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[bookmark: _Toc210192752][bookmark: _Toc332902491]A Word of Welcome

The Department of Natural & Life Sciences welcomes you to the practical component of the course. The experiments that form part of this course have been selected to:
· reinforce your knowledge and understanding of the theoretical content of your first year Chemistry course,
· develop skills such as observing, recording, measuring and reporting of results, and
· teach you special techniques, such as weighing, pipetting, titrating, filtration etc, so that you will become familiar with the basics of laboratory work.
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[bookmark: _Toc210192753][bookmark: _Toc332902492]WASTE DISPOSAL

We all have a responsibility towards a clean and safe environment. The Chemistry Department’s policy dealing with the disposal of laboratory waste is in accordance with the Occupational Health and Safety Act, which is a law of our country. We do not expect you to understand every aspect of this law, but as responsible citizen and laboratory user you must be aware of the correct procedures for disposal of the different classes of laboratory waste. You will be given specific instructions on how to dispose of your chemical wastes during each pre-lab briefing. Here are also some general rules that you must take note of:
1. Place broken glass into the specially marked bins.
2. Drain all harmless chemicals in solution into the sink followed by plenty of running water.
3. Pour toxic inorganic waste solutions into the specially labeled container in the fume cupboard.
4. Discard paper and any other solid waste into the bin.
5. Ensure that matches are extinguished before disposing of them in this way.
6. Shut off all gas and water lines when not in use.

 Figure 1: Apparatus that you will be using in the laboratory

[image: apparatus1]
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[bookmark: _Toc210192754][bookmark: _Toc332902493]MANAGING YOUR TIME DURING THE PRACTICAL

1. It is recommended that you arrange your workbench according to the diagram below. Keeping your workspace organized and free of clutter will save you time and frustration, and contributes greatly to laboratory safety. 

 (
BENCH SOLUTIONS
)

 (
  WATER TAP
  GAS TAP
  WATER TAP
)

	USED APPARATUS AND DIRTY GLASSWARE
	
	SOLUTIONS AND DRY CHEMICALS

	PAPERWORK (PRAC MANUAL, REPORT SHEET AND FLOW DIAGRAM)
	
EXPERIMENTAL SET-UP
	
CLEAN GLASSWARE



2. When collecting chemicals:
· Choose the size of your container according to the volume of chemical that you will be collecting, for instance: for 100 cm3 of solution, use a 250 cm3 beaker and for 10 cm3 use a test tube.
· Before collecting chemicals and/or solutions from the dispensary, mark each container with the name or formula of the chemical to be collected. This will prevent any mix-ups later on.
3. Use a small notebook for jotting down masses, measurements and observations. Writing these bits of information on slips of scrap paper that can easily be lost is not only unprofessional, but also risky because it means that your whole afternoon’s practical work can be wasted because of lost data.


[bookmark: _Toc148100169][bookmark: _Toc148098765][bookmark: _Toc148099119][bookmark: _Toc148100168][bookmark: _Toc210192755][bookmark: _Toc332902494]SAFETY IN THE CHEMISTRY LABORATORY

	The chemistry laboratory is a dangerous environment in which to work. The dangers are often unavoidable since chemists regularly have to use hazardous materials. However, with sensible precautions the laboratory is probably no more dangerous than your home, is it house or apartment. You MUST AT ALL TIMES OBSERVE THE ENTIRE RULE stated in this manual.

Essential Rules for Laboratory Safety
The essential rules for laboratory safety can be expressed under two simple headings: 

ALWAYS AND NEVER
ALWAYS
· Familiarize yourself with the laboratory safety procedures.
· Dress appropriately.
· Wash your hands before leaving the laboratory.
· Read the instructions for the laboratory protocol carefully before starting any experiment.
· Handle all chemicals with great care.
· Keep your working area tidy.
· Immediately inform your instructor about spills. 

NEVER
· Eat or drink in the laboratory
· Smoke in the laboratory
· Inhale, taste or sniff chemicals.
· Fool around or distract neighbours.
· Carry out unauthorized experiments.

Laboratory Safety Procedures
Your laboratory will have certain procedures, which you must be familiar with. Make sure you know where all the exits from the laboratory are, in the event of an evacuation because of fire or other incident. Locate the SHOWERS and eyewash stations and know the type the fire extinguishers that are in the laboratory and how to operate them.


Dress Code
· Wear a Lab coat.
· Wear approved safety goggles or safety glasses when in the lab.
· Avoid floppy garments; avoid things that dangle. These get tangled up in equipment or glassware and cause accidents. 
· Avoid long, loose hair styles for the same reason. When Bunsen burners are in use, long hair sometimes catches on fire. 
· Avoid open footwear & high heels. So sandals & thongs are unacceptable. 

LABORATORY TECHNIQUES
Handling of Acids or Bases
· In addition to the dress code above, personal protective equipment, such as Vinyl" gloves or "nitrile" GLOVES SHOULD be worn. 
· For even more dangerous liquids, thick "nitrile" gloves should be used. These are very safe. 
Become acquainted with handling laboratory safety equipment e.g.
· Fire Extinguishers 
· Fire Blanket 
· Eye-wash Fountain 
· First-Aid Kit 

Become acquainted with using of the FUME HOOD
· Use the HOOD for reactions that give off vapours, especially smelly vapours. 
· The draft of the HOOD will sweep away vapours so that the lab itself maintains reasonable air quality. 
Locate the Safety Shower and understand how it works
· Shower should be used for dire EMERGENCY only! 
· If you are ON FIRE, or suffer a massive spill of a dangerous chemical, and need to get it off rapidly. 
Position yourself under the safety shower and pull the handle—a deluge of water will result.
Immediately clean up Broken Glass
· Sweep it up right away 
· Place the broken glass in a "SHARP’S CONTAINER. 
· This is a thick walled carton that will be sealed and discarded as such. 

