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Experiment 1 
CHEMICAL MASTERMIND 
 
 
Objectives 
 To observe the changes that occur when certain ions react with one another. 
 To learn how to use such changes to identify ions.  
 
Reagents 

HgCl2 (mercuric chloride), Pb(Ac)2 (lead acetate), Ba(NO3)2 (barium nitrate), KI (potassium 
iodide) , Na2CO3 (sodium carbonate), and Ca(NO3)2 (calcium nitrate), CuCl2 (copper (II) 
chloride), CuSO4 (copper (II) sulfate. 

 
Material 

Wax paper 
 
Procedure 
 
Part I: 
 You may be familiar with the game of mastermind, in which you have to guess a color 
sequence of pegs within a certain number of steps.  In this experiment, you will play the game of 
chemical mastermind. 
 
 Here are the rules of the game: 
 
1. Six solutions are labeled A, B, C, D, E, F. Each solution may contain any one of the 

following substances: HgCl2 (mercuric chloride), Pb(Ac)2 (lead acetate), Ba(NO3)2 (barium 
nitrate), KI (potassium iodide) , Na2CO3 (sodium carbonate), and Ca(NO3)2 (calcium 
nitrate), but you do not know which solution contains which. 

2. Each solution contains ions.  For example, mercuric chloride contains the mercuric ion and 
the chloride ion.  The particular solutions have been chosen such that when any two 
solutions are mixed, the different ions react to form a new product.  The chemical reaction 
is indicated by changes, such as a change in color or the appearance of a solid or both. 

3. The new product may be any of the following: 
HgCO3 Mercuric carbonate Rust-colored solid 
HgI2 Mercuric iodide Orange solid 
PbCO3 Lead (II) carbonate White solid 
PbCl2 Lead (II) chloride White solid 
PbI2 Lead (II) iodide Pale yellow solid 
BaCO3 Barium carbonate White solid 
CaCO3 Calcium carbonate White solid 

4. The object of the game is to identify the different substances A, B, C, D, E, F by mixing them 
together in different combinations and observing the products that form. 
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5. Take a piece of paper of the same size as the wax paper.  Draw a 6 x 6 grid and label the 
grid.  See DATA AND RESULTS for the pattern. 

6. Place the wax paper over the grid you just made. 
7. Place 1 drop each of 6 unknowns in the different squares of the grid as follows: 

a) Put 1 drop of solution A in each square of row A (horizontal). 
b) Then add 1 drop of solution B in each square of row B (horizontal). 
c) Repeat until all the horizontal rows have been "filled" with solutions. 
d) Do similarly for each vertical column. 

8. Record your observations. 
9. To differentiate between Ca(NO3)2 and Ba(NO3)2, add 1 drop of 3M H2SO4.  BaSO4 is a white 

precipitate that forms from the reaction of Ba(NO3)2 and H2SO4. 
10. Ca2+ ions do not form a precipitate with H2SO4.  
 
Part II 
  

The procedure is the same as above but we will be using the following solutions:  
potassium chloride, KCl; silver nitrate, AgNO3; barium nitrate, Ba(NO3)2; copper (II) chloride, CuCl2; 
and copper (II) sulfate, CuSO4.  In addition, you need to know that silver chloride; silver sulfate and 
barium sulfate are white precipitates.  You should also be aware that copper salts in solution give 
the solution a clear blue color. 
 
 
Questions: 
 
1. Think about this experiment as a whole.  Which observations did you find most useful in 

leading you to your conclusion? 
2. Try to think back on this experiment and recall any observation that you may have made but 

did not think it important enough to write down.  What are these, if any? 
3. If there were observations you made but did not record, how did that affect your work?



 

 

1   CHEMICAL MASTERMIND  

Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 
 
 

Part I:  Observations 

 A B C D E F 

A       
B       
C       
D       
E       
F       

 
Identification of Unknown solutions: 
 
A / ___ = ___________________________________ 
 
B / ___ = ___________________________________ 
 
C / ___ = ___________________________________ 
 
D / ___ = ___________________________________ 
 
E / ___ = ___________________________________ 
 
F / ___ = ___________________________________ 
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Part II:  Observations 

 
 
 

1 2 3 4 5 

1 
 
 

     

2 
 
 

     

3 
 
 

     

4 
 
 

     

5 
 
 

     

 
Identification of Unknown solutions: 
 
1 / ___ = ___________________________________ 
 
2 / ___ = ___________________________________ 
 
3 / ___ = ___________________________________ 
 
4 / ___ = ___________________________________ 
 
5 / ___ = ___________________________________ 
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Experiment 2 
SURFACE TENSION 
 
 
 
Objectives 
 
To measure the surface tension of different liquids using the capillary rise method. 
 
Reagents  
 
water, 1-propanol, acetone and hexane 
 
Materials 
 
capillary, cylinder 
 
Introduction  
 
Molecules at the surface of a liquid experience non-uniform intermolecular forces compared with those 
in the bulk, as shown in Figure 1 below: 
 
 
        
 
 
 
 
 
 
 
 
 
 
 A molecule in the bulk of the liquid is surrounded by molecules, and therefore experiences 
uniform intermolecular forces around it. In comparison, the surface molecule experiences the 
intermolecular forces only on one side of it. Thus, the tendency of the liquid is to pull the surface 
molecule towards the bulk. These unbalanced forces at the surface cause the surface molecules to be 
in “tension.” Hence, the liquid in air tends to have the smallest surface area as possible (which explains 
why drops adopt a spherical shape). As another consequence, increasing the liquid’s surface area 
would be energy-requiring.   The energy expended on exposing a unit square meter of a liquid’s 
surface is the so-called surface free energy. Or, alternatively, the surface free energy is also equivalent 
to the surface tension (force per unit length) which is the force required to generate a new surface 
across a given length as shown in the diagram in Figure 2. 
 
  
 

 
      SURFACE MOLECULES 
 
 
 
 
     BULK MOLECULES 
 
 
Figure 1.  Schematic showing intermolecular forces directions for molecules at the surface and bulk of the 
liquid. 



 
 

  - 6 - 
 

 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
The Capillary Rise Method 
 
 In the capillary rise method, the liquid rises through a capillary to balance the pressure 
difference across the hemispherical meniscus as shown in Figure 3. ΔP is just equal to the pressure 
needed to support the height of liquid in the capillary tube: 
 

P ghρΔ =    (1) 
 
where ρ is the density of the liquid, g is the acceleration due to gravity, and h is the height of the liquid.  
Using the Laplace equation, we obtain: 
 

2

2

gh r
ghr

ρ γ
ργ

=

=
   (2) 

       
 
Equation 2 assumes that the capillary wall is completely wet by the solution (which necessitates that it 
is free of dirt and impurities).  You need to measure the density of each of the solutions used. 

 

 
 

 
Figure 2.  The force required to generate a new surface is proportional to the length l of the surface. 
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Assemble the set-up as shown in Figure 4. 
 

 
 
 
 
 
 
 
 
 
 

 
 
 
 
 
 
 
 
 
 
 
 
 
Procedure 
 Using the capillary rise method, measure the height of water in the capillary. Given that the 
surface tension of water at 250C is 71.99 x 10-3 N/m, calculate for the capillary radius. 

Once the radius is known, you can determine the surface tension of ethanol, 1-propanol, 
acetone and hexane using the same procedure as above. All glassware to be used for the solutions 
should be scrupulously clean or acid-washed. 
 Pour enough of the pure solution to the cylinder until the lowest marked level of the capillary is 
reached.  Replace the capillary tube with the rubber stopper and monitor the liquid rise to a certain 
level.  If equilibrium is reached (no changes in height is observed), measure the height. 
 In your data sheet, indicate the polarity of your solution and chemical structure of the 
compound concerned. 
 
Results and Calculations 
 Determine the density of the solution used from literature.  Calculate the surface tension using 
Equation (2). All measurements should be converted to SI units in order to obtain γ in N/m (which is 
equivalent to J/m2).  
 
Questions 

1. Discuss the results obtained in light of intermolecular forces occurring in your solution.   
2. How does density and capillary action affect the solution’s surface tension? 
3. Why should all glassware be thoroughly clean?  

 
Reference 
 
1. Modified procedure from Sime, R. J.  Physical Chemistry:  Methods, Techniques, and Experiments 
(Saunders, 1990). 

 

 

cylinder 

capillary 

solution 

Figure 4.  Set-up for 
capillary rise method. 

 

Figure 3.  The capillary rise 
method. 
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2   SURFACE TENSION  

Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 
 

Solution Polarity (Polar or 
Nonpolar) 

Chemical 
Structure 

Height (cm) Surface Tension 
(N/m) 

Water     

Ethanol     

1-propanol     

Acetone     

Hexane     
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Experiment 3 
FREEZING POINT DEPRESSION 
 
 
Objectives 
 
To determine the freezing point of fatty acid samples. 
To calculate the molar mass of an unknown sample using freezing point depression data. 
 
