, the synthesis of 

aqueous suspensions containing Au NPs 15 ± 2.2, 26 ± 2.4, and 34 ± 3.0 nm in diameter was performed 

by a seeded growth approach. The change in optical properties due to the formation of Au NPs as 

compared to the AuCl4
-
 precursor solution and the bulk metal should be first detected by visualizing the 

change in color for the suspension containing the Au NPs relative to the solution containing the AuCl4
-

 precursor. Furthermore, the size dependent optical properties of the Au NPs can be directly visualized as 

the change in color of the Au NPs suspensions, in which the red color becomes darker as the size of the 

Au NPs increases. In order to quantify the change in optical properties due to the formation of Au NPs 

and also their dependence on size, UV-VIS spectra in the 300-800 nm range were obtained from an 

aqueous solution containing the AuCl4
-
 precursor and also from aqueous suspensions containing the Au 

NPs. The catalytic activities as a function of Au NPs size was investigated employing the hydrogenation 

of 4-nitrophenol to 4-aminophenol as a model reaction. In this case, the reaction kinetics was monitored 

by UV-VIS spectroscopy in the 350 to 500 nm range, in which the variations in the absorbance at 400 nm 

were monitored as a function of time. The same concentration of Au was employed in all cases. 

 

STUDENT LEARNING OBJECTIVES 
The key learning objectives of this multidisciplinary experiment are: 

i) synthesis of metal nanoparticles with controlled sizes; 

ii) stabilization of nanoparticles;  

iii) introduce the concept of surface plasmon resonance to describe the unique optical properties of Au 

NPs in the visible range, which gives a visual example on the change in properties in nanoscaled 

systems relative to their macroscopic counterparts;  

iv) chemical kinetics (pseudo-first-order rate laws, role of catalyst, calculation of rate constants and 

turnover frequencies); and 

v) investigation of Au NPs optical properties and catalytic activities as a function of size. 

 

STUDENT GUIDE- INTRODUCTION 
The optical and catalytic behavior of gold nanoparticles (Au NPs) relative to the bulk element represents a 

remarkable example of how properties change as we move from the macroscopic to the nanoscopic 

dimension. While the catalytic activity of Au NPs is largely due to the increase in the particles surface-to-

volume ratio, the unique optical properties of Au NPs arise from the interaction of their free electrons 

with light, in which the oscillating electric field component from the incoming electromagnetic wave 

drives the free electrons in the metal into collective oscillations, which is the surface plasmon resonance 

(SPR) excitation. 
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It has been established that many properties (including optical and catalytic) in metal NPs are dependent 

upon several physical and chemical parameters that include size, shape, composition, and structure (solid 

or hollow interiors)3. Thus, the understanding on how properties vary as a function of these parameters is 

crucial to optimize performance and enable new applications. In this experiment, you will synthesize Au 

NPs having three different sizes, followed by an investigation on how their optical and catalytic properties 

change as a function of size. Specifically, the experiment consists of three main parts. In the first, you will 

perform the synthesis of three Au NPs sam- ples having increasingly bigger sizes by a seeded growth 

approach. In the second, you qualitatively and quantitatively investigate the variations in the  

optical properties due to the formations of Au NPs and also as a function of their size (by both visual 

inspection and UV-VIS spectroscopy). In the third, you will employ the hydrogena- tion of 4-nitrophenol 

by sodium borohydride as a model reaction to investigate the size-dependent catalytic activity of the 

synthesized Au NPs.  

 

You should work as groups of two or three students in three lab sessions of 3 h each. The first, second and 

third lab sessions should be organized as follows: 

i) the synthesis of Au NPs having different sizes and investigation of their optical properties; 

ii) evaluation of the catalytic activity; 

iii)  and data analysis and discussion. 

 

MATERIALS AND INSTRUMENTATION 
Analytical grade chemicals gold(III) chloride trihydrate (HAuCl4, 99% - Sigma-Aldrich), trisodium 

citrate dehydrate (C6H5Na3O7·2H2O,>99% - Synth), 4-nitrophenol (C6H5NO3, 98% - Merk), and 

sodium borohydride (NaBH4, 95% - Vetec) will used as received. All solutions were prepared using 

deionized water (18.2 MΩ). UV-VIS spectra will obtained from aqueous solutions or aqueous 

suspensions containing the nanostructures with a Shimadzu UV-1700 spectrophotometer. Transmission 

electron microscopy (TEM) images were obtained with a JEOL 1010 microscope at 80 kV. The samples 

for TEM were prepared by drop-casting aqueous suspensions containing the nanoparticles over a carbon-

coated copper grid, followed by drying under ambient conditions. 

 

HAZARDS 
Chloroauric acid trihydrate is corrosive and hygroscopic. It can cause eyes and skin burns upon contact. It 

also causes gastrointestinal tract burns if swallowed and burns to the respiratory tract by inhalation. 