Student Use of the Laboratory
· No UNAUTHORIZED experiments! These are terrible dangers in unskilled hands
· No EATING or DRINKING in the LAB. A good practice is to assume everything in the lab is toxic. 
· DO NOT drink from lab equipment.  NOT EVEN distilled water. 
· When using pipettes, DO NOT suck the liquid into the pipette directly by mouth. 
· Frequent mistakes, even by skilled lab workers, lead to the liquid reaching the mouth. 
· Do NOT smell the flask directly. 

Housekeeping:
· STUDENTS MUST CLEAN UP AFTER THEMSELVES.
· Paper and trash must not be left in the room, thrown into drawers, sinks, on the floor, etc.
· When the equipment boxes are on carts, students who take a box form the cart to do an experiment must put everything back into the box neatly and put the box back on the cart.

If you absolutely must test the odour, carefully waft the vapour from the flask toward your nose with your hand, keeping the flask quite distant from your face. 
  
[image: Image25]








Make sure that reaction tubes, e.g. test tubes, are not directed toward yourself or other persons. The chemicals may splatter out the tube. 


[image: Image29]


DO NOT add WATER to CONCENTRATED ACID. The heat generated will cause splattering. If necessary to prepare certain solutions, DO add ACID to WATER (instead of the reverse order of addition). The heat generated will be less, but splattering still may occur. A good practice in all lab operations is to keep things at arm’s length. 





[bookmark: _Toc210192756][bookmark: _Toc332902495]GETTING STARTED

For each laboratory period, including the first, you will be required to:
· Study the entire experimental outline in the Laboratory Manual. It includes specific directions concerning laboratory philosophy and protocols.
· Prepare your Laboratory Notebook. Include a summary and a procedural outline for your experiment (see "Rules for Keeping Your Laboratory Notebook" and Instruction in the experiment outline). 
· Bring your safety goggles or use the safety goggles provided. These offer adequate protection against accidental splashing of corrosive chemicals.
· Come to lab dressed appropriately


A GOOD PRACTICE: 
Read the experimental procedure ahead of lab. 
Avoid horseplay. In a laboratory setting, horseplay, even if good-natured, is absolutely unacceptable. 
· No pushing! 
· No shoving! 
At the end of the lab period: Exit the lab in an orderly manner. Again: no running, no pushing, AND NO shoving.






[bookmark: _Toc332902496]EXPERIMENT 1
[bookmark: _Toc332902497]Investigating Properties of Solutions


AIM: To investigate the effect of temperature on solubility and the effect of solute on boiling point.

PART 1 - Work in pairs
[bookmark: _Toc315105630]The Effect of Temperature on Solubility


APPARATUS & MATERIALS:
	· Bunsen Burner
	· KI(s)                     

	· Matches
	· KNO3(s)

	· Tripod Stand/ Gauze                               
	· NaCl(s)

	· Thermometers     
	· Distilled water

	· Boiling Tubes [3]                                    
	· Solvent

	· 250 mL Beakers [3]                                
	· Solute  




     PROCEDURE:
1. Prepare three water baths of temperature 0oC, 25oC, and 100oC.
2. Place three boiling tubes with 10cm3 water and a thermometer in each and allow the water to reach the desired temperatures of 0oC, 25oC and 80oC respectively.
3. To each equilibrated boiling tube, add 2g NaCl and stir to dissolve.
4. Observe in which boiling tube the salt dissolves fastest.
5. Repeat steps 1-4 with KI.
6. Repeat steps 1-4 with KNO3  









PART 2 – Work in pairs
[bookmark: _Toc315105631]The Effect of Solute on Boiling Point


PROCEDURE:
1. Heat 20cm3 of the solvent provided in a 100cm3 beaker and measure its boiling point.
2. Add 1g of the solute provided to the hot solution and reboil to determine the boiling point of the solution.
3. Add a further 4g of the solute to the solution from 2 and repeat the boiling and measuring process.


DISCUSSION/ CONCLUSION:
Account for your observations from Parts 1 and 2.  Include discussion of any errors inherent in the method.




[bookmark: _Toc332902498]
EXPERIMENT 2
[bookmark: _Toc332902499]Melting and Boiling Point


AIM: To investigate the melting point and boiling point of two substances.

INTRODUCTION:
In this exercise we will determine the melting point of the substance Salicylic Acid, a precursor to Aspirin, and the boiling point of Isopropanol, used in Rubbing Alcohol. In both cases we will use a capillary technique which requires a minimal amount of material. Although the capillary technique is not always the best method available, its use of small amounts of the substance being examined is very attractive.

As we have indicated previously, intensive physical properties are useful in classifying and identifying a substance. Along with density, the melting point and the boiling point are common properties reported for identification of numerous substances. Tabulations in the CRC Handbook of Chemistry and Physics, The Merck Index and many online sources such as Wikipedia include these vital pieces of information about various substances.

In the capillary method of determining melting points and boiling points, a small amount of the substance to be tested is placed in a capillary tube, or small test tube, which is in turn tied to a thermometer and placed in heating bath. For our samples, the heating bath will be mineral oil in a Thiele Tube.
[image: ]












 (
Diagram 
of the Thiele Tube
)
The oil in the Thiele Tube’s arm is heated with a Bunsen burner. Convection causes the hot oil to circulate, heating the thermometer and the sample simultaneously. The sample is the observed to note when melting or boiling occur. With this method, it is important to heat the sample slowly, so thermal equilibrium between the oil sample and thermometer can be established and accurate melting/boiling points can be obtained.


APPARATUS & MATERIALS:

	· Thermometer (reading up to 200 0C)
	· Retort Stand

	· Thiele Tube                                               
	· Mineral oil

	· Clamp for Thiele Tubes
	· Melting Point Capillaries

	· 1-Holed Split Stopper
	· 2 Jars of Salicylic Acid         

	· Rubber Bands
	· 2 Jars of Isopropanol

	· Eyedropper   
	· Matches

	· Bunsen burner   
	· Very Small Test Tubes                              




 PROCEDURE:
NOTE: All your measurements must be made to the correct number of significant figures and must have the unit of measurement indicated.