Reagents  
 
stearic acid, lauric, palmitic, or myristic acid,   
 
Materials 
 
water bath, thermometer, test tube, timer 
 
Introduction 
The addition of a solute to a solvent, in general, lowers the freezing point of the solvent. For a given 
solvent, the freezing point lowering is directly proportional to the concentration of particles dissolved in 
it.  For stearic acid, the solvent used in this experiment, the freezing point is lowered by 4.50C for each 
mole of solute particles per 1000 g of stearic acid. 
  
 In this experiment, you will determine the molecular weight of an unknown material dissolved in 
stearic acid.  From the observed freezing point lowering you will be able to calculate the molecular 
weight from the equation: 
 

ΔT = k m 
   Where Δ T is the freezing-point lowering, 
   k is the molal freezing-point depression constant (4.50C kg/mol) 
   m is the molality of the solution 
 
Procedure1 

 In one laboratory period students determine the freezing point of three fatty acid samples: pure 
stearic acid (ca. 4.5 g) and stearic acid with first 0.5 g, then a total of 1 g of an unidentified fatty acid 
(lauric, palmitic, or myristic) added. The students observe the depression in freezing point relative to 
the freezing point of the pure stearic acid and use the information to determine the molar mass, M, of 
their unidentified sample.  

A hot water bath (85–90 0C) is used to melt an accurately weighed sample of about 4.5 g of 
stearic acid in a test tube. The test tube containing the molten stearic acid at approximately 850C is 
removed from the heating bath and allowed to cool.  An alcohol-based thermometer is used to stir and 
measure the temperature of the mixture over a period of 8–10 minutes. Students record temperature 
data every 30 seconds.  After completion of the first cooling trial, the measuring procedure is repeated 
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one more time.  Next, an accurately weighed sample of about 0.5 g of an unidentified fatty acid is 
added to the stearic acid and the measuring procedure repeated. An additional aliquot of about 0.5 g of 
the same unidentified fatty acid is added to the mixture and the measuring procedure again repeated. 
Collected data are then analyzed to yield the molecular weight of the unidentified sample. 
 
Results and Calculations 
 For each trial, a cooling curve is constructed (Plot of Temperature (0C) vs. time (sec). Data are 
plotted in two separate series. The first series is where the temperature changes by more than 0.5 0C 
per 30 seconds and the second series is where the temperature changes by less than 0.5 0C per 30 
seconds. A best-fit line is drawn through each series. The temperature at which the lines intersect is 
approximately the freezing point of the mixture. Freezing points for each trial are determined, averaged, 
and used for calculations based on the equation,  

ΔTf  = kf m 
where ΔTf is the change in freezing point,  
kf is the cryoscopic constant for stearic acid, 4.5 0C kg_mole, 
m is the molality of the unidentified sample 

 
Questions 

1. How does the addition of another substance lower the freezing point?   
2. Discuss what you observe from your cooling curves in light of freezing point depression.  
3. Compare your obtained molecular weight with that of the expected molecular weight of 

your unknown.  What are the possible sources of error that may lead to deviation from the 
desired molecular weight? 

 
 
Reference 
1 Adapted from McCarthy, S.; Gordon-Wylie S. J. Chem. Educ. 2005, 82, 116-119. 
 
Paste your cooling curves here: 
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3   FREEZING POINT DEPRESSION  

Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 
 

Fatty Acid Sample Freezing Point 
Pure Stearic Acid (SA)  
SA + 0.5 g unknown fatty acid (UFA)  
SA + 1.0 g unknown fatty acid (UFA)  
 

Pure SA SA + 0.5 g UFA SA + 1.0 g UFA 
Time (sec) Temp (oC) Time (sec) Temp (oC) Time (sec) Temp (oC) 

      
      
      
      
      
      
      
      
      
      
      
      
      
      
      
      
      
      
      
      
 
 
Molecular Weight of unknown FA (g/mol):  _________________________ 
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Experiment 4 
RATE OF REACTION: CONCENTRATION AND  
TEMPERATURE 
 
Objectives 
 To find out how temperature and concentration affect the rate of reaction.   
 
Reagents 

0.1 M sodium thiosulfate (‘hypo’), distilled water, 2M hydrochloric acid. 
 
Materials 

Water bath, test tubes, 10 mL graduated cylinder, thermometer, watch with readout in 
seconds.  (Note:  students should bring their own watch.) 

 
Procedure 
 This experiment has two parts.  In the first part, we will study the effect of concentration on the 
rate of reaction and on the second part, the effect of temperature on the rate of reaction.  In both parts, 
we shall make use of the reaction of sodium thiosulfate with hydrochloric acid (See equation below). 
 
 3 Na2S2O3(aq)  +  2 HCl(aq)    4 S(s)  +  other products 
 

When the thiosulfate and hydrochloric acid are added together, the time it takes for sulfur to 
form can be taken as an indication of the rate of reaction of the two. 
 In the first part, if successive runs of the same amount of acid but different amounts of sodium 
thiosulfate solution are used, the time it takes for sulfur to form in the different runs gives us information 
on how the concentration affects the speed of reaction.  In the second part, we are going to study the 
rate of reaction at a fixed concentration of reactants but at different temperatures. 
  
Part I (Effect of concentration) 
1. Label the 5 test tubes A, B, C, D, E. 
2. Prepare sodium thiosulfate solution of different concentrations by mixing “hypo” solution and 

distilled water according to the table below. 
 

Solution 0.1 M Na2S2O3 Distilled water 
A 5 mL 0 mL 
B 4 mL 1 mL 
C 3 mL 2 mL 
D 2 mL 3 mL 
E 1 mL 4 mL 

 
3. To each solution, in turn, quickly add 5 mL of 2M HCl and immediately give it one hard vertical 

shake.  Take as time zero the time of the shake. 
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Watch for the first appearance of cloudiness.  (Cloudiness is best observed if the test tube is 
held against a dark background.)  Note the time (in seconds) when cloudiness first appears.  

4. Do three trials for each concentration of thiosulfate.  Clean the test tubes thoroughly with a test 
tube brush before using them again. 

5. Calculate the average time, t and average 1/t. 
6. Graph concentration of sodium thiosulfate vs. time and concentration of sodium thiosulfate vs. 1/t. 
 
Part II (Effect of Temperature) 
1. Prepare a stock solution of Na2S2O3 by measuring 30mL of 0.1M Na2S2O3 and adding to it 20 mL 

distilled water.  Mix well.  Use this solution for the following experiment.  (Note:  If 0.06 M Na2S2O3 
is available, you don’t have to prepare the stock solution, use the 0.06M directly.) 

2. Do the experiment at the following temperatures: 
Run 1: room temperature (rT) 
Run 2: 200C lower than room temperature 
Run 3: 100C lower than room temperature 
Run 4: 100C higher than room temperature 
Run 5: 200C higher than room temperature 
Note: appropriate mixing of ice-cold or hot water with tap water can prepare water baths at the 
desired temperatures. 

3. Perform each run twice. 
a) Place 5 mL Na2S2O3 stock solution in test tube A. 
b) Measure 5 mL 2M HCl into test tube B. 
c) Place both test tubes A and B in a water bath set at the desired temperature until the 

temperature of the solutions in the test tubes have reached the temperature of the bath (about 
5-10 minutes). 

d) Quickly add the hydrochloric acid (test tube B) to the sodium thiosulfate solution (test tube A).  
Shake once quickly and note the time.  Determine the time when the first sign of cloudiness 
appears. 

e) Repeat at the other temperature. 
4. Calculate the average time it takes for the reaction to occur and the average 1/t. 
5. Graph the reciprocal of average time, 1/t vs. temperature.  
6. Also graph ln (1/t) vs. 1/temp.  ln is the natural logarithm (logarithm to the base e). 
 
Questions 
1. From the graph, what is the relationship between concentration and time? 
2. From the graph, what is the relationship between concentration and the rate of the reaction, 1/t.  Is 

your answer here consistent with your answer above?  Explain. 
3. As a result of this experiment, can you say 

a. the rate depends on concentration 
b. concentration depends on rate 

c. both of the above 
d. neither of the above 

Explain. 
4. From your data, what is the relationship, between temperature and the rate of reaction?  Does this 

support or contradict the Kinetic Molecular Theory?  Explain your answer. 
5. Using your graph in temperature vs. 1/t, estimate the change in temperature needed to double the 

reaction rate; to decrease by half.  Is the change in temperature a constant value?  What is its 
significance?
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4   RATE OF REACTION: CONCENTRATION  
AND TEMPERATURE  

Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 
 
Part 1 
 

Solution Time (s) Average 
time, t Average 1/t Trial 1 Trial 2 Trial 3 

A      
B      
C      
D      
E      
 
 
Part 2 
 

Run Temperature, T Time (s) Average 
time, t (s) 

Average 1/t 
(1/s) Trial 1 Trial 2 

1 room temp (rT)     
2 rT - 200C     
3 rT - 100C     
4 rT + 100C     
5 rT + 200C     
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Experiment 5 
LE CHATELIER’S PRINCIPLE 
 
 
Objectives 
 To investigate two equilibrium systems:  (a) cobalt complexes and (b) chromate-
dichromate equilibrium and explain observations in light of the Le Chatelier’s Principle. 
 