Sodium citrate may cause irritation to skin, eyes, and respiratory tract. Sodium borohydride is flammable 

and toxic. It is also a strong reducing agent, is corrosive, and may cause burns to any area of contact. 4-

nitrophenol is poisonous via inhalation, swallowing, and contact with the skin. The experiment described 

in this work uses dilute solutions, which may be prepared ahead of time to minimize the risk that the 

solids and concentrated solutions pose to students. Labeled waste containers should be made available. 

Gloves, lab coat, and safety glasses should be worn throughout the experiment. All laboratory exercises 

should be carried out under the supervision of trained and qualified personnel. 

 

SYNTHESIS OF AU NPs WITH CONTROLLED SIZES 
The synthesis of Au NPs should be performed by a seeded growth approach4 . In the first step, Au NPs 

can be prepared by adding 150 mL of a 2.2 mmol L-1 sodium citrate aqueous solution to a 250 mL round-

bottom flask under magnetic stirring. This system should be heated to 100 °C for 15 minutes. Then, 1 mL 

of a 25 mmol L-1 AuCl4 - (aq) solution should be added, and the reaction mixture kept at 100 °C under 

vigorous stirring for another 30 minutes. This procedure yields an aqueous suspension containing the Au 

NPs, which will be employed as seeds for the synthesis of Au NPs having larger sizes by successive Au 

deposition steps. For the first deposition step, add 1 mL of a 60 mmol L-1 sodium citrate solution to same 

250 mL round-bottom flask containing the Au NPs seeds under magnetic stirring at 100 °C. After 5 min, 

add 1 mL of a 25 mmol L-1 AuCl4 - (aq) solution to the reaction mixture containing the Au NPs seeds 
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and keep the reaction mixture at 100 °C for another 30 min. This will produce a suspension containing the 

Au NPs (first deposition step). Similarly, a second deposition step should be performed by adding another 

1 mL of a 60 mmol L-1 sodium citrate solution and 1 mL of a 25 mmol L-1 AuCl4 - (aq) solution to the 

reaction mixture obtained after the first deposition step, in which the Au NPs produced after the first 

deposition step serve as seeds for further growth. In these reactions, each Au NPs sample could be 

isolated by stopping the reaction at the end of each corresponding reduction/deposition step. In order to 

minimize the synthesis time of Au NPs with different sizes, it is recommended to perform three 

independent/parallel reactions, one for each desired Au NPs size (seed, first and second deposition steps). 

The average diameters of the Au NPs were determined by individually measuring the width of 20 

nanoparticles from the TEM images. 

 

OPTICAL PROPERTIES 
The change on optical properties due to the formation of Au NPs as compared to the AuCl4 - precursor 

solution and the bulk metal should be first detected by visualizing the change in color for the suspension 

containing the Au NPs relative to the solution containing the AuCl4 - precursor. Furthermore, the size 

dependent optical properties of the Au NPs can be directly visualized as the change in color of the Au 

NPs suspensions. In order to quantify the change in optical properties due to the formation of Au NPs and 

also their dependence on size, UV-VIS spectra should be measured from an aqueous solution containing 

the AuCl4 - precursor and also from aqueous suspensions containing the Au NPs with a Shimadzu UV-

1700 spectrophotometer in the 300-800 nm range.  

 

STUDY OF CATALYTIC ACTIVITIES 
4-nitrophenol reduction reaction The hydrogenation of 4-nitrophenol was monitored by UV-VIS 

absorption spectroscopy in the 350 to 500 nm range5,6. In order to perform this procedure, add 2 mL of a 

42 mmol L-1 sodium borohydride solution to 0.3 mL of 0.14 mmol L-1 4-nitrophenol aqueous solution in 

a quartz cuvette, which should then inserted into the spectrophotometer. Register the initial spectrum. 

Considering that the Au concentration (mmol L-1) employed in each reaction (growing step) was 

different, each of the resulting Au NPs suspension (Au NPs seeds, Au NPs after the first deposition step, 

and Au NPs after second deposition step) should be diluted so that the Au concentration is the same in all 

cases (8.2 mmol L-1, based on the amount of AuCl4 - employed in the reaction). Specifically, dilute 500, 

250 and, 170 mL of the suspensions containing Au NPs seeds, Au NPs after the first deposition step, and 

Au NPs after the second deposition step, respectively, to 2 mL with deionized water. The catalytic 

performances of Au NPs with different sizes should be evaluated by adding 200 mL of this aqueous 

suspension containing the Au NPs to the quartz cuvette containing 4-nitrophenol and sodium borohydride 

solution.  

 

Monitor the variations in the absorbance at 400 nm as a function of time employing a time interval of 13 s 

between each spectrum (for the sake of comparison, observe what happens to a mixture of 4-nitrophenol 

and sodium borohydride solution without the addition of Au NPs). A calibration curve for the 

concentration of 4-nitrophenolate ions will be provided. This curve was obtained by registering the 

absorbance at 400 nm from 0.16, 0.82, 1.65, 4.1, 8.2, 12.36, 16.47, and 24.71 µM standard aqueous 

solutions (prepared in the presence of an excess of sodium borohydride as described in the catalytic tests).  