PART A: Melting Point of Salicylic Acid
1. Obtain a melting point capillary tube and a sample of Salicylic Acid. Make observations concerning the sample. Your instructor will demonstrate how to pack the capillary tube with the sample. It is very important that the sample be packed properly and be of minimal amount.

2. The capillary is attached to the thermometer using a small rubber band. You want the band placed high enough so that it will not be in the oil when placed in the Thiele Tube. The sample must be positioned so that it is at the same height as the bulb of the thermometer.

3. Fill a Thiele Tube with mineral oil until the level of the oil is just above the top of the side-arm neck.

4. Place the thermometer into a split one-holed stopper that will fit into the top of the Thiele Tube. Place this into the Thiele Tube and position the thermometer bulb so that it is slightly below the bottom of the side-arm neck of the Tube.

5. Use a Bunsen burner to gently heat the oil in the arm of the tube. The rate of heating should be about 1oC/min near the melting range. Greater rates can be used until 10-15oC below the melting range.

6. Heat your sample until melting is observed. Typically, samples will melt over a 1-2oC range in temperature. Greater ranges in melting temperatures generally indicate the sample is impure. Note the point at which your sample begins to melt and the point at which it is completely melted. For your first sample it is okay to come up on the melting point fairly rapidly. This crude determination will then be used to fine tune a second determination.

7. Once the first sample has melted, allow the oil to cool to about 20oC below the melting point. Place another sample in the Tube and allow it to equilibrate for at least 10 minutes. Then begin heating the oil slowly and make an accurate determination of the melting point for the substance.

                    

PART B: Boiling Point of Isopropanol
Boiling point determinations by the capillary method are slightly more complex. Normally, when larger samples are available, boiling points are determined via a distillation method. In our case, we will directly boil a very small sample of the liquid.

1. [image: ]Attach a small test tube to the thermometer using a small rubber band. Obtain the liquid sample and make appropriate observations. Add ~ 1mL of the liquid using an eyedropper. Add a small piece of a melting point capillary tube with the open end down.



















2. Assemble the Thiele Tube apparatus as before, when determining a melting point.
3. Begin heating as before, until a rapid and continuous stream of bubbles merges from the inverted capillary. (At this point, the heated air trapped in the capillary expands and is escaping from the tube.)

4. Stop heating the Thiele Tube at this point.

5. When the stream of bubbles slows to a stop and the liquid begins to enter the capillary, the boiling point has been reached and the temperature should be recorded. (At this point, the vapour in the capillary is entirely due to the liquid. As the liquid cools, its vapour pressure drops. When the vapour pressure equals atmospheric pressure, the liquid is at its boiling point. At any temperature below this, the vapour pressure of the liquid will be less than atmospheric pressure and the liquid will be forced up the capillary.)

6. This process should be repeated for a total of three boiling point determinations. These results should be averaged.


RESULTS:

Table 1: Melting Point of Salicylic Acid

	Melting Point Range/ oC

	Crude determination
	

	Accurate determination
	

	Literature value
	



Table 2: Boiling Point of Isopropanol

	Boiling Point/ oC

	Trial 1
	

	Trial 2
	

	Trial 3
	

	Average
	

	Normal
	

	Literature value
	





POST LAB QUESTIONS:
1. What is the accuracy of your melting point determination?

2. What is the accuracy of your boiling point determination?

3. Do you consider your boiling point determination to be precise? Explain.

4. Why would the use of a large sample lead to an erroneous result for the melting point?

5. What major systematic error have we not corrected in these determinations?

6. Assuming that the atmospheric pressure is 500 mmHg, the boiling point should be corrected to 760 mmHg, the “standard”, or normal, pressure. Use the attached nomograph to determine the boiling point at 760 mm Hg.
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Nomograph for Boiling Point Corrections
[bookmark: _Toc332902500]
EXPERIMENT 3
[bookmark: _Toc332902501]Calorimetry

AIM:  To experimentally calculate the molar heat of fusion of ice.

INTRODUCTION:
Calorimetry is the measurement of heat energy.  During a chemical reaction, change of state, or the formation of a solution heat can either be lost or gained.  However, according to the Law of Conservation of Energy, energy can neither be created nor destroyed.  Energy merely changes from one form to another.
The amount of energy required to convert a solid to a liquid, at constant pressure and temperature, is called the heat of fusion of the substance. It is often convenient to speak of the molar heat of fusion. The molar heat of fusion is the amount of energy required to completely change one mole of a solid, at its melting point, into a liquid.
In this experiment, the molar heat of fusion of ice will be determined. The ice will be melted by placing it in a known quantity of tap water contained in a calorimeter. The system will be left undisturbed until all the ice has melted. The heat lost by the water will be absorbed by the melting ice. If the mass of the ice melted and the heat absorbed by the ice are known, the heat required to melt one mole of ice can be calculated.

Equation1. 			  qfusion + qcold water + qhot water = 0

Where q = mcT
 cwater  (specific heat)= 4.184 J/g °C



EQUIPMENT AND MATERIALS:

	· Glass stir rod
	· Calorimeter 

	· Thermometer
	· Large ice cube or multiple smaller ice cubes in a styrofoam cup

	· 100 mL graduated cylinder
	· 100 mL of warm tap water (40°C to 60°C)



PROCEDURE:
1. Obtain all necessary materials.  Store the ice in a styrofoam cup.  Do not collect more ice than is necessary.
2. Mass the clean, dry, empty calorimeter.  Record the mass to 2 decimal places.
3. Pour 100 mL of warm tap water into the calorimeter.  Measure and record the mass of the water in grams to 2 decimal places.
4. Record the initial temperature of the warm water to 1 decimal place.
5. Add a cube of ice.  Stir the water in the calorimeter carefully with the stir rod continuously to ensure an even distribution of heat.
6. Once the cube of ice has melted and the temperature begins to rise, record the lowest temperature obtained as the final temperature to 1 decimal place.
7. Mass the calorimeter and its contents and record the value as the final mass of the calorimeter to 2 decimal places.
8. Repeat the experiment if time permits.  Record data and calculations for the second trial to the right of first trial data and calculations.
9. Rinse and put all equipment away.  