Reagents 

Part 1 Part 2 
Cobalt Chloride (CoCl2) 0.1 M K2CrO4 
12 M HCl 0.1 M K2Cr2O7 
6 M HCl 0.1 M Ba(NO3)2 
1 M HCl 1 M NaOH 
NaCl solution 1 M HCl 
Ethanol  

 
Materials 

medicine dropper, 10-mL graduated cylinder, 250 mL Erlenmeyer flasks, test tubes. 
 
Introduction  
 

In laboratory courses, you might have several instances to observe a number of chemical 
reactions.  After certain period of time, many of these reactions appear to “stop” (colors stop 
changing, gases stop evolving, and etc.)  In several cases, the process apparently stops even 
before the reaction is complete, leading to a mixture of reactants and products.  The condition in 
which the concentrations of all reactants and products in a closed system cease to change with 
time is called chemical equilibrium.1  In this experiment, using Le Chatelier’s principle, we will 
observed several responses of a system at equilibrium to various changes in external conditions.   
In 1884, French Chemist Henri Le Chatelier and Karl Ferdinand Braun independently observed that 
chemical equilibrium tend to shift towards the condition that counter-acts the changes applied on 
the system.  These changes can be through varying the concentration of reactants/products, 
reaction temperature, volume or total pressure.  For instance: 
 

• If the concentration of a reactant is increased, the equilibrium position shifts to use up 
the added reactants by producing more products.  

• If the pressure on an equilibrium system is increased, then the equilibrium position 
shifts to reduce the pressure.  

• If the volume of a gaseous equilibrium system is reduced (equivalent to an increase in 
pressure) then the equilibrium position shifts to increase the volume (equivalent to a 
decrease in pressure)  

• If the temperature of an endothermic equilibrium system is increased, the equilibrium 
position shifts to use up the heat by producing more products.  
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Procedure 

 
Calibration of medicine dropper 
  
 In your 10-mL graduated cylinder, pour water until the 1-mL mark.  Using your medicine 
dropper, add water drop-wise until it reached the 2-mL mark. Note down the number of drops. 
 
Part 1: Cobalt Complexes2 

 
Co(H2O)62+ + 4Cl-  CoCl42- + 6H2O                  (Eq. 1) 

                                       pink           blue 
 

For each table, prepare solutions by dissolving 2 g of CoCl2 in a flask containing 100 mL of 
water.  In another flask, dissolve 2 g of CoCl2 in a flask containing 100 mL of ethanol.  Note down 
the color of the solution in each flask.   

Each individual, pour 2 ml of the ethanol-solution into a test tube and add just enough 
water to cause a color change. After noting number of drops and your observation, add 
concentrated HCl solution until it changes color. Note down number of drops and observation.  In 
another test tube pour 2 ml of the water-solution into a test tube add concentrated HCI until it 
changes color.  Note the amount of HCl added.  Do this also for 0.5 M HCl, 1 M HCl, 6 M HCl and 
0.5 M NaCl solution. Stop adding the solution if the amount added is more than 2-mL already. 
(Check calibration)   Note down your observation when each of the solutions were added. 
 
Part 2: Chromate-Dichromate Equilibrium3 

 

2 CrO42-(aq) + 2 H+ (aq)  Cr2O72-(aq) + H2O (l) (Eq. 2) 
 
1. Put approximately 1 mL (10 drops) of 0.1 M K2CrO4 (aq) solution into one clean test tube. Put 
about the same amount (10 drops) of 0.1 M K2Cr2O7 (aq) into a second test tube.  Record the color 
of each solution initially.  Add 1 M HCl drop by drop to each test tube until at least one of the tube 
changes color (maximum of 1-mL). 
2. Repeat the first part of step 1 with fresh solutions (you will now have four test tubes with colored 
solutions).   Record again the color of each solution.  Add 1 M NaOH drop by drop to each test 
tube until at least one of the tube changes color (maximum of 1-mL). 
3. To the test tubes from step 1, add 1 M NaOH drop by drop (maximum of 1-mL), noting any 
change in color. 
4. To the test tubes from step 2, add 1 M HCl drop by drop (maximum of 1-mL), noting any change 
in color. 
5. In another set of test tubes, put approximately 1 mL of 0.1 M K2CrO4 (aq) solution into one clean 
test tube. Add 2 drops of 1 M NaOH. Add 0.1 M Ba(NO3)2 (aq) ions drop by drop, until a change is 
noted. 
6. Put approximately 1 mL of 0.1 M K2Cr2O7 (aq) solution into one clean test tube. Add 2 drops of 1 
M HCl. Add 10 drops 0.1 M Ba(NO3)2 (aq) ions drop by drop noting any changes. 
7. To the test tube from step 5, add 1 M HCl drop by drop until a change is noted. 
8. To the test tube from step 6, add 1 M NaOH drop by drop until a change is noted. 
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9. In another set of test tubes, put approximately 1 mL of 0.1 M K2CrO4 (aq) solution into one clean 
test tube, and the same amount of 0.1 M K2Cr2O7 (aq) into another. Add no acid or base to either 
test tube, but add dropwise Ba(NO3)2 (aq) solution to each (maximum of 1-mL).  Record your 
observations, and compare them to the above results when you added HCl or NaOH before adding 
the Ba(NO3)2 (aq) ions.  Note down the number of drops used. 
 
Part III.  Temperature Effects4 
 
1.  Place 5 mL of 0.4 M CoCl2 into a small flask and add 3 mL of concentrated hydrochloric acid.  
Mix thoroughly. The solution should be magenta (red-violet) colored..  
2.  If the solution has a different color, add a few drops of water or HCl until a red-violet color is 
attained. Note that hydrogen ion and chloride ion are colorless. The solution now contains 
appreciable amounts of both major cobalt species in equation 1.  
3.  Divide the solution equally among three test tubes.  
4.  Maintain one test tube at room temperature, place the second in a boiling-water bath, and place 
the third in an ice bath. Observe.  
5.  Switch the hot and cold test tubes (after allowing them to return to room temperature) in order to 
determine whether the changes are reversible. 
 
Questions 
 

1. How can you say a reaction is in equilibrium?   
2. Explain what happened to each part of the experiment in light with Le Chatelier’s Principle. 

 
Part 1. 

3. Identify the type of reaction involved in part I. 
4. Why is there a change of color when water is added to one of the solution and 

concentrated HCl in the other?  
5. Why does the addition of chlorine ions aside from concentrated HCl will not shift 

equilibrium?  
 
Part 2. 

6. Identify the type of reaction involved in part II. 
7. What happens when you add HCl? What happens when NaOH is added? What happens 

when Ba(NO3)2  was added? Explain why it happened.   
 
Part 3. 

8. Explain all observations in part III. 
9. Write out Eq. 1 including heat as a reactant or product.  Classify the reaction as either 

endothermic or exothermic. 
 
References 
1Brown, T., LeMay, E., Bursten, B. Chemistry: The Central Science 8th Ed. Prentice Hall: New York, 2002.  
2Grant, A., J. Chem. Educ. O466 (1984). 
3Price David, Chromate-Dichromate Equilibrium. Taken from http://www.carlton.srsd119.ca on December 
11, 2007 
4Cobalt(II) Ion, Water, and Chloride Ion. Taken from http://web.centre.edu/shiba/che132L/LeChat.htm 
on May 15, 2008. 
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Experiment 6 
PREPARATION OF BUFFER 
 
Objectives 
 To become familiar with buffer systems and buffer calculations. 
 
Required Reading 

Please read the pH meter user’s manual (available from the stockroom) before the lab 
session. 

 
Reagents 

3M acetic acid, pH meter calibration buffers (pH =4, 7 and 10), sodium acetate, dilute HCl, 
dilute NaOH, pipets 

 
Materials  
 pH meter, three 50-mL volumetric flasks, wash bottle, beakers, balance, pipets 
 
Introduction 
 
 A buffer is a solution consisting of a definite proportion of conjugate base [A-] to its weak 
acid [HA] with a pH near the pKa of the weak acid.  Since the ratio [A-]/[HA] ranges from 10-1 to 101, 
the two species are always present in considerable amounts.  Together they resist large change in 
pH by partially neutralizing the H+ and OH- ions added to the system, as shown by the following 
equations: 
 

        

   
 
 
 In the Henderson-Hasselbach’s equation (eqn. 3), the most effective buffering system 
contains equal concentration of [HA] and [A-].  When [A-] is equal to [HA], pH equals pKa (eqn. 4).  
The effective range of a buffer system is generally two pH units, centered at the pKa value. 
 
   pH = pKa + log [A-]/[HA]  (3) 
 
    when [A-]=[HA],  pH = pKa + log 1 
 
   pH = pKa   (4) 
 
 
 
 
 
 

       H+ + A-               →    HA   (1) 

OH- + HA → A- + H2O             (2) 
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Procedure 
 This experiment will be performed in groups of 5 or 6. The group will have the same raw 
data but data processing and analysis of results must be done individually. Show all calculations in 
each part.  
 