The variations in the absorbance with time should be employed to calculate the rate constants. The 

turnover frequency (TOF), a common parameter to describe catalytic activity, should also be estimated 

from the 4-nitrophenol calibration curve and the following expression: TOF = N4NP/(NAu·t) (1) where 

N4NP denotes the amount in mols of 4-nitrophenol converted to 4-aminophenol, NAu the amount in mols 

of Au, and t the time. 
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RESULTS 
  

PART - 1  

SYNTHESIS OF AU NPS AND SIZE-DEPENDENT OPTICAL PROPERTIES 
 

Figure 1A-C shows TEM images for the Au NPs samples obtained after the three stages of growth. First, 

Au NPs seeds were obtained by the reduction of AuCl4
-
(aq) in the presence of citrate, as depicted in Figure 

1A. Then, they served as physical templates for further Au growth by producing Au NPs that are larger in 

diameter relative to the Au NPs seeds (Figure 1B). Similarly, a second deposition step was carried out 

employing the Au NPs obtained after the first deposition step as seeds for further growth (Figure 1C). As 

shown in the TEM images (Figure 1A-C), the diameter of the Au NPs corresponded to 15 ± 2.2, 26 ± 2.4, 

and 34 ± 3.0 nm for the Au NPs seeds, Au NPs after the first deposition step and, Au NPs after the second 

deposition step, respectively. This result indicates that the described approach was effective to produce 

Au NPs with well-controlled sizes. It is important to note that, in all cases, the Au NPs were spherical and 

relatively monodisperse. 

  

  

  

 
  

Figure 2A shows digital photographs from the starting AuCl4
-
(aq) solution (shown on the left) and aqueous 

suspensions containing Au NPs 15 ± 2.2, 26 ± 2.4, and 34 ± 3.0 nm in diameter (shown from left to right, 

respectively). The red color displayed by the suspensions containing Au NPs (while the solution 

containing AuCl4
-
was light yellow) illustrate the change in optical properties due to the formation of Au 

http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig01a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig01a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig01a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig01b
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig01c
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig01a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig02a
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NPs. The vivid color difference between bulk and nanosized Au NPs makes the SPR excitation easy to 

measure and visually appealing to undergraduate students. It can also be visualized that the Au NPs 

suspension became gradually darker as their size was increased. The UV-VIS extinction spectra are in 

agreement with these observations (Figure 2B). While the starting AuCl4
-
(aq) solution did not display any 

detected signals in the visible range in the employed concentration range, all Au NPs displayed a 

relatively broad band centered at 522 nm. This band is assigned to the dipole mode of the localized 

surface plasmon resonance (LSPR) excitation in Au NPs.
23

 The LSPR band became more intense with 

size as expected from the increased contribution from scattering to the extinction.
16

 Therefore, both the 

digital photographs and UV-VIS spectra could be employed to illustrate the size-dependent optical 

properties of Au NPs. 

 

 
  

As the described synthesis procedures are reproducible, only one set of samples (from one group, for 

example) can be submitted to TEM analysis so that the entire class can use the same TEM results. This 

can be performed from one week to another and be provided to the students for the second part of the 

experiment. In addition to TEM, the students can also calculate the NPs size from the UV-VIS extinction 

spectra according to the following equation: 

 

 
 

where d is the diameter and λ the SPR wavelength.
26

 Indeed, the results calculated from this equation 

agreed with those obtained from the TEM results (d = 14.8, 24.1, and 31.8 nm for Au NPs 15 ± 2.2, 26 ± 

2.4, and 34 ± 3.0 nm, respectively). 

 

 

 

 

 

http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig02b
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PART- 2 AND 3 
  

SIZE-DEPENDENT CATALYTIC ACTIVITIES AND DATA ANALYSIS 
 

The catalytic activities of Au NPs were evaluated employing the reduction of 4-nitrophenol by sodium 

borohydrideas a model reaction. The hydrogenation of 4-nitrophenol was chosen due to several factors:  

 

i) it is well-established that it can be catalyzed by noble metal nanoparticles due to the particle-

mediated electron transfer from borohydride ions to 4-nitrophenol; 

ii) the product from this transformation, 4-aminophenol, is an important intermediate in the synthesis 

of analgesic and antipyretic drugs 

iii) wastewaters generated from several industries (such as explosives and dyestuffs) contain 4-

nitrophenol; 

iv) the color changes associated with the conversion of 4-nitrophenol to 4-aminophenol enables one to 

easily monitor the reaction kinetics by UV-VIS spectroscopy. 

 

Here, an excess of sodium borohydride was employed so that 4-nitrophenol is converted to 4-

nitrophenolate ions, as shown in Figure 3A (the concentration of sodium borohydride was 2000 folds 

higher relative to 4-nitrophenol). This transformation is accompanied by a change in color from pale 

yellow to dark yellow as well as a shift in the absorbance peak from 317 nm (for 4-nitrophenol) to 400 nm 

(for 4-nitrophenolate ions) in the UV-VIS spectra (Figure 3B). Under this condition, the reaction kinetics 

approaches the pseudo-first-order regime, in which the variation in the concentration of sodium 

borohydride during the reaction becomes negligible. Thus, the decrease in the absorbance for the band at 

400 nm can be employed to monitor the reaction kinetics (extent of the reaction) and the rate constants 

can be estimated from the slope of the linear correlation between ln(Ct/C0) and time according to the 

following equation, which represents the pseudo-first-order rate law: 

 

 
 

 

http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig03a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig03b
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where At correspond to the absorbance at 400 nm as a function of the time t; A0 the initial absorbance, 

and k the rate constant. The pseudo-first-order rate law can be expressed as: 

 
 

where C is the concentration, and integrated to give: 

 
 

As the Beer-Lambert law gives: 

 
 

where e is the molar absorptivity of the substance and b the optical path, Equation 2 is then obtained by 

replacing 5 into 4. 