MASS & TEMPERATURE DATA:

Masses and Temperatures of Water

	· Mass of empty calorimeter  = ______/_______
	· Final temperature of water = _______/_______

	· Initial mass of warm water  = ______/_______
	· Final mass of calorimeter   = _______/_______

	· Initial temperature of water = ______/_______
	· Mass of melted water         = _______/_______




CALCULATIONS:
1. Calculate the heat lost by the tap water (q hot water).
2. Calculate the heat absorbed by the ice (qcold water).
3. Calculate the heat of fusion of ice (qfusion).
4. Calculate the average molar heat of fusion of ice in kJ/mol. 
5. Calculate the experimental error if the literature value of qfusion is 6.03 kJ/mol. 


DISCUSSION:
1. Explain what each q value represents by describing the three heat transfers.  Use the terms system, surroundings, exothermic and endothermic for each heat term. 
2. Explain specifically how the value of qfusion from calculation 3 would be affected if water from the calorimeter was spilled after taking the final temperature reading.  
3. Is the process of melting exothermic or endothermic? Give evidence to support your answer.
4. Write an equation for the melting ice. Include the energy term in kJ on the proper side of the equation. 
5. Outline some possible sources of error in this experiment.
[bookmark: _Toc213144448][bookmark: _Toc216600697][bookmark: _Toc332902502]
EXPERIMENT 4
[bookmark: _Toc213144449][bookmark: _Toc216600698][bookmark: _Toc332902503]Rate of Reactions

AIM: In this experiment we will determine how the rate of a reaction can be measured and the effect of temperature on the rate of a reaction.

INTRODUCTION:
The rate of a chemical reaction describes how fast the reaction occurs.  The greater the rate of a chemical reaction, the less time is needed for a specific amount of reactants to be converted to products.  The rate of a reaction can be determined via the following:
· Time taken for the reactants to be used up or
· Time taken for products to be formed

Consider the various factors that affect reaction rates:
· Nature and concentration of the reactants
· Pressure
· Surface area of the reactants
· Temperature
· Presence of a Catalyst

APPARATUS & MATERIALS:
	· Cu wire
	· HCl [1.0M]

	· Mg ribbon                                            
	· Ice

	· 25mL Measuring Cylinder                        
	· Pencil

	· Metric Ruler                                         
	· Thermometer

	· Tripod Stand/ Gauze                              
	· Test Tube Rack

	· Stopwatch  
	· 400ml Beakers






SAFETY PRECAUTIONS:
· Heat HCl using water baths; DO NOT heat the HCl directly.
· The temperature of the water bath should not exceed 60oC.
· Do not seal the test tube when heating the Mg ribbon in HCl.
PROCEDURE:
1. Prepare a hot water bath using a 400mL beaker half-full with water.
2. Maintain a 50oC water bath.  The temperature of the water bath should not exceed 50oC.
3. Prepare a room temperature water bath with a half-full 400mL beaker of tap water.  Record the temperature.
4. Add 18mL of 1.0 M HCl to each of the two test tubes.
5. Place one test tube in the room temperature water bath and in the 50oC water bath respectively.  Allow them to reach thermal equilibrium (approx. 5 mins.).
6. Obtain two 4.0 cm strips of Mg ribbon.
7. Wrap a piece of Cu wire around a pencil to make a small cage into which the Mg ribbon will be inserted.  The other end of the wire should be long enough so that the wire can hang over the side of the test tube with the cage submerged beneath the liquid level in the test tube.
8. Fit the Mg ribbon through the Cu cage.  Ensure that the Mg ribbon doesn’t fall out of the cage but it must not be tightly wrapped around itself or the Cu wire.
9. Suspend the Cu wire cage with the Mg ribbon in the HCl in the room temperature solution and begin timing immediately.
10. Measure and record the time until the metal has disappeared and the solution stops bubbling.
11. Repeat steps 7-10 for the hot water bath.
12. Repeat steps 3-10 to collect a second set of data.
13. Average the reaction times at each temperature.

TREATMENT OF RESULTS:
Create a suitable data table to record your time and temperature data for all of your experimental trials.  This table should be appropriately titled.

CALCULATIONS:
1. Calculate the average reaction rate (inverse of your average reaction time) for each temperature.
2. Graph the data to determine what (if any relationship) exists between the reaction rate and the temperature. Create two graphs:
a. Reaction time vs. Temperature
b. Reaction Rate vs. Temperature

DISCUSSION:

1. The collision theory of reaction rates stated that the rate of a reaction depends on the number of collisions between molecules, the average energy of the collisions, and the effectiveness of collisions.  Does the effect of temperature on the reaction rate support the collision theory of reaction rate?  Explain.

2. Discuss possible errors that could be encountered in the experiment and their effect on the results.

























Experiment Information & Procedure adapted from “Rate of Reactions: An Inquiry Approach”, Flinn Scientific, 2003.  Publication No. 6455
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[bookmark: _Toc213144451][bookmark: _Toc216600700][bookmark: _Toc332902505]Rate Law Determination of the Crystal Violet Reaction

AIM: To determine the rate law expression and constant, k, for the reaction between crystal violet and sodium hydroxide.

INTRODUCTION:
In this experiment the reaction between crystal violet dye and NaOH will be observed in addition to the relationship between the concentration of the crystal violet dye and the time elapsed during the reaction.  The equation for the reaction is shown below:
CV+ + OH- → CVOH
The rate law for the reaction is in the form:
Rate = k [CV+]m[OH-]n
Where,
k = rate constant for the reaction
m = order with respect to the crystal violet
n = order with respect to the hydroxide ion
Since the hydroxide ion concentration is more than 1000 times as large as the concentration of crystal violet, [OH-] will not change significantly during this experiment.  Thus, you will find the order with respect to the crystal violet (m) but not that of the hydroxide ion (n).