I. Calibrating the pH meter 
 Read the short notes on how to use the pH meter and the pH meter manual (usually 
beside the pH meter logbook).  
 Calibrate the pH meter using three buffers (pH=4, 7, and 10). Make sure the buffers are 
warmed up to room temperature.  
 
II. Determining the experimental Ka 
 In this part, one must prepare a 50-mL, 0.12M acetic acid buffer from a 3M acetic acid 
stock solution and solid sodium acetate.  
 First, calculate how much 3 M acetic acid stock is needed. Check the available volumetric 
pipets in the laboratory and determine which one can be used to obtain the desired volume. Pour a 
small amount of the acetic acid stock from the stock solution bottle into a clean, dry beaker. Pipet 
out the desired amount and put it in another beaker. Never pipet directly from the stock solution 
bottle.   
 Based on the desired final buffer concentration, calculate the mass of sodium acetate that 
is needed such that the concentrations of both acetic acid and sodium acetate are equal.  Weigh 
out the appropriate amount of sodium acetate and transfer it to the beaker with the pipeted acetic 
acid stock.  Add distilled water, if necessary, until the solid completely dissolves. Transfer the 
solution to a 50-mL volumetric flask. Add distilled water to the 50-mL mark and mix well. 
 Measure the pH of the buffer.  From the pH, determine the experimental Ka for acetic acid. 
Note down the room temperature as well.  
 
III. Preparing buffers of a specific pH 
 In part II, the ratio of salt to acid was 1:1.  For this part, one must prepare a 50-mL, 0.12M 
acetic acid buffer of a specific pH assigned to the group from a 3M acetic acid stock solution 
and solid sodium acetate.  
 Using the Ka obtained from part II, calculate the mass of sodium acetate that will be added 
to the acetic acid stock to arrive at the assigned pH.  Make a 50.0-mL sample of the buffer using 
the same procedure as in part II. 
 Check the pH of the buffer.  
 
IV. Determining the effect of a strong acid or base to buffers 
 Transfer half of the buffer from part III into a clean, dry beaker. Note down its exact 
volume. On one part of the buffer, add 1 mL of dilute HCl. Use a dry stirring rod to thoroughly mix 
the acid and the buffer.  Check the pH. Add 1-mL increments until you have added a total of 5 mL 
acid. Measure the pH at each stage. Do the same for the base using the other half of the buffer. 
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Results and Discussion 
 What is the Ka of acetic acid at 298 K? Compare it with the Ka obtained in part II and 
account for the difference.  
 In part III, were you able to obtain the desired pH? Account for the difference.  
 Calculate the expected pH after adding 1-mL increments of the acid and the base in part 
IV. Compare your results to the measured pH at each stage. 
 
Questions 
1. Would a solution made by mixing HCl and NaOH be an effective buffer? Explain.a 
 
2. In part IV, adding a strong acid increases the amount of weak acid in solution and decreases 
that of the salt. Conversely, adding a strong base decreases the amount of the weak acid and 
increases that of the salt. How can you claim that the buffered solution resists changes in the pH? a 
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Experiment 7 
TITRATION OF ACIDS AND BASES 
 
 
Objectives 
 To become familiar with the techniques of titration, a volumetric method of analysis. To 
determine the amount of acid in an unknown by titration with a base.  
 
Reagents 

0.50 M NaOH, phenolphthalein indicator, unknown acid 
 
Materials 

50 mL buret, buret clamp, ring stand, wash bottle, 250 mL Erlenmeyer flasks 
 
Introduction  

One of the most common and familiar reactions in chemistry is the reaction of an acid with a 
base.  This reaction is termed neutralization, and the essential feature of this process in aqueous 
solution is the combination of hydronium ions with hydroxide ions to form water: 
     H30+(aq) + OH-(aq)   2H2O(l) 

In this experiment you will use this reaction to determine accurately the concentration of a 
hydrochloric acid solution.  You will do this by reacting it with a base of accurately known 
concentration until it is neutralized.  The stockroom personnel have accurately determined or 
standardized, the concentration of the base that you will use (see Note 1).  Thus, all that needs to 
be done is to measure the amount of acid in an unknown.  To do this, you will accurately measure 
with a buret the volume of standard base that is required to exactly neutralize the acid present in 
the unknown.  The technique of accurately measuring the volume of a solution required to react 
with another reagent is termed titration. 

An indicator solution is used to determine when an acid has exactly neutralized a base, or 
vice versa.  A suitable indicator changes colors when equivalent amounts of acid and base are 
present.  The color change is termed the end point of the titration.  Indicators change colors at 
different pH values.  Phenolphthalein, for example, changes color from colorless to pink at a pH of 
about 9; in slightly more acidic solutions it is colorless, whereas, in more alkaline solutions it is 
pink. The point at which stoichiometrically equivalent quantities are brought together is known as 
the equivalence point of the titration.   
It should be noted that the equivalence point in a titration is a theoretical point.  It can be estimated 
by observing some physical change associated with the condition of equivalence, such as the 
change in color of an indicator, which is termed the end point. The most common way of 
quantifying concentrations is molarity (symbol M), which is defined as the number of moles of 
solute per liter of solution, or the number of millimoles of solute per milliliter of solution: 
 

mL
mmol

Lsolutionvolume
solutemolesM ==

)(..
..   [1] 
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From above, you can solve for the moles of solute in any volume (in liters) of known molarity as 
follows: 
   moles solute = M solution x V solution            [2] 
 
To find the number of moles of base (NaOH) in a volume of base solution, Vb, of known molarity, 
Mb, use the following equation: 
 
   moles base = Mb x Vb                  [3] 
 
If the acid is HCl, one mole NaOH will neutralize one mole of acid.  Hence, the moles of NaOH 
used to neutralize a given volume of HCl will be equal to the number of moles of acid in that 
volume: 
   moles base = moles acid              [4] 
 
To find the molarity of the acid: 

aabb xVMxVM =     [5] 
 

a

bb
a V

xVM
M

)(
=     [6] 

 
Procedure 
    
1.  Preparation of a Buret for Use 
 

The 50-mL buret is supplied to you clean and ready to use.  Normally it is stored with water 
to maintain a clean inside surface.  Discard this water and rinse the buret with at least five 10-mL 
portions of distilled water.  The water must run freely from the buret without leaving any drops 
adhering to the sides.  Make sure that the buret does not leak and that the stopcock turns freely. 
 
2.  Reading a Buret  
 

All liquids, when placed in a buret, form a curved meniscus at their upper surfaces.  In the 
case of water or water solutions, this meniscus is concave, and the most accurate buret readings 
are obtained by observing the position of the lowest point on the meniscus on the graduated 
scales. 

To avoid parallax errors when taking readings, the eye must be on a level with the 
meniscus.  Wrap a strip of paper around the buret and hold the top edges of the strip evenly 
together.  Adjust the strip so that the front and back edges are in line with the lowest part of the 
meniscus and take the reading by estimating to the nearest tenth of a marked division (0.01 mL).   
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3.  Analysis of an Unknown Acid 

 
Prepare about 100-150 mL of C02-free water by boiling for about 5 minutes (see Note 2).  

When it cools, transfer it into your wash bottle.  You can use this for washing down drops of your 
titrant (NaOH) during titration. 

Rinse the previously cleaned buret with at least four 5-mL portions of the approximately 
0.500 M sodium hydroxide solution that you have prepared.  Discard each portion.  Do not return 
any of the washings to the bottle.  Completely fill the buret with the solution and remove the air 
from the tip by running out some of the liquid into an empty beaker.  Make sure that the lower part 
of the meniscus is at the zero mark or slightly lower.  Allow the buret to stand for at least 30 
seconds before reading the exact position of the meniscus.  Remove any hanging drop from the 
buret tip by touching it to the side of the beaker used for the washings.  Record the initial buret 
reading. 

Place each unknown in the wide-mouthed 250 mL Erlenmeyer and add two drops of 
phenolphthalein indicator solution.  Titrate with your standard sodium hydroxide solution to the 
faintest visible shade of pink (not red) in the following manner:  

As the sodium hydroxide solution is added, a pink color appears where the drops of the base 
come in contact with the solution.  This coloration disappears with swirling.  As the end point is 
approached, the color disappears more slowly, at which time the sodium hydroxide should be 
added drop by drop.  It is most important that the flask be swirled constantly throughout the entire 
titration.  The end point is reached when one drop of the sodium hydroxide solution turns the entire 
solution in the flask from colorless to pink.  The solution should remain pink when it is swirled.  
Allow the titrated solution to stand for at least I minute so the buret will drain properly.  Remove any 
hanging drop from the buret tip by touching it to the side of the flask and wash down the sides of 
the flask with a stream of water from the wash bottle.  Record the buret reading.  Repeat this 
procedure with the other two samples.  Do at least three runs. For good results the determinations 
should agree within 1.0 percent.  Your answers should have four significant figures.  Compute the 
standard deviation of your results. 
 Test your results by computing the average deviation from the mean.  If one result is 
noticeably different from the others, perform an additional titration.  If any result is more than two 
standard deviations away from the mean, discard it and titrate another sample. 
 