 

Figure 4 shows the plots of ln(Ct/C0) and the UV-VIS absorption spectra as a function of time for the Au 

NPs that were 15 ± 2.2 (Figure 4A and B), 26 ± 2.4 (Figure 4C and D), and 34 ± 3.0 nm in diameter 

(Figure 4E and F). As all catalytic investigations were performed employing the same concentration of 

Au, and the differences in catalytic activity can be associated with the variations in size and thus available 

surface area for catalysis. In all cases, the decrease in the intensity of the band at 400 nm with time was 

observed due to the consumption of 4-nitrophenolate ions. It can be detected that the disappearance of the 

band at 400 nm became slower as the Au NPs size increased, in agreement with the decrease in catalytic 

activity with size.  

 

The calculated rate constants (k) decreased as the Au NPs size increased, and corresponded to 0.0150 ± 

0.0008, 0.0146 ± 0.0012, and 0.0107 ± 0.0010 s
-1

 for Au NPs 15 ± 2.2, 26 ± 2.4, and 34 ± 3.0 nm in 

diameter, respectively. Interestingly, the decrease in the catalytic activity as the size increased from 15 to 

26 nm was less pronounced as compared to the decrease in catalytic activity as the size increased from 26 

to 34 nm. It is noteworthy that no changes in the 400 nm band intensity were observed under similar 

conditions in the absence of Au NPs, indicating that the presence of the catalyst is essential for the 

reaction to take place in this timeframe (no reaction occurs in the absence of catalyst under similar 

conditions). 

  

http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig04a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig04a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig04a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig04b
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig04b
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig04c
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig04c
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Another parameter that can be employed to describe the catalytic activity of Au NPs is the TOF (turnover 

frequency). The TOF can be defined as the number of completed catalytic cycles per atom of the catalyst 

as a function of time.
31

 Here, the TOF was calculated according to the equation 2: 

 

 
 

where N4NP denotes the amount in mols of 4-nitrophenol converted to 4-aminophenol, NAu the amount in 

mols of Au, and t the time. N4NP was calculated from a UV-VIS calibration curve for 4-nitrophenolate 

concentration as depicted in Figure 5A. Figure 5B shows the calculated TOF as a function of time for Au 

NPs. 

 

 TOF values decreased with the increase in the Au NPs size, in agreement with the decrease in catalytic 

activity with size. In this case, while a slight decrease in the TOF values was observed as the Au NPs size 

increased from 15 to 26 nm, TOFs for Au NPs 34 nm in diameter were notably smaller. While Au NPs 15 

and 26 nm in diameter reached the maximum TOF (TOFMAX) at ~ 26 s, this value corresponded to 91 s for 

Au NPs 34 nm in size. Table 1 summarizes the catalytic activities estimated as a function of Au NPs size 

and specific surface area. The specific surface area (S) was calculated according to the equation 3: 

 

 
 

 

http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig05a
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#fig05b
http://www.scielo.br/scielo.php?script=sci_arttext&pid=S0100-40422014001000023#tab01
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where R corresponds to the Au NPs radius, and dAu to the density of gold (19.32 × 10
6
 g/m

3
). Because in 

the proposed laboratory experiment we wanted to demonstrate students how the catalytic activity is 

dependent upon the size of metal nanoparticle catalysts, we believe this concept can be more easily 

visualized/illustrated by calculating the turnover frequency as a function of the Au concentration. In this 

case, as the diameter of the Au NPs increased, the surface area and thus the catalytic activity decreased 

(as expressed by the TOF and pseudo-first order rate constants). 

 

It is important to note that students are encouraged to experiment with Au NPs of all size regimes. While 

the rate constants were similar for Au NPs 15 and 26 nm in size, a decrease was still observed. Moreover, 

it is worth showing students that the rate constants do not simply decrease linearly as the Au NPs size 

increases. Finally, there is a noticeable change in optical properties as Au NPs size increase from 15 to 26 

nm. 
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CONCLUSIONS 
We proposed herein an undergraduate level activity that consists on three main parts, involving the 

synthesis of Au NPs of controllable sizes followed by the investigation of their size-dependent optical 

properties and catalytic activity. In the first part of the activity, students perform the synthesis of three Au 