As the reaction proceeds, the violet coloured dye will slowly change to a colourless product.  We will assume that absorbance is proportional to the concentration of the crystal violet dye (Beer’s Law).  Absorbance will be used in place of concentration in plotting the following three graphs:
· Absorbance vs. Time
· ln [Absorbance] vs. Time
· 
 vs. Time
Once the order with respect to the crystal violet has been determined, the rate constant k for this reaction can be ascertained.


APPARATUS & MATERIALS:
· 0.02M NaOH                                         
· Distilled Water                                      
· 10mL Measuring Cylinder
· 1.47x10-5 M crystal violet solution
· Stopwatch
· Distilled Water
· Kim Wipes
· 250ml Beakers
· 30mL Beakers [2]                                  
· Stirring Rod                  

PROCEDURE:
1. Obtain 10mL of 0.020 M NaOH solution and 10mL 1.6x10-5 M crystal violet solution.
2. Calibrate the spectrophotometer at a wavelength of 565nm.
3. On the spectrophotometer, zero the absorbance using distilled water as the blank.
4. To initiate the reaction, simultaneously pour the 10 mL portions of crystal violet and NaOH into a 250 mL Beaker.  Stir the reaction with a stirring rod and start timing the reaction.
5. Since the initial reaction is sporadic, you will not take the first reading until 3 minutes have passed.
6. Set up your sample cuvette.  Rinse with 1 mL of reaction mixture and fill ¾ of the cuvette with the reaction mixture.
7. After 3 minutes, place the cuvette in the spectrophotometer and close the lid.  Measure and record the absorbance.
8. Record absorbance readings after every minute for the next 17 minutes for a total reaction time of 20 minutes. 

TREATMENT OF RESULTS:
	Time/ minutes
	Absorbance
	Time/ minutes
	Absorbance

	3
	
	12
	

	4
	
	13
	

	5
	
	14
	

	6
	
	15
	

	7
	
	16
	

	8
	
	17
	

	9
	
	18
	

	10
	
	19
	

	11
	
	20
	




DATA ANALYSIS:
1. Use Microsoft Excel to input your experimental data.
2. Prepare three graphs:
a. Absorbance vs. Time
b. ln [Absorbance] vs. Time
c. 
 vs. Time
3. For the relationship that is linear, add the linear regression line to the graph.  The slope-intercept form of the equation will appear.  You will need the slope value of the linear regression equation in order to calculate the rate constant.
4. Examine the data graphically to decide if the reaction is zero, first or second with respect to the concentration of crystal violet.  Explain your choice.
5. Determine the rate constant, k.  Include correct units and explain how you determined the rate constant.
6. Write the correct rate law expression for he reaction in terms of the concentration of crystal violet (omit OH-).

















Adapted from: “Chemistry with Computers” Experiment 30
[bookmark: _Toc332902506]EXPERIMENT 6
[bookmark: _Toc187741825][bookmark: _Toc332902507]Equilibrium Constant for the Formation of Ethyl Ethanoate


AIM:  To obtain the equilibrium constant for the reaction between ethanoic acid and ethanol.

INTRODUCTION:
 (
H
+
)To obtain the equilibrium constant for a reaction we must find the concentration of reactants and products at equilibrium.  The formation of ethyl ethanoate from ethanol and ethanoic acid is catalyzed by H+ ions.
CH3COOH (l)  +  C2H5OH (l)            CH3COOC2H5(l)  +  H2O

This reaction is kinetically slow therefore it is possible to measure the concentration of a reactant by titration without significantly disturbing the equilibrium. In this experiment, the reaction is allowed to reach equilibrium and the concentration of ethanoic acid in the equilibrium mixture is measured by titrating with standard sodium hydroxide solution. Using the initial concentration of the reactants and the concentration of ethanoic acid at equilibrium, the concentration of the other species in the equilibrium mixture can be determined from which Kc can be calculated.

APPARATUS & MATERIALS
· 
· 1 mol dm-3 NaOH 
· 1 mol dm-3 HCl
· Glacial ethanoic acid
· Ethanol
· 50cm3 burette
· 100cm3 conical flask and stopper
· Phenolphthalein indicator


PROCEDURE
1. Set up in duplicate, place 5cm3 of ethanol, 5cm3 of ethanoic acid and 5cm3 of HCl in a conical flask and stopper immediately. Shake well and allow the mixture to stand for a few days to reach equilibrium.
2. Then add 2 drops of phenolphthalein indicator to the equilibrium mixture in the conical flask and titrate with 1 mol dm-3 NaOH.
3. Repeat titration with second sample.
4. To make allowance for the catalyst, titrate 5cm3 of the HCl with the NaOH

TABLE 1
	
	Sample 1
	Sample 2 
	HCl catalyst

	Final burette reading/cm3
	
	
	

	Initial burette reading/cm3
	
	
	

	Volume of NaOH used/cm3
	
	
	



DATA ANALYSIS
1. Determine the average titre value for the equilibrium sample.
2. Find the number of moles of NaOH used in the equilibrium mixture.
3. Find the number of moles of NaOH that reacted with the HCl catalyst.
4. Using (2) and (3), find the number of moles of NaOH that reacted with the ethanoic acid.
5. Find the number of moles of ethanoic acid into the equilibrium mixture. Given the density of ethanoic acid is 1.049g per cm3, calculate the number of moles of ethanoic acid at the start of the reaction.
6. Given the density of ethanol is 0.789g per cm3, calculate the mass of ethanol in the 5cm3 sample at the start, then calculate the number of  moles of ethanol in the 5cm3 sample at the start.
7. Using (5) and (6) work out the number of moles of ethanoic acid used in the reaction.
8. Using (6) and (7) work out the concentrations of the ethanol, ethyl ethanoate and water at equilibrium.
9. Using the expression for the equilibrium constant in terms of molar concentration calculate the equilibrium constant for the formation of ethyl ethanoate.
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EXPERIMENT 7
[bookmark: _Toc216600706][bookmark: _Toc332902509]pH/ Acid-Base Titrimetry

AIM: To standardize a solution of HCl and to determine the concentration of an unknown Na2CO3 solution. 

INTRODUCTION:
Alkaline conditions are found in many natural waters and may arise in boiler water due to the accumulation of calcium carbonate and other minerals derived from the water supply.