Questions 
1. What are equivalence points and end points and how do they differ?  
2. What is parallax and why should you avoid it? 
3. What is the effect on your result of overshooting the endpoint? 
 
Notes 
1. In this experiment your solution of NaOH was standardized by titrating it against a very 
pure sample of potassium hydrogen phthalate, KHC8H404, of known weight.  Potassium hydrogen 
phthalate (often abbreviated as KHP) has one acidic hydrogen.  Its structure is shown below.  It is 
a monoprotic acid with the acidic hydrogen bonded to oxygen and has a molar mass of 204.2 g. 
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The balanced equation for the neutralization of potassium hydrogen phthalate is given below: 
 

   KHC8H404(aq)  +   NaOH(aq)           H2O(l)     +    KNaC8H404(aq)   [N-1] 
 
In the titration of the base NaOH against KHP, an equal number of moles of KHP and NAOH are 
present at the equivalence point, In other words, at the equivalence point 
 

 Moles NaOH = Moles KHP    [N-2] 
 
Because primary standard KHP, a very pure substance, is too costly to be used by every student, 
the trained stockroom personnel carry out the standardization on the entire batch of NaOH that the 
class uses. 
 
2. Carbon dioxide from the atmosphere dissolves in water to form carbonic acid.  This weak 
acid reacts with the titrant NaOH and thus causes an error during titration.  Carbon dioxide may be 
removed from water by boiling it for 5 minutes.



 

 

7   TITRATION OF ACIDS AND BASES  

Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 
 
Analysis of an Unknown Acid 
 
 Trial 1 Trial 2 Trial 3 Trial 4 

Molarity of base (from instructor)     

Volume of the unknown acid      

Initial volume reading for NaOH     

Final volume reading for NaOH     

mL of NaOH used     

Molarity of the Unknown Acid     

 
Average Molarity of the unknown acid: _________________ 
Standard deviation of unknown:            _________________  
 
Show your calculations for Molarity and standard deviation: 
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Experiment 8 
INTRODUCTION TO QUALITATIVE ANALYSIS 
 
 
Cations: Na+, NH3+, Ag+, Fe3+, Al3+, Cr3+, Ca2+, Ni2+, Zn2+ 

Anions: SO42-, NO3-, CO32-, Cl-, Br-, I- 
 
Objective  
To become acquainted with the chemistry of several elements and the principles of qualitative 
analysis. 
 
Reagents 
6 M H2SO4      Unknown cation solution 
18 M H2SO4      Unknown anion salt, solid 
6M NaOH      mineral oil  
6 M HCl       0.1 M Ba(OH)2 
6 M NH3      Cl2 water 
15 M NH3      0.1 M NH4NO3 
6 M HNO3      0.1 M AgNO3 
15 M  HNO3      0.1 M Fe(NO3)3 
2 M NH4Cl       0.1 M Cr(NO3)3 
3% H2O2      0.1 M Al(NO3)3 
0.2 M K4Fe(CN)6     0.1 M Ca(NO3)2 
0.2 M BaCl2      0.1 M NaNO3 
0.3 M (NH4)2C2O4     0.1 M Zn(NO3)2 
0.2 M FeSO4       0.1 M Ni(NO3)2 
(stabilized with iron wire and 0.01 M H2SO4)  0.2 M AgNO3 
1% dimethylglyoxime       
(in 95% ethanol solution)       
0.1% Aluminon reagent  
(1 g of Ammonium Aurintricarboxylic acid in 1 L H2O) 
solids: ZnSO4, NaNO3, Na2CO3, NaCl, NaBr, NaI 
 
Materials 
Test tubes    droppers 
Centrifuge    Bunsen burner and hose 
Evaporating dish or crucible  10-cm Nichrome wire with loop at the end 
Litmus paper 
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Introduction 
 

Qualitative analysis is concerned with the identification of the constituents contained in a 
sample of unknown composition.  Inorganic qualitative analysis deals with the detection and 
identification of the elements that are present in a sample of material. Frequently this is 
accomplished by making an aqueous solution of the sample and then determining which cations 
and anions are present on the basis of chemical and physical properties.  In this experiment you 
will become familiar with some of the chemistry of 10 cations and 6 anions, and you will learn how 
to test for their presence or absence.  Because there are many other elements and ions than those 
which we shall consider, we call this experiment an “abbreviated” qualitative-analysis scheme. 
 
Cations (see figure 1) 
 
1.  Detection of sodium and ammonium 
 

Sodium salts and ammonium salts are added as reagents in the analysis of your general 
unknown. Hence, tests for Na+ and NH4+ must be made on the original sample before performing 
tests for the other cations.  Remember, your unknown may contain up to 10 cations, and you do 
not want inadvertently to introduce any of them into your unknown. 
 

Sodium: Most sodium salts are water-soluble.  The simplest test for the sodium ion is a 
flame test. Sodium salts impart a characteristic yellow color to a flame.  The test is very sensitive, 
and because of the prevalence of sodium ions, much care must be exercised to keep equipment 
clean and free from contamination by these ions. 
Ammonium:  The ammonium ion, NH4+, is the conjugate acid of the base ammonia, NH3. The test 
for NH4+ takes advantage of the following equilibrium: 
 
    NH4+ (aq) + OH- (aq)  NH3 (g) + H2O (l) 
 
 Thus, when a strong base such as sodium hydroxide is added to a solution of an 
ammonium salt, and ths solution is heated, NH3 gas is evolved.  The NH3 gas can easily be 
detected by its effect upon moist red litmus paper. 
 
2.  Separation and Detection of Silver 
 

All chloride salts are soluble in water except those of Pb+, Hg22+, and Ag+.  Silver can be 
precipitated and separated from the other nine cations that we are considering by the addition of 
HCl to the original unknown: 
 

Ag+ (aq) + Cl- (aq)  AgCl (s) (white) 
 

A slight excess of HCl is used to ensure the complete precipitation of silver ions and to 
reduce their solubility by the common-ion effect; an excess of chloride ions drives the above 
equilibrium to the right.  However, a large excess of chloride ions must be avoided because AgCl 
tends to dissolve by forming a soluble-complex ion: 

AgCl (s) + Cl- (aq)  AgCl2- (aq) 
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To be absolutely certain that the white precipitate is AgCl (PbCl2 and Hg2Cl2 are also 

insoluble, and they are also white), NH3 is added to the precipitate.  If the precipitate is indeed 
AgCl, it will dissolve and then re-precipitate when the ammonical solution is made acidic: 
 

AgCl (s) + 2NH3 (aq)  Ag(NH3)2+ (aq) + Cl- (aq) 
Ag(NH3)2+ (aq) + 2H+ (aq)+ Cl- (aq)  AgCl (s) + 2NH4+ (aq) 

 
The other two insoluble chlorides do not behave this way.  Thus we can be assured that 

the white chloride precipitate is silver chloride. 
 
3a. Separation and Detection of Iron, Aluminum, and Chromium 
 

Iron, Aluminum, and chromium can be separated from the other ions (Ca2+, Mg2+, Ni2+, 
Zn2+ ) by making the solution alkaline and precipitating these cations as their corresponding 
hydroxides: 
 

Fe3+ (aq) + 3NH3 (aq) + 3H2O(l)  Fe(OH)3 (s) + 3NH4+ (aq) - rust 
 

Cr3+ (aq) + 3NH3 (aq) + 3H2O(l)  Cr(OH)3 (s) + 3NH4+ (aq) – gray-green 
 

Al3+ (aq) + 3NH3 (aq) + 3H2O(l)  Al(OH)3 (s) + 3NH4+ (aq) - colorless 
 

The hydroxide-ion concentration required to precipitate these three ions must be carefully 
controlled, because if it is too high, Mg(OH)2 will also precipitate.  An alkaline buffer of NH3 and 
NH4Cl provides a hydroxide-ion concentration that is high enough to precipitate Fe3+, Cr3+, Al3+ and 
yet is low enough to prevent precipitation of Mg(OH)2. Aqueous ammonia is a weak base: 
 

NH3 (aq) + 3H2O(l)  OH- (aq) + NH4+ (aq) 
 

By itself, it would provide too high of a hydroxide-ion concentration, and Mg(OH)2 would 
precipitate along with the other cations.  However, the NH4+ ions derived from the NH4Cl causes 
this equilibrium to shift to the left; this reduces the hydroxide-ion concentration sufficiently to 
prevent Mg2+ from precipitating. 
 