NPs samples having different (increasingly bigger) sizes by a seeded growth approach. In this case, 

spherical Au NPs 15 ± 2, 26 ± 2, and 34 ± 3 nm in diameter were obtained. In the second part of this 

activity, students qualitatively and quantitatively investigate the variations in the optical properties due to 

the formations of Au NPs and also as a function of their size (by both visual inspection and UV-VIS 

spectroscopy). In the last part of the experiment, students employ the reduction of 4-nitrophenol by 

sodium borohydride as a model reaction to investigate the size-dependent catalytic activity of the 

synthesized Au NPs suspensions. The reduction of 4-nitrophenol to 4-aminophenol can be monitored by 

the decrease in the absorbance at 400 nm (assigned to 4-nitrophenolate ions) in the UV-VIS spectrum as a 

function of time, and the rate constants can be calculated by a pseudo-first-order rate law. This 

experiment encompasses concepts on the synthesis, stabilization, and characterization of Au NPs, their 

unique size-dependent optical properties and catalytic activities, the role of catalyst, and chemical 

kinetics. This provides students the opportunity to integrate these multidisciplinary concepts in a single 

activity and to get introduced/familiarized with an active research field and current literature in the areas 

of nanoparticle synthesis and catalysis. 

  

LAB QUESTIONS  
1. Why does the reduction of AuCl4 - (aq) by sodium citrate under the employed conditions yield 

nanoparticles as opposed to the bulk element? Which one (nanoparticles or bulk element) would 

you expect to be more thermodynamically stable under ideal conditions? What is the role of sodium 

citrate in the synthesis of Au NPs?  

2. Sketch the surface plasmon resonance phenomenon for an individual spherical nanoparticle 

(metallic). Consider the interaction between the electric field component from an incoming 

electromagnetic wave and conduction electrons in the metal nanoparticle. Propose an explanation 

for the variation in the color from the suspensions containing the Au NPs as a function of size. 

Present the UV-VIS spectra recorded from the AuCl4 - (aq) and Au NPs suspensions in a single 

plot.  

3. Which rate law best described the reaction kinetics for the hydrogenation of 4-nitrophenol? 

Explain. 4. How you can calculate the rate constants for the reaction employing each catalyst from 

the recorded data? Present your calculations of rate constants and TOF. Present the plots describing 

the variation in the UV-VIS spectra with time in all cases and also the plots employed to estimate 

the rate constants.  

5. What is the definition of a catalyst? What did you observe when the hydrogenation of 4-nitrophenol 

was performed in the absence of Au NPs?  

6. Considering that the synthesized Au NPs were 15 ± 2.2, 26 ± 2.4, and 34 ± 3.0 nm in diameter, 

respectively, and that the Au concentration was the same in all catalytic tests, calculate the specific 

surface area available for catalysis, expressed as m2 /g, in each case (for each nanosphere sample). 

Use this result to describe the variations in catalytic activity for the Au NPs samples. 

7. Propose a mechanism for the 4-nitrophenol reduction reaction in the presence of Au NPs. What is 

the role of Au in this reaction? Would other metals also display catalytic activity towards the 4-

nitrophenol reduction? Explain. 
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VERIFICATION OF BEER’S LAW 
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EXPERIMENT – 1 
 

VERIFY BEER’S LAW FOR KMNO4 AND K2CR2O7 SOLUTIONS  

USING PHOTOELECTRIC ABSORPTIOMETER AND MEASURE 

CONCENTRATIONS IN THEIR SOLUTIONS OF UNKNOWN 

CONCENTRATIONS. 
 

REQUIREMENTS    
Photoelectric absorptiometer such as supplied by Hilger and Elico and other companies. Set of filters, two 

50 ml pipettes, two burettes. Standard solutions: 2x10
-3 

M K2Cr2O7, 2x10
-3 

KMnO4, 1.0 M H2SO4.     

 

PROCEDURE 
Switch on the instrument. Wait for 10 to 15 minutes so that the instrument acquires temperature   

stability. 

 

The intensity of light from the lamp depends on the environmental temperature. 

 

Choice of filter: Fill the solution cell with pure solvent. Visually choose filters of colours complementary 

to the colour of the solution as shown in Table 1. 

 

Table 1: Complementary colours for absorptiometry 

 

Solution colour Complementary filter colour Filter transmitted wavelength (ml) 
 

Yellowish green Violet  400-435 
Yellow Blue 435-480 
Orange Greenish blue 480-490 
Red Bluish green 490-500 
Purple Green  500-560 
Violet Yellowish green 560-500 
Blue Yellow 580-585 
Greenish blue Orange 595-610 
Bluish green Red 610-750 

 

Insert one of the chosen filters in the optical path. Adjust the diaphragm or shutter to a setting which gives 

100% transmittancy for the solvent and the filter used. Now remove the solvent from the cell. Rinse it 

with the solution to be measured and then fill it with this solution. Read the transmittancy of the solution 

and record it. Repeat all these steps with each of the possible filters. 100% transmittancy will need a new 

adjustment for each filter. The filter for which the given solution shows the least transmittancy is the most 

absorbing for it and it is selected for further work. Note down the filter used. 