Since the alkalinity is due to a mixture of substances, no single neutralization reaction can be written. The sample is simply titrated to pH 4.6, and the result calculated as if all of the alkalinity is due to calcium carbonate. 

This experiment involves the titration of sodium carbonate by a strong acid, HCl.

Na2CO3 (aq) + 2 HCl (aq) [image: reactionarrow]2 NaCl (aq) + CO2 (g) + H2O (l)

Note that each mole of carbonate requires two moles of acid for complete titration.  Titration to the bromocresol green end-point ensures that all of the carbonate is converted to CO2 and H2O.

APPARATUS & MATERIALS:
· 
· Burette 
· Funnel 
· 10 mL pipette 
· 25 mL pipette 
· Pipette Filler
· 100 mL beakers [2]
· 250 mL beaker 
· Watch Glass
· Conical flasks [3]
· 1.0M HCl 
· Na2CO3 [unknown]
· 1.0M Na2CO3 [std.]
· Bromocresol green indicator 

PROCEDURE: 
Part A - Standard Na2CO3(aq)
1) A solution of sodium carbonate of exact known concentration is provided. Obtain about 75 mL of it in a clean, dry beaker and cover with a watch glass.
2) Note concentration of the standard Na2CO3(aq).


Part B - Standardization of the HCl Solution
1) Obtain about 200 mL of the dilute HCl solution provided in a dry beaker. Rinse and fill a burette with this solution. 
2) Pipette three 10.00 mL portions of sodium carbonate solution into clean conical flasks. Add 5 drops of bromocresol green indicator into each flask. 
3) Titrate the first portion to a green endpoint from blue. Record the burette volume. Save the solution and use it as a colour comparison in the next titrations. 
4) Repeat the titration with fresh portions of sodium carbonate solution and titrate to the same endpoint colour until two titration volumes are obtained which agree to within +/- 0.10 mL.


Part C - Titration of an Unknown Na2CO3 Sample
1) Obtain about 100 mL of the sample provided in a clean and dry beaker. 
2) Pipette 25.00 mL of the sample into a clean Erlenmeyer flask. Add 5 drops of bromocresol green indicator. 
3) Titrate the sample with the standardized HCl solution to a green endpoint from blue as before. Record the burette volume. [The volume of the titrant should be more than 10 mL but less than 50 mL. If the volume falls outside this range, use a different size of sample for titration.]
4) Repeat steps 2 and 3 until two titration volumes are obtained which agree to within +/- 0.10 mL. 










DATA SHEETS:
Part A: Concentration of standard Na2CO3(aq) = 

Part B: Volume of Na2CO3(aq) used in titration = 

	HCl
	Rough
	1
	2
	3

	Initial Volume/ cm3
	
	
	
	

	Final Volume/ cm3
	
	
	
	

	Volume of HCl used/ cm3
	
	
	
	

	Average Titre Value/ cm3
	



Part C: Volume of unknown Na2CO3 used in titration =

	Standardised HCl
	Rough
	1
	2
	3

	Initial Volume/ cm3
	
	
	
	

	Final Volume/ cm3
	
	
	
	

	Volume of HCl used/ cm3
	
	
	
	

	Average Titre Value/ cm3
	




POST LAB QUESTIONS:
Part B - Standardization of HCl Solution
1) How many moles of Na2CO3 are available in the Erlenmeyer flask? 
2) Write the balanced equation for the reaction which occurs. 
3) How many moles of HCl are used in the titration? 
4) What is the volume of HCl solution added in the titration? 
(Note: Use the average titration volume) 
5) What is the molarity of the HCl solution? 


Part C - Titration of an Unknown Na2CO3 Sample
6) How many moles of HCl are added in the titration? 
7) Write the balanced equation for the reaction, which occurs. 
8) How many moles of Na2CO3 are available in the Erlenmeyer flask? 
9) What is the volume of Na2CO3 solution used in the titration? 
10) What is the molarity of the unknown Na2CO3 sample? 
[bookmark: _Toc332902510]
EXPERIMENT 8
[bookmark: _Toc216688424][bookmark: _Toc332902511]Back Titration

AIM:  To determine the mass of calcium carbonate in a commercial antacid by back titration

INTRODUCTION: In this experiment, we will analyze a typical antacid tablet, which contains calcium carbonate as the active ingredient. Calcium carbonate is a sparingly soluble salt; therefore, the antacid tablet is dissolved in excess acid and is back titrated with sodium hydroxide to determine the amount of calcium carbonate present.

Reaction of the calcium carbonate in the antacid is:
CaCO3 (s)   +  2HCl (aq)  →  CaCl2 (aq)  +  CO2 (g)  +  H2O (l)

Reaction of hydrochloric acid with sodium hydroxide is:
HCl (aq)  +  NaOH (aq)  →  NaCl (aq)  +  H2O (l)


APPARATUS & MATERIALS:
· 
· Antacid tablets                                      • 3 Conical Flasks                                         
· Standardized 1 mol dm-3 HCl                •Hotplate/burner
· Standardized 0.5 mol dm-3 NaOH         • (2) 50cm3 burette
· Phenolphthalein indicator

PROCEDURE:
1. Transfer 25cm3 of HCl from a burette into a conical flask and add one antacid tablet to it.
2. Warm gently until all the effervescence has ceased.
3. Allow to cool for a few minutes, add three drops of phenolphthalein indicator and titrate with NaOH.
4. Repeat titration as many as times necessary to obtain accurate results.