3b. Separation and Detection of Iron 
 

Iron hydroxide can be separated from the other hydroxides by treating the precipitate with 
the strong base NaOH and hydrogen peroxide, H2O2.  These reagents do not react with the 
insoluble Fe(OH)3; however, Al(OH)3 is amphoteric and dissolves, forming the soluble complex ion 
Al(OH)4-.  The Cr(OH)3 also dissolves, being oxidized by H2O2 to form CrO42-: 
 

Al(OH)3 (s) + OH- (aq)  Al(OH)4- (aq) 
2Cr(OH)3 (s) + 3H2O2(aq) + 4OH- (aq)  2CrO42- (aq) + 8H2O (l) - yellow 
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The rust-colored Fe(OH)3 remains undissolved.  That the rust-colored precipitate is in fact 
iron hydroxide can be confirmed by dissolving it in acid and then adding potassium 
hexacyanoferrate(II), K4[Fe(CN)6], and noting the formation of a dark blue precipitate (Prussian 
blue): 

Fe(OH)3 (s) + 3H+ (aq)  Fe3+ (aq) + 3H2O (l) 
4Fe3+ (aq) + 3Fe(CN)6- (aq)  Fe4[Fe(CN)6]3 (s)  -blue 

 
3c and 3d Separation and Detection of Chromium and Aluminum 
 

While iron was being precipitated as the hydroxide, chromium was oxidized to the yellow 
chromate ion, CrO42-, and aluminum was converted to the soluble complex aluminate ion, Al(OH)4-, 
which is colorless.  These two ions are in the supernatant liquid, which upon acidification converts 
the chromate ion to the orange dichromate ion and the aluminate to the colorless solvated 
aluminum ion: 
 

2CrO42- (aq) + 2H+ (aq)  H2O (l) + Cr2O72- (aq) 
Al(OH)4- (aq) + 4H+ (aq)  4H2O (l) + Al3+ (aq) 

 
When this solution is treated with aqueous ammonia, aluminum precipitates as Al(OH)3, 

which can be separated from the chromate ion in the supernatant liquid.  (Note: the CrO42- ion is 
stable in neutral or alkaline solution but is reversibly converted to the dichromate ion, Cr2O72-, in 
acidic solution.) The formation of a yellow precipitate, BaCrO4, upon the addition of barium 
chloride, confirms the presence of chromium: 
 

Ba2+ (aq) + CrO42- (aq)  BaCrO4 (s)  
                                        yellow 

 
Aluminum hydroxide is a clear, colorless substance and is difficult to see in this analysis.  

A confirmatory test for aluminum involves dissolving the aluminum hydroxide in acid and then re-
precipitating it again with ammonia in the presence of Aluminon reagent.  As the aluminum 
hydroxide precipitates, it absorbs the Aluminon reagent and assumes a red coloration known as a 
“lake.” 
 

Al3+ (aq) + 3NH3 (aq) + 3 H2O (l) + Aluminon reagent  Al(OH)3 (s) + 3NH4+ (aq)  
                                                                    red lake 

 
4.  Separation and Detection of Calcium 
 

Calcium can be separated from the remaining cations (Mg2+, Ni2+ and Zn2+) by precipitating 
it as an insoluble oxalate salt: 
 

Ca2+ (aq) + C2O4 2- (aq)  CaC2O4 (s) 
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If magnesium is present, it is possible that it can precipitate and be mistaken for calcium.  
To confirm that the precipitate is that of calcium and not magnesium, it is dissolved in acid and a 
flame test is performed on the solution. 
 

CaC2O4 (s) + 2H+ (aq)  Ca2+ (aq) + H2C2O4 (aq) 
 

A transient brick-red flame verifies the presence of calcium ions. Magnesium ions do not 
impart any color to a flame. 
 
5a. Separation and Detection of Zinc 
 

Separation of zinc from magnesium and nickel can be accomplished by precipitating 
Mg(OH)2 and Ni(OH)2 from a strongly alkaline solution.  Excess ammonium ions must be removed 
before the precipitation of these hydroxides because ammonium ions interfere with the 
confirmatory test for magnesium.  Ammonium ions are easily removed by evaporating the solution, 
which has been acidified with nitric acid to dryness: 
 

NH4Cl (s)  NH3 (g) + HCl (g) 
NH4NO3 (s)  N2O (g) + 2H2O (g) 

 
Although magnesium and nickel form insoluble hydroxides in the presence of a strong 

base, zince is amphoteric and forms the soluble complex ion Zn(OH)42-: 
 

Ni2+ (aq)  + 2OH- (aq)  Ni(OH)2 (s) 
Mg2+ (aq)  + 2OH- (aq)  Mg(OH)2 (s) 

Zn2+ (aq)  + 4OH- (aq)  Zn(OH)42- (aq) 
 

The presence of zinc is confirmed by precipitating it from an acidic solution as a gray-blue 
salt, Zn3K2[Fe(CN)6]2 
 
3Zn(OH)42- (aq) + 12H+ (aq) + 2K+ (aq) + 2Fe(CN)64- (aq)  Zn3K2[Fe(CN)6]2 (s) + 12H2O (l)     
        gray-blue                                                       
5b. Separation and Detection of Nickel 
 

Because nickel forms the soluble complex ion hexaamminenickel (II), Ni(NH3)62+, in the 
presence of aqueous ammonia, it can be separated from Mg(OH)2: 
 

Ni(OH)2 (s) + 6NH3 (aq)  Ni(NH3)62+ (aq) + 2OH- (aq) 
 

It is confirmed by forming a strawberry red precipitate,  Ni(C4H7N2O2), with an organic 
reagent, dimethylglyoxime. 
 

Ni(NH3)62+ (aq) + 2HC4H7N2O2 (aq)  Ni(C4H7N2O2)2 (s) + 4NH3 (aq) + 2NH4+ (aq)   
                  strawberry red 
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Figure 1.  System
atic flow chart for detection of cations. 1 
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Anions 
 

A general test on a solid salt with concentrated sulfuric acid (H2SO4). The results of this 
test should strongly suggest what the anion is. (see Table 1)  You will then confirm you suspicions 
by performing a specific test for the ion you believe to be present.  
 

Table 1. Behavior of Anions with Concentrated Sulfuric Acid, H2SO4 
A.  Cold H2SO4 

 
Anion Observation 
SO42- No reaction. 
NO3- No reaction. 
CO32- A colorless, odorless gas forms 

Cl- A colorless gas forms.  It has a sharp-pungent 
odor, gives an acidic test result with litmus, and 
fumes in moist air. 

Br- A brownish-red gas forms.  It has a sharp odor, 
gives an acidic test result with litmus, and fumes 
in moist air.  The odor of SO2 may be detected. 

I- Solid turns dark brown immediately with the 
slight formation of violet fumes.  The gas has the 
odor of rotten eggs, gives an acidic test result 
with litmus, and fumes in moist air. 

B.  Hot  H2SO4 

 
There are no additional reactions with any of the anions except NO3-, which forms brown fumes of 
NO2 gas. 
 
 
Procedure 
 
Cations: 
 

First you will analyze a known that contains all ten cations.  Record on your data sheet the 
reagents used in each step, your observations, and the equations for each precipitation reaction.  
After completing this practice analysis, obtain an unknown.  Follow the same procedures as with 
the known, again recording reagents and observations.  Finally, record conclusions regarding the 
presence or absence of the cations.  
 
1.  Initial Observations and Tests for Sodium and Ammonium 
 

Note the color of your sample and record any conclusions about what cations are present 
or absent on your data sheet. 
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 The flame test for sodium is very sensitive. Traces of sodium ion will impart a characteristic 
yellow color to the flame.  Just about every solution has a trace of sodium and thus will give a 
positive result.  On the basis of the intensity and duration of the yellow color, you can decide 
whether Na+ is merely a contaminant or present in substantial quantity.  To perform the flame test, 
obtain a piece of Nichrome wire.  Clean the wire by dipping it in 12 M HCl that is contained in a 
small test tube and heat the wire in the hottest part of your Bunsen burner flame.  Repeat this 
operation until no color is seen when the wire is placed in the flame.  Several cleanings will be 
required before this is achieved.  Then place 10 drops of the solution to be analyzed in a clean test 
tube and perform a flame test on it.  If the sample being tested is your unknown, run a flame test on 
distilled water and then another on a 0.2 M NaCl solution.  Compare the tests; this should help you 
make a decision as to the presence of sodium in you unknown. 
 Place 10 drops of the original sample to be analyzed in an evaporating dish or a crucible.  
Moisten a strip of red or neutral litmus paper with distilled water and place the paper on the bottom 
of a small watch glass.  Add 10 drops of 3 M NaOH to the unknown, swirl the evaporating dish or 
crucible, and immediately place the watch glass on it with the litmus paper down.  Let stand for a 
few minutes.  The presence of NH4+ ions is confirmed if the paper turns blue. 
 
2.  Separation and Detection of Silver 
 

Place 10 drops of the original solution to be analyzed in a small test tube, add five drops of 
distilled water, and two drops of 6 M HCl.  Stir well, centrifuge, and reserve the decantate for 
Procedure 3.  Wash the precipitate with 10 drops of distilled water, centrifuge and add the 
washings to the decantate.  Dissolve the precipitate in four drops of 6 M NH3*; then add 6 M HNO3 
to the ammoniacal solution until it is acidic to litmus. A curdy white precipitate of AgCl confirms the 
presence of Ag+ ions. 
 
3a.  Separation and Detection of Iron, Aluminum, and Chromium 
 

To the decantate from Procedure 2 add five drops of NH4Cl solution and two drops 6 M 
NH3 until the solution is basic to litmus.  Centrifuge and reserve the decantate for Procedure 4.  
Wash the precipitate with 10 drops of distilled water, centrifuge, and add the washings to the 
decantate. 
 