 

SETTING UP A CALIBRATION CURVE 
After the filter with maximum absorbing power has been selected, it is kept mounted in the 

absorptiometer. The diaphragm/shutter setting for 100% transmittancy with the pure solvent is not altered 

during the rest of the measurements. 

 

From the standard solution of K2Cr2O7 following dilutions are made using pipettes and burettes and 

labeled test tubes. 
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Soln. A : 50 ml of 2 x 10 
-3

 M K2Cr2O7  + 50 ml of water. 

  

Soln. B : 50 ml of 2 x 10 
-3

 M K2Cr2O7  + 50 ml of 1 . 0 M H2SO4 

  

Sample no. 1 2 3 4 5 6 7 

Standard Soln. A (ml) 0 2 4 5 6            8 10 

Water (ml) 10 8 6 5 4 2 0 

 

Similar dilutions of Soln. B are carried  out with 0.5 M H2SO4 instead of water. 

 

Fill these solutions in the solution cell one by one after rinsing with the respective solutions. Start with the 

dilutes solution. Record percent transmittance and optical density for two fillings of each solution. Take 

data for solutions of unknown concentration also. 

Record temperature before and after the measurements. These should not be much different. 

 

Draw graphs for 

   

(i) Transmittance against concentration. 

(ii) Optical density against concentration. 

 

Repeat  experiment for solutions of each substance in water and in the presence of 0.1 M sulphuric acid. 

 

DATA RECORDING 
 

Temperature: (i) Before expt……. (ii) After expt…………. 

Colour of solution …………………... 

Filter used …………………... 

Colour of filter …………………... 

Filter transmittancy …………………... Optical density 

(for standard solution) 

 

Solution. Concentration C Transmitting Optical density 
No Mol/L T  A 

1. ……………………………  …………………………… …………………………… 
2. …………………………… …………………………… ……………………………  
3. …………………………… …………………………… …………………………… 
Unknown                            ?        
   

 

RESULT 
The basic relationships of photometry in solutions are 

 

                                                                 (Beer’s law) 
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Where;      
A = Absorbance 

ε = Extinction coefficient 

IO = Initial intensity of light 

I         =    Intensity after absorption 

T = Transmittance 

C = Concentration 

 = Optical path in solution 

 

According to the above equations, a graph plotted between transmittance T and moles per litre (or even 

grams per litre) C, will be an exponential curve (Fig. 1 and a graph between absorbance A and 

concentration C will be a straight line passing through the origin. This latter graph is a more convenient 

one for checking applicability of Beer’s law. 

 

                       
 

Transmittance 

 

 
 

Absorbance (Optical density) 

 

Fig. 1  Beer’s law plots: C vs. (a) T, (b) A. 

 

An examination of the graph for various experiments will show that while KMnO4 solutions in water and 

in the acid medium obey Beer’s law, aqueous solutions of K2Cr2O7 do not obey the law. It is because of 

the hydrolysis 

 

Cr2O7
2-

 + H2O  2CrO4
2-

 + 2H
+ 

 

On adding excess of acid, hydrolysis is prevented and K2Cr2O7 solutions also obey the law. 

Concentrations in unknown solutions can be found by either intrapolation from the graph or by using 

absorbance data and ,  values from slopes of linear graphs. 
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EXPERIMENT - 2 
 

VERIFICATION OF BEER – LAMBERT’S LAW & DETERMINATION  

OF DISSOCIATION CONSTANT (Ka) OF METHYL RED, 

SPECTROPHOTOMETRICALLY 
 

AIM 
To verify Beer - Lambert’s law and to determine the dissociation constant (Ka) of methyl red, 

Spectrophotometrically.  

 

THEORY 
Absorption spectroscopy can be used to quantify the absorbing species present in the sample. The greater 

the quantity of absorbing species present, the greater will be the extent to which the incident light will be 

absorbed. When a beam of monochromatic light falls on a substance, apart of it is absorbed and the rest is 

transmitted. The intensity of the transmitted light is decreased. According to Lambert's law, decrease in 

intensity (-dI) is proportional to the thickness of the medium (dl) and intensity of incident light (I). Beer 

extended this law towards solutions (and gases). In such cases decrease in intensity is also proportional to 

molar concentration (C). So, 

 

-dI = K. I. dl. C (K is a constant) 

Beer - Lambert’s law states that for a solution, the absorbance of the sample (A) is given by: 

A = log (Io / I) = ε C l = O. D. 

 

Where; 

Io is the intensity of the incident light, 

I is the intensity of the transmitted light,  

ε is the molar absorptivity (characteristic of the absorbing species), 

C is the molar concentration of the absorbing species in the sample, 

l is the distance that the incident radiation travels through the sample. 

log (Io / I) = Optical density or Absorbance  

 

Since ε depends on wave length of the light and nature of the substance so for a given substance at a 

given frequency and in a given photochemical cell (l = constant), O.D. = constant * C. 

 

 Hence, a plot of O.D. Vs C will be a straight line through origin. This is Beer's law. Absorbance has no 

units. If 'l' is expressed in cm, and 'C' in mol dm-3, then 'ε' has the units of mol-1 dm3 cm-1. A linear plot 

of absorbance versus concentration would verify the BeerLambert’s Law. 