Table 1

	
	Rough
	Accurate

	
	
	1
	2
	3

	Final burette reading/cm3
	
	
	
	

	 Initial burette reading/cm3
	
	
	
	

	Volume of NaOH used/cm3
	
	
	
	



25 cm3 of antacid & HCl required ……………….. cm3 of NaOH in the titration.
DATA ANALYSIS:
1. Calculate the number of moles of HCl in the 25 cm3 of acid used.
2. Find the number of moles of NaOH used in the titration.
3. How many moles of HCl reacted with the NaOH in the titration?
4. How many moles of HCl reacted with the calcium carbonate in the antacid?
5. Find the number of moles of calcium carbonate in the antacid.
6. Determine the mass of calcium carbonate present in the antacid tablet.
[bookmark: _Toc332902512]EXPERIMENT 9
[bookmark: _Toc216600704][bookmark: _Toc332902513]pH/ Acid-Base Indictors/ Buffers

AIM: 
· To standardize a pH meter and then use it to determine the pH of various solutions. 
· To determine the pH at which various indicators change colour. 
· To compare the pH changes which occur when small quantities of acid and base are added to equal volumes of water and buffer solutions. 

INTRODUCTION:
The pH Scale
The pH scale is used to measure the acidity and basicity of a solution. Knowing the concentration of hydronium, H3O+, ions in a solution, the pH can be calculated using the formula:
pH = - log [H3O+]
Where, [H3O+] is the concentration of H3O+ ions in moles/L.

Acids are substances, which react with water to produce hydronium ions, H3O+. There are two types of acids:
· Strong acids such as HCl and HNO3 react essentially completely with water to produce hydronium ions. 
· Weak acids such as CH3COOH and carbonic acid, H2CO3, only a small fraction of the molecules produce hydronium ions. 

Likewise with bases, there are two types of bases:
· Strong bases such as NaOH and KOH react essentially completely with water to produce hydroxide, OH- ions. 
· Weak bases such as NH4OH, only a small fraction of the molecules produce hydroxide, OH- ions. 

The pH of strong and weak acids or strong and weak bases may be measured with a pH meter.  The pH of solutions may also be measured using acid-base indicators. These substances change colour at certain pH values.




Buffers
Buffers are solutions which resist pH changes when small quantities of acid or base are added to them. Buffers are made by mixing weak acids and their salts. For example, a buffer can be prepared by dissolving CH3COONa in CH3COOH solution. Likewise, buffers are made by mixing weak bases and their salts. For example, a buffer can be prepared by dissolving NH4Cl in a NH4OH solution.

APPARATUS:
· 
· pH meter                                                       •    Teat pipettes                        
· Top loading balance                                     • Stirring rod 
· Burette                                                          • Pipette
· Retort Stand                                                  • Pipette Filler
· 10 mL graduated cylinder                             • HCl: 0.1 M, 0.01 M, 0.001 M
· 100 mL graduated cylinder                           • NaOH: 0.1 M, 0.01 M, 0.001 M 
· 100 mL beakers [2]                                       •1 M CH3COOH solution
· 50 mL beakers [2]                                         •1M NH4OH solution 
· Phenolphthalein, methyl orange, bromothymol blue 
· Buffer solutions (pH 4, 7 & 10)
· Sodium acetate, CH3COONa 
· Vinegar 
· Coca-cola 

PROCEDURE: 
PART A - pH of Common Substances
1. Standardize the pH meter in the acidic range as demonstrated in the lab. 
2. Measure the pH of each of the acidic solutions provided as on the data sheet. Rinse the probe with distilled water after each sample. 
3. Measure the pH of the basic solutions provided as on the data sheet. Rinse the probe with distilled water after each sample. 
4. Recalibrate the pH meter and measure the pH of the other common household substances.


PART B - Acid-Base Indicators
1. Fill one burette with 0.1 M NaOH solution and another burette with 0.1 M HCl solution. 
2. Transfer about 25 mL of 0.1 M HCl solution into a 125 mL Erlenmeyer flask and add 3-4 drops of indicator. 
3. Add the base solution to the acid solution and observe the full range of colour change of the indicator. Record the full range of change in the colour in the data sheet. (Example: red to orange.) 
4. In order to measure the pH of the solution at the onset of colour change, you need to add some acid solution to the Erlenmeyer flask so that the colour of the solution reaches the in-between colour of the colour change. (Example: the in-between colour of red to orange is yellow.) This is the end point of the titration for this particular indicator. 
5. Transfer a portion of the solution from the Erlenmeyer flask into a small beaker and measure the pH. Record the pH on the data sheet. 
6. Repeat steps 2 to 5 for each of the indicators provided.

PART C - Buffers
1. Prepare a buffer solution by mixing 50 mL of 1M acetic acid, CH3COOH, solution and 4.5 grams of sodium acetate, CH3COONa. 
2. Measure the pH of the buffer solution. Record the pH measurement on the data sheet. 
3. Divide the buffer solution into two 25 mL portions. 
4. Add 20 drops of 0.1 M HCl solution to one portion, mix and measure the pH. Record the pH measurement on the data sheet. 
5. Add 20 drops of 0.1 M NaOH solution to the other portion; mix and measure the pH. Record the pH measurement on the data sheet. 
6. Pour 50 mL of distilled water into a small beaker and measure the pH of the water. Record the pH measurement on the data sheet. 
7. Divide the distilled water into two 25 mL portions. 
8. Add 20 drops of 0.1 M HCl solution to one portion; mix and measure the pH. Record the pH measurement on the data sheet. 
9. Add 20 drops of 0.1 M NaOH solution to the other portion; mix and measure the pH. Record the pH measurement on the data sheet. 


DATA:
Part A - pH of Common Substances
	Solutions Tested
	pH
	Acidic, Basic or Neutral?