3b. Separation and Detection of Iron 
 

To the precipitate from Procedure 3a, add five drops of distilled water, 10 drops of 3 M 
NaOH, and five drops of 3% H2O2.  Stir well, centrifuge, and reserve the decantate for Procedure 
3c.  Wash the precipitate with 10 drops of distilled water and add the washings to the decantate.  
Dissolve the reddish brown precipitate in two drops of 6 M HCl and add 10 drops of K4[Fe(CN)6] 
solution.  A blue precipitate of Fe4[Fe(CN)6]3 confirms the presence of Fe3+ ions. 
 
3c. Separation and Detection of Aluminum 
 

If the decantate from Procedure 3b is yellow in color, place it in an evaporating dish or a 
crucible and evaporate almost to dryness to remove excess H2O2 (see Note 1 below).  Add 10 
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drops of distilled water and 6 M HCl until acid to litmus.  Then add 6 M NH3 until the solution is 
basic to litmus.  Centrifuge and reserve the decantate for Procedure 3d.  Wash the precipitate with 
10 drops of distilled water, centrifuge, and add the washings to the decantate.  Dissolve the 
precipitate in two drops of 6 M HCl, add two drops of Aluminon reagent, and 6 M NH3 until basic to 
litmus.  Centrifuge the solution.  A red “lake “ confirms the presence of Al3+ ions. 
 

Note 1: Hydrogen peroxide is a reducing agent in acid solutions, so CrO42- ions could be 
reduced to Cr3+ when the solution is acidified.  When NH3 is added, Cr(OH)3 will be precipitated 
and could be incorrectly reported as Al(OH)3.  Also,  Cr3+ would not be confirmed in the proper 
procedure. 
 
3d. Separation and Detection of Chromium 
 

Add two drops of BaCl2 solution to the decantate from Procedure 3c.  A yellow precipitate 
of BaCrO4 confirms the presence of Cr3+ ions. 
 
4.  Separation and Detection of Calcium 
 

Add three drops of (NH4)2C2O4 solution to the decantate from Procedure 3a and centrifuge.  
Reserve the decantate for Procedure 5a.  Wash the precipitate with 10 drops of distilled water, 
centrifuge, and add the washings to the decantate.  Dissolve the precipitate of CaC2O4 in two drops 
of 6 M HCl and carry out a flame test with the solution.  A brick-red flame confirmes Ca2+ ions (see 
Note 2 below). 
 

Note 2:  If magnesium ions are present, they may be precipitated as MgC2O4.  To 
determine if MgC2O4 is precipitated, test the acid solution for Mg2+  as described in Procedure 5c. 
 
5. Separation and Detection of Zinc 
 

Place the decantate from Procedure 4 in an evaporating dish and carefully evaporate to 
dryness using a burner flame.  Add five to six drops of concentrated HNO3 and heat again until no 
more fumes are observed (you are removing excess NH4+ ions that would interfere with the tests 
for Mg2+ ions).  Dissolve the residue in five drops of 6 M HCl.  Add 10 drops of distilled water to the 
HCl solution and transfer it to a small test tube.  Wash out the evaporating dish with 10 drops of 
distilled water, and add the wash to the acid solution.  Add 3 M NaOH until the solution is basic to 
litmus; centrifuge, and reserve the precipitate for Procedure 5b.  Wash the precipitate with 10 drops 
of distilled water and add the washings to the decantate.  Add three drops of K4[Fe(CN)6] to the 
decantate and acidify with 6 M HCl; a gray-blue coloration or precipitate of Zn3K2[Fe(CN)6]2 
confirmes the presence of Zn2+ ions. 
 
5b. Separation and Detection of Nickel 
 

Add five drops of distilled water and five drops of 15 M NH3 to the precipitate from 
Procedure 5a; centrifuge. Wash the precipitate with 10 drops of distilled water, and add the wash to 
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the decantate.  Add one drop of dimethylglyoxime solution to the decantate; a strawberry-red 
precipitate of Ni(C4H7N2O2)2 confirms the presence of Ni2+ ions. 
 
Anion 
 
Sulfuric acid test 
 

Place a small amount of the solid (about the size of a pea) in a small test tube.  Add one or 
two drops of 18 M H2SO4 and observe everything that occurs, especially the color and odor of gas 
formed. (Caution: Concentrated sulfuric acid causes severe burns.  Do not get it on your skin or 
clothing.  If you come in contact with it, immediately wash the area with copious amounts of water.) 
DO NOT place your nose directly over the mouth of the test tube, but carefully fan gases toward 
your nose.  Then carefully heat the test tube, but not so strongly as to boil the H2SO4.  (Caution: If 
you heat the acid too strongly, it could come shooting out !) Note whether or not brown fumes of 
NO2 are produced.  (Caution: Do not look down into the test tube. Do not point the test tube at 
yourself or at your neighbors.  SAFETY GOOGLES MUST BE WORN). 
 
Specific Tests for Anions. 
 

Make an aqueous solution of the solid unknown and perform the following tests on portions 
of this solution. 
 

Sulfate: Place 10 drops of a solution of the anion salt in a test tube, acidify with 6 M HCl, 
and add a drop of BaCl2 solution.  The formation of a white precipitate of BaSO4 confirms SO42- 
ions. 

Ba2+(aq) + SO42- (aq)  BaSO4 (s) 
 

Nitrate:  Place 10 drops of a solution of the anion salt in a small test tube and add five 
drops of FeSO4 solution; mix the solution.  Carefully, without agitation, pour concentrated H2SO4 
down the inside of the test tube so as to form two layers.  The formation of a brown ring between 
the two layers confirms NO3- ions. 
 
(1) 3Fe2+ (aq) + NO3- (aq) + 4H+ (aq)  3Fe3+ (aq) + NO (g) +2H2O (l) 
(2) NO (g) + Fe2+ (aq) excess  Fe(NO)2+ (aq) (brown) 
 

Chloride: Place 10 drops of a solution of the anion salt in a test tube and add a drop of 
AgNO3 solution.  A white, curdy precipitate confirms Cl- ions. 
 

Ag+ (aq) + Cl- (aq)  AgCl (s) 
 

Bromide: Place 10 drops of a solution of the anion salt in a test tube, add three drops of 6 
M HCl, then add five drops of Cl2 water and five drops of mineral oil. Shake well.  Br- ions are 
confirmed if the mineral-oil (top) layer is colored orange to brown.  Wait 30 s for the layers to 
separate. 

2Br- (aq) + Cl2 (aq)   Br2 (aq) + 2Cl- (aq) 
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Iodide: Repeat the test as described for Br- ions.  If the mineral-oil layer is colored violet I- 

ions are confirmed. 
2I- (aq) + Cl2 (aq)  I2 (aq) + 2Cl- (aq) 

 
Note: Iodide ions, if present, must be removed before testing for bromide. To remove iodide, 
acidify the solution with 3M HNO3 and add 2M KNO2, dropwise, with constant stirring, until there is 
no further increase in the depth of the brown color. Extract once by shaking with 5 drops of mineral 
oil. Discard the mineral oil layer. Boil the water layer carefully until the iodine has bee largely driven 
off. Test the colorless, or nearly colorless, solution for bromide as directed above. 
  

Carbonate:  Place a small amount of the solid anion salt in a small test tube and add a few 
drops of 6 M H2SO4.  If a colorless, odorless gas, evolves, hold a drop of Ba(OH)2 solution over the 
mouth of the test tube using either an eyedropper or Nichrome wire loop; CO32- ions are confirmed 
if the drop turns milky. 
 

(1) 2H+ (aq) + CO32- (s)  CO2 (g) + H2O (l) 
(2) CO2 (g) + Ba(OH)2 (aq)  BaCO3 (s) + H2O (l) 

 
 
Reference 
 
1Nelson, J., K. Kemp, Bursten, Brown, Le May.  Chemistry: The Central Science Laboratory Experiments 
9th ed. U.S.A: Pearson Education, Inc. 2003. 
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8 INTRODUCTION TO QUALITATIVE  
     ANALYSIS  

Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 

Cations  Part I:  Known 
 

Cation Reagent/s Observations Equations Teacher’s 
Sig. 
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Cations  Part II:  Unknown 
 

Cation  Reagent/s Observations Equations + / - 
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Anions  Part I:  Known 

Anion Reagent/s Observations Equations Teacher’s 
Sig. 

 
 
 

    

 
 
 

    

 
 
 

    

 
 
 

    

 
 
 

    

 
 
 

    

Anions  Part II:  Unknown 
Anion Reagent/s Observations Equations + / - 

 
 
 

    

 
 
 

    

  
 
 

   

  
 
 

   

 
 
 

 
 
 

   

 
 
 

    

 
Ions Present:  ___________________________________________________ 
Ions Absent:  __________________________________________________________ 
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Experiment 9 
HEAT OF FORMATION OF SOLID NaCl 
 
Objectives 
 To derive the heat of formation of solid NaCl using calorimetry. 
  