 

MATERIALS REQUIRED  
Spectrophotometer with cells; pH meter with glass electrode, Burette (50 ml); Pipettes (10 ml, 25 ml); 

Standard Volumetric flasks (100 ml, 50 ml); Conical flasks (100ml); HCl (0.1 M, 0.01 M); Acetic acid 

(0.02 M); Sodium acetate (0.04 M, 0.01 M); Potassium permanganate stock solution (0.005M); Methyl 

red indicator stock solution (0.1 %); 95% ethanol, NaOH (0.1 N); oxalic acid (0.1 N); distilled water.  
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PART –I 

VERIFICATION OF BEER – LAMBERT’S LAW  
 

PROCEDURE  
1.  A stock solution of 0.001 M is to be prepared for 100 ml. From this solution, 10 ml is pipetted out 

into a 100 ml standard flask and make upto the mark with distilled water. This is the standard 

solution of 0.0001 M KMnO4 solution.  

2.  Record the visible spectrum of this solution (0.0001 M KMnO4) in the wavelength range of 350 nm 

to 800 nm (at the intervals of 10 nm to get maximum wavelength i.e., λmax ). Note your results in 

table 1.  

3.  A plot of Absorbance (A) vs Wavelength (nm) gives λmax. 

4. Prepare 10 ml solutions of the following proportions of KMnO4 solution given in the table 2, from 

the standard solution. 

5. Measure the absorbance (A) at λmax for each of the solutions prepared in Step 4, and for the 

unknown solution of KMnO4 also. Note your results in table 2. 

 6. Plot a graph between Absorbance (y-axis) vs Concentration (x-axis).  

 

Table 1: Determination of λmax for 0.0001 M KMnO4 

 

S.No. Wavelength λmax Absorbance (A) 

   
 

Table 2: Absorbance of KMnO4solutions at λ solutions at λmax(...............nm) 

 

S.No 
Volume of 0.0001 M KMnO4 (ml) Volume of Water (ml) 

Concentration of Absorbance (A) 
KMnO4 (ml) 

1 10 0.0   

2 7.5 2.5   

3 5 5.0   

4 2.5 7.5   

5 1 9.0   

6 x y   

 

RESULTS  

1. λmax for 0.0001 M KMnO4 solution    =    ........................nm  

2.  Concentration of Unknown solution  =      ....................M 

3.  Comment on the nature of the graph(s) 

 

PART – II 

DETERMINATION OF DISSOCIATION CONSTANT  
 

AIM  
To determine the dissociation constant (Ka) of methyl red indicator.  

 

THEORY  
An acid-base indicator is a compound that has a certain colour in acidic medium, and another colour in 

basic medium. An acid- base indicator is generally a water soluble, weakly acidic organic molecule. In 

aqueous solution, it exists in the following equilibrium  

: H2O (aq) + HIn (aq) ⇔ H+ (aq) + In - (aq)                         (1)  

(acid )                     (conjugate base) 
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 For a very dilute solution, the activity of water is nearly unity.  

The dissociation constant of the acid indicator ( pKa ) is given as :  

 

Ka = [H+ ] . [In
-
 ] / [HIn] (2) 

 

 or  

 

log Ka = log [H
+
 ] + log [In

-
 ] / [HIn]     (3) 

 

Rearranging equation (3), we get: 

 

pH = pKa + log [In
-
 ] / [HIn] (4) 

 

Absorption spectroscopy can be applied to obtain the value of pKa .  

 

When pH is less than pKa , the indicator is mainly in the acidic form, and the species HIn is responsible 

for the absorbance reading, AHIn .  

 

When pH is greater than pKa , the indicator is mainly in the basic form, and the species In– is responsible 

for the absorbance reading, AIn
-
 .  

 

At some intermediate pH value, the absorbance (A), is the sum of the individual absorbances due to HIn 

and In
-
 .  

 

If α is the degree of dissociation of the indicator, then 

 

α / (1 – α) = [In
-
 ] / [HIn] (5)  

 

and  

 

A = (1 – α) HIn + α In
-
            (6) 

 

Rearranging equation   (6), we get :  

 

α / (1 – α) = (A - HIn) / (In
-
 - A ) (7) 

 

Substituting equation (7) in equation (5) and equation (4), we get : 

 

pH = pKa + log [(A - HIn) / (In- - A )]  (8)  

 

That implies,  

 

pKa = pH – log [α / (1 – α)]          (9)  

 

A plot of pH (y-axis) versus log [(A - HIn) / (In
-
 - A )] (x-axis) will be linear, with pKa as the intercept on 

the y-axis. 
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ROCEDURE  
 

Step – A:  
1.  Standardize the NaOH solution using standard oxalic acid (0.1 N).  

2.  Using this NaOH solution, standardize the acetic acid solution.  

3.  Determine the concentrations of each solution by performing an acid-base titration using 

phenolphthalein indicator.  

 

Step – B:  
1.  A stock solution of the indicator is prepared by dissolving 0.1 g crystalline methyl red in 30 ml of 

95% ethanol and then diluting to 100 ml with distilled water. Then prepare the following solutions 

carefully.  