	Water
	 
	 

	Tap water
	 
	 

	Distilled water
	 
	 

	Acids
	 
	 

	0.001 M HCl
	 
	 

	0.01 M HCl
	 
	 

	0.1 M HCl
	 
	 

	0.1 M CH3COOH
	 
	 

	Bases
	 
	 

	0.001 M NaOH
	 
	 

	0.01 M NaOH
	 
	 

	0.1 M NaOH
	 
	 

	0.1 M NH4OH
	 
	 

	Common Household Substances
	 
	 

	Coca-cola
	 
	 

	Vinegar
	 
	 







Part B - Acid-Base Indicators
	Indicator Tested
	Endpoint pH
	Colour change observed

	Phenolphthalein
	 
	 

	Methyl orange
	 
	 

	Bromothymol blue
	 
	 



Part C - Buffers
	
	Original pH
	pH after adding 20 drops
of 0.1 M HCl
	pH after adding 20 drops
of 0.1 M NaOH

	Distilled water
	 
	 
	 

	buffer solution
	 
	 
	 



POST LAB QUESTIONS:
1) Explain the differences in the pH of the following solutions: 
a) HCl and 0.1 M CH3COOH
b) NaOH and 0.1 M NH4OH

2) Suppose you tested 3 samples of an unknown solution "X", with each of the three indicators used in this experiment and you obtained the following results:
a) On adding methyl orange, the solution is yellow 
b) On adding bromothymol blue, the solution is yellow 
c) On adding phenolphthalein, the solution is colourless

Using the information you obtained with regard to the pH at which these indicators change colour, deduce the pH of the unknown solution "X".

3) How does the pH of a buffer solution change when acid or base is added to it compared with when the acid or base is added to distilled water?
[bookmark: _Toc216600707][bookmark: _Toc332902514]
EXPERIMENT 10
[bookmark: _Toc216600708][bookmark: _Toc332902515]Electroplating of Metals

AIM:
· To make a copper ornament plated with zinc
· To investigate the oxidation-reduction reaction involved in this process.

INTRODUCTION:
Oxidation-reduction (redox) chemistry occurs in two types of electrochemical cells: 
· electrolytic and
· galvanic 
In electrolytic cells, a voltage source provides the electrical energy that produces chemical change. In galvanic cells, a chemical reaction occurs spontaneously, without an external source of electrical energy. The batteries that power our flashlights, hand-held electronic games, and cars are common examples of galvanic cells. Recharging a battery is an electrolytic process that uses an external source of electrical energy to reverse the direction of the reaction.
 (
Figure 1. An example of electroplating 
)
 (
Cathode: Copper ornament
Zinc plating solution
Anode: Zinc strip
)                      [image: ]
Electroplating is another electrolytic process. During electroplating, a metal ion is reduced to its elemental form to coat, or plate, a surface on the cathode, the electrode connected to the negative terminal of the voltage source. The electroplating bath contains the metal ion to be reduced, as well as other ions to support the flow of electrons during electrolysis. While reduction of the metal occurs at the cathode, oxidation is simultaneously occurring at the other electrode, the anode, which is connected to the positive terminal of the voltage source. Figure 1 shows a diagram of the electroplating apparatus used in this experiment. The reaction that occurs in this electrolytic cell is:
Zn2+ (aq) + Cu (s) → Zn (s) + Cu2+ (aq)


Another example of a reaction used in an electrolytic cell is:
Mg2+ (aq) + 2Cl− (aq) → Cl2 (g) + Mg (s)

This process is used to commercially produce magnesium metal. In this reaction, magnesium gains electrons and is reduced, while chlorine loses electrons and is oxidized. As in all redox reactions, this process can be represented by two half reactions. Half reactions are the two chemical equations that separately represent the oxidation and the reduction processes involved in an overall redox reaction.

The half reactions for this process are written as follows:
Oxidation (anode reaction):	2Cl− (aq) → Cl2 (g) + 2e− 
Reduction (cathode reaction):	Mg2+ (aq) + 2e− → Mg (s)

When combined, these half-reactions produce the chemical equation for the complete oxidation-reduction process:
Mg2+ (aq) + 2Cl- (aq) + 2 e- → Cl2 (g) + Mg (s) + 2e-


APPARATUS & MATERIALS:
· 
· 4 cm2 piece of copper sheet with hole
· Zinc strip
· 10 cm piece of heavy copper wire (bare)
· 150 mL beaker
· 250mlL beaker
· Clear nail polish & acrylic spray paint
· “D” battery and battery holder
· Zinc plating solution 
· Wire leads with connecting alligator clips
· Forceps
· Cotton swabs
· Isopropyl alcohol
· Steel wool
· Distilled water



PROCEDURE:
1) Rinse the copper with water into a 250mL beaker and dry it, then polish it with steel wool. Once it is polished, rinse it with a little water and then dry it.

2) Insert a 10 cm piece of copper wire through the hole in the copper, and then bend it into a hook, making sure the wire and copper square make contact.

3) Decide upon a design. Carefully use the nail polish and /or china marker to make the design on the copper square. Allow the nail polish to dry.

4) Clean the exposed copper surface with a cotton swab dipped in isopropyl alcohol.

5) Do not touch this area once cleaned.

6) Put enough zinc plating solution into a 150 mL beaker so that the design on the ornament will be covered when submerged.

7) Insert a zinc strip into the plating solution along one side of the beaker. Bend the zinc over the lip of the beaker to hold it in place.

8) Connect one wire lead from the zinc to the positive terminal of the battery.

9) Connect the other wire lead from the negative terminal of the battery to the copper wire attached to the ornament.

10) Insert the ornament into the zinc plating solution on the opposite side from the zinc strip, with the design facing the zinc strip.

11) Periodically remove the ornament to examine the progress of the zinc plating.

12) When the desired effect has been obtained (usually just a few seconds), remove the ornament from the solution, disconnect the battery, and gently rinse the ornament.
DO NOT RUB! The zinc will come off if you do so.

13) Hang the ornament from a ring on a ring stand under the fume hood. Place a layer of paper towels on the area underneath. Allow the ornament to dry. Remember not to rub the zinc off.

14) Spray both sides of the ornament with clear acrylic paint. Avoid inhalation of the fumes. Let the ornament dry. Clean up area.


POST LAB QUESTIONS:
1) Identify the anode and the cathode in this experiment. At which does oxidation occur? Reduction?

2) Write balanced half-reactions for the processes occurring at the copper ornament and the zinc strip.

3) How would the mass of the copper ornament after completion of the electroplating process compare to the mass of the copper sheet prior to beginning the process?

4) How would the mass of the zinc strip have changed? Why?

5) Compare the concentration of the zinc ion, Zn2+, in the solution at the end of electrolysis to its original concentration.

6) What would happen if the wires were switched?
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