Reagents 

1M HCl, 1M NaOH, water, NaCl  
 
Materials  

polystyrene cup, 250 mL beaker 
 
Introduction 

One of the most important aspects of chemical reactions is the energy change that 
accompanies them.  In dealing with this it has been found useful to measure or calculate heats of 
formation.  The heat formation is defined as the heat absorbed (positive number) or given off 
(negative number) when one mole of a substance in its normal state is formed from its elements in 
their normal states, all at a given temperature. 

In this experiment you will try to arrive at the heat of formation of crystalline sodium 
chloride at room temperature.  The equation for this reaction is: 

      Na (s)  +  ½ Cl2 (g)  � NaCl (s) ΔH = ?   (Eq. 1) 

It is both impossible and unnecessary to carry out the reaction in a direct manner in order 
to get the value of �H.  Because of the laws of thermodynamics, we can resort to the following 
series of reactions in order to get the value we want.  The following series of equations, when 
added together, gives Equation 1: 

Na(s)  +  ½ O2 (g)  +  ½ H2 (g)    NaOH(s)    (Eq. 2) 
NaOH (s)    NaOH (aq)    (Eq. 3) 

½ H2 (g) + ½ Cl2 (g)   HCl (g)    (Eq. 4) 
HCl (g)     HCl (aq)    (Eq. 5) 

NaOH (aq)  +  HCl (aq)    NaCl (aq)  +  H2O (1)    (Eq. 6) 
NaCl (aq)   NaCl (s)    (Eq. 7) 

H2O (1)   H2O (g)    (Eq. 8) 
H2O (g)    H2 (g)  +  ½ O2 (g)    (Eq. 9) 
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In this experiment you will determine only the values for equations 6 and 7.  The rest of the 
heats of reaction, in kJ/mole are given as follows: 

Eq. No. 2 3 4 5 8 9 
[kJ/mol] -426.73 -44.505 -92.30 -74.843 +40.668 +241.84 

Prepare a calorimeter by placing a polystyrene cup inside your 250-mL beaker.  A less 
satisfactory approach is to wrap a 150-mL beaker with newspaper or a towel and fit it tightly in a 
600-mL beaker.  We will assume that the specific heat of water and of all water solutions used in 
this experiment is 4.18 J/goC.  A Styrofoam cup has a specific heat of almost zero.  If you use a 
glass calorimeter, that has a specific heat of 0.838 J/goC. 
Procedure 
A.  NaOH (aq)  +  HCl (aq)    NaCl (aq)  +  H2O (1)   

Taking either your 250-mL beaker or a Styrofoam cup as a calorimeter, carefully weigh it 
and add 75 mL of 1M HCl.  If you use a Styrofoam cup, simply insert it in your 250-mL beaker.  
Now stir the HCl solution and record the temperature as accurately as possible.  Use a 
thermometer graduated in tenths of a degree. 

In another Styrofoam cup measure 75 mL of 1 M NaOH solution, stir and record the 
temperature.  Average these two temperatures and record this as the “Initial Temperature”.  Pour 
the NaOH solution into the insulated beaker of HCl and stir thoroughly with the thermometer, 
recording the maximum temperature reached.  Get the total weight of the solution. 

The Data you have gathered in this first part should enable you to calculate an average 
value for the heat of neutralization of sodium hydroxide with hydrochloric acid.  Remember that part 
of the heat, part of calories were absorbed by the calorimeter itself and part were absorbed by the 
water solution.  If you use a Styrofoam cup you can neglect the heat absorbed by the cup. 
B.  NaCl (aq)   NaCl (s)   

Prepare the calorimeter as in part (a).  Add 150 mL of water and record the temperature.  
Add 4.38 g of NaCl.  Stir to dissolve completely and record the lowest temperature obtained. 

Gather Data that you will need in order to calculate the heat of solution of sodium chloride 
in kJ/mole.  Again you should get two separate results from your two trials and average these for 
your final value.  (Average results, never average data.) 

With the various enthalpies that were given to you and the two that you have measured in 
the laboratory, you now are in a position to calculate the heat of formation of sodium chloride. 
Questions 

1. If more concentrated solutions of NaOH and HCl are used, what results would you predict? 
2. If solid NaOH were used, what results would you predict? 
3. What are the sources of error in this experiment? 

Reference 
Schmitt, W.J.; Balalta, S.L. Modern Experiments in General Chemistry, 8/e. ORP. 2001. 
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9 HEAT OF FORMATION OF SOLID NaCl 
Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 
 
Procedure A      Trial 1                    Trial 2  Average 
 
Wt. Styrofoam cup:              ____________  ____________    
Temperature of 1M HCl:      ____________  ____________ 
Temperature of 1M NaOH:  ____________  ____________ 
Initial Temperature:              ____________  ____________ 
Total Solution Weight:         ____________  ____________ 
 
Heat of Neutralization:         ____________  ____________          ____________ 
(HCl + NaOH) 
 
Procedure B 
 
Temperature of water:          ____________  ____________ 
 
Temperature NaCl solution: ____________   ____________ 
 
Heat of Solution (NaCl):      ____________  ____________         ____________ 
 
 
 
Heat of Formation of NaCl(s):  ____________
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Experiment 10 
QUANTITATIVE ANALYSIS:  DETERMINATION 
OF IRON BY UV-VISIBLE SPECTROSCOPY 
 
 
Objectives 
 You will analyze an unknown for iron by converting all the iron to Fe3+ and then to the blue 
colloidal dispersion of ferric ferrocyanide, Fe[Fe(CN)6]3.  The absorbance will be read at 713 nm 
and compared with values from a calibration curve.  Each student will receive an individual solid 
unknown, but will use standards prepared with three others in the class. 
  
Reagents 

20 ppm Fe3+stock solution,  
 
 
Materials (per group) 

2 of 50 mL buret, buret clamp, ring stand, wash bottle, 400 mL beaker, stock bottle, 2 of 50 
and 1 of 250 mL volumetric flasks, 9 sample bottles, 1 cuvette, hot plate. 

 
Procedure 
 
1.  Preparation of Calibration Standard Solutions 
 
 Each team of four students should get 100 mL of 20-ppm stock Fe3+ solution.  Using one  
buret, and your 50-mL volumetric flasks, prepare the following dilutions: 1, 2, 4, 6, and 8 ppm, 
adding 1 mL of 1% potassium ferrocyanide, K4Fe(CN)6 ·3H2O, just before diluting the mix to 50 mL.  
These solutions are stored in small plastic bottles. 
 
2.  Preparation of blank 
 
 Add 4.0 mL of 1:1 H2SO4, 1 mL of 1 % potassium ferrocyanide and one or two drops of 0.1 
N KMnO4 (to make a slight pink color) to your 50-mL volumetric flask and dilute to volume.  Only 
one blank per team is allowed. 
 
3.  Preparation of Individual Unknown 
 

Dissolve the unknown in 100 mL water in a 400 mL beaker.  Add 4 mL of 1:1 H2SO4.  
Warm over a hot plate (to approximately 50OC) and oxidize with approximately 0.1-N KMnO4 
solution (by slowly adding dropwise using capillary pipet / medicine dropper) until the iron solution 
remains faintly pink.  Cool this, transfer completely to and dilute to mark in the 250 mL volumetric 
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flask.  This is your unknown stock solution and may be stored in the volumetric flask for a few 
hours. 
 

Deliver from  the other buret exactly 5.00 mL of your unknown stock solution, add 1 mL of 
1% potassium ferrocyanide and dilute to 50 mL in a volumetric flask.  Do three aliquots in this way 
and store in small plastic bottles (triple wash bottles with each solution before final storage). 
 
4.  Analysis of Standards, Unknown, and Blank 
 

Read the absorbance of each group standard, your sample (three aliquots) and blank at 
713 nm at least 15 minutes after final mixing, but shake it just before the reading.  For each 
reading, triple-wash the cuvette with the solution you are going to measure it with.  
 

Draw your Beer’s Law plot and determine the concentration of your unknown in ppm.  If 
you use  Microsoft Excel, use the Chart feature to create the plot.  After creating the plot, click 
Chart…Add Trendline to automatically draw the best-fit line. In Add Trendline dialog box, select 
the ”Type” tab and slect type “Linear”. Then select the “Options” tab, check the “set intercept = 0”; 
“display equation on chart”, and “Display R-squared on chart”. 
 

Using the equation derived from the data, calculate the ppm Fe of your unknown. 
 
 
Questions 
 
1.  What is Beer’s Law? 
2.  What is the purpose of the blank? 
3.  What is the purpose of triple washing? 
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10 QUANTITATIVE ANALYSIS:  
DETERMINATION OF IRON BY UV-
VISIBLE SPECTROSCOPY  

Data Sheet 
 

Name:   ____________________________ Date:  _____________________ 
 
 

Calibration 
Standards 

Absorbance Concentration 

Blank   
1 ppm   
2 ppm   
4 ppm   
6 ppm   
8 ppm   

 
Unknown Absorbance Concentration 

Trial 1   
Trial 2   
Trial 3   
Average   
 
Linear Regression equation:        concentration = m * (absorbance) + b 
 
       =_____ * Abs + _______ 
 
 
Concentration of the Unknown Fe Using Linear Regression:   
 
 __________________________
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