2.  A standard solution of the indicator is prepared by transferring 5 ml of the stock solution of 

indicator made up to 100 ml with distilled water. 

3.  Solution A: 10 ml of the standard solution of the indicator is taken with 10 ml of 0.1 M HCl and 

the mixture is diluted to 100 ml with distilled water. Its pH will be ~2.0. At this pH, methyl red will 

be practically in undissociated (molecular) form (AHIn ). 

4.  Solution B: 10 ml of the standard indicator solution is taken with 25 ml of 0.04 M CH3COONa and 

the mixture is diluted to 100 ml with distilled water. Its pH will be ~8.0. At this pH the indicator 

exists almost entirely in the ionic form (AIn
-
).  

5.  Solution C: Following 4 buffered solutions (100 ml / 50 ml each) of different pH are made 

containing the same quantity of the indicator given in table 4, in a clean and dry standard flasks. 

Determine the pH of each solution using pH meter. Determine the absorbance of Solutions A, B 

and C against a blank distilled water over the range 400-600 nm at intervals of 10 nm. Plot 

absorbance aganist wave length and determine the wave length of maximum absorption for each 

solution. All these curves intersect at a common point known as the isosbestic point. At this wave 

length, the observed absorbance is independent of relative amounts of molecular (AHIn) and ionic 

(AIn
-
) forms present but depends only on the total amount of indicator present in the solution. 

6. Now, measure out 40 ml, 25.0 ml and 10.0 ml of solution A into separate 50 ml volumetric flasks 

and dilute with 0.01 M HCl solution upto the mark. 

7.  Similarly, measure out same volumes of solution B into separate 50 ml volumetric flasks and dilute 

with 0.01 M CH3COONa solution upto the mark.  

8.  Determine the absorbance of each of the buffer solutions and of solutions A and B against a blank 

distilled water over the range 400 nm - 600 nm at intervals of 10 nm.  

9.  Plot the absorbance versus relative concentration of the indicator for each case in A, B and C and 

obtain the values of the absorbances at relative concentration of 1.0.  

10.  Calculate the relative amounts of the acid and base forms of the indicator in the solutions in C as a 

function of pH and hence calculate the pKa value of the indicator. 

 

Table 3:   Determination of λmax  

 

S.No. Wavelength λ (400 – 600) nm                                Absorbance (A) 
Soln A         soln B        C1          C2          C3          C4 
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Table 4: 

 

S.No. Vol. of 
Std(ml) 

Vol. of 0.04 M 
ACONa(ml) 

Vol. of 0.02 M 
ACOH(ml) 

Vol. of 
H2O(ml) 

pH Absorbance 
AA(λmax)        AB(λmax) 

C1 10 25 50 15   

C2 10 25 25 40   

C3 10 25 10 55   

C4 10 25 5 60   

C5 10 25 x y   
 

 

Table 5: 

 

S.No. Solution Relative 
concentration 

Absorbance at  λmax 
Solution A                    Solution B 

1 A1 0.8  

2 A2 0.5  

3 A3 0.2  

4 B1 0.8  

5 B2 0.5  

6 B3 0.2  

 

OBSERVATIONS AND CALCULATIONS 
Room Temperature    = ..................

o
C. 

Selected Filter (or wavelength), λmax     = ............... 

 

From the graph of absorbance versus relative concentration for each of the two sets of 

solutions A(A1, A2, A3) and B(B1, B2, B3) at the particular wave length of λmax. (from Table 3) 

 

dAHIn  =  slope of absorbance of A versus relative concentration at λmax (A)  

dAIn
-
  =  slope of absorbance of A versus relative concentration at λmax (B)  

dBHIn  =  slope of absorbance of B versus relative concentration at λmax (A) 

 dBIn
-
  =  slope of absorbance of B versus relative concentration at λmax (B)  

 

where;  dAHIn , dAIn
-
 , dBHIn , dBIn

-
 are the absorbance values at relative concentration 1.0.  

 

The relative amounts of HIn and In
-
 can be calculated from the given equations: 

AA = dAHIn [HIn] + dAIn- [In
-
]  

BB = dBHIn [HIn] + dBIn- [In
-
]  

 

By solving the above equations simultaneously, we get 

[HIn]   =    dBIn- . AA – dAIn- . AB 

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

                dBIn- . dAHIn – dAIn . dBHIn  

 

[In-]   =    dBHIn . AA – dAHIn . AB  

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

               dBHIn . dAIn- - dAHIn. dBIn-
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Table 6  

Solns [HIn] [In-] [In-]/[HIn] log[In-]/[HIn] pH pKa = pH - log [In-]/[HIn] 

 

 

A plot of pH versus log[In
-
]/[HIn] was obtained.  

The intercept on y-axis gives the value of the dissociation constant (pKa), i.e., Indicator constant. 

Mean Value of pKa     =     .................................. 

Ka = antilog (- pKa)  =     .................................. 

 

RESULTS 
Dissociation constant (Ka) of methyl red indicator = …………... (Theoretical). 

    = …………... (Graphical). 
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